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n the preface to the first edition, we wrote, “Scientists delve into the molecular

machinery of the biological cell and examine bits of material from the planets of

the solar system. The challenge for the instructors of introductory chemistry is to
capture the excitement of these discoveries [of chemistry] while giving students a solid
understanding of the basic principles and facts. The challenge for the students is to
be receptive to a new way of thinking, which will allow them to be caught up in the
excitement of discovery.” From the very first edition of this text, our aims have always
been to help instructors capture the excitement of chemistry and to teach students to
“think chemistry.” Here are some of the features of the text that we feel are especially
important in achieving these goals.

Clear, Lucid Explanations of Chemical Concepts We have always placed the
highest priority on writing clear, lucid explanations of chemical concepts. We have
strived to relate abstract concepts to specific real-world events and have presented top-
ics in a logical, yet flexible, order. With succeeding editions we have refined the writ-
ing, incorporating suggestions from instructors and students.

Coherent Problem-Solving Approach With the first edition, we presented a
coherent problem-solving approach that involved worked-out Examples coupled with
Exercises and corresponding end-of-chapter Problems. This approach received an
enormously positive response and we have continued to refine the pedagogical and
conceptual elements in each subsequent edition.

In the ninth edition, we have revised each Example to consistently use our three
part problem-solving process: a Problem Strategy, a Solution, and an Answer
Check. By providing every Example with this three-part process, we hope to help
students develop their problem-solving skills: think how to proceed, solve the prob-
lem, check the answer. The Problem Strategy outlines the process that one typi-
cally works through in solving a problem. Then, the student is led through the step-
by-step worked-out Solution. Finally, the student is confronted with an Answer
Check: Is this answer reasonable in terms of the general knowledge that I have of
the problem? This final phase of problem solving is a critical step often overlooked
by students. Only consistent answer checking can lead to reliable results. Having
worked through an Example, the student can try the related Exercise on their own.
For additional practice, similar end-of-chapter problems are correlated at the end
of the Exercise.

While we believe in the importance of this coherent example/exercise approach,
we also think it is necessary to have students expand their understanding of the con-
cepts. For this purpose, we introduced a second type of in-chapter problem, Concept
Checks. We have written these to force students to think about the concepts involved,
rather than to focus on the final result or numerical answer—or to try to fit the prob-
lem to a memorized algorithm. We want students to begin each problem by asking,
“What are the chemical concepts that apply here?” Many of these problems involve
visualizing a molecular situation, since visualization is such a critical part of learning
and understanding modern chemistry. Similar types of end-of-chapter problems, the
Conceptual Problems, are provided for additional practice.

Expanded Conceptual Focus For the ninth edition, our primary goal was to fur-
ther strengthen the conceptual focus of the text. To that end we have added three new
types of end-of-chapter problems, Concept Explorations, Strategy Problems, and Self-
Assessment Questions. While we have included them in the end-of-chapter material,
Concept Explorations are unlike any of the other end-of-chapter problems. These
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multipart, multistep problems are structured activities developed to help students
explore important chemical concepts—the key ideas in general chemistry—and
confront common misconceptions or gaps in learning. Often deceptively simple,
Concept Explorations ask probing questions to test student’s understanding. Because
we feel strongly that in order to develop a lasting conceptual understanding, stu-
dents must think about the question without jumping quickly to formulas or algo-
rithms (or even a calculator); we have purposely not included their answers in the
Student Solutions Manual. As Concept Explorations are ideally used in an interac-
tive classroom situation, we have reformatted them into workbook style in-class
handouts with space for written answers and drawings (available as printable PDFs
online at HM ChemSPACE") to facilitate their use in small groups. In the
Instructor’s Resource Manual we provide additional background on the literature
and theories behind their development, information on how Steve Gammon has
implemented them into his classroom and suggestions for integration, and a listing
of the concepts (and common misconceptions thereof) that each Concept
Exploration addresses.

We recognize a need to challenge students to build a conceptual understanding
rather than simply memorizing the algorithm from the matched pair and then apply-
ing it to a similar problem to get a solution. The Strategy Problems have been writ-
ten to extend students’ problem-solving skills beyond those developed in the Practice
and General Problems. To work a Strategy Problem, students will need to think about
the problem (which might involve several concepts or problem-solving skills from the
chapter), then solve it on their own without a similar problem from which to model
their answer. For this reason, we have explicitly chosen not to include their answers
in the Student Solutions Manual.

On the basis of student feedback, we developed conceptually focused multiple-
choice questions to provide students with a quick opportunity for self-assessment. As
they are intended primarily for self-study, these questions have been included with the
Review Questions, in the re-titled Self-Assessment and Review Questions section. Four
questions are included in each chapter, and answered in the back of the book. Six
additional interactive questions, along with their detailed solutions, are provided
online at the student website. As multiple-choice questions are commonly included
on exams, instructors may wish to assign these problems as additional practice.

An Illustration Program with an Emphasis on Molecular Concepts Most of
us (and our students) are highly visual in our learning. When we see something, we
tend to remember it. As in the previous edition, we went over each piece of art, ask-
ing how it might be improved or where art could be added to improve student com-
prehension. We continue to focus on the presentation of chemistry at the molecular
level. The molecular “story” starts in Chapter 1, and by Chapter 2, we have devel-
oped the molecular view and have integrated it into the problem-solving apparatus as
well as into the text discussions. The following chapters continue to use the molecu-
lar view to strengthen chemical concepts. For the ninth edition, we have introduced
electrostatic potential maps where pedagogically relevant to show how electron den-
sity changes across a molecule. This is especially helpful for visually demonstrating
such things as bond and molecular polarity and acid-base behavior.

Chapter Essays Showcasing Chemistry as a Modern, Applicable Science
With this edition, we continue our A Chemist Looks at . . . essays, which cover up-to-
date issues of science and technology. We have chosen topics that will engage stu-
dents’ interest while at the same time highlight the chemistry involved. Icons are used
to describe the content area (materials, environment, daily life, frontiers, and life sci-
ence) being discussed. The essays show students that chemistry is a vibrant, constantly
changing science that has relevance for our modern world. The new essay “Gecko
Toes, Sticky But Not Tacky,” for example, describes the van der Waals forces used



XX

Organization and Contents

Preface

by gecko toes and their possible applications to the development of infinitely reusable
tape or robots that can climb walls!

Also, with this edition, we continue our Instrumental Methods essays. These
essays demonstrate the importance of sophisticated instruments for modern chemistry
by focusing on an instrumental method used by research chemists, such as mass spec-
troscopy or nuclear magnetic resonance. Although short, these essays provide students
with a level of detail to pique the students’ interest in this subject.

We recognize that classroom and study times are very limited and that it can be
difficult to integrate this material into the course. For that reason, the ninth edition
includes two new end-of-chapter essay questions based on each A Chemist Looks at . . .
or Instrumental Methods essay. These questions promote the development of scien-
tific writing skills, another area that often gets neglected in packed general chemistry
courses. It is our hope that having brief essay questions ready to assign will allow
both students and instructors to value the importance of this content and make it eas-
ier to incorporate into their curriculums.

We have revised two features at the beginning and end of each chapter to reinforce
the conceptual focus in the ninth edition. Each chapter opener begins with a new fea-
ture, Contents and Concepts, outlining the main sections of the chapter and briefly
previewing the key concepts and relationships between topics. Instructors can use this
to quickly survey a chapter to see how it corresponds to their course plan. At the end
of each chapter, a new section of Learning Objectives replaces the Operational Skills
section in order to emphasize the key concepts and quantitative skills students should
master. Learning Objectives based on problem solving are correlated to in-chapter
Examples covering that skill for easy reference.

Throughout the text, many terminology revisions have been made to ensure that
the latest [UPAC nomenclature is used consistently throughout. Wherever possible, dis-
cussions have been tightened to be clear and concise, with a careful eye to keeping the
length of the book from greatly expanding due to the inclusion of the three new types
of end-of-chapter problems. Other sections have been revised and updated based on
the feedback from reviewers and users of the eighth edition. The most obvious organ-
izational change is that former Chapter 13, Materials of Technology, has been deleted
and some of the key material on metals, metallurgy, metal bonding, silicon, and sili-
cates was rewritten and integrated into Chapter 21. Additionally, in Chapter 17, sec-
tion 17.7 covering acid—base titration curves was expanded to include a discussion of
the calculations associated with titrations of a weak acid by a strong base and a strong
acid with a weak base. A key component of this discussion is a comprehensive in-
chapter Example that covers all of the major calculations associated with the titration
of a weak base with a strong acid. In support of this new material, several new end-of-
chapter problems have been introduced. In Chapter 18, section 18.2 on the second law
of thermodynamics was rewritten to further clarify the discussion of that topic.

All of the essays in A Chemist Looks at . . . and Instrumental Methods were revis-
ited with an eye to tightening up the writing and ensuring that content is up-to-date.
Two essays have been replaced with two new frontier topics: Gecko Toes, Sticky But
Not Tacky, and Magic Numbers.

Complete Instructional Package

For the Instructor

A complete suite of customizable teaching tools accompanies General Chemistry,
ninth edition. Whether available in print, online, or via CD, these integrated resources
are designed to save you time and help make class preparation, presentation, assess-
ment, and course management more efficient and effective.
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HM Testing™ (powered by Diploma®™) combines a flexible test-editing program with com-
prehensive gradebook functions for easy administration and tracking. With HM Test-
ing, instructors can administer tests via print, network server, or the web. Questions
can be selected based on their chapter/section, level of difficulty, question format,
algorithmic functionality, topic, learning objective, and five levels of key words. The
Complete Solutions Manual files are also included on this CD. (ISBN-13:
978-0-618-94905-2; ISBN-10: 0-618-94905-4)
With HM Testing you can

e Choose from over 1400 static test items designed to measure the concepts and
principles covered in the text.

* Ensure that each student gets a different version of the problem by selecting
from the over 1000 algorithmic questions.

e Edit or author algorithmic or static questions that integrate into the existing
bank, becoming part of the question database for future use.

¢ Choose problems designated as single-skill (easy), multi-skill (moderate), and
challenging and multi-skill (difficult).

* Customize tests to assess the specific content from the text.

e Create several forms of the same test where questions and answers are scrambled.

HM ClassPresent™ General Chemistry provides a library of molecular animations and lab
demonstration videos, covering core chemistry concepts arranged by chapter and
topic. The resources can be browsed by thumbnail and description or searched by
chapter, title, or key word. Full transcripts accompany all audio commentary to
reinforce visual presentations and to accommodate different learning styles. (ISBN-
13: 978-0-547-06351-5; ISBN-10: 0-547-06351-2)

HM ChemSPACE™ encompasses the interactive online products and services inte-
grated with Houghton Mifflin chemistry textbook programs. HM ChemSPACE is avail-
able through text-specific student and instructor websites and via Eduspace®,
Houghton Mifflin’s online course management system. For more information, visit
college.hmco.com/pic/ebbing9e.

HM ChemSPACE Instructor Website Instructors can access HM ChemSPACE content
anytime via the Internet. Resources include

e Lecture Outline PowerPoint™ presentations
 Virtually all of the text figures, tables, and photos (PPT and JPEG formats)

e [nstructor’s Resource Manuals for both the main text and the Lab Manual
(Experiments in General Chemistry) (PDF format)

* Transparencies (PDF format)
e Animations and videos (also in PPT format)
e Concept Exploration Worksheets (PDF format)

* Media Integration Guide for Instructors gives recommendations that suggest
how, why, and when to use the instructor and student media resources avail-
able (PDF format).

e Classroom Response System (CRS) “clicker” content, offers a dynamic way to
facilitate interactive classroom learning with students. This text-specific content
is comprised of multiple-choice questions to test common misunderstandings,
core objectives, and difficult concepts, all with an average time of 1 minute
for feedback. Conceptual in nature, the CRS questions are an excellent tool for
teachers to gauge student success in understanding chapter material. Students’
responses display anonymously in a bar graph, pie chart, or other graphic and
can be exported to a gradebook. (Additional hardware and software are
required. Contact your sales representative for more information.)
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HM ChemSPACE with Eduspace  Eduspace, Houghton Mifflin’s course management sys-
tem, offers instructors a flexible, interactive online platform to help them commu-
nicate with students, organize material, evaluate student work, and track results in
a powerful gradebook. Resources include

e All instructor and student media included within the HM ChemSPACE websites
+ Online homework problems from WebAssign®

e ChemWork interactive assignments help students learn the process of problem
solving with a series of interactive hints. These exercises are graded
automatically.

« SMARTHINKING®—live, online tutoring for students

Online Course Content for Blackboard®, WebCT®, eCollege, and ANGEL allows delivery of
text-specific content online using your institution’s local course management system.
Through these course management systems, Houghton Mifflin offers access to all
assets such as testbank content, tutorials, and video lessons. Additionally, qualified
adoptions can use PowerCartridges for Blackboard and PowerPacks for WebCT to
allow access to all Eduspace course content, including ChemWork, from your institu-
tion’s local system.

WebAssign™ is a Houghton Mifflin partner offering an online homework system with
text-specific end-of-chapter problems. WebAssign was developed by teachers, for
teachers. For information on this system, contact your HM representative. With
WebAssign, you can

e Create assignments from a ready-to-use database of textbook questions or write
and customize your own exercises

e Create, post, and review assignments 24 hours a day, 7 days a week

e Deliver, collect, grade, and record assignments instantly

e Offer more practice exercises, quizzes, and homework

e Assess student performance to keep abreast of individual progress

e Control tolerance and significant figures settings on a global and per-question basis

The WebAssign gradebook gives you complete control over every aspect of student
grades. In addition, if you choose to enable it, your students will be able to see their
own grades and homework, quiz, and test averages as the semester progresses, and
even compare their scores with the class averages.

Instructor’s Annotated Edition (Darrell D. Ebbing, Wayne State University, and Steven D.
Gammon, Western Washington University) The IAE comprises the student text and
a program of annotations to assist the instructor in syllabus and lecture preparation,
including references to lecture demonstrations and ways to integrate instructional
media and ancillaries available with the text such as transparencies, lab experiments,
and ChemWork. (ISBN-13: 978-0-618-93469-0; ISBN-10: 0-618-93469-3)

Instructor’s Resource Manual (Darrell D. Ebbing, Wayne State University, and Steven D.
Gammon, Western Washington University) Available online at HM ChemSPACE,
this PDF manual offers information about chapter essays, suggestions for alternate
sequencing of topics, short chapter descriptions, a master list of learning objectives,
correlation of cumulative-skills problems with text topics, alternative examples for lec-
tures, and suggested lecture demonstrations.

Instructor’s Resource Manual to the Lab Manual (R. A. D. Wentworth, Indiana University,
Emeritus) Available online at HM ChemSPACE, this PDF manual provides instruc-
tors with possible sequences of experiments and alternatives, notes and materials for
preparing the labs, and sample results to all pre- and postlab activities in Experiments
in General Chemistry.
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Complete Solutions Manual (David Bookin, Mount San Jacinto College) Available online
at HM ChemSPACE or on the HM Testing CD, this complete version of the Student
Solutions Manual contains detailed solutions to the in-chapter exercises and all end-
of-chapter problems. This supplement is intended for the teacher’s convenience.

Concept Exploration Worksheets Available online at HM ChemSPACE, these worksheets
are print-ready PDF versions of the Concept Exploration problems from the text, refor-
matted in a worksheet style for use as in-class handouts or to facilitate group discussions.

For the Student

An extensive print and media package has been designed to assist students in work-
ing problems, visualizing molecular-level interactions, and building study strategies to
fully comprehend concepts.

HM ChemSPACE Student Website (college.hmco.com/pic/ebbing9e) will help students
prepare for class, study for quizzes and exams, and improve their grade. Resources
include

e Online Multimedia eBook integrates reading textbook content with embedded
links to media activities and supports highlighting, note taking, zooming, print-
ing and easy navigation by chapter or page.

* ACE practice tests
¢ Electronic flashcards
¢ Additional interactive Self-Assessment Questions with detailed solutions

* Over 45 hours of video lessons from Thinkwell®, segmented into 8 to 10
minute mini-lectures by a chemistry professor that combine video, audio, and
whiteboard to demonstrate key concepts.

¢ Visualizations (molecular animations and lab demonstration videos) give
students the opportunity to review and test their knowledge of key concepts.

e Interactive tutorials allow students to dynamically review and interact with key
concepts from the text.

¢ Concept Exploration Worksheets, print-ready PDF versions of the Concept
Exploration problems from the text, reformatted with space to write and draw.

* Electronic lab activities connected to the Experiments in General Chemistry lab
manual

¢ General Chemistry resources—interactive periodic table, molecule library of
chemical structures, and Careers in Chemistry

Access to HM ChemSPACE student website accompanies every new copy of the text.
Students who have bought a used textbook can purchase access to HM ChemSPACE
separately.

HM ChemSPACE with Eduspace features all of the student resources available at the stu-
dent website as well as randomized online homework, ChemWork assignments, and
SMARTHINKING—Ilive, online tutoring. This dynamic suite of products gives stu-
dents many options for practice and communication:

Online Homework Authored by experienced chemistry professors, ChemWork
exercises offer students opportunities to practice problem-solving skills that are
different from the end-of-chapter homework provided in the text and online.
These problems are designed to be used in one of two ways: The student can use
the system to learn the problem-solving process (while doing actual homework
problems) or the students can use the system as a capstone assignment to deter-
mine whether they understand how to solve problems (perhaps in final prepara-
tion for an exam).
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The ChemWork exercises test students’ understanding of core concepts from each
chapter. If a student can solve a particular problem with no assistance, he or she can
proceed directly to the answer and receive congratulations. However, if a student needs
help, assistance is available through a series of hints. The procedure for assisting the
student is modeled after the way an instructor would help a student with a homework
problem in his or her office. The hints are usually in the form of interactive questions
that nudge the student in the right direction without telling him or her how to do it.
The goal is to help the student figure out how to successfully complete the problem.
Often, computer-based homework gives the correct solution after the student fails two
or three times. Students recognize this and often just push buttons until the right answer
comes up. ChemWork never gives up on the student. It never reveals the right answer.
Rather, it helps the student get to the correct solution and then offers congratulations.

Another important feature of ChemWork exercises is that each student in the
course receives a unique set of problems. This is accomplished by using a combina-
tion of algorithmic, datapool, and versions of questions and problems that are ran-
domly selected by the computer. If students are assigned similar but unique problems,
they can help each other, but everyone has to do his or her own set.

ChemWork problems also have the capability of checking for significant figures
in calculations. Since it is a homework system, it is designed to tell the student if the
significant figures are incorrect in their answer without marking the answer wrong.
This feature encourages the student to pay attention to the significant figures without
causing so much irritation that they give up on the problem. ChemWork problems
also are automatically graded and recorded in the gradebook.

The development of ChemWork over ten years of use by thousands of students
has resulted in a system that dramatically enhances students’ problem-solving skills.

SMARTHINKING®—Live, Online Tutoring SMARTHINKING provides person-
alized, text-specific tutoring during typical study hours when students need it most.
(Terms and conditions subject to change; some limits apply.) With SMARTHINKING,
students can submit a question to get a response from a qualified e-structor within 24
hours; use the whiteboard with full scientific notation and graphics; view past online
sessions, questions, or essays in an archive on their personal academic homepage; and
view their tutoring schedule. E-structors help students with the process of problem
solving rather than supply answers. SMARTHINKING is available through Eduspace
or, upon instructor request, with new copies of the student textbook.

Student Solutions Manual (David Bookin, Mount San Jacinto College) This manual
contains detailed solutions to all the in-chapter Exercises and Self-Assessment and
Review Questions, as well as step-by-step solutions to selected odd-numbered end-of-
chapter problems. (ISBN-13: 978-0-618-94585-6; ISBN-10: 0-618-94585-7)

Study Guide (Larry K. Krannich, University of Alabama at Birmingham) This guide
reinforces the students’ understanding of the major concepts, learning objectives, and
key terms presented in the text, as well as further develops problem-solving skills.
Each chapter features both a diagnostic pretest and posttest, additional practice prob-
lems and their worked-out solutions, as well as cumulative unit exams. (ISBN-13:
978-0-618-94591-7; ISBN-10: 0-618-94591-1)

Experiments in General Chemistry (R. A. D. Wentworth, Indiana University, Emeritus)
Forty-one traditional experiments parallel the material found in the textbook. Each lab
exercise has a prelab assignment, background information, clear instructions for per-
forming the experiment, and a convenient section for reporting results and observa-
tions. New to this edition are ten Inquiries with Limited Guidance. Following the con-
ceptual focus of the text, these new experiments allow students to work at their own
intellectual levels, design their own experiments, and analyze the data from those exper-
iments without help or prompting from the manual. (ISBN-13: 978-0-618-94988-5;
ISBN-10: 0-618-94988-7)
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A Note to Students

xxviii

aving studied and taught chemistry for some years, we are well aware of the

problems students encounter. We also know that students don’t always read

the Preface, so we wanted to remind you of all the resources available to help
you master general chemistry. Turn to pages xxiii—xxiv in the Preface for more infor-
mation on where you can find them.

Read the book

Each individual learns in a different way. We have incorporated a number of features
into the text to help you tailor a study program that meets your particular needs and
learning style. From HM ChemSPACE you can also use the online multimedia eBook
to link directly from your text to media activities.

Practice, practice, practice

Problem solving is an important part of chemistry, and it only becomes easier with
practice. We worked hard to create a consistent three-part problem-solving approach
(Problem Strategy, Solution, and Answer Check) in each in-chapter Example. Try the
related Exercise on your own, and use the corresponding end-of-chapter Practice
Problems to gain mastery of your problem-solving skills. HM ChemSPACE features
ChemWork, online assignments that function as a “personal instructor” to help you
learn how to solve challenging chemistry problems. Ask for a hint when you get stuck
and get instant feedback on your correct and incorrect answers.

Get help when you need it

Don’t hesitate to ask your instructor or teaching assistant for help. You can also take
advantage of the following helpful aids:

¢ The Student Solutions Manual contains detailed solutions to textbook problems.
e The Study Guide reinforces concepts and further builds problem-solving skills.
* SMARTHINKING—Ilive, online tutoring

Go online

The Media Summary at the end of each chapter lists all the media available at HM
ChemSPACE that will enhance your understanding of key concepts from the book.
Watch one of the Video Lessons or Visualizations, or study an interactive tutorial
to review difficult concepts. Quiz yourself with the electronic flashcards, or use the
ACE practice tests and interactive Self-Assessment Questions to prepare for an
exam.

We have put a lot of time and thought into how to help you succeed. The fol-
lowing guide highlights how to get the most from the features of your text, and we
hope you take advantage of all the technology and resources available with General
Chemistry, Ninth Edition. Best of luck in your study!

Darrell D. Ebbing
Steven D. Gammon



A Guide to General Chemistry, Ninth Edition

Every effort has been made to ensure that this text and its integrated media components
will help you succeed in general chemistry. The following pages walk you through the
main features of the ninth edition and illustrate how they have been carefully designed
to maximize student learning and instructor support.

1

Chemistry and
Measurement

Chapter opener )

Each chapter opener has been designed as a three-
part collage combining a macroscale photo, a
related molecular image, and an associated real-
world application to set the scene for the chapter
and reinforce our view that chemistry is both a
molecular science and a materials science that

has direct relevance in our daily lives.
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NEW!
—_ Contents and Concepts )
This feature outlines the main sections of the

One of the forms of SiO, in nature is the quartz
crystal. Optical fibers that employ light for data

R e chapter and briefly previews the key concepts
and relationships between topics, giving you a
Contents and Concepts sense of direction for what you'll be reading
An Introduction to Chemistry We start by defining the science called chemistry a nd Studylng
11  Modern Chemistry: A Brief Glimpse and introducing some fundamental concepts.
1.2 Experiment and Explanation
1.3 Law of Conservation of Mass
1.4 Matter: Physical State and Chemical
Constitution
Physical Measurements Making and recording measurements of the
1.5 Measurement and Significant Figures properties and chemical behavior of matter is
1.6 SI Units the foundation of chemistry.
1.7  Derived Units
1.8  Units and Dimensional Analysis 1 Chemistry and Measurement

(Factor-Label Method)

n 1964 Barnett Rosenberg and his coworkers at Michigan State University
were studying the effects of electricity on bacterial growth. They inserted
platinum wire electrodes into a live bacterial culture and allowed an electric
current to pass. After 1 to 2 hours, they noted that cell division in the bacteria
stopped. The researchers were very surprised by this result, but even more
' surprised by the explanation. They were able to show that cell division was
inhibited by a substance containing platinum, produced from the platinum
electrodes by the electric current. A substance such as this one, the researchers
thought, might be useful as an anticancer drug, because cancer involves run-
away cell division. Later research confirmed this view, and today the platinum-
L S . . . Barnett Rosenberg
containing substance cisplatin is a leading anticancer drug (Figure 1.1). Discoverer of the anticancer activity
This story illustrates three significant reasons to study chemistry. First, of cisplatin.
chemistry has important practical applications. The development of lifesaving
drugs is one, and a complete list would touch upon most areas of modern

FIGURE 1.1

(_Chapter theme )

Every chapter begins with a theme revealing the
real-world relevance of the chapter topic and then
leads into a series of questions that are answered
throughout the chapter.

technology.

Second, chemistry is an intellectual enterprise, a way of explaining our material
world. When Rosenberg and his coworkers saw that cell division in the bacteria had ceased,
they systematically looked for the chemical substance that caused it to cease. They sought
a chemical explanation for the occurrence.

Finally, chemistry figures prominently in other fields. Rosenberg’s experiment
began as a problem in biology; through the application of chemistry, it led to an advance
————— in medicine. Whatever your career plans, you will find that your

See page 30 for knowledge of chemistry is a useful intellectual tool for making
the Media Summary. important decisions.

/z‘hink the authors have come up with innovative ways to improve the quality
of the book and increase the students” benefits from it
—Mufeed M. Basti, North Carolina A&T State University
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Coherent Problem-Solving Approach

For the ninth edition, great care was taken to preserve the hallmark feature of General
Chemistry, a carefully developed, thoroughly integrated approach to problem solving
with a strong conceptual focus, while refining pedagogy to further enhance and
develop students’ conceptual understanding.

he new emphasis within each chapter example to use
Strategy-Solution-Answer Check is admirable.
—Michael A. Hauser, St. Louis Community College

Each ( in-text Example

has been revised to follow our three-part
problem-solving approach to guide students
through the logic of solving certain types of
problems with a consistent framework.
L Example 3.5 Converting Grams of Substance to Moles
|
Lead(IT) chromate, PbCrOy, is a yellow paint pigment (called chrome yellow)
Cproblem Strategies\ prepared by a precipitation reaction (Figure 3.4). In a preparation, 45.6 g
- P— J ) of lead(Il) chromate is obtained as a precipitate. How many moles of PbCrO,
outline the thinking that underlies the is this?
nume”cal SOIUtlon Of the prObIem' L Problem Strategy Since we are starting with a mass of PbCrO,, we need €

the conversion factor for grams of PbCrO, to moles of PbCrO,. The molar mass |
of PbCrO, will provide this information.

|
The Soluﬁon ' Solution The molar mass of PbCrO, is 323 g/mol. That is, ‘ |
then applies that thinking step-by-step 1 mol PbCrO; = 323 g PbCrO, | v
- o e
to a particular problem. Therefore,
FIGURE 3.4
45.6 g Pbery X M 0.141 mol PbCrO., Preparation of lead(ll) chromate
St >rO =0. rOy4
323 g PbErO; When lead(ll) nitrate solution (colorless) is
N\ added to potassium chromate solution (clear
C Answer Checks J ' Answer Check Note that the given amount of material in this problem (45.6 g  yellow), bright yellow solid lead(ll) chromate
h | t] d t: I th t I I t PbCrO,) is much less than its molar mass (323 g/mol). Therefore, we would forms (giving a cloudlike formation of fine
e p students learn the critical las expect the number of moles of PbCrO, to be much less than 1, which is the aystals)
Step in problem Solving: hOW to case here. Quick, alert comparisons such as this can be very valuable in check-
0 ing for calculation errors.

evaluate their answers to ensure
that they are reasonable based O Y Exercise 3.5 | Nitric acid, HNOs, is a colorless, corrosive liquid used in the man-

. ! ufacture of nitrogen fertilizers and explosives. In an experiment to develop new explosives
on thEII‘ general knOWIEdge 0f for mining operations, a sample containing 28.5 g of nitric acid was poured into a beaker.
the problems How many moles of HNO; are there in this sample of nitric acid?

_. B See Problems 3.41 and 3.42.

Each example is followed
by a related ( Exercise )
to allow students to practice on their own
what they have just seen worked out.

A reference to (end-of-chapter Problems )———
directs students to other similar problems for
additional practice.

very much like the emphasis on giving students a solid conceptual foundation. It seems that most
/ texts use “conceptual emphasis” as a euphemism for minimizing the mathematical aspects. These
chapters sacrifice nothing mathematically but offer students a thorough physical understanding as
well-a solid basis to reason from.
—Jerry Burns, Pellissippi State Technical Community College
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Building a Conceptual Understanding

Two key features pose problems that challenge students to use conceptual
reasoning in problem solving, often with little to no calculations, to test
their grasp of the big ideas of chemistry.

Concept Check 1.1

Matter can be represented as being composed of individual units. For example, the
smallest individual unit of matter can be represented as a single circle, ¢, and chem-
ical combinations of these units of matter as connected circles, e, with each ele-
ment represented by a different color. Using this model, place the appropriate
label-—element, compound, or mixture—on each container.

( Concept Checks ) ®
included throughout the text push
students to understand the ideas
underlying chemistry. A comprehensive
strategy and solution guide for each

Concept Check is available at o o S 9 ‘J‘o 8

HM ChemSPACE. o® ® @ )
0% | @ @ sew
A B C

" Concept Explorations W

5.27 Gas Laws and Kinetic Theory of Gases I
Shown below are two identical containers labeled A and B. Con-
tainer A contains a molecule of an ideal gas, and container B
contains two molecules of an ideal gas. Both containers are at
the same temperature.
a. How do the pressures in the two containers compare? Be
sure to explain your answer.

o @
L

A B

b. Shown below are four different containers (C, D, E, and F),
each with the same volume and at the same temperature.
How do the pressures of the gases in the containers

compare?
9
&
Y L4
C D
e ® o
o @ ¢ J

100 K, and container L is at 200 K. How does the pressure
in container J compare with that in container L? Include an
explanation as part of your answer.

e o @ g © 0
o © o @
T=100K T=200K
J L

5.28 Gas Laws and Kinetic Theory of Gases Il
Consider the box below that contains a single atom of an ideal
gas.
a. Assuming that this gas atom is moving, describe how it cre-
ates pressure inside the container.

b. Now consider the two containers below, each at the same
temperature. If we were to measure the gas pressure in each
container, how would they compare? Explain your answer.

NEW!

( Concept Explorations )

are structured activities at the end of
Chapters 1 through 19, developed to
help students explore important chemical
concepts and the key ideas in general
chemistry by confronting common
misconceptions or gaps in learning.
Ideally designed for use in small groups,
these multipart, multistep problems

are also available at HM ChemSPACE as
printable workbook-style handouts for
use in class.

omplex, realistic, conceptual, open-ended, vague and
Cmotivated! Concept Explorations can be used to
enhance student conceptual understanding and problem-
solving abilities. They emphasize the mulfiple representa-
tions of processes (words, sketches, graphs, chemical equa-
tions) and encourage active participation of students.

—VYury Skorik, University of Pittsburgh

he authors have focused on a major problem that many
Tz‘extbooks seem either to ignore or, at a minimum, fail to
recognize and address. Students often master the process of
problem solving without understanding the underlying concept
that the problem attempts to address. The authors have taken
a giant step in addressing this shortcoming.

—Gary L. Blackmer, Western Michigan University
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Dynamic Art Program

Every aspect of the design has been carefully reviewed and updated to
provide a clean, contemporary program to help students visualize
chemistry more effectively.

FIGURE 2.18

Examples of molecular and structural Water Ammonia Ethanol
formulas, [nnle(ula.r models, and ‘Mo]eclljlar H,0 NH; C,H,O
electrostatic potential maps (iUl - 2

Three common molecules—water, ammonia, H H

and ethanol-are shown. The electrostatic |

potential map representation at the bottom Structural H—-O—H H-N—H H—-C—C—0-H
of the figure illustrates the distribution of foanla | |
electrons in the molecule using a color

Many Gnolecular illustrations )— spectrum. Colors range from red (relatively Nolecnlar ? >
H = = high electron density) all the way to blue del
are depicted in multiple ways to h.elp stu- (o elecron densy) B e )Q . *) ﬁf\%’
dents make the leap from symbolic to visu- stick type) o > @
al representations. Molecular
. model ¢
(space- 9/ q’ ‘q/
filling type) "
Electrostatic
potential
NEW! o

(Electrostatic potential maps )——————

have been added where pedagogically
effective to help illustrate how electron
density changes across a molecule.

—( Molecular blowups )
help students connect the
macroscopic to molecular-
level processes. i

CH;—CH,— O +++ H—O— CH,— CH,

FIGURE 12.7

Hydrogen bonding between water and
ethanol molecules

The dots depict the hydrogen bonding
between the oxygen and hydrogen atoms
on adjacent molecules.

convey chemical principles
clearly and effectively.

Capillary Capillary ——
Meniscus
Meniscus
Water Mercury —=—
A B

FIGURE 11.19

Liquid levels in capillaries

(A) Capillary rise, due to the attraction of water and glass. Hydrogen bonds between the water molecules and the gas

are illustrated. The final water level in the capillary is a balance between the force of gravity and the surface tension of water.
FIGURE 4.15 (B) Depression, or lowering, of mercury level in a glass capillary. Unlike water, mercury is not attracted to glass.

Decomposition reaction

The decomposition reaction of mercury(ll)
oxide into its elements, mercury and
oxygen.
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Real-World Applications and Research Methods

Interesting applications of modern chemistry show students the relevance
of chemistry to their world.

A Chemist Looks at... @ (A Chemist Looks at . .. )
essays relate chemical concepts to real-world applications.
Icons key students to particular areas of interest: medicine,
health, frontiers of science, the environment, and daily life.

New and revised essays highlight modern applications.

Gecko Toes, Sticky But Not Tacky

A gecko (Figure 11.27)
can effortlessly climb a
wall or walk across a
glass ceiling. And like
a superacrobat, it can
catch itself by a toe
while falling. How does
it do this? Does the
gecko have a gluey sub-
stance, or something
like sticky tape, on its toes? But if so, how is it possible for the FIGURE 11.27

gecko to plant its feet and remove them 15 times a second, A Tokay gecko

which it does when it scurries up a tree? Having a toe stick to This is a common gecko, a smalllizard of the
a leaf is one thing; being able to remove it easily is another. type studied by Kellar Autumn.

Recently, the biologist Kellar Autumn at Lews and Clark Col-

1125 A gecko’s toes have been shown to stick to walls
through van der Waals forces. Van der Waals forces also exist be-
tween your finger and a wall. Why, then, doesn’t your finger
stick to the wall in the same way as the gecko’s toes?

lege, with other scientists, discovered that the gecko uses
van der Waals forces to attach itself to surfaces and employs
a special technique to disengage from that surface.

Van der Waals forces exist between any two surfaces,
but they are extremely weak unless relatively large areas of
the two surfaces come quite close together. The toe of a
gecko is covered with fine hairs, each hair having over a
thousand split ends. As the gecko walks across a surface, it
presses these stalks of hairs against the surface. The inti-
mate contact of a billion or so split ends of hairs with the sur-
face results in a large, attractive force that holds the gecko
fast. Just as easily, a gecko's foot comes cleanly away. As the
gecko walks, its foot naturally bends so the hairs at the back
edge of its toes disengage, row after row, until the toe is free.
It is the mechanics of the gecko's walk that allows it to con-
nect to and disengage easily from a surface.

It is interesting to compare gecko toes to adhesive tapes.
These tapes are covered with a soft, tacky material that flows
when pressure is applied. The tacky adhesive and a surface
can then come in close contact, where intermolecular forces

1126  Althoughft gecko’s toes stick easily to a wall, their toes

provide effective attraction. The problem with a tack  lift Off a surface jut as easily. Explain.

sive is that it sticks to not only the surface but dirt as well.
You can pull a Post-it Note off one surface and stick it to an-
other surface several times. Eventually, the adhesive gets
dirty, and the note loses its adhesive quality and refuses to
stick. Gecko toes, though, are sticky but not tacky. The fine
hairs do not continue to stick to dirt and can stick and un-
stick from surfaces indefinitely.

Materials scientists are busy trying to imitate the
gecko by developing a “gecko tape,” a plastic tape with the
property that it can stick and unstick from surfaces many
times. The plastic tape is covered in many hairs with split
ends, like those on the gecko’s toes. Other scientists are
trying to design robots that mimic the way a gecko walks.
Using gecko tape on the robot’s feet might allow it to climb
walls. Would we have tried to design such devices if no one
had discovered how the gecko does it?

See Problems 11.125 and 11.126. .

——(_ Essay questions )

at the end of the General Problems section
based on the A Chemist Looks at. . . and
Instrumental Methods boxes make it easier to
incorporate interesting real-world material into
your class. Problems are referenced at the end

of each essay and are color coded to the type
of essay they are from.

)

Instrumental Methods )

essays help students realize that modern chemistry
depends on sophisticated instruments (a connection
often missed in general chemistry courses). This

Automated X-Ray Diffractometry

Max von Laue, a German
physicist, was the first
to suggest the use of
X rays for the determi-
nation of crystal struc-
ture. Soon afterward, in
1913, the British physi-
cists William Bragg and
his son Lawrence devel-
oped the method on
which modem crystal-structure determination is based.
They realized that the atoms in a crystal form reflecting
planes for x rays, and from this idea they derived the fun-
damental equation of crystal-structure determination.

n\ =2dsin6,n=1,23,...

The Bragg equation relates the wavelength of x rays, A, to the
distance between atomic planes, d, and the angle of reflec-
tion, 6. Note that reflections occur at several angles, corre-
sponding to different integer values of n.

A molecular crystal has many different atomic planes,
so that it reflects an x-ray beam in many different directions.

By analyzing the intensities and angular directions of the re-
flected beams, you can determine the exact positions of all
the atoms in the unit cell of the crystal and therefore obtain
the structure of the molecule. The problem of obtaining the
x-ray data (intensities and angular directions of the reflec-
tions) and then analyzing them, however, is not trivial. Orig-
inally, the reflected x rays were recorded on photographic
plates. After taking many pictures, the scientist would pore
over the negatives, measuring the densities of the spots and
their positions on the plates. Then he or she would work
through lengthy and laborious calculations to analyze the
data. Even with early computers, the determination of a
molecular structure required a year or more.
‘With the development of electronic x-ray detectors and
ini x-ray jon has become s0
that the time and effort of determining the structure of a mol-
ecule have been substantially reduced. Now frequently the
most difficult task is preparing a suitable crystal. The crystal
should be several tenths of a millimeter in each dimension
and without significant defects. Such crystals of protein mol-
ecules, for example, can be especially difficult to prepare.
Once a suitable crystal has been obtained, the structure

Iy

+ /\

x-ray beam
High ! 1

2
voltage
Electron
_ I beam
-

‘ x-ray tube

v .
.t : 1]
Ilszdliizzi Photographic v
FIGURE 11.50
Automated x-ray diffractometer
(Top) The single-crystal specimen is mounted on a glss fier, which s placed on a spindie within the cicular
assembly o the diffactomete. A new data collecion system (left of specimen) reduces data collecion time
fiom several days to several hours. (Bottom) The schematic diagram shows the difacted rays being detect
by  photogreph. In a modem diffactometer, the final data colleton is done with a fxed elecronic detector,
and the cysal i otated. The dat ae collced and anahzed by 3 computer accompanying the cifactometr. M See Problems 11.129.and 11.130. (@)

of a molecule of moderate size can often be determined in a
day or so. The crystal is mounted on a glass fiber (or in a glass
capillary containing an inert gas, if the substance reacts with
air) and placed on a pin or spindle within the circular assem-
bly of the x-ray diffractometer (Figure 11.50). The crystal and
x-ray detector (placed on the opposite side of the crystal from
the x-ray tube) rotate under computer control, while the com-
puter records the intensities and angles of thousands of x-ray
reflection spof
molecular stru

1130 How is it possible to obtain the stru
using x-ray diffraction from the molecular

Crystal

1129 Briefly describe what it is that the Bragg equation relates?

@ of a molecule
17

series of essays covers instrumental methods in

just enough detail to pique students’ interest.

think that the essays are always

interesting but have never required
them as reading in my courses, as
there has not been a simple way to
“encourage” my students to read
them. These types of follow-up
questions are an excellent idea.
| would definitely assign these
questions to my students.

—Luther Giddings, Salt Lake
Community College
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Comprehensive End-of-Chapter Review Section

The end-of-chapter review section has been designed to streamline
and enhance students’ study of the concepts and skills covered in

each chapter.

A Checklist for Review includes

(_Important Terms )
All boldface terms in the chapter,
arranged in order of appearance,
with section references

( Key Equations )
All of the key equations highlighted in the
chapter

( Summary of Facts and Concepts )—

A prose summary of the chapter’s most
important concepts

( The Media Summary )

enables students to see at a glance
all the media available at HM ChemSPACE
to enhance their understanding.

XXXiv

A Checklist for Review

Important Terms

molecular mass (3.1)
formula mass (3.1)

mole (mol) (3.2)

Avogadro’s number (Na) (3.2)

Key Equations

mass of A in the whole

Mass % A = X 100%

mass of the whole

molecular mass

n=—>="
empirical formula mass

Summary of Facts and Concepts

A formula mass equals the sum of the atomic masses of the
atoms in the formula of a compound. If the formula corresponds
to that of a molecule, this sum of atomic masses equals the mo-
lecular mass of the compound. The mass of Avogadro’s number
(6.02 X 10**) of formula units—that is, the mass of one mole of
substance—equals the mass in grams that corresponds to the
numerical value of the formula mass in amu. This mass is called
the molar mass.

The empirical formula (simplest formula) of a compound is
obtained from the percentage composition of the substance,
which is expressed as mass percentages of the elements. To
calculate the empirical formula, you convert mass percentages to

Summary

Visit the student website at college.hmco.com/pic/ebbing9e to help prepare for class

molar mass (3.2)

percentage composition (3.3)
mass percentage (3.3)

empirical (simplest) formula (3.5)

Percentage yield =

stoichiometry (3.6)

limiting reactant (reagent) (3.8)
theoretical yield (3.8)
percentage yield (3.8)

actual yield 3
———— X 100%
theoretical yield

ratios of moles, which, when expressed in smallest whole num-
bers, give the subscripts in the formula. A molecular formula is a
multiple of the empirical formula; this multiple is determined
from the experimental value of the molecular mass.

A chemical equation may be interpreted in terms of moles of
reactants and products, as well as in terms of molecules. Using
this molar interpretation, you can convert from the mass of one
substance in a chemical equation to the mass of another. The
maximum amount of product from a reaction is determined by
the limiting reactant, the reactant that is completely used up; the
other reactants are in excess.

study for quizzes and exams, understand

core concepts, and visualize molecular-level interactions. The following media activities are available for this chapter:

@ Prepare for Class

Video Lessons Mini lectures from chemistry experts

The Mole and Avogadro’s Number

Introducing Conversion of Masses, Moles, and Number of
Particles

Finding Empirical and Molecular Formulas

Stoichiometry and Chemical Equations

Finding Limiting Reagents

CIA Demonstration: Self-Inflating Hydrogen Balloons

Theoretical Yield and Percent Yield

A Problem Involving the Combined Concepts of Stoichiometry

@ Improve Your Grade

Visualizations Molecular-level animations and lab
demonstration videos

Oxidation of Zinc with Iodine

Limiting Reactant

Oxygen, Hydrogen, Soap Bubbles, and Balloons
Tutorials Animated examples and interactive activities
Formula Mass

Limiting Reactants: Part One

Limiting Reactants: Part Two

Flashcards Key terms and definitions

Online Flashcards

Self-Assessment Questions Additional questions with
full worked-out solutions

6 Self-Assessment Questions

ACE the Test

Multiple-choice quizzes
3 ACE Practice Tests

Access these resources using the passkey available free with new texts or for purchase separately.




Learning Objectives ®

NEW!

8.1 Electron Spin and the Pauli Exclusion Principle

8.6 Some Periodic Properties

(_ Learning Objectives )
are bulleted lists arranged by

m Define electron configuration and orbital diagram.
m State the Pauli exclusion principle.
m Apply the Pauli exclusion principle. Example 8.1

8.2 Building-Up Principle and the Periodic Table

m Define building-up principle.

m Define noble-gas core, pseudo-noble-gas core, and valence
electron.

m Define main-group element and (d-block and f-block)
transition element.

8.3 Writing Electron Configurations Using the
Periodic Table

m Determine the configuration of an atom using the building-up
principle. Example 8.2

m Determine the configuration of an atom using the period and
group numbers. Example 8.3

m State the periodic law.

m State the general periodic trends in size of
atomic radii.

m Define effective nuclear charge.

m Determine relative atomic sizes from periodic trends.
Example 8.5

m State the general periodic trends in ionization energy.

m Define first ionization energy.

m Determine relative ionization energies from periodic trends.

Example 8.6

m Define electron affinity.

m State the broad general trend in electron affinity across any
period.

8.7 Periodicity in the Main-Group Elements

section that outline the key terms,
concepts, and problem-solving
skills in each chapter, allowing
students to assess their under-
standing. Objectives are cross-
referenced to related in-chapter
examples. They are perfect for
student review and helpful for
instructor in class preparation.

m Define basic oxide, acidic oxide, and amphoteric oxide.
m State the main group corresponding to an alkali metal, an
alkaline earth metal, a chalcogen, a halogen, and a noble

gas.

cannot say enough good things about the change from the operational skills to the
new learning objectives. The students will certainly connect to these learning objectives
because it will allow for greater self-assessment of their grasp of the material. | would also

use them in a review session for an exam because | think they more than cover what the
students must master in terms of operational and conceptual skills.

—Sherell Hickman, Brevard Community College

Key: These questions test your understanding of the ideas you
worked with in the chapter. Each section ends with four mul-
tiple-choice questions that you can use to help assess whether
you have understood the main concepts; these are answered in
the Answers to Self-Assessment Questions in the back of the
book. There are also six additional multiple-choice questions
available at the student website for further practice.

1.1 Discuss some ways in which chemistry has changed tech-
nology. Give one or more examples of how chemistry has af-
fected another science.

12 Define the terms experiment and theory. How are theory
and experiment related? What is a hypothesis?

1.3 Tllustrate the steps in the scientific method using Rosen-
berg’s discovery of the anticancer activity of cisplatin
14 Define the terms matter and mass. What is the difference
between mass and weig
1.5 State the law of conservation of mass. Describe how you
might demonstrate this law.

1.6 A chemical reaction is often accompanied by definite changes
in appearance. For example, heat and light may be emitted, and
there may be a change of color of the substances. Figure 1.9 shows
the reactions of the metal mercury with oxygen in air. Describe the
changes that occur.

1.7 Characterize gases, liquids, and solids in terms of com-
pressibility and fluidity.

1.8 Choose a substance and give several of its physical proper-
ties and several of its chemical properties.

19 Give examples of an element, a compound, a heteroge-
neous mixture, and a homogeneous mixture.

110 What phases or states of matter are present in a glass of
bubbling carbonated beverage that contains ice cubes?

111 What distinguishes an element from a compound? Can a
compound also be an element?

112 What is meant by the precision of a measurement? How is
it indicated?

113 Two rules are used to decide how to round the result of a
calculation to the correct number of significant figures. Use a

NEW!

1.14 Distinguish between a measured number and an exact
number. Give examples of each.
115 How does the International System (SI) obtain units of
different size from a given unit? How does the International
System obtain units for all possible physical quantities from
only seven base units?
116 What is an absolute temperature scale? How are degrees
Celsius related to kelvins?
117 Define density. Describe some uses of density.
118 Why should units be carried along with numbers in a
calculation?
119 When the quantity 12.9 g is added to 2 X 10~°* g, how
many significant figures should be reported in the answer?

a. one b. two ¢ three d. four e. five
120 You perform an experiment in the lab and determine that
there are 36.3 inches in a meter. Using this experimental value,
how many millimeters are there in 1.34 feet?

a. 4.43 X 10> mm
. 4.05 X 10> mm

¢ 443 mm

d. 4.43 X 10° mm

e. 4.05 % 10® mm
121 A 75.0-g sample of a pure liquid, liquid A, with a density
of 3.00 g/mL is mixed with a 50.0-mL sample of a pure liquid,
liquid B, with a density of 2.00 g/mL. What is the total volume
of the mixture? (Assume there is no reaction upon the mixing
of A and B.)

a. 275 mL
b. 175 mL
¢ 125mL
d. 100. mL
e. 75mL
122 Which of the following represents the smallest mass?

a. 23cg
b. 2.3 X 10° ug
¢ 023 mg
d
e,

=

. 023 ¢
. 23X 10 kg

(_Self-Assessment and Review Questions )
consist of straightforward recall questions and
four new multiple-choice questions per chapter,
providing students with a quick method to assess
their understanding. Six additional interactive
self-assessment questions are available at

HM ChemSPACE.

es, these [Self-Assessment] questions
appear to be well thought out and are
very useful for the students to quickly assess
their understanding of the core concepts. |
will strongly urge the students to do so.
—Songping Huang, Kent State University
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Wealth of End-of-Chapter Problems

The full range of end-of-chapter exercises allows for multiple assessment opportu-
nities. Starting with the Conceptual Problems, students build a strong conceptual
understanding of chemistry, which is the foundation for both applying chemical
knowledge and solving chemical problems, ultimately preparing them to problem
solve and integrate concepts on their own.

( Conceptual Problems )——————|

reinforce key principles by asking non-
quantitative questions about the material.

=0

Conceptual Problems

You react nitrogen and hydrogen in a container to produce
ammonia, NH;(g). The following figure depicts the contents of
the container after the reaction is complete.

( Practice Problems )
provide practice in applying
problem-solving skills. These
matched-pair problems are arranged
by topic, and some are keyed to
related exercises in the chapter.

~

© =NH;
o9 @-%
A
& ® ©
a. Write a balanced chemical equation for the reaction.

you
M Practice Problems e re-
Types of Solutions cue.

ing a gas in a liquid.

Give an example of a liquid solution prepared by dissolv-

(_General Problems )

allow additional practice and are
not keyed to exercises or topics.

NEW!
( Strategy Problems )

are 10 challenging nonmatched pair
problems (often combining multiple
concepts) per chapter that require
students to develop a problem-solving
strategy on their own, without the
comfort of a similar problem to model
their answer from.

(_ Cumulative-Skills Problems )

12.38  Give an example of a solid solution prepared from two
solids.
Solubility
C,H
T General Problems
CH R
A glass tumbler containing 243 cm? of air at 1.00 X 10>
kPa (the barometric pressure) and 20°C is turned upside down
solu and immersed in a body of water to a depth of 20.5 m. The air in
12.42 the glass is compressed by the weight of water above it. Calcu-
ethal late the volume of air in the glass, assuming the temperature and
C, t barometric pressure have not changed.
5.106 The density of air at 20°C and 1.00 atm is 1.205 g/L. If
this air were compressed at the same temperature to equal the
pressure at 40.0 m below sea level, what would be its density?
m. The
I mmHg.
11133 In an experiment, 20.00 L of dry nitrogen gas, Ny, at
20.0°C and 750.0 mmHg is slowly bubbled into water in a flask htm and
to determine its vapor pressure (see the figure below).
Dry Np—>= d 100.0
m ature is
. 2. What

= Exiting gas

——Liquid water

' 3 Cumulative-Skills Problems

combine skills from different sections
within a chapter, and often across
multiple chapters, allowing students

to test their ability to integrate.

xXxXxXVi

An experimenter makes up a solution of 0.375 mol

Na,COs5, 0.125 mol Ca(NOs),, and 0.200 mol AgNOs5 in 2.000 L
of water solution. Note any precipitations that occur, writing a
balanced equation for each. Then, calculate the molarities of
each ion in the solution.
12126  An experimenter makes up a solution of 0.310 mol
Na;PO,, 0.100 mol Ca(NOj3),, and 0.150 mol AgNOj5 in 4.000 L
of water solution. Note any precipitations that occur, writing a
balanced equation for each. Then, calculate the molarities of
each ion in the solution.

The lattice enthalpy of sodium chloride, AH® for
NaCl(s) — Na*(g) + Cl (g)

is 787 kJ/mol; the heat of solution in making up 1 M NaCl(aq) is
+4.0 kJ/mol. From these data, obtain the sum of the heats of hy-
dration of Na™ and C1™. That is, obtain the sum of AH® values for

Na*(g) — Nzl*(uq)
Cl*(g) — ClI™(aq)

If the heat of hydration of C1™ is —338 kJ/mol, what is the heat
of hydration of Na*?

xcellent examples again. [The

Strategy Problems] definitely
increase the rigor. And | believe match-
ing problems are overrated anyway—
they're a good teaching tool as a first
step but too many students regard them
as the only step! Thus, the unmatched
aspect is wonderful.

—Simon Bott, University of Houston

reat idea. It is too easy to develop a

false sense of security applying a
standard model to homework problems
without understanding chemistry. The
[Strategy] Problems in both chapters |
reviewed appeared adequate, with the
right balance of challenge and ability to
solve the problem using available infor-
mation.

—Eugene Pinkhassik, University of Memphis
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Left to right: The flames on the front cover of your book represent
potassium, copper, cesium, boron, and calcium. Sure, they look strik-
ing, but what do flame tests mean for chemistry? When metal com-
pounds burn in a flame, they emit bright colors (in fact, the spectac-
ular colors of fireworks are due to the burning of metal compounds).
When passed through a prism, the light from such a flame reveals a
spectrum of distinct colors. Each element has a characteristic spec-
trum from the emission of light from hot atoms; therefore, these spec-
tra can be used to identify elements. What you might not know is that
our current understanding of the electronic structure of the atom
started with the discovery and explanation of the spectra produced
in hot gases and flames. See Chapter 7 for further discussion of flame

tests and the quantum theory of the atom.
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NMeasurement

Contents and Concepts

One of the forms of Si0, in nature is the quartz

crystal. Optical fibers that employ light for data
~ ! transmission use ultrapure SiO, that is produced
'...‘;’7: : synthetically.

Part One Basics of Chemistry

An Introduction to Chemistry

1.1
1.2
1.3
1.4

Modern Chemistry: A Brief Glimpse
Experiment and Explanation

Law of Conservation of Mass
Matter: Physical State and Chemical
Constitution

We start by defining the science called chemistry
and introducing some fundamental concepts.

Physical Measurements

1.5
1.6
1.7
1.8

Measurement and Significant Figures
SI Units

Derived Units

Units and Dimensional Analysis
(Factor-Label Method)

Making and recording measurements of the
properties and chemical behavior of matter is
the foundation of chemistry.



2 1 Chemistry and Measurement

n 1964 Barnett Rosenberg and his coworkers at Michigan State University

were studying the effects of electricity on bacterial growth. They inserted

platinum wire electrodes into a live bacterial culture and allowed an electric
current to pass. After 1 to 2 hours, they noted that cell division in the bacteria
stopped. The researchers were very surprised by this result, but even more
surprised by the explanation. They were able to show that cell division was
inhibited by a substance containing platinum, produced from the platinum
electrodes by the electric current. A substance such as this one, the researchers
thought, might be useful as an anticancer drug, because cancer involves run-
away cell division. Later research confirmed this view, and today the platinum-
containing substance cisplatin is a leading anticancer drug (Figure 1.1).

FIGURE 1.1

Barnett Rosenberg
Discoverer of the anticancer activity

This story illustrates three significant reasons to study chemistry. First, of cisplatin.
chemistry has important practical applications. The development of lifesaving
drugs is one, and a complete list would touch upon most areas of modern

technology.

Second, chemistry is an intellectual enterprise, a way of explaining our material
world. When Rosenberg and his coworkers saw that cell division in the bacteria had ceased,
they systematically looked for the chemical substance that caused it to cease. They sought
a chemical explanation for the occurrence.

Finally, chemistry figures prominently in other fields. Rosenberg’s experiment
began as a problem in biology; through the application of chemistry, it led to an advance

in medicine. Whatever your career plans, you will find that your

See page 30 for knowledge of chemistry is a useful intellectual tool for making
the Media Summary. important decisions.

An Introduction to Chemistry

1.1

All of the objects around you—this book, your pen or pencil, and the things of
nature such as rocks, water, and plant and animal substances—constitute the mat-
ter of the universe. Each of the particular kinds of matter, such as a certain kind of
paper or plastic or metal, is referred to as a material. We can define chemistry as
the science of the composition and structure of materials and of the changes that
materials undergo.

One chemist may hope that by understanding certain materials, he or she will be
able to find a cure for a disease or a solution for an environmental ill. Another
chemist may simply want to understand a phenomenon. Because chemistry deals with
all materials, it is a subject of enormous breadth. It would be difficult to exaggerate
the influence of chemistry on modern science and technology or on our ideas about
our planet and the universe. In the section that follows, we will take a brief glimpse
at modern chemistry and see some of the ways it has influenced technology, science,
and modern thought.

Modern Chemistry: A Brief Glimpse

For thousands of years, human beings have fashioned natural materials into useful
products. Modern chemistry certainly has its roots in this endeavor. After the discov-
ery of fire, people began to notice changes in certain rocks and minerals exposed to
high temperatures. From these observations came the development of ceramics, glass,
and metals, which today are among our most useful materials. Dyes and medicines
were other early products obtained from natural substances. For example, the ancient
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FIGURE 1.2

Molecular models of Tyrian purple

and aniline

Tyrian purple (top) is a dye that was
obtained by the early Phoenicians from a
species of sea snail. The dye was eventually
synthesized from aniline (bottom).

Liquid crystals and liquid-crystal
displays are described in the essay
at the end of Section 11.7.

FIGURE 1.3

A cell phone that uses a liquid-
crystal display

These liquid-crystal displays are used in a
variety of electronic devices.

1.1 Modern Chemistry: A Brief Glimpse 3

Phoenicians extracted a bright purple dye, known as Tyrian purple, from a species of
sea snail. One ounce of Tyrian purple required over 200,000 snails. Because of its
brilliant hue and scarcity, the dye became the choice of royalty.

Although chemistry has its roots in early technology, chemistry as a field of
study based on scientific principles came into being only in the latter part of the
eighteenth century. Chemists began to look at the precise quantities of substances
they used in their experiments. From this work came the central principle of mod-
ern chemistry: the materials around us are composed of exceedingly small particles
called atoms, and the precise arrangement of these atoms into molecules or more
complicated structures accounts for the many different characteristics of materials.
Once chemists understood this central principle, they could begin to fashion mole-
cules to order. They could synthesize molecules; that is, they could build large mol-
ecules from small ones. Tyrian purple, for example, was eventually synthesized from
the simpler molecule aniline; see Figure 1.2. Chemists could also correlate molec-
ular structure with the characteristics of materials and so begin to fashion materi-
als with special characteristics.

The liquid-crystal displays (LCDs) that are used on everything from watches and
cell phones to computer monitors and televisions are an example of an application
that depends on the special characteristics of materials (Figure 1.3). The liquid crys-
tals used in these displays are a form of matter intermediate in characteristics between
those of liquids and those of solid crystals—hence the name. Many of these liquid
crystals are composed of rodlike molecules that tend to align themselves something
like the wood matches in a matchbox. The liquid crystals are held in alignment in
layers by plates that have microscopic grooves. The molecules are attached to small
electrodes or transistors. When the molecules are subjected to an electric charge from
the transistor or electrode, they change alignment to point in a new direction. When
they change direction, they change how light passes through their layer. When the liquid-
crystal layer is combined with a light source and color filters, incremental changes of
alignment of the molecules throughout the display allow for images that have high
contrast and millions of colors. Figure 1.4 shows a model of one of the molecules
that forms a liquid crystal; note the rodlike shape of the molecule. Chemists have
designed many similar molecules for liquid-crystal applications. <

FIGURE 1.4

Model of a molecule that forms a
liquid crystal

Note that the molecule has a rodlike
shape.
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FIGURE 1.5

Optical fibers
A bundle of optical fibers that can be used
to transmit data via pulses of light.

1.2

FIGURE 1.6

A side view of a fragment of a

DNA molecule

DNA contains the hereditary information of
an organism that is passed on from one
generation to the next.

Chemists continue to develop new materials and to discover new properties of old
ones. Electronics and communications, for example, have been completely transformed
by technological advances in materials. Optical-fiber cables have replaced long-distance
telephone cables made of copper wire. Optical fibers are fine threads of extremely pure
glass. Because of their purity, these fibers can transmit laser light pulses for miles com-
pared with only a few inches in ordinary glass. Not only is optical-fiber cable cheaper
and less bulky than copper cable carrying the same information, but through the use
of different colors of light, optical-fiber cable can carry voice, data, and video infor-
mation at the same time (Figure 1.5). At the ends of an optical-fiber cable, devices
using other new materials convert the light pulses to electrical signals and back, while
computer chips constructed from still other materials process the signals.

Chemistry has also affected the way we think of the world around us. For example,
biochemists and molecular biologists—scientists who study the molecular basis of liv-
ing organisms—have made a remarkable finding: all forms of life appear to share many
of the same molecules and molecular processes. Consider the information of inheritance,
the genetic information that is passed on from one generation of organism to the next.
Individual organisms, whether bacteria or human beings, store this information in a par-
ticular kind of molecule called deoxyribonucleic acid, or DNA (Figure 1.6).

DNA consists of two intertwined molecular chains; each chain consists of links
of four different types of molecular pieces, or bases. Just as you record information
on a page by stringing together characters (letters, numbers, spaces, and so on), an
organism stores the information for reproducing itself in the order of these bases in
its DNA. In a multicellular organism, such as a human being, every cell contains the
same DNA.

One of our first projects will be to look at this central concept of chemistry, the
atomic theory of matter. We will do that in the next chapter, but first we must lay the
groundwork for this discussion. We will need some basic vocabulary to talk about sci-
ence and to describe materials; then we will need to discuss measurement and units,
because measurement is critical for quantitative work.

Experiment and Explanation

Experiment and explanation are the heart of chemical research. A chemist makes
observations under circumstances in which variables, such as temperature and amounts
of substances, can be controlled. An experiment is an observation of natural phe-
nomena carried out in a controlled manner so that the results can be duplicated and
rational conclusions obtained. In the chapter opening it was mentioned that Rosenberg
studied the effects of electricity on bacterial growth. Temperature and amounts of
nutrients in a given volume of bacterial medium are important variables in such exper-
iments. Unless these variables are controlled, the work cannot be duplicated, nor can
any reasonable conclusion be drawn.

After a series of experiments, perhaps a researcher sees some relationship or reg-
ularity in the results. For instance, Rosenberg noted that in each experiment in which
an electric current was passed through a bacterial culture by means of platinum wire
electrodes, the bacteria ceased dividing. If the regularity or relationship is funda-
mental and we can state it simply, we call it a law. A law is a concise statement or
mathematical equation about a fundamental relationship or regularity of nature. An
example is the law of conservation of mass, which says that the mass, or quantity
of matter, remains constant during any chemical change.

At some point in a research project, a scientist tries to make sense of the results
by devising an explanation. Explanations help us organize knowledge and predict
future events. A hypothesis is a tentative explanation of some regularity of nature.
Having seen that bacteria ceased to divide when an electric current from platinum
wire electrodes passed through the culture, Rosenberg was eventually able to propose
the hypothesis that certain platinum compounds were responsible. If a hypothesis is



A Chemist Looks at . . .

Have you ever used a
Post-it and wondered
where the idea for
those little sticky notes
came from? You have a
chemist to thank for
their invention. The
story of the Post-it Note
illustrates how the cre-
ativity and insights of a
scientist can result in a product that is as common in the
office as the stapler or pen.

In the early 1970s, Art Fry, a 3M scientist, was stand-
ing in the choir at his church trying to keep track of all the
little bits of paper that marked the music selections for
the service. During the service, a number of the markers
fell out of the music, making him lose his place. While
standing in front of the congregation, he realized that he
needed a bookmark that would stick to the book, wouldn't
hurt the book, and could be easily detached. To make his
plan work, he required an adhesive that would not perma-
nently stick things together. Finding the appropriate adhe-
sive was not as simple as it may seem, because most
adhesives at that time were created to stick things
together permanently.

daily life gy

The Birth of the Post-it Note®

Still thinking about his problem the next day, Fry
consulted a colleague, Spencer Silver, who was studying ad-
hesives at the 3M research labs. That study consisted of con-
ducting a series of tests on a range of adhesives to determine
the strength of the bond they formed. One of the adhesives
that Silver created for the study was an adhesive that always
remained sticky. Fry recognized that this adhesive was just
what he needed for his bookmark. His first bookmark, in-
vented the day after the initial idea, consisted of a strip of
Silver’s tacky adhesive applied to the edge of a piece of paper.

Part of Fry’s job description at 3M was to spend time
working on creative ideas such as his bookmark. As a result,
he continued to experiment with the bookmark to improve
its properties of sticking, detaching, and not hurting the
surface to which it was attached. One day, while doing some
paperwork, he wrote a question on one of his experimental
strips of paper and sent it to his boss stuck to the top of a
file folder. His boss then answered the question on the note
and returned it attached to some other documents. During
a later discussion over coffee, Fry and his boss realized that
they had invented a new way for people to communicate:
the Post-it Note was born. Today the Post-it Note is one of
the top-selling office products in the United States.

M See Problems 1.43 and 1.44.

to be useful, it should suggest new experiments that become tests of the hypothesis.
Rosenberg could test his hypothesis by looking for the platinum compound and test-
ing for its ability to inhibit cell division.

If a hypothesis successfully passes many tests, it becomes known as a theory. A
theory is a tested explanation of basic natural phenomena. An example is the molecular
theory of gases—the theory that all gases are composed of very small particles called
molecules. This theory has withstood many tests and has been fruitful in suggesting
many experiments. Note that we cannot prove a theory absolutely. It is always possi-
ble that further experiments will show the theory to be limited or that someone will
develop a better theory. For example, the physics of the motion of objects devised by
Isaac Newton withstood experimental tests for more than two centuries, until physi-
cists discovered that the equations do not hold for objects moving near the speed of
light. Later physicists showed that very small objects also do not follow Newton’s
equations. Both discoveries resulted in revolutionary developments in physics. The
first led to the theory of relativity, the second to quantum mechanics, which has had
an immense impact on chemistry.

The two aspects of science, experiment and explanation, are closely related. A sci-
entist performs experiments and observes some regularity; someone explains this reg-
ularity and proposes more experiments; and so on. From his experiments, Rosenberg
explained that certain platinum compounds inhibit cell division. This explanation led
him to do new experiments on the anticancer activity of these compounds.
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FIGURE 1.7 > General Steps Rosenberg’s Work

A representation of the scientific method

This flow diagram shows the general m

steps in the scientific method. At the right, ve bacterial culture. Variables controlled:
Rosenberg's work on the development of + amount of nutrients in a given volume of

an anticancer drug illustrates the steps. bacterial medium

Bacteria ceased dividing.

ertain platinum compounds 1 D1l CE

from bacterial culture.
When cisplatin is added

FIGURE 1.8 A The general process of advancing scientific knowledge through observation; the
Laboratory balance framing of laws, hypotheses, or theories; and the conducting of more experiments is
A modern single-pan balance. The mass of called the scientific method (Figure 1.7). It is not a method for carrying out a specific
the material on the pan appears on the research program, because the design of experiments and the explanation of results
digital readout. draw on the creativity and individuality of a researcher.

1.3 | Law of Conservation of Mass

Modern chemistry emerged in the eighteenth century, when chemists began to use the
balance systematically as a tool in research. Balances measure mass, which is the
quantity of matter in a material (Figure 1.8). Matter is the general term for the mate-
rial things around us; we can define it as whatever occupies space and can be per-
ceived by our senses.



FIGURE 1.9 »

Heating mercury metal in air

Mercury metal reacts with oxygen to yield
mercury(ll) oxide. The color of the oxide
varies from red to yellow, depending on the
particle size.

Chemical reactions may involve a
gain or loss of heat and other forms
of energy. According to Einstein, mass
and energy are equivalent. Thus,
when energy is lost as heat, mass is
also lost, but changes of mass in
chemical reactions (billionths of a
gram) are too small to detect.

1.3 Law of Conservation of Mass 7

Mercury

Mercury(ll) oxide

FIGURE 1.10 >

Heated mercury(ll) oxide _
When you heat mercury(ll) oxide, '
it decomposes to mercury and

oxygen gas. <

Antoine Lavoisier (1743-1794), a French chemist, was one of the first to insist on
the use of the balance in chemical research. By weighing substances before and after
chemical change, he demonstrated the law of conservation of mass, which states that
the total mass remains constant during a chemical change (chemical reaction). <

In a series of experiments, Lavoisier applied the law of conservation of mass to
clarify the phenomenon of burning, or combustion. He showed that when a material
burns, a component of air (which he called oxygen) combines chemically with the
material. For example, when the liquid metal mercury is heated in air, it burns or
combines with oxygen to give a red-orange substance, whose modern name is
mercury(Il) oxide. We can represent the chemical change as follows:

Mercury + oxygen —— mercury(I) oxide

The arrow means “is changed to.” See Figure 1.9.

By strongly heating the red-orange substance, Lavoisier was able to decompose it
to yield the original mercury and oxygen gas (Figure 1.10). The following example
illustrates how the law of conservation of mass can be used to study this reaction.

Example 1.1 Using the Law of Conservation of Mass

You heat 2.53 grams of metallic mercury in air, which produces 2.73 grams of a red-orange
residue. Assume that the chemical change is the reaction of the metal with oxygen in air.

Mercury + oxygen —— red-orange residue

What is the mass of oxygen that reacts? When you strongly heat the red-orange residue, it
decomposes to give back the mercury and release the oxygen, which you collect. What is

the mass of oxygen you collect?

Problem Strategy You apply the law of conservation of mass to the reaction. Accord-
ing to this law, the total mass remains constant during a chemical reaction; that is,

Mass of substances before reaction = mass of substances after reaction

(continued)
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(continued)

Solution From the law of conservation of mass,

Mass of mercury + mass of oxygen = mass of red-orange residue

Substituting, you obtain

or

2.53 grams + mass of oxygen = 2.73 grams

Mass of oxygen = (2.73 — 2.53) grams = 0.20 grams

The mass of oxygen collected when the red-orange residue decomposes equals the mass of
oxygen that originally reacted (0.20 grams).

Answer Check Arithmetic errors account for many mistakes. You should always check
your arithmetic, either by carefully redoing the calculation or, if possible, by doing the
arithmetic in a slightly different way. Here, you obtained the answer by subtracting num-
bers. You can check the result by addition: the sum of the masses of mercury and oxygen,
2.53 + 0.20 grams, should equal the mass of the residue, 2.73 grams.

experiment?

You place 1.85 grams of wood in a vessel with 9.45 grams of air
and seal the vessel. Then you heat the vessel strongly so that the wood burns. In burn-
ing, the wood yields ash and gases. After the experiment, you weigh the ash and find
that its mass is 0.28 gram. What is the mass of the gases in the vessel at the end of the

The force of gravity F between
objects whose masses are m; and
m, is Gm;m,/r?, where G is the
gravitational constant and r is the
distance between the centers of

mass of the two objects.

1.4

M See Problems 1.37, 1.38, 1.39, and 1.40.

Lavoisier set out his views on chemistry in his Traité Elémentaire de Chimie
(Basic Treatise on Chemistry) in 1789. The book was very influential, especially
among younger chemists, and set the stage for modern chemistry.

Before leaving this section, you should note the distinction between the terms mass
and weight in precise usage. The weight of an object is the force of gravity exerted
on it. The weight is proportional to the mass of the object divided by the square of
the distance between the center of mass of the object and that of the earth. < Because
the earth is slightly flattened at the poles, an object weighs more at the North Pole,
where it is closer to the center of the earth, than at the equator. The mass of an object
is the same wherever it is measured.

Matter: Physical State and Chemical Constitution

We describe iron as a silvery-colored metal that melts at 1535°C (2795°F). Once we
have collected enough descriptive information about many different kinds of matter,
patterns emerge that suggest ways of classifying it. There are two principal ways of
classifying matter: by its physical state as a solid, liquid, or gas and by its chemical
constitution as an element, compound, or mixture.

Solids, Liquids, and Gases

Commonly, a given kind of matter exists in different physical forms under different
conditions. Water, for example, exists as ice (solid water), as liquid water, and as steam
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FIGURE 1.11

Molecular representations of solid,
liquid, and gas

The top beaker contains a solid with a
molecular view of the solid; the molecular
view depicts the closely packed, immobile
atoms that make up the solid structure. The
middle beaker contains a liquid with a
molecular view of the liquid; the molecular
view depicts atoms that are close together
but moving freely. The bottom beaker
contains a gas with a molecular view of the
gas, the molecular view depicts atoms that
are far apart and moving freely.
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(gaseous water) (Figure 1.11). The main identifying characteristic of solids is their
rigidity: they tend to maintain their shapes when subjected to outside forces. Liquids
and gases, however, are fluids; that is, they flow easily and change their shapes in
response to slight outside forces.

What distinguishes a gas from a liquid is the characteristic of compressibility (and
its opposite, expansibility). A gas is easily compressible, whereas a liquid is not. You
can put more and more air into a tire, which increases only slightly in volume. In fact,
a given quantity of gas can fill a container of almost any size. A small quantity would
expand to fill the container; a larger quantity could be compressed to fill the same
space. By contrast, if you were to try to force more liquid water into a closed glass
bottle that was already full of water, it would burst.

These two characteristics, rigidity (or fluidity) and compressibility (or expansibility),
can be used to frame definitions of the three common states of matter:

solid the form of matter characterized by rigidity; a solid is relatively
incompressible and has fixed shape and volume.

liquid the form of matter that is a relatively incompressible fluid; a liquid
has a fixed volume but no fixed shape.

gas the form of matter that is an easily compressible fluid; a given quantity
of gas will fit into a container of almost any size and shape.

The term vapor is often used to refer to the gaseous state of any kind of matter that
normally exists as a liquid or a solid.

These three forms of matter—solid, liquid, gas—comprise the common states of
matter.

Elements, Compounds, and Mixtures

To understand how matter is classified by its chemical constitution, we must first
distinguish between physical and chemical changes and between physical and chem-
ical properties. A physical change is a change in the form of matter but not in its
chemical identity. Changes of physical state are examples of physical changes. The
process of dissolving one material in another is a further example of a physical
change. For instance, you can dissolve sodium chloride (table salt) in water. The
result is a clear liquid, like pure water, though many of its other characteristics are
different from those of pure water. The water and sodium chloride in this liquid
retain their chemical identities and can be separated by some method that depends
on physical changes.

Distillation is one way to separate the sodium chloride and water components
of this liquid. You place the liquid in a flask to which a device called a condenser
is attached (see Figure 1.12 on page 10). The liquid in the flask is heated to bring
it to a boil. (Boiling entails the formation of bubbles of the vapor in the body of
the liquid.) Water vapor forms and passes from the flask into the cooled condenser,
where the vapor changes back to liquid water. The liquid water is collected in
another flask, called a receiver. The original flask now contains the solid sodium
chloride. Thus, by means of physical changes (the change of liquid water to vapor
and back to liquid), you have separated the sodium chloride and water that you had
earlier mixed together.

A chemical change, or chemical reaction, is a change in which one or more
kinds of matter are transformed into a new kind of matter or several new kinds of
matter. The rusting of iron, during which iron combines with oxygen in the air to
form a new material called rust, is a chemical change. The original materials (iron
and oxygen) combine chemically and cannot be separated by any physical means.
To recover the iron and oxygen from rust requires a chemical change or a series
of chemical changes.
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FIGURE 1.12 >

Separation by distillation
You can separate an easily vaporized liquid
from another substance by distillation.

FIGURE 1.13 A

Reaction of sodium with water

Sodium metal flits around the water surface
as it reacts briskly, giving off hydrogen gas.
The other product is sodium hydroxide, which
changes a substance added to the water
(phenolphthalein) from colorless to pink.
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Distillation
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We characterize or identify a material by its various properties, which may be
either physical or chemical. A physical property is a characteristic that can be
observed for a material without changing its chemical identity. Examples are physi-
cal state (solid, liquid, or gas), melting point, and color. A chemical property is a
characteristic of a material involving its chemical change. A chemical property of iron
is its ability to react with oxygen to produce rust.

Substances The various materials we see around us are either substances or mix-
tures of substances. A substance is a kind of matter that cannot be separated into other
kinds of matter by any physical process. Earlier you saw that when sodium chloride is
dissolved in water, it is possible to separate the sodium chloride from the water by the
physical process of distillation. However, sodium chloride is itself a substance and can-
not be separated by physical processes into new materials. Similarly, pure water is a
substance.

No matter what its source, a substance always has the same characteristic prop-
erties. Sodium is a solid metal having a melting point of 98°C. The metal also reacts
vigorously with water (Figure 1.13). No matter how sodium is prepared, it always has
these properties. Similarly, whether sodium chloride is obtained by burning sodium
in chlorine or from seawater, it is a white solid melting at 801°C.

MAETETEFEI Potassium is a soft, silvery-colored metal that melts at 64°C. It reacts
vigorously with water, with oxygen, and with chlorine. Identify all of the physical proper-
ties given in this description. Identify all of the chemical properties given.

M See Problems 1.47, 1.48, 1.49, and 1.50.



FIGURE 1.14 >
Some elements

Center: Sulfur. From upper right, clockwise:

Arsenic, iodine, magnesium, bismuth,
mercury.

In Chapter 2, we will redefine an
element in terms of atoms.

It is now known that some
compounds do not follow the law
of definite proportions. These
nonstoichiometric compounds,

as they are called, are described
briefly in Chapter 11.

Chromatography, another example
of a physical method used to
separate mixtures, is described in

the essay at the end of this section.
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Elements Millions of substances have been characterized by chemists. Of these, a
very small number are known as elements, from which all other substances are made.
Lavoisier was the first to establish an experimentally useful definition of an element.
He defined an element as a substance that cannot be decomposed by any chemical
reaction into simpler substances. In 1789 Lavoisier listed 33 substances as elements,
of which more than 20 are still so regarded. Today 116 elements are known. Some
elements are shown in Figure 1.14. <

Compounds Most substances are compounds. A compound is a substance com-
posed of two or more elements chemically combined. By the end of the eighteenth
century, Lavoisier and others had examined many compounds and showed that all of
them were composed of the elements in definite proportions by mass. Joseph Louis
Proust (1754-1826), by his painstaking work, convinced the majority of chemists
of the general validity of the law of definite proportions (also known as the law of
constant composition): a pure compound, whatever its source, always contains defi-
nite or constant proportions of the elements by mass. For example, 1.0000 gram of
sodium chloride always contains 0.3934 gram of sodium and 0.6066 gram of chlo-
rine, chemically combined. Sodium chloride has definite proportions of sodium and
chlorine; that is, it has constant or definite composition. <

Mixtures Most of the materials around us are mixtures. A mixture is a material
that can be separated by physical means into two or more substances. Unlike a pure
compound, a mixture has variable composition. When you dissolve sodium chloride
in water, you obtain a mixture; its composition depends on the relative amount of
sodium chloride dissolved. You can separate the mixture by the physical process of
distillation. <

Mixtures are classified into two types. A heterogeneous mixture is a mixture
that consists of physically distinct parts, each with different properties. Figure 1.15
shows a heterogeneous mixture of potassium dichromate and iron filings. Another
example is salt and sugar that have been stirred together. If you were to look
closely, you would see the separate crystals of sugar and salt. A homogeneous
mixture (also known as a solution) is a mixture that is uniform in its properties
throughout given samples. When sodium chloride is dissolved in water, you obtain
a homogeneous mixture, or solution. Air is a gaseous solution, principally of two
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FIGURE 1.15 A

A heterogeneous mixture

Left: The mixture on the watch glass
consists of potassium dichromate (orange
crystals) and iron filings. Right: A magnet

separates the iron filings from the mixture.

elementary substances, nitrogen and oxygen, which are physically mixed but not
chemically combined.

A phase is one of several different homogeneous materials present in the
portion of matter under study. A heterogeneous mixture of salt and sugar is said
to be composed of two different phases: one of the phases is salt; the other is
sugar. Similarly, ice cubes in water are said to be composed of two phases: one
phase is ice; the other is liquid water. Ice floating in a solution of sodium chloride
in water also consists of two phases, ice and the liquid solution. Note that a phase
may be either a pure substance in a particular state or a solution in a particular
state (solid, liquid, or gaseous). Also, the portion of matter under consideration
may consist of several phases of the same substance or several phases of different
substances.

Figure 1.16 summarizes the relationships among elements, compounds, and mix-
tures. Materials are either substances or mixtures. Substances can be mixed by phys-
ical processes, and other physical processes can be used to separate the mixtures into
substances. Substances are either elements or compounds. Elements may react chem-
ically to yield compounds, and compounds may be decomposed by chemical reac-
tions into elements.

Concept Check 1.1

Matter can be represented as being composed of individual units. For example, the
smallest individual unit of matter can be represented as a single circle, e, and chem-
ical combinations of these units of matter as connected circles, e, with each ele-
ment represented by a different color. Using this model, place the appropriate
label-—element, compound, or mixture—on each container.
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1.5 Measurement and Significant Figures
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FIGURE 1.16 A

Relationships among elements, compounds, and mixtures

Mixtures can be separated by physical processes into substances, and substances can be combined physically
into mixtures. Compounds can be separated by chemical reactions into their elements, and elements can be
combined chemically to form compounds.

Physical Measurements

| 2.54 centimeters = 1 inch

1.5

Chemists characterize and identify substances by their particular properties. To deter-
mine many of these properties requires physical measurements. Cisplatin, the sub-
stance featured in the chapter opening, is a yellow substance whose solubility in water
(the amount that dissolves in a given quantity of water) is 0.252 gram in 100 grams
of water. You can use the solubility, as well as other physical properties, to identify
cisplatin. In a modern chemical laboratory, measurements often are complex, but many
experiments begin with simple measurements of mass, volume, time, and so forth. In
the next few sections, we will look at the measurement process. We first consider the
concept of precision of a measurement.

Measurement and Significant Figures

Measurement is the comparison of a physical quantity to be measured with a unit of
measurement—that is, with a fixed standard of measurement. On a centimeter scale,
the centimeter unit is the standard of comparison. < A steel rod that measures 9.12
times the centimeter unit has a length of 9.12 centimeters. To record the measure-
ment, you must be careful to give both the measured number (9.12) and the unit
(centimeters).

If you repeat a particular measurement, you usually do not obtain precisely the
same result, because each measurement is subject to experimental error. The mea-
sured values vary slightly from one another. Suppose you perform a series of iden-
tical measurements of a quantity. The term precision refers to the closeness of the
set of values obtained from identical measurements of a quantity. Accuracy is a related
term; it refers to the closeness of a single measurement to its true value. To illustrate



Chromatography is a
group of similar sepa-
ration techniques. Each
depends on how fast a
substance moves, in a
stream of gas or liquid,
past a stationary phase
to which the substance
may be slightly attracted. An example is provided by a sim-
ple experiment in paper chromatography (see Figure 1.17).
In this experiment, a line of ink is drawn near one edge of a
sheet of paper, and the paper is placed upright with this
edge in a solution of methanol and water. As the solution
creeps up the paper, the ink moves upward, separating into
a series of different-colored bands that correspond to the
different dyes in the ink. All the dyes are attracted to the
wet paper fibers, but with different strengths of attraction.
As the solution moves upward, the dyes less strongly at-
tracted to the paper fibers move more rapidly.

The Russian botanist Mikhail Tswett was the first to
understand the basis of chromatography and to apply it
systematically as a method of separation. In 1906 Tswett
separated pigments in plant leaves by column chromatog-
raphy. He first dissolved the pigments from the leaves in
petroleum ether, a liquid similar to gasoline. After pack-
ing a glass tube or column with powdered chalk, he
poured the solution of pigments into the top of the col-
umn (see Figure 1.18). When he washed the column by
pouring in more petroleum ether, it began to show

FIGURE 1.17 ——

An illustration of paper chromatography
A line of ink has been drawn along the
lower edge of a sheet of paper. The dyes in
the ink separate as a solution of methanol
and water creeps up the paper.
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Separation of Mixtures by
Chromatography

distinct yellow and green bands. These bands, each con-
taining a pure pigment, became well separated as they
moved down the column, so that the pure pigments
could be obtained. The name chromatography originates
from this early separation of colored substances (the
stem chromato- means “color”), although the technique is
not limited to colored substances.

Gas chromatography (GC) is a more recent separation
method. Here the moving stream is a gaseous mixture of
vaporized substances plus a gas such as helium, which is
called the carrier. The stationary material is either a solid
or a liquid adhering to a solid, packed in a column. As the
gas passes through the column, substances in the mix-
ture are attracted differently to the stationary column
packing and thus are separated. Gas chromatography is a
rapid, small-scale method of separating mixtures. It is
also important in the analysis of mixtures because the
time it takes for a substance at a given temperature to
travel through the column to a detector (called the reten-
tion time) is fixed. You can therefore use retention times to
help identify substances. Figure 1.19 shows a gas chro-
matograph and a portion of a computer plot (chro-
matogram). Each peak on the chromatogram corresponds
to a specific substance. The peaks were automatically
recorded by the instrument as the different substances in
the mixture passed the detector. Chemists have analyzed
complicated mixtures by gas chromatography. Analysis
of chocolate, for example, shows that it contains over 800
flavor compounds.
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Top: A modern gas chromatograph. Bottom: This is a chromatogram of a
hexane mixture, showing its separation into four different substances. Such
hexane mixtures occur in gasoline; hexane is also used as a solvent to
extract the oil from certain vegetable seeds.

W See Problems 1.145 and 1.146.
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FIGURE 1.20

Precision of measurement with

a centimeter ruler

The length of the rod is just over 9.1 cm.
On successive measurements, we estimate

the length by eye at 9.12, 9.1, and 9.13 cm.

We record the length as between 9.11 cm
and 9.13 cm.

Measurements that are of high
precision are usually accurate. It is
possible, however, to have a
systematic error in a measurement.
Suppose that, in calibrating a ruler,
the first centimeter is made too
small by 0.1 cm. Then, although the
measurements of length on this
ruler are still precise to 0.01 cm,
they are accurate to only 0.1 cm.

See Appendix A for a review of
scientific notation.

Chemistry and Measurement

Steel rod

4
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Centimeters

the idea of precision, consider a simple measuring device, the centimeter ruler. In Fig-
ure 1.20, a steel rod has been placed near a ruler subdivided into tenths of a centime-
ter. You can see that the rod measures just over 9.1 cm (cm = centimeter). With care,
it is possible to estimate by eye to hundredths of a centimeter. Here you might give
the measurement as 9.12 cm. Suppose you measure the length of this rod twice more.
You find the values to be 9.11 cm and 9.13 cm. Thus, you record the length of the rod
as being somewhere between 9.11 cm and 9.13 cm. The spread of values indicates the
precision with which a measurement can be made by this centimeter ruler. <

To indicate the precision of a measured number (or result of calculations on mea-
sured numbers), we often use the concept of significant figures. Significant figures are
those digits in a measured number (or in the result of a calculation with measured
numbers) that include all certain digits plus a final digit having some uncertainty.
When you measured the rod, you obtained the values 9.12 cm, 9.11 cm, and 9.13 cm.
You could report the result as the average, 9.12 cm. The first two digits (9.1) are cer-
tain; the next digit (2) is estimated, so it has some uncertainty. It would be incorrect
to write 9.120 cm for the length of the rod. This would say that the last digit (0) has
some uncertainty but that the other digits (9.12) are certain, which is not true.

Number of Significant Figures

The term number of significant figures refers to the number of digits reported for the
value of a measured or calculated quantity, indicating the precision of the value.
Thus, there are three significant figures in 9.12 cm, whereas 9.123 cm has four. To
count the number of significant figures in a given measured quantity, you observe
the following rules:

1. All digits are significant except zeros at the beginning of the number and
possibly terminal zeros (one or more zeros at the end of a number). Thus,
9.12 cm, 0.912 cm, and 0.00912 cm all contain three significant figures.

2. Terminal zeros ending at the right of the decimal point are significant.
Each of the following has three significant figures: 9.00 cm, 9.10 cm,
90.0 cm.

3. Terminal zeros in a number without an explicit decimal point may or may
not be significant. If someone gives a measurement as 900 cm, you do not
know whether one, two, or three significant figures are intended. If the per-
son writes 900. cm (note the decimal point), the zeros are significant. More
generally, you can remove any uncertainty in such cases by expressing the
measurement in scientific notation.

Scientific notation is rhe representation of a number in the form A X 10", where
A is a number with a single nonzero digit to the left of the decimal point and n is an
integer, or whole number. In scientific notation, the measurement 900 cm precise to
two significant figures is written 9.0 X 10* cm. If precise to three significant figures,
it is written 9.00 X 10 cm. Scientific notation is also convenient for expressing very
large or very small quantities. It is much easier (and simplifies calculations) to write
the speed of light as 3.00 X 108 (rather than as 300,000,000) meters per second. <
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FIGURE 1.21

Significant figures and calculators

Not all of the figures that appear on a
calculator display are significant. In perform-
ing the calculation 100.0 X 0.0634 + 25.31,
the calculator display shows 0.250493875.
We would report the answer as 0.250,
however, because the factor 0.0634 has the
least number of significant figures (three).
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Significant Figures in Calculations

Measurements are often used in calculations. How do you determine the correct num-
ber of significant figures to report for the answer to a calculation? The following are
two rules that we use:

1. Multiplication and division. When multiplying or dividing measured quan-
tities, give as many significant figures in the answer as there are in the mea-
surement with the least number of significant figures.

2. Addition and subtraction. When adding or subtracting measured quantities,
give the same number of decimal places in the answer as there are in the
measurement with the least number of decimal places.

Let us see how you apply these rules. Suppose you have a substance believed to
be cisplatin, and, in an effort to establish its identity, you measure its solubility (the
amount that dissolves in a given quantity of water). You find that 0.0634 gram of the
substance dissolves in 25.31 grams of water. The amount dissolving in 100.0 grams is

0.0634 gram cisplatin

100.0 grams of water X
25.31 grams of water

Performing the arithmetic on a pocket calculator (Figure 1.21), you get 0.250493875
for the numerical part of the answer (100.0 X 0.0634 + 25.31). It would be incorrect
to give this number as the final answer. The measurement 0.0634 gram has the least
number of significant figures (three). Therefore, you report the answer to three sig-
nificant figures—that is, 0.250 gram.

Now consider the addition of 184.2 grams and 2.324 grams. On a calculator, you find
that 184.2 + 2.324 = 186.524. But because the quantity 184.2 grams has the least num-
ber of decimal places—one, whereas 2.324 grams has three—the answer is 186.5 grams.

Exact Numbers

So far we have discussed only numbers that involve uncertainties. However, you will
also encounter exact numbers. An exact number is a number that arises when you
count items or sometimes when you define a unit. For example, when you say there
are 9 coins in a bottle, you mean exactly 9, not 8.9 or 9.1. Also, when you say there
are 12 inches to a foot, you mean exactly 12. Similarly, the inch is defined to be
exactly 2.54 centimeters. The conventions of significant figures do not apply to exact
numbers. Thus, the 2.54 in the expression “l inch equals 2.54 centimeters” should
not be interpreted as a measured number with three significant figures. In effect, the
2.54 has an infinite number of significant figures, but of course it would be impossi-
ble to write out an infinite number of digits. You should make a mental note of any
numbers in a calculation that are exact, because they have no effect on the number
of significant figures in a calculation. The number of significant figures in a calcula-
tion result depends only on the numbers of significant figures in quantities having
uncertainties. For example, suppose you want the total mass of 9 coins when each
coin has a mass of 3.0 grams. The calculation is

3.0 grams X 9 = 27 grams

You report the answer to two significant figures because 3.0 grams has two significant
figures. The number 9 is exact and does not determine the number of significant figures.

Rounding

In reporting the solubility of your substance in 100.0 grams of water as 0.250 gram,
you rounded the number you read off the calculator (0.2504938). Rounding is the
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procedure of dropping nonsignificant digits in a calculation result and adjusting the
last digit reported. The general procedure is as follows: Look at the leftmost digit to
be dropped. Then . . .

1. If this digit is 5 or greater, add 1 to the last digit to be retained and drop
all digits farther to the right. Thus, rounding 1.2151 to three significant fig-
ures gives 1.22.

2. If this digit is less than 5, simply drop it and all digits farther to the right.
Rounding 1.2143 to three significant figures gives 1.21.

In doing a calculation of two or more steps, it is desirable to retain nonsignif-
icant digits for intermediate answers. This ensures that accumulated small errors
from rounding do not appear in the final result. If you use a calculator, you can
simply enter numbers one after the other, performing each arithmetic operation
and rounding only the final answer. < To keep track of the correct number of
significant figures, you may want to record intermediate answers with a line
under the last significant figure, as shown in the solution to part d of the follow-
ing example.

Example 1.2 Using Significant Figures in Calculations

The answers for Exercises and
Problems will follow this practice.
For most Example Problems where
intermediate answers are reported,
all answers, intermediate and final,
will be rounded.

Perform the following calculations and round the answers
to the correct number of significant figures (units of mea-
surement have been omitted).

2568 X58 541 — 0398
4186
c. 338 — 301  d. 418 — 58.16 X (3.38 — 3.01)

Problem Strategy Parts a, b, and c are relatively
straightforward; use the rule for significant figures
that applies in each case. In a multistep calculation as in
d, proceed step by step, applying the relevant rule to
each step. First, do the operations within parentheses. By
convention, you perform multiplications and divisions
before additions and subtractions. Do not round inter-
mediate answers, but do keep track of the least signifi-
cant digit—say, by underlining it.

Solution a. The factor 5.8 has the fewest significant
figures; therefore, the answer should be reported to two
significant figures. Round the answer to 3.6. b. The
number with the least number of decimal places is 5.41.
Therefore, round the answer to two decimal places, to
5.01. c. The answer is 0.37. Note how you have lost one
significant figure in the subtraction. d. You first do the
subtraction within parentheses, underlining the least
significant digits.

4.18 — 58.16 X (3.38 — 3.01) = 4.18 — 58.16 X 0.37

Following convention, you do the multiplication before
the subtraction.

4.18 — 58.16 X 0.37 = 4.18 — 21.5192 = —17.3392

The final answer is —17.

Answer Check When performing any calculation,
you should always report answers to the correct num-
ber of significant figures. If a set of calculations
involves only multiplication and division, it is not
necessary to track the significant figures through inter-
mediate calculations; you just need to use the mea-
surement with the least number of significant figures as
the guide. However, when addition or subtraction is
involved, make sure that you have noted the correct
number of significant figures in each calculated step in
order to ensure that your answer is correctly reported.

Give answers to the following

arithmetic setups. Round to the correct number of sig-

nificant figures.

a 5.61 X 7.891
9.1

c. 6.81 — 6.730

b. 8.91 — 6.435

d. 3891 X (6.81 — 6.730)

M See Problems 1.61 and 1.62.
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In the system of units that Lavoisier
used in the eighteenth century, there
were 9216 grains to the pound

(the livre). English chemists of the
same period used a system in which
there were 7000 grains to the
pound—unless they were trained

as apothecaries, in which case

there were 5760 grains to

the pound!

The amount of substance is discussed
in Chapter 3, and the electric current
(ampere) is introduced in Chapter 19.
Luminous intensity will not be used
in this book.
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Concept Check 1.2

a. When you report your weight to someone, how many significant figures do you
typically use?

b. What is your weight with two significant figures?

¢. Indicate your weight and the number of significant figures you would obtain if
you weighed yourself on a truck scale that can measure in 50 kg or 100 1b
increments.

S| Units

The first measurements were probably based on the human body (the length of the
foot, for example). In time, fixed standards developed, but these varied from place to
place. Each country or government (and often each trade) adopted its own units. As
science became more quantitative in the seventeenth and eighteenth centuries, scien-
tists found that the lack of standard units was a problem. < They began to seek a sim-
ple, international system of measurement. In 1791 a study committee of the French
Academy of Sciences devised such a system. Called the metric system, it became the
official system of measurement for France and was soon used by scientists through-
out the world. Most nations have since adopted the metric system or, at least, have
set a schedule for changing to it.

S| Base Units and Sl Prefixes

In 1960 the General Conference of Weights and Measures adopted the International
System of units (or SI, after the French le Systéme International d’Unités), which is
a particular choice of metric units. This system has seven Sl base units, the SI units
from which all others can be derived. Table 1.1 lists these base units and the symbols
used to represent them. In this chapter, we will discuss four base quantities: length,
mass, time, and temperature. <

One advantage of any metric system is that it is a decimal system. In SI, a larger
or smaller unit for a physical quantity is indicated by an SI prefix, which is a prefix
used in the International System to indicate a power of 10. For example, the base unit
of length in SI is the meter (somewhat longer than a yard), and 102 meter is called
a centimeter. Thus 2.54 centimeters equals 2.54 X 10~ meters. The SI prefixes used
in this book are presented in Table 1.2.

TABLE 1.2 Selected SI Prefixes

m SI Base Units Prefix Multiple Symbol

Quantity Unit Symbol s g M

kilo 10° k
Length meter m deci 107! d
Mass kilogram kg centi 1072 c
Time second s milli 107° m
Temperature kelvin K micro 10°° w¥
Amount of substance mole mol nano 107° n
Electric current ampere A pico 10712 p
Luminous intensity candela cd

*Qreek letter mu, pronounced “mew.”
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Length, Mass, and Time

The meter was originally defined in The meter (m) is the SI base unit of length. < By combining it with one of the SI

terms of a standard platinum- prefixes, you can get a unit of appropriate size for any length measurement. For the

iridium bar kept at Seures, France. very small lengths used in chemistry, the nanometer (nm; 1 nanometer = 102 m) or

In 1983, the meter was d?ﬁnefj as the picometer (pm; 1 picometer = 10~ '? m) is an acceptable SI unit. A non-SI unit

the distance traveled by light in a o S o . 10

vacuum in 1/299,792,458 seconds. of length traditionally used by 'chemlsts is the angs?rom (A), which equals IQ m.
(An oxygen atom, one of the minute particles of which the substance oxygen is com-
posed, has a diameter of about 1.3 A. If you could place oxygen atoms adjacent to
one another, you could line up over 75 million of them in 1 cm.)

The present standard of mass is The kilogram (kg) is the SI base unit of mass, equal to about 2.2 pounds. < This is an
the platinum-iridium kilogram unusual base unit in that it contains a prefix. In forming other SI mass units, prefixes are
mass kept at the International added to the word gram (g) to give units such as the milligram (mg; 1 mg = 10> g).

Bureau of Weights and Measures

in Seures, France. The second (s) is the SI base unit of time (Figure 1.22). Combining this unit with pre-

fixes such as milli-, micro-, nano-, and pico-, you create units appropriate for measuring
very rapid events. The time required for the fastest chemical processes is about a picosec-
ond, which is on the order of how fast supercomputers can perform a single calculation.
When you measure times much longer than a few hundred seconds, you revert to minutes
and hours, an obvious exception to the prefix—base format of the International System.

MAECETEN M Express the following quantities using an SI prefix and a base unit.
For instance, 1.6 X 107® m = 1.6 um. A quantity such as 0.000168 g could be written

0.168 mg or 168 ug.

a. 1.84 X 10" m b. 5.67 X 1072 c. 785 X 1073 g
d. 9.7 X 10° m e. 0.000732 s f. 0.000000000154 m

B See Problems 1.65 and 1.66.

Temperature

Temperature is difficult to define precisely, but we all have an intuitive idea of what
we mean by it. It is a measure of “hotness.” A hot object placed next to a cold one
becomes cooler, while the cold object becomes hotter. Heat energy passes from a hot
object to a cold one, and the quantity of heat passed between the objects depends on
the difference in temperature between the two. Therefore, temperature and heat are
different, but related, concepts.

A thermometer is a device for measuring temperature. The common type con-
sists of a glass capillary containing a column of liquid whose length varies with tem-
perature. A scale alongside the capillary gives a measure of the temperature. The
Celsius scale (formerly the centigrade scale) is the temperature scale in general sci-
entific use. On this scale, the freezing point of water is 0°C and the boiling point of
water at normal barometric pressure is 100°C. However, the SI base unit of temper-
ature is the kelvin (K), a unit on an absolute temperature scale. (See the first margin
note on the next page.) On any absolute scale, the lowest temperature that can be
attained theoretically is zero. The Celsius and the Kelvin scales have equal-size units
(that is, a change of 1°C is equivalent to a change of 1 K), where 0°C is a temper-

ature equivalent to 273.15 K. Thus, it is easy to convert from one scale to the other,
NIST F-1 cesium fountain clock using the formula

First put into service in 1999 at the National

Institute of Standards and Technology (NIST) 1K

in Boulder, Colorado, this clock represents a Tx = (tc X —) + 273.15K

new generation of super-accurate atomic 1°C

clocks. The clock is so precise that it loses

only one second every 20 million years. where Tk is the temperature in kelvins and 7 is the temperature in degrees Celsius.

A temperature of 20°C (about room temperature) equals 293 K.

FIGURE 1.22



FIGURE 1.23

Comparison of temperature scales

Room temperature is about 68°F, 20°C, and
293 K. Water freezes at 32°F, 0°C, and
273.15 K. Water boils under normal pressure
at 212°F, 100°C, and 373.15 K.

Note that the degree sign (°) is not
used with the Kelvin scale, and the
unit of temperature is simply the
kelvin (not capitalized).

These two temperature conversion
formulas are often written K = °C +
273.15 and °F = (1.8 X °C) + 32.
Although these yield the correct
number, they do not take into
account the units.
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220°F
<4—212°F +—100°C +—373.15K
370 K
200°F
190°F . 360 K
Fahrenheit (°F) Celsius (°C) Kelvin (K)
L 1 i !
Water boils ——212°F - —---, = 100°C ----, ——373.15K
180 100
Fahrenheit Celsius 100
degrees degrees kelvins
Water freezes ————— 1 32°F — — - —— -+ 0°C ————- —+-273.15K
HE—40°F ————— i —40°C - ——-- -14-233.15K

The Fahrenheit scale is at present the common temperature scale in the United
States. Figure 1.23 compares Kelvin, Celsius, and Fahrenheit scales. As the figure
shows, 0°C is the same as 32°F (both exact), and 100°C corresponds to 212°F (both
exact). Therefore, there are 212 — 32 = 180 Fahrenheit degrees in the range of 100
Celsius degrees. That is, there are exactly 9 Fahrenheit degrees for every 5 Celsius
degrees. Knowing this, and knowing that 0°C equals 32°F, we can derive a formula
to convert degrees Celsius to degrees Fahrenheit. <

(e}

= e e
F C 50C

) + 32°F

where #r is the temperature in Fahrenheit and fc is the temperature in Celsius. By
rearranging this, we can obtain a formula for converting degrees Fahrenheit to degrees
Celsius:

5°C
9°F

tc = X (tF - 320F)

Example 1.3 Converting from One Temperature Scale to Another

The hottest place on record in North America is Death Valley in California. It reached
a temperature of 134°F in 1913. What is this temperature reading in degrees Celsius?

in kelvins?

(continued)
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(continued)

Problem Strategy This calculation involves conversion of a temperature in degrees
Fahrenheit (°F) to degrees Celsius (°C) and kelvins (K). This is a case where using formu-
las is the most reliable method for arriving at the answer.

Solution Substituting, we find that

0O,

tc =

In kelvins,

C (4 — 32°F) = 2

e}

¢ X (134°F — 32°F) = 56.7°C

le}

Tx = (lc X ;O—Ié) +273.15K = (56.7°C X %) +273.15K = 3299 K

Answer Check An easy way to check temperature conversions is to use the appropriate
equation and convert your answer back to the original temperature to see whether it matches.

VP Exercise 1.5 | a. A person with a fever has a temperature of 102.5°F. What is this
temperature in degrees Celsius? b. A cooling mixture of dry ice and isopropyl alcohol has

a temperature of —78°C. What is this temperature in kelvins?

1.7

M See Problems 1.69, 1.70, 1.71, and 1.72.

Concept Check 1.3

a. Estimate and express the length of your leg in an appropriate metric unit.
b. What would be a reasonable height, in meters, of a three-story building?
¢.|How would you be feeling if your body temperature was 39°C?

d. Would you be comfortable sitting in a room at 23°C in a short-sleeved shirt?

Derived Units

Once base units have been defined for a system of measurement, you can derive other
units from them. You do this by using the base units in equations that define other
physical quantities. For example, area is defined as length times length. Therefore,

SI unit of area = (SI unit of length) X (SI unit of length)

From this, you see that the SI unit of area is meter X meter, or m”. Similarly, speed
is defined as the rate of change of distance with time; that is, speed = distance/time.
Consequently,

. SI unit of distance

Sl unitof speed = ————
SI unit of time

The SI unit of speed is meters per second (that is, meters divided by seconds). The
unit is symbolized m/s or m - s~ '. The unit of speed is an example of an SI derived
unit, which is a unit derived by combining SI base units. Table 1.3 defines a number
of derived units. Volume and density are discussed in this section; pressure and energy
are discussed later (in Sections 5.1 and 6.1, respectively).

Volume

Volume is defined as length cubed and has the SI unit of cubic meter (m®). This is
too large a unit for normal laboratory work, so we use either cubic decimeters (dm?)
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TABLE 1.3 Derived Units

Quantity Definition of Quantity Sl Unit

Area Length squared m?

Volume Length cubed m’

Density Mass per unit volume kg/m®

Speed Distance traveled per unit time m/s

Acceleration Speed changed per unit time m/s?

Force Mass times acceleration of object kg'm/s*> (= newton, N)
Pressure Force per unit area kg/(m-sz) (= pascal, Pa)
Energy Force times distance traveled kg-m%/s® (= joule, J)

or cubic centimeters (cm3, also written cc). Traditionally, chemists have used the liter
(L), which is a unit of volume equal to a cubic decimeter (approximately one quart).
In fact, most laboratory glassware (Figure 1.24) is calibrated in liters or milliliters
(1000 mL = 1 L). Because 1 dm equals 10 cm, a cubic decimeter, or one liter, equals
(10 cm)® = 1000 cm®. Therefore, a milliliter equals a cubic centimeter. In summary

1L=1dm’ and lmL = 1cm?

Density

The density of an object is its mass per unit volume. You can express this as

m
d=—
v

where d is the density, m is the mass, and V is the volume. Suppose an object has a
mass of 15.0 g and a volume of 10.0 cm®. Substituting, you find that

150¢g

= W = 1.50 g/CIIl3
Ucoem”

The density of the object is 1.50 g/cm® (or 1.50 g-cm ™).
Density is an important characteristic property of a material. Water, for example,
has a density of 1.000 g/cm® at 4°C and a density of 0.998 g/cm® at 20°C. Lead has

FIGURE 1.24

Some laboratory glassware
Left to right: A 600-mL beaker;
a 100-mL graduated cylinder;
a 250-mL volumetric flask; a
250-mL Erlenmeyer flask.
Front: A 5-mL pipet.
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FIGURE 1.25 (left)

The relative densities of copper

and mercury

Copper floats on mercury because the
density of copper is less than that of mer-
cury. (This is a copper penny; recently
minted pennies are copper-clad zinc.)

FIGURE 1.26 P (ight)

Relative densities of some liquids

Shown are three liquids (dyed so that they
will show up clearly): ortho-xylene, water,
and 1,1,1-trichloroethane. Water (blue layer)
is less dense than 1,1,1-trichloroethane
(colorless) and floats on it. Ortho-xylene
(top, golden layer) is less dense than water
and floats on it.

a density of 11.3 g/cm® at 20°C. (Figures 1.25 and 1.26 dramatically show some rel-
ative densities.) < Oxygen gas has a density of 1.33 X 10~* g/cm® at normal pres-
sure and 20°C. (Like other gases under normal conditions, oxygen has a density that
is about 1000 times smaller than those of liquids and solids.) Because the density is
characteristic of a substance, it can be helpful in identifying it. Example 1.4 illustrates
this point. Density can also be useful in determining whether a substance is pure. Con-
sider a gold bar whose purity is questioned. The metals likely to be mixed with gold,
such as silver or copper, have lower densities than gold. Therefore, an adulterated
(impure) gold bar can be expected to be far less dense than pure gold.

Example 1.4 Calculating the Density of a Substance

A colorless liquid, used as a solvent (a liquid that dissolves
other substances), is believed to be one of the following:

The density of solid materials on
earth ranges from about 1 g/cm? to
22.5 g/cm? (osmium metal). In the
interior of certain stars, the density
of matter is truly staggering. Black
neutron stars—stars composed of
neutrons, or atomic cores compressed
by gravity to a superdense state—
have densities of about 10*° g/cm?>.

Expressed as an equation, density is the mass divided by
the volume: d = m/v.

Substance Density (in g/mL) Solution You substitute 30.5 g for the mass and
n-butyl alcohol 0.810 35.1 mL for the volume into the equation.

ethylene glycol 1.114 30.5

chyiene 8 d=2 = £ — 0.869 g/mL

isopropyl alcohol 0.785 V. 351mL

toluene 0.866

The density of the liquid equals that of toluene (within

To identify the substance, a chemist determined its den- experimental error).

sity. By pouring a sample of the liquid into a graduated
cylinder, she found that the volume was 35.1 mL. She
also found that the sample weighed 30.5 g. What was
the density of the liquid? What was the substance?

Answer Check Always be sure to report the density
in the units used when performing the calculation. Den-
sity is not always reported in units of g/ml or g/cm®, for
example; gases are often reported with the units of g/L.

‘m A piece of metal wire has a vol-

Problem Strategy The solution to this problem lies

in finding the density of the unknown substance. Once the
density of the unknown substance is known, you can com-
pare it to the list of known substances presented in the
problem and look for a match. Density is the relationship
of the mass of a substance per volume of that substance.

ume of 20.2 cm® and a mass of 159 g. What is the den-
sity of the metal? We know that the metal is manganese,
iron, or nickel, and these have densities of 7.21 g/cm3,
7.87 glem®, and 8.90 g/cm?’, respectively. From which
metal is the wire made?

B See Problems 1.73, 1.74, 1.75, and 1.76.
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In addition to characterizing a substance, the density provides a useful relation-
ship between mass and volume. For example, suppose an experiment calls for a cer-
tain mass of liquid. Rather than weigh the liquid on a balance, you might instead

measure out the corresponding volume. Example 1.5 illustrates this idea.

Example 1.5 Using the Density to Relate Mass and Volume
!

An experiment requires 43.7 g of isopropyl alcohol.
Instead of measuring out the sample on a balance, a
chemist dispenses the liquid into a graduated cylinder.
The density of isopropyl alcohol is 0.785 g/mL. What
volume of isopropyl alcohol should he use?

Problem Strategy The formula that defines density
provides a relationship between the density of a
substance and the mass and volume of the substance:
d = m/V. Because this relationship is an equation, it can
be used to solve for one variable when the other two are
known. Examining this problem reveals that the mass
(m) and density (d) of the substance are known, so
the equation can be used to solve for the volume (V) of
the liquid.

Solution You rearrange the formula defining the den-
sity to obtain the volume.

m
V=—
d

Concept Check 1.4

Then you substitute into this formula:

437¢

= ——— =557mL
0.785 g/mL

Answer Check Note that the density of the alcohol
is close to 1 g/mL, which is common for many sub-
stances. In cases like this, you can perform a very
quick check of your answer, because the numerical
value for the volume of the liquid should not be much
different from the numerical value of the mass of the
liquid.

Ethanol (grain alcohol) has a
density of 0.789 g/cm’. What volume of ethanol must
be poured into a graduated cylinder to equal 30.3 g?

M See Problems 1.77, 1.78, 1.79, and 1.80.

You are working in the office of a precious metals buyer. A miner brings you a
nugget of metal that he claims is gold. You suspect that the metal is a form of
“fool’s gold,” called marcasite, that is composed of iron and sulfur. In the back of
your office, you have a chunk of pure gold. What simple experiments could you
perform to determine whether the miner’s nugget is gold?

1.8 | Units and Dimensional Analysis (Factor-Label Method)

In performing numerical calculations with physical quantities, it is good practice to
enter each quantity as a number with its associated unit. Both the numbers and the
units are then carried through the indicated algebraic operations. The advantages of
this are twofold:

1. The units for the answer will come out of the calculations.

2. If you make an error in arranging factors in the calculation (for example, if you
use the wrong formula), this will become apparent because the final units will be
nonsense.

Dimensional analysis (or the factor-label method) is the method of calculation in
which one carries along the units for quantities. As an illustration, suppose you want
to find the volume V of a cube, given s, the length of a side of the cube. Because
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It takes more room to explain con-
version factors than it does to use
them. With practice, you will be able
to write the final conversion step
without the intermediate algebraic
manipulations outlined here.

V= s3, if s = 5.00 cm, you find that V = (5.00 cm)3 = 5.00° cm®. There is no guess-
work about the unit of volume here; it is cubic centimeters (cm3).

Suppose, however, that you wish to express the volume in liters (L), a metric unit that
equals 10° cubic centimeters (approximately one quart). You can write this equality as

1L =10’ cm’
If you divide both sides of the equality by the right-hand quantity, you get

1L 1P .
10°cm’®  10%cm®
Observe that you treat units in the same way as algebraic quantities. Note too that the
right-hand side now equals 1 and no units are associated with it. Because it is always
possible to multiply any quantity by 1 without changing that quantity, you can mul-
tiply the previous expression for the volume by the factor 1 L/10° cm?® without chang-
ing the actual volume. You are changing only the way you express this volume:

1L
V=500ert X —— =125X 10 °L=0.125L
10° ent
e

converts
em’to L

The ratio 1 L/10° cm® is called a conversion factor because it is a factor equal to 1 that
converts a quantity expressed in one unit to a quantity expressed in another unit. < Note
that the numbers in this conversion factor are exact, because 1 L equals exactly
1000 cm®. Such exact conversion factors do not affect the number of significant figures
in an arithmetic result. In the previous calculation, the quantity 5.00 cm (the measured
length of the side) does determine or limit the number of significant figures.

The next two examples illustrate how the conversion-factor method may be used
to convert one metric unit to another.

Example 1.6 Converting Units: Metric Unit to Metric Unit

Nitrogen gas is the major component of air. A sample of nitrogen gas in a glass bulb weighs
243 mg. What is this mass in SI base units of mass (kilograms)?

Problem Strategy This problem requires converting a mass in milligrams to kilograms.
Finding the correct relationship for performing such a conversion directly in one step might
be more difficult than doing the conversion in multiple steps. In this case, conversion
factors for converting milligrams to grams and from grams to kilograms are relatively easy
to derive, so it makes sense to do this conversion in two steps. First convert milligrams
to grams; then convert grams to kilograms. To convert from milligrams to grams, note that
the prefix milli- means 10>, To convert from grams to kilograms, note that the prefix kilo-

means 10°.

243

Solution Since 1 mg = 10~ % g, you can write
10 g -
me X =243 X 10 g
1 mg

Nitrogen molecular model

Then, because the prefix kilo- means 10°%, you write

and

1
243 X107 ' g%

lkg =10%g

kg
10° g

=243 x 10 % kg

(continued)
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(continued)

Note, however, that you can do the two conversions in one step, as follows:

1073 1k
x —& x gg
lmg 10°¢g
Vg

=
converts  converts
mgtog gtokg

243 mg

=243 X 10 *kg

Answer Check Often, mistakes lead to answers that are easily detected by giving them
a reasonableness check. For example, if while solving this problem you mistakenly write
the conversion factors in inverted order (although this should not happen if you use units
in your calculation), the final answer will be very large. Or perhaps you inadvertently copy
the exponent from your calculator with the wrong sign, giving the answer as 2.43 X 10*
kg. A large answer is not reasonable, given that you are converting from small mass units
(mg) to relatively large mass units (kg). Both of these errors can be caught simply by tak-

) ] : . 121 pm

ing the time to make sure that your answer is reasonable. After completing any calcula- ,_._I?

tions, be sure to check for reasonableness in your answers. “
Exercise 1.8 The oxygen molecule (the smallest particle of oxygen gas) consists

of two oxygen atoms a distance of 121 pm apart. How many millimeters is this distance? Oxygen molecular model

B See Problems 1.81, 1.82, 1.83, and 1.84.

Example 1.7 Converting Units: Metric Volume to Metric Volume

The world’s oceans contain approximately 1.35 X 10° km® of water. What is this volume
in liters?

Problem Strategy This problem requires several conversions. A relationship that
will prove helpful here is the definition of the liter: 1 dm® = 1 L. This provides a clue
that if we can convert cubic kilometers (km?) to cubic decimeters (dm>), we can use this
relationship to convert to liters. When solving problems that involve cubic units such as
this one, it is often helpful to think of the conversion factors that you would use if the
units were not cubed. In this case, convert from kilometers to meters and then from meters
to decimeters. Next, think about how these conversion factors would look if they
were cubed. For example, 10> m = 1 km, so (10 m)® = (1 km)® is the cubic relationship.
Likewise, 107! m = 1 dm, so (107! m)3 = dm)3 is the cubic relationship. Now these
cubic conversion factors can be combined into three steps to solve the problem.

Solution 10° m\3 1dm \3
1.35 X 109krrf3><( m) ( — ) = 1.35 X 10*! dm’®
1 ket 10 "m
Nl
converts converts

km? to m* m? to dm®
Because a cubic decimeter is equal to a liter, the volume of the oceans is
1.35 x 10*' L
Answer Check One of the most common errors made with this type of problem is a
failure to cube both the numerator and the denominator in the conversion factors. For exam-

ple, (10* m/1 km)* = 10° m*/1 km’.

(continued)
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(continued)

P Exercise 1.9 | A large crystal is constructed by stacking small, identical pieces of
crystal, much as you construct a brick wall by stacking bricks. A unit cell is the smallest
such piece from which a crystal can be made. The unit cell of a crystal of gold metal has
a volume of 67.6 A>. What is this volume in cubic decimeters?

B See Problems 1.85 and 1.86.

The conversion-factor method can be used to convert any unit to another unit,
provided a conversion equation exists between the two units. Relationships between
certain U.S. units and metric units are given in Table 1.4. You can use these to con-
vert between U.S. and metric units. Suppose you wish to convert 0.547 1b to grams.
From Table 1.4, note that 1 1b = 0.4536 kg, or 1 Ib = 453.6 g, so the conversion
factor from pounds to grams is 453.6 g/1 1b. Therefore,

4536 ¢
0.547 15 X

=248 ¢

The next example illustrates a conversion requiring several steps.

TABLE 1.4 Relationships of Some U.S. and Metric Units

Length Mass Volume

1 in. = 2.54 cm (exact) 1 1b = 0.4536 kg

1 yd = 0.9144 m (exact) 11b = 16 oz (exact) = 1 gal (exact)
1 mi = 1.609 km loz=2835¢

1 mi = 5280 ft (exact)

Example 1.8 Converting Units: Any Unit to Another Unit

How many centimeters are there in 6.51 miles? Use the exact definitions 1 mi = 5280
ft, 1 ft = 12 in,, and 1 in. = 2.54 cm.

Problem Strategy This problem involves converting from U.S. to metric
units: specifically, from miles to centimeters. One path to a solution is using three
conversions: miles to feet, feet to inches, and inches to centimeters. Table 1.4 has
the information you need to develop the conversion factors.

Solution From the definitions, you obtain the following conversion factors:

| = 5280 ft | = 12 in. | = 2.54 cm
1 mi 1ft 1in.
Then,
5280% 12in.  2.54
6.51 i X 2= x x =22 _ 4 05 x 10° em

1 prd 1 £t 1 .

il Gl

converts converts converts

mi to ft ft to in. in. to cm

All of the conversion factors are exact, so the number of significant figures in the
result is determined by the number of significant figures in 6.51 mi.

(continued)
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Answer Check Because miles are a relatively large unit of length and centimeters are
a relatively small unit of length, one would expect that converting from miles to centime-
ters would yield a very large number. This is the case here, so the answer is reasonable.

Exercise 1.10

Using the definitions 1 in. = 2.54 cm and 1 yd = 36 in. (both exact),

obtain the conversion factor for yards to meters. How many meters are there in 3.54 yd?

A Checklist for Review

Important Terms

M See Problems 1.87, 1.88, 1.89, and 1.90.

Note: The number in parentheses denotes the section in which the term is defined.

experiment (1.2) element (1.4)

law (1.2) compound (1.4)
hypothesis (1.2)

theory (1.2)

mass (1.3) mixture (1.4)

matter (1.3)
law of conservation of mass (1.3)

solid (1.4) (solution) (1.4)
liquid (1.4) phase (1.4)
gas (1.4) unit (1.5)

states of matter (1.4)
physical change (1.4)
chemical change
(chemical reaction) (1.4)
physical property (1.4)
chemical property (1.4)
substance (1.4)

precision (1.5)
accuracy (1.5)

figures (1.5)

Key Equations

1K
T = |tc X —| +273.15K
K C 1°C
tC: OCX(tF_320F)
d=m/V

Summary of Facts and Concepts

Chemistry is an experimental science in that the facts of chem-
istry are obtained by experiment. These facts are systematized
and explained by theory, and theory suggests more experiments.
The scientific method involves this interplay, in which the body
of accepted knowledge grows as it is tested by experiment.

Chemistry emerged as a quantitative science with the work
of the eighteenth-century French chemist Antoine Lavoisier.
He made use of the idea that the mass, or quantity of matter, re-
mains constant during a chemical reaction (law of conservation
of mass).

law of definite proportions (law of
constant composition) (1.4)

heterogeneous mixture (1.4)
homogeneous mixture

significant figures (1.5)
number of significant

scientific notation (1.5)
exact number (1.5)

rounding (1.5)

International System
of units (SI) (1.6)

SI base units (1.6)

SI prefix (1.6)

meter (m) (1.6)

angstrom (A) (1.6)

kilogram (kg) (1.6)

second (s) (1.6)

Celsius scale (1.6)

kelvin (K) (1.6)

SI derived unit (1.7)

liter (L) (1.7)

density (1.7)

dimensional analysis
(factor-label method) (1.8)

conversion factor (1.8)

Matter may be classified by its physical state as a gas, liquid,
or solid. Matter may also be classified by its chemical constitu-
tion as an element, compound, or mixture. Materials are either
substances or mixtures of substances. Substances are either
elements or compounds, which are composed of two or more
elements. Mixtures can be separated into substances by physical
processes, but compounds can be separated into elements only
by chemical reactions.

A quantitative science requires the making of measurements.
Any measurement has limited precision, which you convey by
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writing the measured number to a certain number of significant
figures. There are many different systems of measurement,
but scientists generally use the metric system. The International
System (SI) uses a particular selection of metric units. It em-
ploys seven base units combined with prefixes to obtain units of
various size. Units for other quantities are derived from these. To
obtain a derived unit in SI for a quantity such as the volume or

Media Summary

density, you merely substitute base units into a defining equation
for the quantity.

Dimensional analysis is a technique of calculating with
physical quantities in which units are included and treated in the
same way as numbers. You can thus obtain the conversion factor
needed to express a quantity in new units.

Visit the student website at college.hmco.com/pic/ebbing9e to help prepare for class, study for quizzes and exams, understand
core concepts, and visualize molecular-level interactions. The following media activities are available for this chapter:

@ Prepare for Class

Video Lessons Mini lectures from chemistry experts

An Introduction to Chemistry

The Scientific Method

States of Matter

CIA Demonstration: Distillation

Properties of Matter

CIA Demonstration: Chromatography

Precision and Accuracy

CIA Demonstration: Precision and Accuracy with Glassware

Significant Figures

Scientific (Exponential) Notation

The Measurement of Matter

CIA Demonstration: Differences in Density Due to
Temperature

Dimensional Analysis

Improve Your Grade

Visualizations Molecular-level animations and lab
demonstration videos

Structure of a Solid
Structure of a Liquid

Structure of a Gas

Comparison of a Compound and a Mixture
Comparison of a Solution and a Mixture
Homogeneous Mixtures: Air and Brass

Tutorials Animated examples and interactive activities
Unit Conversions

Flashcards Key terms and definitions
Online Flashcards

Self-Assessment Questions Additional questions with
full worked-out solutions

6 Self-Assessment Questions

ACE the Test

Multiple-choice quizzes
3 ACE Practice Tests

Access these resources using the passkey available free with new texts or for purchase separately.

Learning Objectives

1.1 Modern Chemistry: A Brief Glimpse

1.4 Matter: Physical State and Chemical Constitution

B Provide examples of the contributions of chemistry to
humanity.

1.2 Experiment and Explanation

m Describe how chemistry is an experimental science.
m Understand how the scientific method is an approach to
performing science.

1.3 Law of Conservation of Mass

® Compare and contrast the three common states of matter:
solid, liquid, and gas.

m Describe the classifications of matter: elements, compounds,
and mixtures (heterogeneous and homogeneous).

B Understand the difference between chemical changes
(chemical reactions) and physical changes.

| Distinguish between chemical properties and physical
properties.

1.5 Measurement and Significant Figures

m Explain the law of conservation of mass.
B Apply the law of the conservation of mass. Example 1.1

B Define and use the terms precision and accuracy when
describing measured quantities.



B Learn the rules for determining significant figures in reported
measurements.

m Know how to represent numbers using scientific notation.

H Apply the rules of significant figures to reporting calculated
values.

H Be able to recognize exact numbers.

® Know when and how to apply the rules for rounding.

m Use significant figures in calculations. Example 1.2

1.6 SI Units

B Become familiar with the SI (metric) system of units,
including the SI prefixes.
m Convert from one temperature scale to another. Example 1.3

Self-Assessment and Review Questions 31

1.7 Derived Units

B Define and provide examples of derived units.
m Calculate the density of a substance. Example 1.4
m Use density to relate mass and volume. Example 1.5

1.8 Units and Dimensional Analysis
(Factor-Label Method)

B Apply dimensional analysis to solving numerical problems.

m Convert from one metric unit to another metric unit.
Example 1.6

m Convert from one metric volume to another metric volume.
Example 1.7

B Convert from any unit to another unit. Example 1.8

Self-Assessment and Review Questions

Key: These questions test your understanding of the ideas you
worked with in the chapter. Each section ends with four mul-
tiple-choice questions that you can use to help assess whether
you have understood the main concepts; these are answered in
the Answers to Self-Assessment Questions in the back of the
book. There are also six additional multiple-choice questions
available at the student website for further practice.

1.1 Discuss some ways in which chemistry has changed tech-
nology. Give one or more examples of how chemistry has af-
fected another science.

1.2 Define the terms experiment and theory. How are theory
and experiment related? What is a hypothesis?

1.3 Illustrate the steps in the scientific method using Rosen-
berg’s discovery of the anticancer activity of cisplatin.

1.4 Define the terms matter and mass. What is the difference
between mass and weight?

1.5 State the law of conservation of mass. Describe how you
might demonstrate this law.

1.6 A chemical reaction is often accompanied by definite changes
in appearance. For example, heat and light may be emitted, and
there may be a change of color of the substances. Figure 1.9 shows
the reactions of the metal mercury with oxygen in air. Describe the
changes that occur.

1.7 Characterize gases, liquids, and solids in terms of com-
pressibility and fluidity.

1.8 Choose a substance and give several of its physical proper-
ties and several of its chemical properties.

1.9 Give examples of an element, a compound, a heteroge-
neous mixture, and a homogeneous mixture.

1.10 What phases or states of matter are present in a glass of
bubbling carbonated beverage that contains ice cubes?

111 What distinguishes an element from a compound? Can a
compound also be an element?

1.12 What is meant by the precision of a measurement? How is
it indicated?

113 Two rules are used to decide how to round the result of a
calculation to the correct number of significant figures. Use a
calculation to illustrate each rule. Explain how you obtained the
number of significant figures in the answers.

1.14 Distinguish between a measured number and an exact
number. Give examples of each.
1.15 How does the International System (SI) obtain units of
different size from a given unit? How does the International
System obtain units for all possible physical quantities from
only seven base units?
1.16 What is an absolute temperature scale? How are degrees
Celsius related to kelvins?
1.17  Define density. Describe some uses of density.
118 Why should units be carried along with numbers in a
calculation?
119 When the quantity 12.9 g is added to 2 X 10~°% g, how
many significant figures should be reported in the answer?

a. one b. two c. three d. four e. five
120 You perform an experiment in the lab and determine that
there are 36.3 inches in a meter. Using this experimental value,
how many millimeters are there in 1.34 feet?
4.43 X 10> mm
4.05 X 10> mm
44.3 mm
4.43 X 10° mm
. 4.05 X 10° mm
121 A 75.0-g sample of a pure liquid, liquid A, with a density
of 3.00 g/mL is mixed with a 50.0-mL sample of a pure liquid,
liquid B, with a density of 2.00 g/mL. What is the total volume
of the mixture? (Assume there is no reaction upon the mixing
of A and B.)
. 275 mL
. 175 mL
125 mL
100. mL
75 mL
122 Which of the following represents the smallest mass?
23 cg
. 2.3 X 10° pg
0.23 mg
023¢g
. 2.3 X 10 % kg
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Concept Explorations

Key: Concept explorations are comprehensive problems that pro-
vide a framework that will enable you to explore and learn many of
the critical concepts and ideas in each chapter. If you master the
concepts associated with these explorations, you will have a better
understanding of many important chemistry ideas and will be more
successful in solving all types of chemistry problems. These prob-
lems are well suited for group work and for use as in-class activities.

Chemistry and Measurement

1.23 Physical and Chemical Changes

Say you are presented with two beakers, beaker A and beaker B,
each containing a white, powdery compound.

a. From your initial observations, you suspect that the two
beakers contain the same compound. Describe, in general
terms, some experiments in a laboratory that you could do
to help prove or disprove that the beakers contain the same
compound.

b. Would it be easier to prove that the compounds are the same
or to prove that they different? Explain your reasoning.

¢. Which of the experiments that you listed above are the
most convincing in determining whether the compounds
are the same? Justify your answer.

d. A friend states that the best experiment for determining
whether the compounds are the same is to see if they both
dissolve in water. He proceeds to take 10.0 g of each com-
pound and places them in separate beakers, each containing
100 mL of water. Both compounds completely dissolve. He
then states, “Since the same amount of both substances dis-
solved in the same volume of water, they must both have
the same chemical composition.” Is he justified in making
this claim? Why or why not?

1.24 Significant Figures
Part 1

a. Consider three masses that you wish to add together: 3 g,
1.4 g, and 3.3 g. These numbers represent measured values.
Add the numbers together and report your answer to the
correct number of significant figures.

b. Now perform the addition in a stepwise fashion in the fol-
lowing manner. Add 3 g and 1.4 g, reporting this sum to the
correct number of significant figures. Next, take the num-
ber from the first step and add it to 3.3 g, reporting this sum
to the correct number of significant figures.

Key: These problems are designed to check your understand-
ing of the concepts associated with some of the main topics
presented in the chapter. A strong conceptual understanding
of chemistry is the foundation for both applying chemical
knowledge and solving chemical problems. These problems
vary in level of difficulty and often can be used as a basis for
group discussion.

¢. Compare your answers from performing the addition in the
two distinct ways presented in parts a and b. Does one of
the answers represent a “better” way of reporting the re-
sults of the addition? If your answer is yes, explain why
your choice is better.

d. A student performs the calculation (5.0 X 5.143 g) +2.80 g
and, being mindful of significant figures, reports an answer
of 29 g. Is this the correct answer? If not, what might this
student have done incorrectly?

e. Another student performs the calculation (5 X 5.143 g) +
2.80 and reports an answer of 29 g. Is this the correct answer?
If not, what might this student have done incorrectly?

f. Yet another student performs the calculation (5.00 X 5.143 g)
+ 2.80 and reports an answer of 28.5 g. Is this the correct an-
swer? If not, what did this student probably do incorrectly?

8. Referring to the calculations above, outline a procedure or
rule(s) that will always enable you to report answers using
the correct number of significant figures.

Part 2

a. A student wants to determine the volume of 27.2 g of a sub-
stance. He looks up the density of the material in a reference
book, where it is reported to be 2.4451 g/cm®. He performs
the calculation in the following manner:

272g X 1.0cm?>24¢g=113cm’

Is the calculated answer correct? If not, explain why it is
not correct.

b. Another student performs the calculation in the following
manner:

272 g X 1.00 cm*/2.45 g = 11.1 cm®

Is this a “better’”” answer than that of the first student? Is this
the “best” answer, or could it be “improved”? Explain.

¢. Say that you have ten ball bearings, each having a mass of
1.234 g and a density of 3.1569 g/cm®. Calculate the volume
of these ten ball bearings. In performing the calculation,
present your work as unit conversions, and report your
answer to the correct number of significant figures.

d. Explain how the answer that you calculated in part c is the
“best” answer to the problem?

1.25
a. Sodium metal is partially melted. What are the two phases
present?
b. A sample of sand is composed of granules of quartz (sili-
con dioxide) and seashells (calcium carbonate). The sand is
mixed with water. What phases are present?



126 A material is believed to be a compound. Suppose you
have several samples of this material obtained from various
places around the world. Comment on what you would expect to
find upon observing the melting point and color for each sample.
What would you expect to find upon determining the elemental
composition for each sample?

1.27  You need a thermometer that is accurate to *=5°C to con-
duct some experiments in the temperature range of 0°C to 100°C.
You find one in your lab drawer that has lost its markings.

a. What experiments could you do to make sure your ther-
mometer is suitable for your experiments?

b. Assuming that the thermometer works, what procedure
could you follow to put a scale on your thermometer that
has the desired accuracy?

128 Imagine that you get the chance to shoot five arrows at
each of the targets depicted below. On each of the targets, indi-
cate the pattern that the five arrows make when

a. You have poor accuracy and good precision.

b. You have poor accuracy and poor precision.

¢. You have good accuracy and good precision.

© © @

1.29 Say you live in a climate where the temperature ranges
from —100°F to 20°F and you want to define a new temperature
scale, YS (YS is the “Your Scale” temperature scale), which de-
fines this range as 0.0°YS to 100.0°YS.

a. Come up with an equation that would allow you to convert

between °F and °YS.
b. Using your equation, what would be the temperature in °F
if it were 66°YS?

1.30 You are presented with a piece of metal in a jar. It is your
job to determine what the metal is. What are some physical prop-
erties that you could measure in order to determine the type of
metal? You suspect that the metal might be sodium; what are
some chemical properties that you could investigate? (See Sec-
tion 1.4 for some ideas.)
1.31  You have two identical boxes with interior dimensions of
8.0 cm X 8.0 cm X 8.0 cm. You completely fill one of the boxes
with wooden spheres that are 1.6 cm in diameter. The other box
gets filled with wooden cubes that are 1.6 cm on each edge.
After putting the lid on the filled boxes, you then measure the
density of each. Which one is more dense?
1.32  Consider the following compounds and their densities.

Density Density
Substance (g/mL) Substance (g/mL)
Isopropyl alcohol 0.785 Toluene 0.866
n-Butyl alcohol 0.810 Ethylene glycol 1.114

Key: These problems are for practice in applying problem-
solving skills. They are divided by topic, and some are keyed
to exercises (see the ends of the exercises). The problems

Practice Problems 33

You create a column of the liquids in a glass cylinder with the
most dense material on the bottom layer and the least dense on
the top. You do not allow the liquids to mix.

a. First you drop a plastic bead that has a density of 0.24 g/cm®
into the column. What do you expect to observe?

b. Next you drop a different plastic bead that has a volume of
0.043 mL and a mass of 3.92 X 10~* g into the column.
What would you expect to observe in this case?

¢. You drop another bead into the column and observe that it
makes it all the way to the bottom of the column. What can
you conclude about the density of this bead?

1.33

a. Which of the following items have a mass of about 1 g?
a grain of sand
a paper clip
a nickel
a 5.0-gallon bucket of water
a brick
acar

b. What is the approximate mass (using SI mass units) of each
of the items in part a?

1.34 What is the length of the nail reported to the correct num-
ber of significant figures?

Centimeters

1.35 For these questions, be sure to apply the rules for signifi-
cant figures.

a. You are conducting an experiment where you need the vol-
ume of a box; you take the length, height, and width mea-
surements and then multiply the values together to find the
volume. You report the volume of the box as 0.310 m>. If
two of your measurements were 0.7120 m and 0.52145 m,
what was the other measurement?

b. If you were to add the two measurements from the first part
of the problem to a third length measurement with the re-
ported result of 1.509 m, what was the value of the third
measurement?

1.36 You are teaching a class of second graders some chem-
istry, and they are confused about an object’s mass versus its
density. Keeping in mind that most second graders don’t under-
stand fractions, how would you explain these two ideas and
illustrate how they differ? What examples would you use as a
part of your explanation?

are arranged in matched pairs; the odd-numbered problem of
each pair is listed first and its answer is given in the back of
the book.
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Conservation of Mass

1.37 A 15.9-g sample of sodium carbonate is added to a
solution of acetic acid weighing 20.0 g. The two substances re-
act, releasing carbon dioxide gas to the atmosphere. After reac-
tion, the contents of the reaction vessel weighs 29.3 g. What is
the mass of carbon dioxide given off during the reaction?

1.38 Some iron wire weighing 5.6 g is placed in a beaker and cov-
ered with 15.0 g of dilute hydrochloric acid. The acid reacts with
the metal and gives off hydrogen gas, which escapes into the sur-
rounding air. After reaction, the contents of the beaker weighs
20.4 g. What is the mass of hydrogen gas produced by the reaction?

1.39  Zinc metal reacts with yellow crystals of sulfur in a fiery
reaction to produce a white powder of zinc sulfide. A chemist de-
termines that 65.4 g of zinc reacts with 32.1 g of sulfur. How
many grams of zinc sulfide could be produced from 20.0 g of
zinc metal?

140 Aluminum metal reacts with bromine, a red-brown liquid
with a noxious odor. The reaction is vigorous and produces alu-
minum bromide, a white crystalline substance. A sample of 27.0 g
of aluminum yields 266.7 g of aluminum bromide. How many
grams of bromine react with 15.0 g of aluminum?

Solids, Liquids, and Gases

1.41  Give the normal state (solid, liquid, or gas) of each of the
following.

a. sodium hydrogen carbonate (baking soda)

b. isopropyl alcohol (rubbing alcohol)

€. oxygen

d. copper
142 Give the normal state (solid, liquid, or gas) of each of the
following.

a. potassium hydrogen tartrate (cream of tartar)

b. lead

¢. carbon (diamond)

d. bromine

Chemical and Physical Changes;
Properties of Substances

1.43  Which of the following are physical changes and which
are chemical changes?

a. melting of sodium chloride

b. pulverizing of rock salt

¢. burning of sulfur

d. dissolving of salt in water

1.44 For each of the following, decide whether a physical or a
chemical change is involved.

a. dissolving of sugar in water

b. rusting of iron

¢. burning of wood

d. evaporation of alcohol

1.45 A sample of mercury(Il) oxide was heated to produce
mercury metal and oxygen gas. Then the liquid mercury was
cooled to —40°C, where it solidified. A glowing wood splint was
thrust into the oxygen, and the splint burst into flame. Identify
each physical change and each chemical change.

1.46 Solid iodine, contaminated with salt, was heated until the
iodine vaporized. The violet vapor of iodine was then cooled to
yield the pure solid. Solid iodine and zinc metal powder were
mixed and ignited to give a white powder. Identify each physical
change and each chemical change.

1.47 The following are properties of substances. Decide
whether each is a physical property or a chemical property.

a. Chlorine gas liquefies at —35°C under normal pressure.

b. Hydrogen burns in chlorine gas.

¢. Bromine melts at —7.2°C.

d. Lithium is a soft, silvery-colored metal.

e. Iron rusts in an atmosphere of moist air.

1.48 Decide whether each of the following is a physical prop-
erty or a chemical property of the substance.

. Salt substitute, potassium chloride, dissolves in water.

. Seashells, calcium carbonate, fizz when immersed in vinegar.
. The gas hydrogen sulfide smells like rotten eggs.

. Fine steel wool (Fe) can be burned in air.

. Pure water freezes at 0°C.

o aan To

1.49 Iodine is a solid having somewhat lustrous, blue-black
crystals. The crystals vaporize readily to a violet-colored gas.
Iodine combines with many metals. For example, aluminum
combines with iodine to give aluminum iodide. Identify the
physical and the chemical properties of iodine that are cited.

1.50 Mercury(II) oxide is an orange-red solid with a density of
11.1 g/em?. It decomposes when heated to give mercury and
oxygen. The compound is insoluble in water (does not dissolve
in water). Identify the physical and the chemical properties of
mercury(Il) oxide that are cited.

Elements, Compounds, and Mixtures

1.51 Consider the following separations of materials. State
whether a physical process or a chemical reaction is involved in
each separation.
a. Sodium chloride is obtained from seawater by evaporation
of the water.
b. Mercury is obtained by heating the substance mercury(II)
oxide; oxygen is also obtained.
¢. Pure water is obtained from ocean water by evaporating the
water, then condensing it.
d. Iron is produced from an iron ore that contains the sub-
stance iron(III) oxide.
e. Gold is obtained from river sand by panning (allowing the
heavy metal to settle in flowing water).

1.52 All of the following processes involve a separation of
either a mixture into substances or a compound into elements.
For each, decide whether a physical process or a chemical reac-
tion is required.
a. Sodium metal is obtained from the substance sodium
chloride.
b. Tron filings are separated from sand by using a magnet.
¢. Sugar crystals are separated from a sugar syrup by evapo-
ration of water.
d. Fine crystals of silver chloride are separated from a sus-
pension of the crystals in water.
e. Copper is produced when zinc metal is placed in a solution
of copper(Il) sulfate, a compound.



1.53 Label each of the following as a substance, a heteroge-
neous mixture, or a solution.

a. seawater b. sulfur

¢. fluorine d. beach sand

1.54 Indicate whether each of the following materials is a sub-
stance, a heterogeneous mixture, or a solution.

a. milk b. bromine

¢. gasoline d. aluminum

1.55 Which of the following are pure substances and which are
mixtures? For each, list all of the different phases present.
a. bromine liquid and its vapor
b. paint, containing a liquid solution and a dispersed solid
pigment
¢. partially molten iron
d. baking powder containing sodium hydrogen carbonate and
potassium hydrogen tartrate

1.56 Which of the following are pure substances and which are
mixtures? For each, list all of the different phases present.
a. a sugar solution with sugar crystals at the bottom
b. ink containing a liquid solution with fine particles of carbon
¢. a sand containing quartz (silicon dioxide) and calcite (cal-
cium carbonate)
d. liquid water and steam at 100°C

Significant Figures

1.57 How many significant figures are there in each of the fol-
lowing measurements?

a. 73.0000 g b. 0.0503 kg
¢. 6.300cm d. 0.80090 m
e. 510X 10 " m f. 2.010s

1.58 How many significant figures are there in each of the fol-
lowing measurements?
a. 301.0kg
¢. 0.224800 m
e 4380 X 10" m

b. 0.05930 g
d. 3.100 s
f. 9.100 X 10* cm

1.59  The circumference of the earth at the equator is 40,000 km.
This value is precise to two significant figures. Write this in scien-
tific notation to express correctly the number of significant figures.
1.60 The astronomical unit equals the mean distance between
the earth and the sun. This distance is 150,000,000 km, which is
precise to three significant figures. Express this in scientific no-
tation to the correct number of significant figures.

1.61 Do the indicated arithmetic and give the answer to the cor-
rect number of significant figures.
a. 8.71 X 0.0301
0.031
b. 0.71 + 92.2
¢ 934 X 0.00435 + 107
d. (847.89 — 847.73) X 14673
1.62 Do the indicated arithmetic and give the answer to the cor-
rect number of significant figures.
a. 08.71 X 0.57
5.871
b. 8.937 — 8.930

Practice Problems 35

¢. 8.937 + 8.930

d. 0.00015 X 54.6 + 1.002
1.63  One sphere has a radius of 5.10 cm; another has a radius of
5.00 cm. What is the difference in volume (in cubic centimeters)
between the two spheres? Give the answer to the correct number
of significant figures. The volume of a sphere is (4/3) 7>, where
7 = 3.1416 and r is the radius.

1.64 A solid cylinder of iron of circular cross section with a ra-
dius of 1.500 cm has a ruler etched along its length. What is the
volume of iron contained between the marks labeled 3.10 cm
and 3.50 cm? The volume of a cylinder is /I, where 7 =
3.1416, r is the radius, and [ is the length.

SI Units

1.65 Write the following measurements, without scientific
notation, using the appropriate SI prefix.

a. 589 x107"%s  b. 0.2010m

€ 2560x10%¢g  d. 6.05%10°m

1.66 Write the following measurements, without scientific
notation, using the appropriate SI prefix.

a. 4851 X 10°°g  b. 3.16 X 10 ?m

€ 2591 x10%s d 893x10 g

1.67  Using scientific notation, convert:
a. 6.15pstos b. 3.781 um to m
¢ 1.546 Atom d 97mgtog

1.68 Using scientific notation, convert:
a. 6.20 km to m b. 1.98 nstos
¢ 2.54cmtom d. 523 pgtog

Temperature Conversion

1.69 Convert:
a. 68°F to degrees Celsius
b. —23°F to degrees Celsius
¢. 26°C to degrees Fahrenheit
d. —70°C to degrees Fahrenheit

1.70 Convert:

. 51°F to degrees Celsius

. —7°F to degrees Celsius

. —41°C to degrees Fahrenheit
. 22°C to degrees Fahrenheit

1.71  Salt and ice are stirred together to give a mixture to freeze
ice cream. The temperature of the mixture is —21.1°C. What is
this temperature in degrees Fahrenheit?

an oo

1.72 Liquid nitrogen can be used for the quick freezing of
foods. The liquid boils at —196°C. What is this temperature in
degrees Fahrenheit?

Density

1.73 A certain sample of the mineral galena (lead sulfide)
weighs 12.4 g and has a volume of 1.64 cm®. What is the density
of galena?

174 A flask contains 25.0 mL of diethyl ether weighing 17.84 g.
What is the density of the ether?
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1.75 A liquid with a volume of 8.5 mL has a mass of 6.71 g.
The liquid is either octane, ethanol, or benzene, the densities of
which are 0.702 g/cm®, 0.789 g/cm?, and 0.879 g/cm?, respec-
tively. What is the identity of the liquid?

1.76 A mineral sample has a mass of 5.95 g and a volume of
7.9 cm®. The mineral is either sphalerite (density = 4.0 g/cm?),
cassiterite (density = 6.99 g/cm?), or cinnabar (density =
8.10 g/cm?). Which is it?

1.77  Platinum has a density of 21.4 g/cm®. What is the mass of
5.9 cm® of this metal?

1.78 What is the mass of a 43.8-mL sample of gasoline, which
has a density of 0.70 g/cm??

1.79  Ethanol has a density of 0.789 g/cm®. What volume
must be poured into a graduated cylinder to give 19.8 g of
alcohol?

1.80 Bromine is a red-brown liquid with a density of 3.10 g/mL.
A sample of bromine weighing 88.5 g occupies what volume?

Unit Conversions

1.81  Sodium hydrogen carbonate, known commercially as bak-
ing soda, reacts with acidic materials such as vinegar to release
carbon dioxide gas. An experiment calls for 0.480 kg of sodium
hydrogen carbonate. Express this mass in milligrams.

1.82 The acidic constituent in vinegar is acetic acid. A 10.0-mL
sample of a certain vinegar contains 501 mg of acetic acid. What
is this mass of acetic acid expressed in micrograms?

1.83  The different colors of light have different wavelengths. The
human eye is most sensitive to light whose wavelength is 555 nm
(greenish-yellow). What is this wavelength in centimeters?

1.84 Water consists of molecules (groups of atoms). A water
molecule has two hydrogen atoms, each connected to an oxygen

General Problems

Key: These problems provide more practice but are not
divided by topic or keyed to exercises. Each section ends
with essay questions, each of which is color-coded to refer
to the A Chemist Looks at (gold) or Instrumental Methods
(purple) chapter essay on which it is based. Odd-numbered
problems and the even-numbered problems that follow are
similar; answers to all odd-numbered problems except the
essay questions are given in the back of the book.

1.93 Sodium metal reacts vigorously with water. A piece of
sodium weighing 19.70 g was added to a beaker containing
126.22 g of water. During reaction, hydrogen gas was produced
and bubbled from the solution. The solution, containing sodium
hydroxide, weighed 145.06 g. How many grams of hydrogen gas
were produced?

1.94 An antacid tablet weighing 0.853 g contained calcium car-
bonate as the active ingredient, in addition to an inert binder.
When an acid solution weighing 56.519 g was added to the

atom. The distance between any one hydrogen atom and the
oxygen atom is 0.96 A. What is this distance in meters?

A

®

1.85 The total amount of fresh water on earth is estimated to be
3.73 X 10% km>. What is this volume in cubic meters? in liters?

1.86 A submicroscopic particle suspended in a solution has a
volume of 1.3 wm?>. What is this volume in liters?

1.87 How many grams are there in 3.58 short tons? Note that
1 g = 0.03527 oz (ounces avoirdupois), 1 1b (pound) = 16 oz,
and 1 short ton = 2000 Ib. (These relations are exact.)

1.88 The calorie, the Btu (British thermal unit), and the joule
are units of energy; 1 calorie = 4.184 joules (exact), and 1 Btu =
252.0 calories. Convert 3.15 Btu to joules.

1.89 The first measurement of sea depth was made in 1840 in
the central South Atlantic, where a plummet was lowered 2425 fath-
oms. What is this depth in meters? Note that 1 fathom = 6 ft, 1 ft =
121in., and 1 in. = 2.54 X 10”2 m. (These relations are exact.)

1.90 The estimated amount of recoverable oil from the field at
Prudhoe Bay in Alaska is 1.3 X 10'° barrels. What is this amount
of oil in cubic meters? One barrel = 42 gal (exact), 1 gal = 4 qt
(exact), and 1 gt = 9.46 X10™* m>.

1.91 A fishtank is 20.0 in. long, 20.0 in. deep, and 10.0 in. high.
What is the maximum volume of water, in liters, that the fish
tank can hold?

1.92 The population density of worms in a particular field is
25 worms per cubic meter of soil. How many worms would there
be in the top meter of soil in a field that has dimensions of 1.00 km
by 2.0 km?

tablet, carbon dioxide gas was released, producing a fizz. The re-
sulting solution weighed 57.152 g. How many grams of carbon
dioxide were produced?

1.95 When a mixture of aluminum powder and iron(II) oxide
is ignited, it produces molten iron and aluminum oxide. In an ex-
periment, 5.40 g of aluminum was mixed with 18.50 g of
iron(I1I) oxide. At the end of the reaction, the mixture contained
11.17 g of iron, 10.20 g of aluminum oxide, and an undeter-
mined amount of unreacted iron(III) oxide. No aluminum was
left. What is the mass of the iron(III) oxide?

1.96 When chlorine gas is bubbled into a solution of sodium
bromide, the sodium bromide reacts to give bromine, a red-
brown liquid, and sodium chloride (ordinary table salt). A solu-
tion was made by dissolving 20.6 g of sodium bromide in 100.0 g
of water. After passing chlorine through the solution, investiga-
tors analyzed the mixture. It contained 16.0 g of bromine and
11.7 g of sodium chloride. How many grams of chlorine reacted?



1.97 A beaker weighed 53.10 g. To the beaker was added 5.348 g
of iron pellets and 56.1 g of hydrochloric acid. What was the to-
tal mass of the beaker and the mixture (before reaction)? Express
the answer to the correct number of significant figures.

1.98 A graduated cylinder weighed 68.1 g. To the cylinder was
added 58.2 g of water and 5.279 g of sodium chloride. What was
the total mass of the cylinder and the solution? Express the an-
swer to the correct number of significant figures.

1.99 Describe each of the following as a physical or chemical
property of each listed chemical substance.

a. baking soda reacts with vinegar

b. ice melts at 0°C

¢. graphite is a soft, black solid

d. hydrogen burns in air

1.100 Describe each of the following as a physical or chemical
property of each listed chemical substance.
a. chlorine is a green gas
b. zinc reacts with acids
¢. magnesium has a density of 1.74 g/cm®
d. iron can rust

1.101  Analyses of several samples of a material containing only
iron and oxygen gave the following results. Could this material
be a compound?

Mass of Mass of Mass of

Sample Iron Oxygen
Sample A 1.518 g 1.094 ¢ 0424 ¢
Sample B 2.056 g 1449 ¢ 0.607 g
Sample C 1.873 g 1335¢ 0.538 g

1102 A red-orange solid contains only mercury and oxygen.
Analyses of three different samples gave the following results.
Are the data consistent with the hypothesis that the material is a
compound?

Mass of Mass of Mass of

Sample Mercury Oxygen
Sample A 1.0410 g 0.9641¢g 0.0769 g
Sample B 1.5434 ¢ 14293 g 0.1141 ¢
Sample C 1.2183 g 1.1283 g 0.0900 g

1.103 A cubic box measures 39.3 cm on an edge. What is the
volume of the box in cubic centimeters? Express the answer to
the correct number of significant figures.

1.104 A cylinder with circular cross section has a radius of 2.56
cm and a height of 56.32 cm. What is the volume of the cylinder?
Express the answer to the correct number of significant figures.

1.105  An aquarium has a rectangular cross section that is 47.8 in.
by 12.5 in.; it is 19.5 in. high. How many U.S. gallons does the
aquarium contain? One U.S. gallon equals exactly 231 in°.

1.106 A spherical tank has a radius of 175.0 in. Calculate the
volume of the tank in cubic inches; then convert this to Imperial
gallons. The volume of a sphere is (4/3) 7r°, where r is the
radius. One Imperial gallon equals 277.4 in>.

1.107 Obtain the difference in volume between two spheres,
one of radius 5.61 cm, the other of radius 5.85 cm. The volume
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V of a sphere is (4/3) ar>, where ris the radius. Give the result to
the correct number of significant figures.

1.108 What is the difference in surface area between two cir-
cles, one of radius 7.98 cm, the other of radius 8.50 cm? The sur-
face area of a circle of radius r is 772. Obtain the result to the
correct number of significant figures.

1.109  Perform the following arithmetic setups and express the
answers to the correct number of significant figures.
. 56.1 = 51.1 p. 56.1 +51.1
6.58 6.58
¢ (9.1 +8.6) X 2691 d. 0.0065 X 3.21 + 0.0911

1.110 Perform the following arithmetic setups and report the
answers to the correct number of significant figures.
. 9.345 — 9.005 p. 9345 + 9.005

9.811 9.811
¢ (7.50 +7.53) X 3.71 d. 0.71 X 0.36 + 17.36

1.11T1  For each of the following, write the measurement in terms
of an appropriate prefix and base unit.
a. The mass of calcium per milliliter in a sample of blood
serum is 0.0912 g.
b. The radius of an oxygen atom is about 0.000000000066 m.
. A particular red blood cell measures 0.0000071 m.
d. The wavelength of a certain ultraviolet radiation is
0.000000056 m.

1.112  For each of the following, write the measurement in terms
of an appropriate prefix and base unit.
a. The mass of magnesium per milliliter in a sample of blood
serum is 0.0186 g.
b. The radius of a carbon atom is about 0.000000000077 m.
¢. The hemoglobin molecule, a component of red blood cells,
is 0.0000000065 m in diameter.
d. The wavelength of a certain infrared radiation is
0.00000085 m.

1113 Write each of the following in terms of the SI base unit
(that is, express the prefix as the power of 10).

a. 1.07 ps b. 5.8 um

¢. 319 nm d. 153 ms

L114  Write each of the following in terms of the SI base unit
(that is, express the prefix as the power of 10).

a. 6.6 mK b. 275 pm

¢ 22.1ms  d. 45 um

(o]

1.115  Tungsten metal, which is used in lightbulb filaments, has
the highest melting point of any metal (3410°C). What is this
melting point in degrees Fahrenheit?

1116 Titanium metal is used in aerospace alloys to add strength
and corrosion resistance. Titanium melts at 1677°C. What is this
temperature in degrees Fahrenheit?

1.117  Calcium carbonate, a white powder used in toothpastes,
antacids, and other preparations, decomposes when heated to
about 825°C. What is this temperature in degrees Fahrenheit?

1118 Sodium hydrogen carbonate (baking soda) starts to de-
compose to sodium carbonate (soda ash) at about 50°C. What is
this temperature in degrees Fahrenheit?
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1.119  Gallium metal can be melted by the heat of one’s hand. Its
melting point is 29.8°C. What is this temperature in kelvins? in
degrees Fahrenheit?

1.120 Mercury metal is liquid at normal temperatures but
freezes at —38.9°C. What is this temperature in kelvins? in de-
grees Fahrenheit?

1.121 Zinc metal can be purified by distillation (transforming
the liquid metal to vapor, then condensing the vapor back to lig-
uid). The metal boils at normal atmospheric pressure at 1666°F.
What is this temperature in degrees Celsius? in kelvins?

1.122 Iodine is a bluish-black solid. It forms a violet-colored
vapor when heated. The solid melts at 236°F. What is this tem-
perature in degrees Celsius? in kelvins?

1.123  The density of magnesium metal (used in fireworks) is
1.74 g/cm®. Express this density in ST units (kg/m?).

1.124 Vanadium metal is added to steel to impart strength. The
density of vanadium is 5.96 g/cm3. Express this in SI units
(kg/m).

1.125 The density of quartz mineral was determined by adding
a weighed piece to a graduated cylinder containing 51.2 mL water.
After the quartz was submerged, the water level was 65.7 mL.
The quartz piece weighed 38.4 g. What was the density of
the quartz?

1.126 Hematite (iron ore) weighing 70.7 g was placed in a flask
whose volume was 53.2 mL. The flask with hematite was then
carefully filled with water and weighed. The hematite and water
weighed 109.3 g. The density of the water was 0.997 g/cm’.
What was the density of the hematite?

1127 Some bottles of colorless liquids were being labeled
when the technicians accidentally mixed them up and lost track
of their contents. A 15.0-mL sample withdrawn from one bot-
tle weighed 22.3 g. The technicians knew that the liquid was ei-
ther acetone, benzene, chloroform, or carbon tetrachloride
(which have densities of 0.792 g/cm?, 0.899 g/cm?, 1.489
g/cm’, and 1.595 g/cm?, respectively). What was the identity of
the liquid?

1128 A solid will float on any liquid that is more dense than it
is. The volume of a piece of calcite weighing 35.6 g is 12.9 cm®,
On which of the following liquids will the calcite float: carbon
tetrachloride (density = 1.60 g/cm®), methylene bromide (den-
sity = 2.50 g/cm3), tetrabromoethane (density = 2.96 g/cm3),
methylene iodide (density = 3.33 g/cm?)?

1.129 Platinum metal is used in jewelry; it is also used in auto-
mobile catalytic converters. What is the mass of a cube of plat-
inum 4.40 cm on an edge? The density of platinum is 21.4 g/cm®.

1.130  Ultrapure silicon is used to make solid-state devices, such
as computer chips. What is the mass of a circular cylinder of
silicon that is 12.40 cm long and has a radius of 4.00 cm? The
density of silicon is 2.33 g/cm’.

1.131  Vinegar contains acetic acid (about 5% by mass). Pure
acetic acid has a strong vinegar smell but is corrosive to the skin.
‘What volume of pure acetic acid has a mass of 35.00 g? The den-
sity of acetic acid is 1.053 g/mL.

1.132  Ethyl acetate has a characteristic fruity odor and is used
as a solvent in paint lacquers and perfumes. An experiment re-
quires 0.035 kg of ethyl acetate. What volume is this (in liters)?
The density of ethyl acetate is 0.902 g/mL.

1.133  Convert:
a. 8.45 kg to micrograms
b. 318 us to milliseconds
¢. 93 km to nanometers
d. 37.1 mm to centimeters

1.134 Convert:
a. 125 A to micrometers
b. 32.4 kg to milligrams
¢. 16.8 cm to millimeters
d. 2.2 ns to microseconds

1.135  Convert:
a. 5.91 kg of chrome yellow to milligrams
b. 753 mg of vitamin A to micrograms
¢. 90.1 MHz (megahertz), the wavelength of an FM signal, to
kilohertz
d. 498 mJ (the joule, J, is a unit of energy) to kilojoules

1136 Convert:
a. 7.19 pg of cyanocobalamin (vitamin B,) to milligrams
b. 104 pm, the radius of a sulfur atom, to angstroms
¢. 0.010 mm, the diameter of a typical blood capillary, to
centimeters
d. 0.0605 kPa (the pascal, Pa, is a unit of pressure) to
centipascals

1.137 The largest of the Great Lakes is Lake Superior, which
has a volume of 12,230 km>. What is this volume in liters?

1138 The average flow of the Niagara River is 0.501 km® of
water per day. What is this volume in liters?

1.139 A room measures 10.0 ft X 11.0 ft and is 9.0 ft high.
What is its volume in liters?

1.140 A cylindrical settling tank is 5.0 ft deep and has a radius
of 15.0 ft. What is the volume of the tank in liters?

1.141 The masses of diamonds and gems are measured in
carats. A carat is defined as 200 mg. If a jeweler has 275 carats
of diamonds, how many grams does she have?

1142 One year of world production of gold was 49.6 X 10°
troy ounces. One troy ounce equals 31.10 g. What was the world
production of gold in metric tons (10° g) for that year?

1.143 What are some characteristics of the adhesive used for
Post-it Notes?

1.144 All good experiments start with a scientific question.
What was the scientific question that Art Fry was trying to
answer when he embarked on finding the adhesive for the
Post-it Note?

1145 What do the various chromatographic separation tech-
niques have in common?

1.146 Describe how gas chromatography works.
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Key: As noted earlier, all of the practice and general problems
are matched pairs. This section is a selection of problems that
are not in matched-pair format. These challenging problems
require that you employ many of the concepts and strategies that
were developed in the chapter. In some cases, you will have to
integrate several concepts and operational skills in order to solve
the problem successfully.

1.147  When the quantity 5 X 10~ ? mg is subtracted from 4.6 mg,
how many significant figures should be reported in the answer?
1.148 A 33.0-g sample of an unknown liquid at 20.0°C is
heated to120°C. During this heating, the density of the liquid
changes from 0.854 g/cm? to 0.797 g/cm®. What volume would
this sample occupy at 120°C?
1149 A 175-g sample of a pure liquid, liquid A, with a density of
3.00 g/mL is mixed with a 50.0-mL sample of a pure liquid, liquid
B, with a density of 2.00 g/mL. What is the total volume of the mix-
ture? (Assume there is no reaction upon the mixing of A and B.)
1150 On a long trip you travel 832 miles in 21 hours. During
this trip, you use 29 gallons of gasoline.

a. Calculate your average speed in miles per hour.

b. Calculate your average speed in kilometers per hour.

¢. Calculate your gas mileage in kilometers per liter.
1151 The figures below represent a gas trapped in containers. The
orange balls represent individual gas atoms. Container A on the left
has a volume that is one-half the volume of container B on the right.

Cumulative-Skills Prohlems

Key: These problems require two or more operational skills you
learned in this chapter. In later chapters, the problems under
this heading will combine skills introduced in previous chap-
ters with those given in the current one.

1.157  When 10.0 g of marble chips (calcium carbonate) is
treated with 50.0 mL of hydrochloric acid (density 1.096
g/mL), the marble dissolves, giving a solution and releasing
carbon dioxide gas. The solution weighs 60.4 g. How many
liters of carbon dioxide gas are released? The density of the gas
is 1.798 g/L.

1.158 Zinc ore (zinc sulfide) is treated with sulfuric acid, leaving
a solution with some undissolved bits of material and releasing
hydrogen sulfide gas. If 10.8 g of zinc ore is treated with 50.0 mL
of sulfuric acid (density 1.153 g/mL), 65.1 g of solution and
undissolved material remains. In addition, hydrogen sulfide
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a. How does the mass of gas in one container compare with
the mass of gas in the other?

b. Which container has the greater density of gas?

¢. If the volume of container A were increased to the same
volume as container B, how would the density of the gas in
container A change?

1.152  An ice cube measures 3.50 cm on each edge and weighs
3945 g.

a. Calculate the density of ice.

b. Calculate the mass of 400.4 mL of water in an ice cube.
1.153 The total length of all the DNA molecules contained in a
human body is 1 X 10'° miles. The population of the United
States is about 300 million. What is the total length of all the
DNA of the U.S. population in lightyears? (A lightyear is the
distance that light travels in a year and is 9.46 X 10" m.)

1.154 Prospectors are considering searching for gold on a plot
of land that contains 1.16 g of gold per bucket of soil. If the vol-
ume of the bucket is 4.08 L, how many grams of gold are there
likely to be in 2.38 X 10* cubic feet of soil?

1.155 A solution is prepared by dissolving table salt, sodium
chloride, in water at room temperature.

a. Assuming there is no significant change in the volume of
water during the preparation of the solution, how would the
density of the solution compare to that of pure water?

b. If you were to boil the solution for several minutes and then
allow it to cool to room temperature, how would the den-
sity of the solution compare to the density in part a?

¢. If you took the solution prepared in part a and added
more water, how would this affect the density of the
solution?

1.156 Water and saline (salt) solution have in common that
they are both homogeneous. How do these materials differ? Be
specific and use chemical terms to describe the two systems.

(density 1.393 g/L) is evolved. What is the volume (in liters) of
this gas?

1159 A steel sphere has a radius of 1.58 in. If this steel has a
density of 7.88 g/cm?, what is the mass of the sphere in grams?

1160 A weather balloon filled with helium has a diameter of
3.00 ft. What is the mass in grams of the helium in the balloon at
21°C and normal pressure? The density of helium under these
conditions is 0.166 g/L.

1161 The land area of Greenland is 840,000 mi%, with only
132,000 mi? free of perpetual ice. The average thickness of this
ice is 5000 ft. Estimate the mass of the ice (assume two signifi-
cant figures). The density of ice is 0.917 g/cm®.

1.162 Antarctica, almost completely covered in ice, has an area
of 5,500,000 mi> with an average height of 7500 ft. Without the
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ice, the height would be only 1500 ft. Estimate the mass of this
ice (two significant figures). The density of ice is 0.917 g/cm®.

1.163 A sample of an ethanol-water solution has a volume of
54.2 cm® and a mass of 49.6 g. What is the percentage of
ethanol (by mass) in the solution? (Assume that there is no
change in volume when the pure compounds are mixed.) The
density of ethanol is 0.789 g/cm® and that of water is 0.998
g/cm’. Alcoholic beverages are rated in proof, which is a mea-
sure of the relative amount of ethanol in the beverage. Pure
ethanol is exactly 200 proof; a solution that is 50% ethanol by
volume is exactly 100 proof. What is the proof of the given
ethanol-water solution?

1.164 You have a piece of gold jewelry weighing 9.35 g. Its vol-
ume is 0.654 cm>. Assume that the metal is an alloy (mixture) of
gold and silver, which have densities of 19.3 g/cm® and
10.5 g/em?, respectively. Also assume that there is no change in
volume when the pure metals are mixed. Calculate the percent-
age of gold (by mass) in the alloy. The relative amount of gold in
an alloy is measured in karats. Pure gold is 24 karats; an alloy of
50% gold is 12 karats. State the proportion of gold in the jewelry
in karats.

1.165 A sample of vermilion-colored mineral was weighed in
air, then weighed again while suspended in water. An object is

buoyed up by the mass of the fluid displaced by the object. In air,
the mineral weighed 18.49 g; in water, it weighed 16.21 g. The
densities of air and water are 1.205 g/L and 0.9982 g/cm?, re-
spectively. What is the density of the mineral?

1.166 A sample of a bright blue mineral was weighed in air,
then weighed again while suspended in water. An object is
buoyed up by the mass of the fluid displaced by the object. In air,
the mineral weighed 7.35 g; in water, it weighed 5.40 g. The den-
sities of air and water are 1.205 g/L and 0.9982 g/cm?, respec-
tively. What is the density of the mineral?

1.167 A student gently drops an object weighing 15.8 g into an
open vessel that is full of ethanol, so that a volume of ethanol
spills out equal to the volume of the object. The experimenter
now finds that the vessel and its contents weigh 10.5 g more than
the vessel full of ethanol only. The density of ethanol is 0.789
g/cm®. What is the density of the object?

1.168 An experimenter places a piece of a solid metal weighing
255 g into a graduated cylinder, which she then fills with liquid
mercury. After weighing the cylinder and its contents, she re-
moves the solid metal and fills the cylinder with mercury. She
now finds that the cylinder and its contents weigh 101 g less than
before. The density of mercury is 13.6 g/cms. What is the density
of the solid metal?
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The probe of a scanning tunneling microscope
(as sharp as a single atom!) was used to
arrange iron atoms in a circle on the surface
of a copper metal lattice and collect data to
produce this image.
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odium is a soft, silvery metal. This metal cannot be handled

with bare fingers, because it reacts with any moisture on

the skin, causing a burn. Chlorine is a poisonous, greenish
yellow gas with a choking odor. When molten sodium is placed
into an atmosphere of chlorine, a dramatic reaction occurs: the
sodium bursts into flame and a white, crystalline powder forms
(see Figure 2.1). What is particularly interesting about this reac-
tion is that this chemical combination of two toxic substances
produces sodium chloride, the substance that we commonly call

table salt.

Sodium metal and chlorine gas are particular forms of
matter. In burning, they undergo a chemical change—a chemi-
cal reaction—in which these forms of matter change to a form

of matter with different chemical and physical properties.

How do we explain the differences in properties of different
forms of matter? And how do we explain chemical reactions
such as the burning of sodium metal in chlorine gas? This
chapter and the next take an introductory look at these
basic questions in chemistry. In later
I See page 75 for chapters we will develop the concepts
the Media Summary. introduced here.

FIGURE 2.1 P

Reaction of sodium and chlorine

Top: Sodium metal and chlorine gas. Bottom: A
small piece of molten sodium burning in a flask of
chlorine. The product is sodium chloride, common
table salt, along with lots of energy.

Atomic Theory and Atomic Structure

2.1

As noted in Chapter 1, all matter is composed of atoms. In this first part of Chapter 2,
we explore the atomic theory of matter and the structure of atoms. We also examine
the periodic table, which is an organizational chart designed to highlight similarities
among the elements.

Atomic Theory of Matter

As we noted in Chapter 1, Lavoisier laid the experimental foundation of
modern chemistry. But the British chemist John Dalton (1766—1844) provided the
basic theory: all matter—whether element, compound, or mixture—is composed
of small particles called atoms. The postulates, or basic statements, of Dalton’s
theory are presented in this section. Note that the terms element, compound, and
chemical reaction, which were defined in Chapter 1 in terms of matter as we
normally see it, are redefined here by the postulates of Dalton’s theory in terms
of atoms.



FIGURE 2.2

Image of iodine atoms on a platinum
metal surface

This computer-screen image was obtained
by a scanning tunneling microscope
(discussed in Chapter 7); the color was
added to the image by computer. lodine
atoms are the large peaks with pink tops.
Note the “vacancy” in the array of iodine
atoms. A scale shows the size of the atoms
in nanometers.

As you will see in Section 2.4, it is
the average mass of an atom that
is characteristic of each element
on earth.

The atomic names (temporary)
given to newly discovered elements
are derived from the atomic number
(discussed in Section 2.3) using the
numerical roots: nil (0), un (1), bi
(2), tri (3), quad (4), pent (5), hex
(6), sept (7), oct (8), and enn (9)
with the ending -ium. For example,
the element with atomic number
116 is ununhexium; its atomic
symbol is Uuh.
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Postulates of Dalton’s Atomic Theory

The main points of Dalton’s atomic theory, an explanation of the structure of matter
in terms of different combinations of very small particles, are given by the following
postulates:

1. All matter is composed of indivisible atoms. An atom is an extremely small
particle of matter that retains its identity during chemical reactions. (See
Figure 2.2.)

2. An element is a type of matter composed of only one kind of atom, each atom of
a given kind having the same properties. Mass is one such property. Thus, the
atoms of a given element have a characteristic mass. (We will need to revise this
definition of element in Section 2.3 so that it is stated in modern terms.) <

3. A compound is a type of matter composed of atoms of two or more elements
chemically combined in fixed proportions. The relative numbers of any two kinds
of atoms in a compound occur in simple ratios. Water, for example, a compound
of the elements hydrogen and oxygen, consists of hydrogen and oxygen atoms in
the ratio of 2 to 1.

4. A chemical reaction consists of the rearrangement of the atoms present in the
reacting substances to give new chemical combinations present in the substances
Jformed by the reaction. Atoms are not created, destroyed, or broken into smaller
particles by any chemical reaction.

Today we know that atoms are not truly indivisible; they are themselves made up of
particles. Nevertheless, Dalton’s postulates are essentially correct.

Atomic Symbols and Models

It is convenient to use symbols for the atoms of the different elements. An atomic
symbol is a one- or two-letter notation used to represent an atom corresponding to
a particular element. < Typically, the atomic symbol consists of the first letter, cap-
italized, from the name of the element, sometimes with an additional letter from the
name in lowercase. For example, chlorine has the symbol Cl. Other symbols are
derived from a name in another language (usually Latin). Sodium is given the sym-
bol Na from its Latin name, natrium. Symbols of the elements are listed in the table
on the back cover.

Early in the development of his atomic theory, Dalton built spheres to repre-
sent atoms and used combinations of these spheres to represent compounds.
Chemists continue to use this idea of representing atoms by three-dimensional
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models, but because we now know so much more about atoms and molecules than
Dalton did, these models have become more refined. Section 2.6 describes these
models in more detail.

Deductions from Dalton’s Atomic Theory

Note how atomic theory explains the difference between an element and a compound.
Atomic theory also explains two laws we considered earlier. One of these is the law
of conservation of mass, which states that the total mass remains constant during a
chemical reaction. By postulate 2, every atom has a definite mass. Because a chemi-
cal reaction only rearranges the chemical combinations of atoms (postulate 4), the
mass must remain constant. The other law explained by atomic theory is the law of
definite proportions (constant composition). Postulate 3 defines a compound as a type
of matter containing the atoms of two or more elements in definite proportions.
Because the atoms have definite mass, compounds must have the elements in definite
proportions by mass.

A good theory should not only explain known facts and laws but also predict new
ones. The law of multiple proportions, deduced by Dalton from his atomic theory,
states that when two elements form more than one compound, the masses of one ele-
ment in these compounds for a fixed mass of the other element are in ratios of small
whole numbers. To illustrate this law, consider the following. If we take a fixed mass
of carbon, 1.000 gram, and react it with oxygen, we end up with two compounds:
one that contains 1.3321 grams of oxygen for each 1.000 gram of carbon, and one
that contains 2.6642 grams of oxygen per 1.000 gram of carbon. Note that the ratio
of the amounts of oxygen in the two compounds is 2 to 1 (2.6642 <+ 1.3321), which
indicates that there must be twice as much oxygen in the second compound. Apply-
ing atomic theory, if we assume that the compound that has 1.3321 grams of oxygen
to 1.000 gram of carbon is CO (the combination of one carbon atom and one oxygen
atom), then the compound that contains twice as much oxygen per 1.000 gram of car-
bon must be CO, (the combination of one carbon atom and two oxygen atoms). The
deduction of the law of multiple proportions from atomic theory was important in
convincing chemists of the validity of the theory.

Concept Check 2.1

Like Dalton, chemists continue to model atoms using spheres. Modern models are
usually drawn with a computer and use different colors to represent atoms of
different elements. Which of the models below represents CO,?

The Structure of the Atom

Although Dalton had postulated that atoms were indivisible particles, experiments
conducted around the beginning of the last century showed that atoms themselves
consist of particles. These experiments showed that an atom consists of two kinds of
particles: a nucleus, the atom’s central core, which is positively charged and contains
most of the atom’s mass, and one or more electrons. An electron is a very light,
negatively charged particle that exists in the region around the atom’s positively
charged nucleus.



FIGURE 2.3 A

Joseph John Thomson (1856-1940)

J. J. Thomson's scientific ability was
recognized early with his appointment as
professor of physics in the Cavendish
Laboratory at Cambridge University when he
was not quite 28 years old. Soon after this
appointment, Thomson began research on
the discharge of electricity through gases.
This work culminated in 1897 with the
discovery of the electron. Thomson was
awarded the Nobel Prize in physics in 1906.

A television tube uses the deflection
of cathode rays by magnetic fields.
A beam of cathode rays is directed
toward a coated screen on the front
of the tube, where by varying the
magnetism generated by
electromagnetic coils, the beam
traces a luminescent image.

FIGURE 2.5 ¥

Bending of cathode rays by a magnet
Left: The cathode-ray beam travels from
right to left. It is visible where it falls on a
zinc-sulfide screen. Center: The beam of
negative particles bends downward as the
south pole of the magnet is brought toward
it. Right: When the magnet is turned
around, the beam bends in the opposite
direction.
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Formation of cathode rays

Cathode rays leave the cathode, or negative electrode, and are accelerated toward the anode, or positive
electrode. Some of the rays pass through the hole in the anode to form a beam, which then is bent by the
electric plates in the tube.

Discovery of the Electron

In 1897 the British physicist J. J. Thomson (Figure 2.3) conducted a series of exper-
iments that showed that atoms were not indivisible particles. Figure 2.4 shows an
experimental apparatus similar to the one used by Thomson. In this apparatus, two
electrodes from a high-voltage source are sealed into a glass tube from which the air
has been evacuated. The negative electrode is called the cathode; the positive one, the
anode. When the high-voltage current is turned on, the glass tube emits a greenish
light. Experiments showed that this greenish light is caused by the interaction of the
glass with cathode rays, which are rays that originate from the cathode. <

After the cathode rays leave the negative electrode, they move toward the anode,
where some rays pass through a hole to form a beam (Figure 2.4). This beam bends
away from the negatively charged plate and toward the positively charged plate.
(Cathode rays are not directly visible, but do cause certain materials such as zinc sul-
fide to glow so you can observe them.) Figure 2.5 shows a similar experiment, in
which cathode rays are seen to bend when a magnet is brought toward them. Thomson
showed that the characteristics of cathode rays are independent of the material mak-
ing up the cathode. From such evidence, he concluded that a cathode ray consists of
a beam of negatively charged particles (or electrons) and that electrons are constituents
of all matter.
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FIGURE 2.6

Millikan’s oil-drop experiment

An atomizer, or spray bottle, introduces a
fine mist of oil drops into the top chamber.
Several drops happen to fall through a small
hole into the lower chamber, where the
experimenter follows the motion of one
drop with a microscope. Some of these
drops have picked up one or more electrons
as a result of friction in the atomizer and
have become negatively charged. A nega-
tively charged drop will be attracted upward
when the experimenter turns on a current to
the electric plates. The drop’s upward speed
(obtained by timing its rise) is related to its
mass-to-charge ratio, from which you can
calculate the charge on the electron.

FIGURE 2.7

Alpha-particle scattering from metal foils
Alpha radiation is produced by a radioactive
source and formed into a beam by a lead
plate with a hole in it. (Lead absorbs the
radiation.) Scattered alpha particles are
made visible by a zinc sulfide screen, which
emits tiny flashes where particles strike it.

A movable microscope is used for viewing
the flashes.
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Charged
plate (+)

Charged oil drop — Microscope

Charged
plate (-)

Window

Viewing chamber

From his experiments, Thomson could also calculate the ratio of the electron’s
mass, m,, to its electric charge, e. He could not obtain either the mass or the
charge separately, however. In 1909 the U.S. physicist Robert Millikan performed a
series of ingenious experiments in which he obtained the charge on the electron by
observing how a charged drop of oil falls in the presence and in the absence of an
electric field (Figure 2.6). From this type of experiment, the charge on the electron is
found to be 1.602 X 10™"° coulombs (the coulomb, abbreviated C, is a unit of elec-
tric charge). If you use this charge with the most recent value of the mass-to-charge
ratio of the electron, you obtain an electron mass of 9.109 X 1073! kg, which is more
than 1800 times smaller than the mass of the lightest atom (hydrogen). This shows
quite clearly that the electron is indeed a subatomic particle.

The Nuclear Model of the Atom

Ernest Rutherford (1871-1937), a British physicist, put forth the idea of the
nuclear model of the atom in 1911, based on experiments done in his laboratory
by Hans Geiger and Ernest Marsden. These scientists observed the effect of bom-
barding thin gold foil (and other metal foils) with alpha radiation from radioactive
substances such as uranium (Figure 2.7). Rutherford had already shown that alpha
rays consist of positively charged particles. Geiger and Marsden found that most
of the alpha particles passed through a metal foil as though nothing were there,
but a few (about 1 in 8000) were scattered at large angles and sometimes almost
backward.

According to Rutherford’s model, most of the mass of the atom (99.95% or more)
is concentrated in a positively charged center, or nucleus, around which the negatively
charged electrons move. Although most of the mass of an atom is in its nucleus, the
nucleus occupies only a very small portion of the space of the atom. Nuclei have
diameters of about 10~ "> m (107 pm), whereas atomic diameters are about 107 m
(100 pm), a hundred thousand times larger. If you were to use a golf ball to repre-
sent the nucleus, the atom would be about 3 miles in diameter!
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FIGURE 2.8

Representation of the scattering of alpha
particles by a gold foil

Most of the alpha particles pass through the
foil barely deflected. A few, however, collide
with gold nuclei and are deflected at large
angles. (The relative sizes of nuclei are
smaller than can be drawn here.)

2.3

The simplest way to obtain the
nuclear charge is by analyzing the
X rays emitted by the element when
irradiated with cathode rays. This is
discussed in the essay at the end of
Section 8.2.
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The nuclear model easily explains the results of bombarding gold and other
metal foils with alpha particles. Alpha particles are much lighter than gold atoms.
(Alpha particles are helium nuclei.) Most of the alpha particles pass through the
metal atoms of the foil, undeflected by the lightweight electrons. When an
alpha particle does happen to hit a metal-atom nucleus, however, it is scattered at
a wide angle because it is deflected by the massive, positively charged nucleus
(Figure 2.8).

Concept Check 2.2

What would be a feasible model for the atom if Geiger and Marsden had found
that 7999 out of 8000 alpha particles were deflected back at the alpha-particle
source?

Nuclear Structure; Isotopes

The nucleus of an atom also has a structure; the nucleus is composed of two differ-
ent kinds of particles, protons and neutrons. The type of alpha-particle scattering
experiment that led to the nuclear model of the atom was also instrumental in clari-
fying this structure of the nucleus.

An important property of the nucleus is its electric charge. One way to determine
the value of the positive charge of a nucleus is by analyzing the distribution of alpha
particles scattered from a metal foil; other experiments also provide the nuclear
charge. < From such experiments, researchers discovered that each element has a
unique nuclear charge that is an integer multiple of the magnitude of the electron
charge. This integer, which is characteristic of an element, is called the atomic num-
ber (Z). A hydrogen atom nucleus, whose magnitude of charge equals that of the elec-
tron, has the smallest atomic number, which is 1.

In 1919, Rutherford discovered that hydrogen nuclei, or what we now call pro-
tons, form when alpha particles strike some of the lighter elements, such as nitrogen.
A proton is a nuclear particle having a positive charge equal to that of the electron
and a mass more than 1800 times that of the electron. When an alpha particle col-
lides with a nitrogen atom, a proton may be knocked out of the nitrogen nucleus. The
protons in a nucleus give the nucleus its positive charge.

The atomic number (Z) is therefore the number of protons in the nucleus of an
atom. Because you can determine the atomic number experimentally, you can deter-
mine unambiguously whether or not a sample is a pure element or if perhaps you
have discovered a new element. We can now state the definition of an element with
more precision than we could in Section 2.1. An element is a substance whose
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FIGURE 2.9

A representation of two isotopes

of carbon

The drawing shows the basic particles
making up the carbon-12 and carbon-13
isotopes. (The relative sizes of the nuclei
are much exaggerated here.)

Isotopes were first suspected in
about 1912 when chemically
identical elements with different
atomic masses were found in
radioactive materials. The most
convincing evidence, howeuver, came
from the mass spectrometer,
discussed in Section 2.4.
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TABLE 2.1 Properties of the Electron, Proton, and Neutron

Particle Mass (kg) Charge (C) Mass (amu)* Charge (e)
Electron  9.10939 x 103!  —1.60218 X 10~  0.00055 -1
Proton 1.67262 X 10727 +1.60218 X 107"  1.00728 ]
Neutron  1.67493 X 10727 0 1.00866 0

*The atomic mass unit (amu) equals 1.66054 X 107% kg; it is defined in Section 2.4.

atoms all have the same atomic number. The inside back cover of the book lists
the elements and their atomic numbers (see the Table of Atomic Numbers and
Atomic Masses).

The neutron was also discovered by alpha-particle scattering experiments. When
beryllium metal is irradiated with alpha rays, a strongly penetrating radiation is
obtained from the metal. In 1932 the British physicist James Chadwick (1891-1974)
showed that this penetrating radiation consists of neutral particles, or neutrons. The
neutron is a nuclear particle having a mass almost identical to that of the proton but
no electric charge. When beryllium nuclei are struck by alpha particles, neutrons are
knocked out. Table 2.1 compares the masses and charges of the electron and the two
nuclear particles, the proton and the neutron.

Now consider the nucleus of some atom, say of the naturally occurring sodium
atom. The nucleus contains 11 protons and 12 neutrons. Thus, the charge on the
sodium nucleus is +11e, which we usually write as simply + 11, meaning + 11 units
of electron charge e. Similarly, the nucleus of a naturally occurring aluminum atom
contains 13 protons and 14 neutrons; the charge on the nucleus is +13.

We characterize a nucleus by its atomic number (Z) and its mass number (A). The
mass number (A) is the total number of protons and neutrons in a nucleus. The
nucleus of the naturally occurring sodium atom has an atomic number of 11 and a
mass number of 23 (11 + 12).

A nuclide is an atom characterized by a definite atomic number and mass num-
ber. The shorthand notation for any nuclide consists of the symbol of the element with
the atomic number written as a subscript on the left and the mass number as a super-
script on the left. You write the nuclide symbol for the naturally occurring sodium
nuclide as follows:

Mass number — 23
Atomic number — 11

Na

An atom is normally electrically neutral, so it has as many electrons about its
nucleus as the nucleus has protons; that is, the number of electrons in a neutral atom
equals its atomic number. A sodium atom has a nucleus of charge +11, and around
this nucleus are 11 electrons (with a charge of —11, giving the atom a charge of 0).

All nuclei of the atoms of a particular element have the same atomic number,
but the nuclei may have different mass numbers. Isotopes are atoms whose nuclei
have the same atomic number but different mass numbers; that is, the nuclei have
the same number of protons but different numbers of neutrons. Sodium has only one
naturally occurring isotope, which we denote by the same symbol we used for the
nuclide (37Na); we also call the isotope sodium-23. Naturally occurring oxygen is
a mixture of isotopes; it contains 99.759% oxygen-16, 0.037% oxygen-17, and
0.204% oxygen-18. <

Figure 2.9 may help you to visualize the relationship among the different sub-
atomic particles in the isotopes of an element. The size of the nucleus as represented
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in the figure is very much exaggerated in order to show the numbers of protons and
neutrons. In fact, the space taken up by the nucleus is minuscule compared with the
region occupied by electrons. Electrons, although extremely light particles, move
throughout relatively large diffuse regions, or “shells,” about the nucleus of an atom.

Example 2.1 Writing Nuclide Symbols

What is the nuclide symbol for a nucleus that contains
38 protons and 50 neutrons?

Problem Strategy To solve this problem, we need
to keep in mind that the number of protons in the
nucleus (the atomic number) is what uniquely identifies
an element and that the mass number is the sum of the

you will note that the element with atomic number
38 is strontium, symbol Sr. The mass number is 38 +
50 = 88. The symbol is 3gSr.

Answer Check When writing elemental symbols, as
you have done here, make sure that you always capital-
ize only the first letter of the symbol.

protons and neutrons.
P Exercise 2.1 | A nucleus consists of 17 protons
Solution From the Table of Atomic Numbers and and 18 neutrons. What is its nuclide symbol?

Atomic Masses on the inside back cover of this book,

B See Problems 2.47 and 2.48.

2.4 | Atomic Masses

A central feature of Dalton’s atomic theory was the idea that an atom of an element
has a characteristic mass. Now we know that a naturally occurring element may be a
mixture of isotopes, each isotope having its own characteristic mass. However, the
percentages of the different isotopes in most naturally occurring elements have
remained essentially constant over time and in most cases are independent of the ori-
gin of the element. Thus, what Dalton actually calculated were average atomic masses
(actually average relative masses, as we will discuss). Since you normally work with
naturally occurring mixtures of elements (whether in pure form or as compounds), it
is indeed these average atomic masses that you need in chemical work. <

Some variation of isotopic
composition occurs in a number
of elements, and this limits the
significant figures in their average
atomic masses.

Relative Atomic Masses

Dalton could not weigh individual atoms. What he could do was find the average mass
of one atom relative to the average mass of another. We will refer to these relative
atomic masses as atomic masses. To see how Dalton obtained his atomic masses,
imagine that you burn hydrogen gas in oxygen. The product of this reaction is water,
a compound of hydrogen and oxygen. By experiment, you find that 1.0000 gram of
hydrogen reacts with 7.9367 g of oxygen to form water. To obtain the atomic mass
of oxygen (relative to hydrogen), you need to know the relative numbers of hydrogen
atoms and oxygen atoms in water. As you might imagine, Dalton had difficulty with
this. Today we know that water contains two atoms of hydrogen for every atom of
oxygen. So the atomic mass of oxygen is 2 X 7.9367 = 15.873 times that of the mass
of the average hydrogen atom. <

FIGURE 2.10

A mass spectrometer
This instrument measures the masses of

atoms and molecules. Atomic Mass Units

Dalton had assumed the formula for
water to be HO. Using this formula
and accurate data, he would have
obtained 7.9367 for the relative
atomic weight of oxygen.

Dalton’s hydrogen-based atomic mass scale was eventually replaced by a scale based
on oxygen and then, in 1961, by the present carbon-12 mass scale. This scale depends
on measurements of atomic mass by an instrument called a mass spectrometer
(Figure 2.10), which we will describe briefly later in this section. You make accurate
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FIGURE 2.12

Representations of the three naturally
occurring isotopes of Ne

Top to bottom: Ne-20, Ne-21, and Ne-22.
Ne-20 is the most abundant isotope.

|

Fractional abundance

18 19 20 21 22 23
Atomic mass (amu)

FIGURE 2.13

The mass spectrum of neon
Neon is separated into its isotopes Ne-20,

Ne-21, and Ne-22. The height at each mass

peak is proportional to the fraction of that
isotope in the element.
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FIGURE 2.11

Diagram of a simple mass spectrometer, showing the separation of neon isotopes

Neon gas enters an evacuated chamber, where neon atoms form positive ions when they collide with
electrons. Positively charged neon atoms, Ne™*, are accelerated from this region by the negative grid and
pass between the poles of a magnet. The beam of positively charged atoms is split into three beams by
the magnetic field according to the mass-to-charge ratios. The three beams then travel to a detector at the
end of the tube. (The detector is shown here as a photographic plate; in modern spectrometers, the
detector is electronic, and the mass positions are recorded on a computer.)

measurements of mass on this instrument by comparing the mass of an atom to the
mass of a particular atom chosen as a standard. On the present atomic mass scale, the
carbon-12 isotope is chosen as the standard and is arbitrarily assigned a mass of
exactly 12 atomic mass units. One atomic mass unit (amu) is, therefore, a mass unit
equal to exactly one-twelfth the mass of a carbon-12 atom.

On this modern scale, the atomic mass of an element is the average atomic mass
for the naturally occurring element, expressed in atomic mass units. A complete table
of atomic masses appears on the inside back cover of this book. (Atomic mass is
sometimes referred to as atomic weight. Although the use of the term weight in
atomic weight is not strictly correct, it is sanctioned by convention to mean ‘“aver-
age atomic mass.”)

Mass Spectrometry and Atomic Masses

Earlier we noted that you use a mass spectrometer to obtain accurate masses of atoms.
The earliest mass spectrometers measured the mass-to-charge ratios of positively
charged atoms using the same ideas that Thomson used to study electrons. Modern
instruments may use other techniques, but all measure the mass-to-charge ratios of
positively charged atoms (and molecules as well). Figure 2.11 shows a simplified
sketch of a mass spectrometer running a neon sample (see the essay on page 98 for
a discussion of modern mass spectrometry).

Mass spectrometers produce a mass spectrum, which shows the relative numbers
of atoms for various masses. If a sample of neon, which has the three isotopes
depicted in Figure 2.12, is introduced into a mass spectrometer, it produces the mass
spectrum shown in Figure 2.13. This mass spectrum gives us all of the information
we need to calculate the atomic mass of neon: the masses of all of the isotopes
(neon-20, neon-21, and neon-22) and the relative number, or fractional abundance,
of each isotope. The fractional abundance of an isotope is the fraction of the total
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number of atoms that is composed of a particular isotope. The fractional abundances
of the neon isotopes in naturally occurring neon are neon-20, 0.9051; neon-21,
0.0027; and neon-22, 0.0922.

You calculate the atomic mass of an element by multiplying each isotopic mass
by its fractional abundance and summing the values. If you do that for neon using the
data given here, you will obtain 20.179 amu. The next example illustrates the calcu-
lation in full for chromium.

Example 2.2 Determining Atomic Mass from Isotopic Masses and Fractional Abundances

Chromium, Cr, has the following isotopic masses and
fractional abundances:

Solution Multiply each isotopic mass by its frac-
tional abundance, then sum:

Mass Isotopic Fractional 49.9461 amu X 0.0435 = 2.17 amu
Number Mass (amu)  Abundance 51.9405 amu X 0.8379 = 43.52 amu
53.9389 amu X 0.0236 = 1.27 amu
52 51.9405 0.8379 -
51.99 amu

53 52.9407 0.0950 ' . )
54 53.9389 0.0236 The atomic mass of chromium is 51.99 amu.

Answer Check The average mass (atomic mass)
should be near the mass of the isotope with greatest

What is the atomic mass of chromium?

Problem Strategy The type of average used to cal-
culate the atomic mass of an element is similar to the
“average” an instructor might use to obtain a student’s
final grade in a class. Suppose the student has a total

abundance: in this case, 51.9405 amu with fractional
abundance of 0.8379. This provides a quick check on
your answer to this type of problem; any “answer” that
is far from this will be incorrect.

exam grade of 76 and a total laboratory grade of 84. The
instructor decides to give a weight of 70% to the exams
and 30% to the laboratory. How would the instructor cal-

ing isotopes:

Chlorine consists of the follow-

culate the final grade? He or she would multiply each Isotopic Fractional

type of grade by its weight factor and add the results: Isotope Mass (amu) Abundance
(76 X 0.70) + (84 X 0.30) = 78 Chlorine-35 34.96885 0.75771
Chlorine-37 36.96590 0.24229

The final grade is closer to the exam grade, because the

instructor chose to give the exam grade greater weight. What is the atomic mass of chlorine?

B See Problems 2.51, 2.52, 2.53, and 2.54.

2.5 | Periodic Table of the Elements

In 1869 the Russian chemist Dmitri Mendeleev (1834—1907) (Figure 2.14) and the
German chemist J. Lothar Meyer (1830-1895), working independently, made similar
discoveries. They found that when they arranged the elements in order of atomic mass,
they could place them in horizontal rows, one row under the other, so that the ele-
ments in each vertical column have similar properties. A tabular arrangement of
elements in rows and columns, highlighting the regular repetition of properties of the
elements, is called a periodic table.
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FIGURE 2.14

Dmitri Ilvanovich Mendeleev (1834-1907)
Mendeleev constructed a periodic table as
part of his effort to systematize chemistry. He
received many international honors for his
work, but his reception in czarist Russia was
mixed. He had pushed for political reforms
and made many enemies as a result.

FIGURE 2.15

A modern form of the periodic table
This table is also given on the inside front
cover of the book.

Main-Group Elements
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Eventually, more accurate determinations of atomic masses revealed discrepancies
in this ordering of the elements. However, in the early part of this century, it was
shown that the elements are characterized by their atomic numbers, rather than atomic
masses. When the elements in the periodic table are ordered by atomic number, such
discrepancies vanish.

A modern version of the periodic table, with the elements arranged by atomic
number, is shown in Figure 2.15 (see also inside front cover). Each entry lists the
atomic number, atomic symbol, and atomic mass of an element. This is a convenient
way of tabulating such information, and you should become familiar with using the
periodic table for that purpose. As we develop the subject matter of chemistry through-
out the text, you will see how useful the periodic table is.

Periods and Groups

The basic structure of the periodic table is its division into rows and columns, or
periods and groups. A period consists of the elements in any one horizontal row of
the periodic table. A group consists of the elements in any one column of the peri-
odic table.

The first period of elements consists of only hydrogen (H) and helium (He).
The second period has 8 elements, beginning with lithium (Li) and ending with
neon (Ne). There is then another period of 8 elements, and this is followed by a
period having 18 elements, beginning with potassium (K) and ending with kryp-
ton (Kr). The fifth period also has 18 elements. The sixth period actually consists
of 32 elements, but in order for the row to fit on a page, part of it appears at the
bottom of the table. Otherwise the table would have to be expanded, with the addi-
tional elements placed after barium (Ba, atomic number 56). The seventh period,

Main-Group Elements
A
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though not complete, also has some of its elements placed as a row at the bottom
of the table.

The groups are usually numbered. The numbering frequently seen in North
America labels the groups with Roman numerals and A’s and B’s. In Europe a simi-
lar convention has been used, but some columns have the A’s and B’s interchanged.
To eliminate this confusion, the International Union of Pure and Applied Chemistry
(IUPAC) suggested a convention in which the columns are numbered 1 to 18. Fig-
ure 2.15 shows the traditional North American and the [UPAC conventions. When we
refer to an element by its periodic group, we will use the traditional North American
convention. The A groups are called main-group (or representative) elements; the B
groups are called transition elements. The two rows of elements at the bottom of the
table are called inner transition elements (the first row is referred to as the lan-
thanides; the second row, as the actinides).

As noted earlier, the elements in any one group have similar properties. For exam-
ple, the elements in Group IA, often known as the alkali metals, are soft metals that
react easily with water. (Hydrogen, a gas, is an exception and might better be put in
a group by itself.) Sodium is an alkali metal. So is potassium. The Group VIIA ele-
ments, known as halogens, are also reactive elements. Chlorine is a halogen. We have
already noted its vigorous reaction with sodium. Bromine, which is a red-brown lig-
uid, is another halogen. It too reacts vigorously with sodium.

Metals, Nonmetals, and Metalloids

The elements of the periodic table in Figure 2.15 are divided by a heavy “staircase”
line into metals on the left and nonmetals on the right. A metal is a substance or mix-
ture that has a characteristic luster, or shine, and is generally a good conductor of
heat and electricity. Except for mercury, the metallic elements are solids at room tem-
perature (about 20°C). They are more or less malleable (can be hammered into sheets)
and ductile (can be drawn into wire).

A nonmetal is an element that does not exhibit the characteristics of a metal. Most
of the nonmetals are gases (for example, chlorine and oxygen) or solids (for exam-
ple, phosphorus and sulfur). The solid nonmetals are usually hard, brittle substances.

When these pure semiconductor Bromine is the only liquid nonmetal.
elements have small amounts of Most of the elements bordering the staircase line in the periodic table (Figure 2.15)
certain other elements added to are metalloids, or semimetals. A metalloid, or semimetal, is an element having both

g;i;nm(g Eer%c]:egsosocdalclgyall dicélt)c::sggj‘ they metallic and nonmetallic properties. These elements, such as silicon (Si) and germa-

electricity. Semiconductors are the nium (Ge), are usually good semiconductors—elements that, when pure, are poor con-
critical materials in solid-state ductors of electricity at room temperature but become moderately good conductors at
electronic devices. higher temperatures. <

P Exercise 2.3 | By referring to the periodic table (Figure 2.15 or inside front cover),
identify the group and period to which each of the following elements belongs. Then decide

whether the element is a metal, nonmetal, or metalloid.

a. Se b. Cs c. Fe d. Cu e. Br

M See Problems 2.57 and 2.58.

Concept Check 2.3

Consider the elements He, Ne, and Ar. Can you come up with a reason why they
are in the same group in the periodic table?



A Chemist Looks at . . .

of Stability

It appears that scien-
tists have now been on
the “Island of Stabil-
ity”—for at least 30 sec-
onds. In recent years,
the island of stability
has attracted nuclear
scientists the way
Mount Everest has attracted mountain climbers. Like
mountain climbers, scientists have wanted to surmount
their own tallest peak—discovery of the relatively stable,
superheavy nuclide at the peak of stability that is sur-
rounded by foothills comprised of less stable nuclides. Dis-
covering the superheavy nuclide at the peak would also
mean discovering a new element—a task that has had its
allure since Lavoisier gave currency to the concept of ele-
ments in the late eighteenth century.

Theoretical physicists predicted the existence of the
island of stability, centered at element 114 with mass
number 298, in the 1960s. The term stability refers here to
that of the atomic nucleus. An unstable nucleus tends to
fall apart by radioactive decay—a piece spontaneously
flies off the nucleus, leaving a different one behind. Ap-
proximately 275 nuclides are completely stable, or nonra-
dioactive. All of these nuclides have atomic numbers (or

frontiers
—

Thirty Seconds on the Island

numbers of protons) no greater than 83 (the atomic num-
ber for the element bismuth). Beyond bismuth, all ele-
ments are radioactive and become increasingly unstable.
In fact, none of the original, primeval elements past ura-
nium (element 92)—the transuranium elements—exists
any longer; they have long since vanished by radioactive
decay. Scientists have made transuranium elements in
the laboratory, however.

In February 1996, for example, scientists at Darmstadt,
Germany, produced a few atoms of element 112 by bom-
barding a lead target with zinc atoms. Each atom of ele-
ment 112 lasted only about 240 microseconds. We can
represent the result by a nuclear equation, which is simi-
lar to a chemical equation (described at the end of the
chapter).

30Zn + *5Pb — 773Uub + ¢n

We introduced the nuclide symbols used here in Section
2.3. The equation is a summary of the following. A high-
speed zinc-70 nucleus (as an ion, which is an electrically
charged atom) smashes into a lead-208 target where, as
the arrow denotes, it yields new products, a nucleus of
element 112 (mass number 277) and a neutron, denoted gn.
Element 112 has the provisional name of ununbium until
several other laboratories can reproduce the work, after
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Atomic theory has developed steadily since Dalton’s time and has become the cor-
nerstone of chemistry. It results in an enormous simplification: all of the millions of
compounds we know today are composed of the atoms of just a few elements. Now
we look more closely at how we describe the composition and structure of chemical
substances in terms of atoms.

Chemical Formulas; Molecular and lonic Substances

The chemical formula of a substance is a notation that uses atomic symbols with
numerical subscripts to convey the relative proportions of atoms of the different
elements in the substance. Consider the formula of aluminum oxide, Al,Os. This
means that the compound is composed of aluminum atoms and oxygen atoms in
the ratio 2 : 3. Consider the formula for sodium chloride, NaCl. When no subscript
is written for a symbol, it is assumed to be 1. Therefore, the formula NaCl means



which the discoverer may name it. Figure 2.16 shows the
ion accelerator (UNILAC) that produced the zinc ions for
this experiment.

Scientists in Dubna, north of Moscow in Russia, and
their American collaborators from Lawrence Livermore

FIGURE 2.16 A

Within the UNILAC ion accelerator

The accelerator consists of a series of electrodes arranged one after the other
in a copper-plated steel container. Each electrode accelerates the ion. Eventu-
ally, the ion gains sufficient speed, and therefore energy, to cause its nucleus
to fuse on collision with a target atom nucleus giving a new nucleus.

1:1 (Figure 2.17).

ular and ionic.

FIGURE 2.17

Sodium chloride model
This model of a sodium chloride crystal illus-
trates the 1: 1 packing of the Na™* and CI™ ions.

Laboratory in California produced one atom of element 114
(provisional name ununquadium) in December 1998, plac-
ing scientists on the shore of the island of stability. In this
experiment, scientists bombarded a plutonium-244 target
with calcium-48 atoms.

3oCa + 243Pu — 3¥5Uuq + 3on

The atom of element 114 lasted about 30 seconds. While a
30-second lifetime may seem brief, it is many times longer
than that seen in the previously discovered element 112.
This same group of scientists has recently reported (in
2001) the discovery of element 116 (ununhexium).

As a rather bizarre footnote to this story, the “discov-
ery” of element 118 was reported in 1999 by scientists at
Lawrence Berkeley National Laboratory in California. Two
years later, these scientists reported that they were unable
to reproduce their results. The laboratory fired one of the
scientists, who they alleged had faked the data. Fortu-
nately, fraud is rather unusual in chemistry; when it does
occur, it is discovered, as in this case, when the work can-
not be reproduced. Notably, element 118 was rediscovered
in 2006 by the same Russian and American team who dis-
covered elements 114 and 116, bringing scientists one step
closer to the island of stability.

B See Problems 2.131 and 2.132.

that the compound is composed of sodium atoms and chlorine atoms in the ratio

Additional information may be conveyed by different kinds of chemical formulas.
To understand this, we need to look briefly at two main types of substances: molec-

Molecular Substances

A molecule is a definite group of atoms that are chemically bonded together—that is,
tightly connected by attractive forces. The nature of these strong forces is discussed in
Chapters 9 and 10. A molecular substance is a substance that is composed of molecules,

all of which are alike. The molecules in such a substance are so small that even extremely

Another way to understand the
large numbers of molecules involved
in relatively small quantities of
matter is to consider 1 g of water
(about one-fifth teaspoon). It con-
tains 3.3 X 10?* water molecules. If
you had a penny for every molecule
in this quantity of water, the height
of your stack of pennies would be
about 300 million times the distance
from the earth to the sun.

minute samples contain tremendous numbers of them. One billionth (10~°) of a drop of
water, for example, contains about 2 trillion (2 X 1012) water molecules. <

A molecular formula gives the exact number of different atoms of an element in a
molecule. The hydrogen peroxide molecule contains two hydrogen atoms and two oxy-
gen atoms chemically bonded. Therefore, its molecular formula is H,O,. Other simple
molecular substances are water, H,O; ammonia, NHs; carbon dioxide, CO,; and ethanol
(ethyl alcohol), C;HgO. In Chapter 3, you will see how we determine such formulas.

55
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FIGURE 2.18 P

Examples of molecular and structural
formulas, molecular models, and
electrostatic potential maps

Three common molecules—water, ammonia,
and ethanol—are shown. The electrostatic
potential map representation at the bottom
of the figure illustrates the distribution of
electrons in the molecule using a color
spectrum. Colors range from red (relatively
high electron density) all the way to blue
(low electron density).

FIGURE 2.19 A

Molecular models of some
elementary substances

Top to bottom: Chlorine, Cl,; white
phosphorus, P,; and sulfur, Sg.

Ammonia Ethanol
Molecular
formula

NH, C,HO

il
H—?—?—O—H
H H

Structural
formula

Molecular
model

(ball-and-
stick type)

Molecular
model
(space-
filling type)

Electrostatic
potential
map

The atoms in a molecule are not simply piled together randomly. Rather, the atoms
are chemically bonded in a definite way. A structural formula is a chemical formula
that shows how the atoms are bonded to one another in a molecule. For example, it
is known that each of the hydrogen atoms in the water molecule is bonded to the
oxygen atom. Thus, the structural formula of water is H—O—H. A line joining two
atomic symbols in such a formula represents the chemical bond connecting the atoms.
Figure 2.18 shows some structural formulas. Structural formulas are sometimes
condensed in writing. For example, the structural formula of ethanol may be written
CH;CH,OH or C,HsOH, depending on the detail you want to convey.

The atoms in a molecule are not only connected in definite ways but exhibit def-
inite spatial arrangements as well. Chemists often construct molecular models as an
aid in visualizing the shapes and sizes of molecules. Figure 2.18 shows molecular
models for several compounds. While the ball-and-stick type of model shows the
bonds and bond angles clearly, the space-filling type gives a more realistic feeling of
the space occupied by the atoms. Chemists also use computer-generated models of
molecules, which can be produced in a variety of forms.

Some elements are molecular substances and are represented by molecular formulas.
Chlorine, for example, is a molecular substance and has the formula Cl,, each molecule
being composed of two chlorine atoms bonded together. Sulfur consists of molecules
composed of eight atoms; its molecular formula is Sg. Helium and neon are composed
of isolated atoms; their formulas are He and Ne, respectively. Other elements, such as
carbon (in the form of graphite or diamond), do not have a simple molecular structure
but consist of a very large, indefinite number of atoms bonded together. These elements
are represented simply by their atomic symbols. (An important exception is a form of
carbon called buckminsterfullerene, which was discovered in 1985 and has the molecu-
lar formula Cg.) Models of some elementary substances are shown in Figure 2.19.

An important class of molecular substances is the polymers. Polymers are very
large molecules that are made up of a number of smaller molecules repeatedly linked
together. Monomers are the small molecules that are linked together to form the poly-
mer. A good analogy for the formation of polymers from monomers is that of mak-
ing a chain of paper clips. Say you have boxes of red, blue, and yellow paper clips.



FIGURE 2.20

F,C—=CF, monomer and Teflon®

Top: Model of the monomer used to make
Teflon®, CF,CF,. Center: Model showing
linkage of CF,CF, monomers that make
Teflon®. Bottom: Pan with Teflon® coating.
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Each paper clip represents a monomer. You can make a large chain of paper clips,
representing the polymer, with a variety of patterns and repeating units. One chain
might involve a repeating pattern of two red, three yellow, and one blue. Another chain
might consist of only blue paper clips. Just like the paper clips, the creation of a
particular polymer in a laboratory involves controlling both the monomers that are
being linked together and the linkage pattern.

Polymers are both natural and synthetic. Hard plastic soda bottles are made from
chemically linking two different monomers in an alternating pattern. Wool and silk are
natural polymers of amino acids linked by peptide bonds. Nylon® for fabrics, Kevlar®
for bulletproof vests, and Nomex® for flame-retardant clothing all contain a CONH link-
age. Plastics and rubbers are also polymers that are made from carbon- and hydrogen-
containing monomers. Even the Teflon® coating on cookware is a polymer that is the
result of linking CF,CF, monomers (Figure 2.20). From these examples, it is obvious
that polymers are very important molecular materials that we use every day in a wide
variety of applications. For more on the chemistry of polymers, refer to Chapter 24.

lonic Substances

Although many substances are molecular, others are composed of ions (pronounced
“eye’-ons”). An ion is an electrically charged particle obtained from an atom or chem-
ically bonded group of atoms by adding or removing electrons. Sodium chloride is a
substance made up of ions.

Although isolated atoms are normally electrically neutral and therefore contain
equal numbers of positive and negative charges, during the formation of certain com-
pounds atoms can become ions. Metal atoms tend to lose electrons, whereas non-
metals tend to gain electrons. When a metal atom such as sodium and a nonmetal
atom such as chlorine approach one another, an electron can transfer from the metal
atom to the nonmetal atom to produce ions.

An atom that picks up an extra electron becomes a negatively charged ion, called
an anion (pronounced “an’-ion”). An atom that loses an electron becomes a positively
charged ion, called a cation (“cat’-ion”). A sodium atom, for example, can lose an
electron to form a sodium cation (denoted Na®). A chlorine atom can gain an elec-
tron to form a chloride anion (denoted Cl ). A calcium atom can lose two electrons
to form a calcium cation, denoted Ca®". Note that the positive-two charge on the ion
is indicated by a superscript 2+.

Some ions consist of two or more atoms chemically bonded but having an excess or
deficiency of electrons so that the unit has an electric charge. An example is the sulfate
ion, SO,>~. The superscript 2— indicates an excess of two electrons on the group of atoms.

An ionic compound is a compound composed of cations and anions. Sodium chlo-
ride consists of equal numbers of sodium ions, Na™, and chloride ions, Cl~. The
strong attraction between positive and negative charges holds the ions together in a
regular arrangement in space. For example, in sodium chloride, each Na™ ion is sur-
rounded by six Cl~ ions, and each Cl™ ion is surrounded by six Na™* ions. The result
is a crystal, which is a kind of solid having a regular three-dimensional arrangement
of atoms, molecules, or (as in the case of sodium chloride) ions. Figure 2.21 shows
sodium chloride crystals and two types of models used to depict the arrangement of
the ions in the crystal. The number of ions in an individual sodium chloride crystal
determines the size of the crystal.

The formula of an ionic compound is written by giving the smallest possible inte-
ger number of different ions in the substance, except that the charges on the ions are
omitted so that the formulas merely indicate the atoms involved. For example, sodium
chloride contains equal numbers of Na™ and Cl~ ions. The formula is written NaCl
(not Na*C17). Iron(IIl) sulfate is a compound consisting of iron(II) ions, Fe*", and
sulfate ions, SO, ", in the ratio 2 : 3. The formula is written Fe5(SO,)s, in which paren-
theses enclose the formula of an ion composed of more than one atom (again, omit-
ting ion charges); parentheses are used only when there are two or more such ions.
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FIGURE 2.21 A

The sodium chloride crystal

Left: A photograph showing crystals of sodium chloride. Center: A model of a portion of a crystal detailing
the regular arrangement of sodium ions and chloride ions. Each sodium ion is surrounded by six chloride
ions, and each chloride ion is surrounded by six sodium ions. Right: A model highlighting the packing
arrangement of the sodium and chloride ions in a solid sodium chloride crystal.

Although ionic substances do not contain molecules, we can speak of the smallest
unit of such a substance. The formula unit of a substance is the group of atoms or ions
explicitly symbolized in the formula. For example, the formula unit of water, H,O, is
the H,O molecule. The formula unit of iron(IIT) sulfate, Fe,(SO,)s, consists of two Fe> "
jons and three SO,>~ ions. The formula unit is the smallest unit of such substances.

All substances, including ionic compounds, are electrically neutral. You can use
this fact to obtain the formula of an ionic compound, given the formulas of the ions.
This is illustrated in the following example.

Example 2.3 Writing an Ionic Formula, Given the Ions

a. Chromium(III) oxide is used as a green paint pigment (Figure 2.22). It is
a compound composed of Cr’* and O~ ions. What is the formula of
chromium(IIT) oxide?

b. Strontium oxide is a compound composed of Sr*" and O> ions. Write the
formula of this compound.

Problem Strategy Because a compound is neutral, the sum of positive and T —
negative charges equals zero. Consider the ionic compound CaCl,, which con-

sists of one Ca®" ion and two Cl~ ions. The sum of the charges is EIGUREN2 122 -~

Chromium(lll) oxide

1X((H#+2) +2X(-1)=0 The compound is used as a green
——— — o s
Positive charge  Negative charge palnt plgmen’[.

(continued)
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Note that the number of calcium ions in CaCl, equals the magnitude of charge on the chlo-
ride ion (1), whereas the number of chloride ions in CaCl, equals the magnitude of charge
on the calcium ion (2). In general, you use the magnitude of charge on one ion to obtain
the subscript for the other ion. You may need to simplify the formula you obtain this way
so that it expresses the simplest ratio of ions.

Solution a. You can achieve electrical neutrality by taking as many cations as there are
units of charge on the anion and as many anions as there are units of charge on the cation.
Two Cr’" ions have a total charge of 6+, and three O>~ ions have a total charge of 6—,
giving the combination a net charge of zero. The simplest ratio of Cr** to O>” is 2 : 3, and
the formula is Cr,03. Note that the charge (without its sign) on one ion becomes the sub-

script of the other ion.

Cr@_ or  Cr,04

b. You see that equal numbers of Sr** and O®~ ions will give a neutral com-
pound. Thus, the formula is SrO. If you use the units of charge to find the sub-

scripts, you get

Sr@_ or  Sr,0,

The final formula is SrO, because this gives the simplest ratio of ions.

Answer Checlkk When writing ionic formulas, always make certain that the
formula that you write reflects the smallest whole-number ratio of the ions. For
example, using the technique presented in this example, Pb*" and O*~ combine

to give Pb,O,4; however, the correct formula is PbO,, which reflects the simplest FIGURE 2.23 A

whole-number ratio of ions.

Potassium chromate
Many compounds of chromium have bright

Potassium chromate is an important compound of  iors which is the origin of the name of
chromium (Figure 2.23). It is composed of K™ and CrO,>~ ions. Write the for-  the element. It comes from the Greek word

mula of the compound.

2.7

FIGURE 2.24 A

Molecular model of urea (CH;N,0)
Urea was the first organic molecule
deliberately synthesized by a chemist from
non-organic compounds.

chroma, meaning “color.”

M See Problems 2.75 and 2.76.

Organic Compounds

An important class of molecular substances that contain carbon combined with
other elements, such as hydrogen, oxygen, and nitrogen is organic compounds.
Organic chemistry is the area of chemistry that is concerned with these compounds
(Chapter 23 is devoted to this topic). Historically, organic compounds were
restricted to those that could be produced only from living entities and were thought
to contain a “vital force” based on their natural origin. The concept of the vital force
was disproved in 1828 when a German chemist, Friedrick Wohler, synthesized urea
(a molecular compound in human urine, CH4N>O, Figure 2.24) from the molecular
compounds ammonia (NHs) and cyanic acid (HNCO). His work clearly demon-
strated that a given compound is exactly the same whether it comes from a living
entity or is synthesized.

Organic compounds make up the majority of all known compounds. Since 1957,
more than 13 million (60%) of the recorded substances in an international materials
registry have been listed as organic. You encounter organic compounds in both liv-
ing and nonliving materials every day. The proteins, amino acids, enzymes, and DNA
that make up your body are all either individual organic molecules or contain organic
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Vs p molecules. Table sugar, peanut oil, antibiotic medicines, and methanol (windshield
b % washer) are all examples of organic molecules as well. Organic chemistry and the
compounds produced by the reactions of organic molecules are probably responsi-
CH, C,H, ble for the majority of the materials that currently surround you as you read this page
Methane Ethane of text.

C,Hy CH,
Propane Acetylene

Q

CHy CH,OH
Benzene Methanol

CH,CH,OCH,CH,
Diethyl ether

2.8

The simplest organic compounds are hydrocarbons. Hydrocarbons are those
compounds containing only hydrogen and carbon. Common examples include
methane (CH,), ethane (C,Hg), propane (CsHg), acetylene (C,H,), and benzene
(CgHg). Hydrocarbons are used extensively as sources of energy for heating our
homes, for powering internal combustion engines, and for generating electricity.
They also are the starting materials for most plastics. Much of the mobility
and comfort of our current civilization is built on the low cost and availability of
hydrocarbons.

The chemistry of organic molecules is often determined by groups of atoms in the
molecule that have characteristic chemical properties. A functional group is a reac-
tive portion of a molecule that undergoes predictable reactions. When you use the
term alcohol when referring to a molecular compound, you actually are indicating a
molecule that contains an —OH functional group. Methyl alcohol has the chemical
formula CH3OH. The term ether indicates that an organic molecule contains an
oxygen atom between two carbon atoms, as in diethyl ether (CH3;CH,OCH,CH3).
Table 2.2 contains a few examples of organic functional groups along with example
compounds.

Chapter 23 contains a much more extensive treatment of organic chemistry. Due
to its importance and its relation to living organisms, a substantial part of your future
chemistry experience will likely be in the field of organic chemistry.

TABLE 2.2 Examples of Organic Functional Groups

Functional Name of Example

Group Functional Group Molecule Common Use

—OH Alcohol Methyl alcohol Windshield washer
(CH;0H)

—0— Ether Dimethyl ether Solvent
(CH50CH3)

—COOH Carboxylic acid Acetic acid Acid in vinegar
(CH5;COOH)

Naming Simple Compounds

Before the structural basis of chemical substances became established, compounds
were named after people, places, or particular characteristics. Examples are Glauber’s
salt (sodium sulfate, discovered by J. R. Glauber), sal ammoniac (ammonium chlo-
ride, named after the ancient Egyptian deity Ammon from the temple near which the
substance was made), and washing soda (sodium carbonate, used for softening wash
water). Today several million compounds are known and thousands of new ones are
discovered every year. Without a system for naming compounds, coping with this
multitude of substances would be a hopeless task. Chemical nomenclature is the
systematic naming of chemical compounds.
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Concept Check 2.4

Identify the following compounds as being a hydrocarbon, an alcohol, an ether, or
a carboxylic acid.

9

(a) (b) (c) (d)

If a compound is not classified as organic, as discussed in Section 2.7, it must be
inorganic. Inorganic compounds are composed of elements other than carbon. A few
notable exceptions to this classification scheme include carbon monoxide, carbon
dioxide, carbonates, and the cyanides; all contain carbon and yet are generally con-
sidered to be inorganic.

In this section, we discuss the nomenclature of some simple inorganic compounds.
We first look at the naming of ionic compounds. Then, we look at the naming of some
simple molecular compounds, including binary molecular compounds (molecular com-
pounds of two elements) and acids. Finally, we look at hydrates of ionic compounds.
These substances contain water molecules in loose association with ionic compounds.

lonic Compounds

Tonic compounds, as we saw in the previous section, are substances composed of ions.
Most ionic compounds contain metal and nonmetal atoms—for example, NaCl. (The
ammonium salts, such as NH4Cl, are a prominent exception.) You name an ionic
compound by giving the name of the cation followed by the name of the anion. For
example,

potassium sulfate

—_—
cation anion
name name

Before you can name ionic compounds, you need to be able to write and name ions.
The simplest ions are monatomic. A monatomic ion is an ion formed from a sin-
gle atom. Table 2.3 lists common monatomic ions of the main-group elements. You

TABLE 2.3 Common Monatomic lons of the Main-Group Elements*

IA 1A 1A IVA VA VIA VIIA
Period 1 o
Period 2 Li" Be?*t B F~
Period 3 Na™® Mg** AP cl
Period 4 K+ Ca** Ga’*t Br
Period 5 Rb™ Sr2 ™t I3t I
Period 6 Cs*t Ba®™" T, TI**

*Elements shown in color do not normally form compounds having monatomic ions.
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may want to look at the table while you read first the rules for predicting the charges
on such ions and then the rules for naming the monatomic ions.

Rules for Predicting the Charges on Monatomic Ions

1. Most of the main-group metallic elements have one monatomic cation with a

charge equal to the group number in the periodic table (the Roman numeral).
Example: aluminum, in Group IIIA, has a monatomic ion AP,

Some metallic elements of high atomic number are exceptions to the previous
rule; they have more than one cation. These elements have common cations with
a charge equal to the group number minus 2, in addition to having a cation with
a charge equal to the group number. Example: The common ion of lead is Pb**.
(The group number is 4; the charge is 4 — 2.) In addition to compounds contain-
ing Pb>*, some lead compounds contain Pb**.

. Most transition elements form more than one monatomic cation, each with a

different charge. Most of these elements have one ion with a charge of +2.
Example: Iron has common cations Fe?" and Fe**. Copper has common cations
Cu* and Cu**.

. The charge on a monatomic anion for a nonmetallic main-group element equals

the group number minus 8. Example: Oxygen has the monatomic anion O*~. (The
group number is 6; the charge is 6 — 8.)

Rules for Naming Monatomic Ions

1. Monatomic cations are named after the element if there is only one such ion.

The Roman numeral actually
denotes the oxidation state, or
oxidation number, of the atom

in the compound. For a monatomic
ion, the oxidation state equals the
charge. Otherwise, the oxidation
state is a hypothetical charge
assigned in accordance with certain
rules; see Section 4.5.

13+

Example: A is called aluminum ion; Na™ is called sodium ion.

If there is more than one monatomic cation of an element, Rule 1 is not suffi-
cient. The Stock system of nomenclature names the cations after the element, as
in Rule 1, but follows this by a Roman numeral in parentheses denoting the
charge on the ion. Example: Fe?" is called iron(II) ion and Fe*" is called
iron(IIl) ion. <

In an older system of nomenclature, such ions are named by adding the
suffixes -ous and -ic to a stem name of the element (which may be from the
Latin) to indicate the ions of lower and higher charge, respectively. Example:
Fe?* is called ferrous ion; Fe3+, ferric ion. Cu™ is called cuprous ion; Cu®™,
cupric ion.

Table 2.4 lists some common cations of the transition elements. Most of these
elements have more than one ion, so require the Stock nomenclature system or
the older suffix system. A few, such as zinc, have only a single ion that is nor-
mally encountered, and you usually name them by just the metal name. You would
not be wrong, however, if, for example, you named 7Zn’" as zinc(II) ion.

. The names of the monatomic anions are obtained from a stem name of the ele-

ment followed by the suffix -ide. Example: Br™ is called bromide ion, from the
stem name brom- for bromine and the suffix -ide.

TABLE 2.4 Common Cations of the Transition Elements

lon lon Name lon lon Name lon lon Name

crt Chromium(III) or chromic Co*"  Cobalt(Il) or cobaltous Zn**t  Zinc

Mn?" Manganese(II) or manganous Ni** Nickel(II) or nickel AgJr Silver

Fe?™* Iron(II) or ferrous Cu” Copper(I) or cuprous Cd>*  Cadmium

Fe’* Iron(III) or ferric Cu®"  Copper(Il) or cupric Hg?"  Mercury(I) or mercuric



2.8 Naming Simple Compounds 63

TABLE 2.5 Some Common Polyatomic lons

Name Formula Name Formula
Mercury(I) or mercurous ng2+ Permanganate MnO,
Ammonium NH," Nitrite NO,~
Cyanide CN™ Nitrate NO;
Carbonate CO5*~ Hydroxide OH
Hydrogen carbonate (or bicarbonate) HCO; Peroxide 0>~
Acetate C,H;0,~ Phosphate PO~
Oxalate C,04%~ Monohydrogen phosphate HPO,*~
Hypochlorite ClIO™ Dihydrogen phosphate H,PO,
Chlorite ClO,~ Sulfite S0;%~
Chlorate ClO5 Sulfate S0,
Perchlorate Clo, Hydrogen sulfite (or bisulfite) HSO;
Chromate CrO,>~ Hydrogen sulfate (or bisulfate) HSO,
Dichromate Cr,0,>~ Thiosulfate S,05%
A polyatomic ion is an ion consisting of two or more atoms chemically bonded
‘ together and carrying a net electric charge. Table 2.5 lists some common polyatomic
ions. The first two are cations (ngzJr and NH,"); the rest are anions. There are no
simple rules for writing the formulas of such ions, although you will find it helpful
to note a few points.
Most of the ions in Table 2.5 are oxoanions (also called oxyanions), which con-
SO, sist of oxygen with another element (called the characteristic or central element).
Sulfur, for example, forms the oxoanions sulfate ion, SO427, and sulfite ion, SO327
(Figure 2.25). The oxoanions in the table are grouped by the characteristic element.
For instance, the sulfur ions occur as a group at the end of the table.
Note that the names of the oxoanions have a stem name from the characteristic
element, plus a suffix -ate or -ite. These suffixes denote the relative number of oxy-
5 gen atoms in the oxoanions of a given characteristic element. The name of the oxoan-
SO; ion with the greater number of oxygen atoms has the suffix -ate; the name of the
FIGURE 2.25

Sulfate and sulfite oxoanions
Molecular models of the sulfate (top) and
sulfite (bottom) oxoanions.

oxoanion with the lesser number of oxygen atoms has the suffix -ite. The sulfite ion,
SO327, and sulfate ion, SO427, are examples. Another example are the two oxoan-
ions of nitrogen listed in Table 2.5:

NO, nitrite ion
NO; ™~ nitrate ion

Unfortunately, the suffixes do not tell you the actual number of oxygen atoms in the
oxoanion, only the relative number. However, if you were given the formulas of the
two anions, you could name them.

The two suffixes -ite and -ate are not enough when there are more than two
oxoanions of a given characteristic element. The oxoanions of chlorine are an exam-
ple. Table 2.5 lists four oxoanions of chlorine: CIO, ClO, , ClIO3 , and CIO, . In
such cases, two prefixes hypo- and per- are used in addition to the two suffixes. The
two oxoanions with the least number of oxygen atoms (CIO ™ and ClO, ) are named
using the suffix -ite, and the prefix hypo- is added to the one of these two ions with
the fewer oxygen atoms:

CIO™ hypochlorite ion
ClO, chlorite ion
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The two oxoanions with the greatest number of oxygen atoms (ClO;  and ClO, )
are named using the suffix -afe, and the prefix per- is added to the one of these two
ions with the greater number of oxygen atoms:

ClO5 chlorate ion
Clo, perchlorate ion

Some of the polyatomic ions in Table 2.5 are oxoanions bonded to one or more
hydrogen ions (H"). They are sometimes referred to as acid anions, because acids
are substances that provide H" ions. As an example, monohydrogen phosphate ion,
HPO,>, is essentially a phosphate ion (PO,*7) to which a hydrogen ion (H™)
has bonded. The prefix mono-, from the Greek, means “one.” Similarly, di- is a
prefix from the Greek meaning “two,” so dihydrogen phosphate ion is a phosphate
ion to which two hydrogen ions have bonded. In an older terminology, ions such
as hydrogen carbonate and hydrogen sulfate were called bicarbonate and bisulfate,
respectively.

The last anion in the table is thiosulfate ion, S,05”~. The prefix thio- means that an
oxygen atom in the root ion name (sulfate, SO,°~) has been replaced by a sulfur atom.

There are only a few common polyatomic cations. Those listed in Table 2.5 are
the mercury(I) ion (also called mercurous ion) and the ammonium ion. Mercury(I)
ion is one of the few common metal ions that is not monatomic; its formula is
Hg,”". The ion charge indicated in parentheses is the charge per metal atom. The
ammonium ion, NH4+, is one of the few common cations composed of only
nonmetal atoms.

Now that we have discussed the naming of ions, let us look at the naming of
ionic compounds. Example 2.4 illustrates how you name an ionic compound given
its formula.

Example 2.4 Naming an Ionic Compound from Its Formula
|

Name the following: a. Mg;N,, b. CrSO,.

Problem Strategy First, you need to identify the
type of compound that you are dealing with. Because
each of these compounds contains both metal and non-
metal atoms, we expect them to be ionic, so we need to
apply the rules for naming ionic compounds. When
naming ionic compounds, start by writing the formulas
of the cations and anions in the compound, then name
the ions. Look first for any monatomic cations and
anions whose charges are predictable. Use the rules
given in the text to name the ions. For those metals hav-
ing more than one cation, you will need to deduce the
charge on the metal ion (say the ion of Cr in CrSQOy,)
from the charge on the anion. You will need to memo-
rize or have available the formulas and names of the
polyatomic anions to be able to write them from the for-
mula of the compound.

Solution a. Magnesium, a Group IIA metal, is
expected to form only a 24 ion (Mg®*, the magnesium

ion). Nitrogen (Group VA) is expected to form an anion
of charge equal to the group number minus 8 (N°~, the
nitride ion). You can check that these ions would give
the formula Mgs;N,. The name of the compound is
magnesium nitride (the name of the cation followed by
the name of the anion).

b. Chromium is a transition element and, like most such
elements, has more than one monatomic ion. You can
find the charge on the Cr ion if you know the formula
of the anion. From Table 2.5, you see that the SO, in
CrSO, refers to the anion SO,>~ (the sulfate ion). There-
fore, the Cr cation must be Cr*" to give electrical neu-
trality. The name of Cr*" is chromium(Il) ion, so the
name of the compound is chromium(II) sulfate.

Answer Check Whenever you have to name a com-
pound, you can check your answer to see if the name
will lead you back to the correct formula.

‘m Write the names of the follow-

ing compounds: a. CaO, b. PbCrO,.

M See Problems 2.77 and 2.78.
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Example 2.5 Writing the Formula from the Name of an Ionic Compound

Write formulas for the following compounds: a. iron(II)
phosphate, b. titanium(IV) oxide.

Problem Strategy As in all nomenclature problems,
first determine the type of compound you are working
with. The compounds presented in this problem contain
both metal and nonmetal atoms, so they are ionic. Use
the name of the compound, obtain the name of the ions,

have access to Table 2.5.) Once you know the formulas
of the ions, you use the method of Example 2.3 to obtain
the formula. The formula is Fe3(PQy),.

b. Titanium(IV) oxide is composed of titanium(IV)
jons, Ti**, and oxide ions, O . The formula of tita-
nium(IV) oxide is TiO,.

Answer Check Whenever you have to write the for-

and then write the formulas of the ions. Finally, use the
method of Example 2.3 to obtain the formula of the com-
pound from the formulas of the ions.

mula of a compound from its name, make sure that the
formula you have written will result in the correct name.

P Exercise 2.6 | A compound has the name
thallium(IIl) nitrate. What is its formula? The symbol of
thallium is TI.

Solution a. Iron(Il) phosphate contains the iron(Il)
jon, Fe ", and the phosphate ion, PO43_. (You will need
to have memorized the formula of the phosphate ion, or

M See Problems 2.79 and 2.80.

Binary Molecular Compounds

A binary compound is a compound composed of only two elements. Binary com-
pounds composed of a metal and a nonmetal are usually ionic and are named as
ionic compounds, as we have just discussed. (For example, NaCl, MgBr,, and
AlL,Nj; are all binary ionic compounds.) Binary compounds composed of two non-
metals or metalloids are usually molecular and are named using a prefix system.
Examples of binary molecular compounds are H,O, NH;, and CCl,. Using this pre-
fix system, you name the two elements using the order given by the formula of the
compound.

Order of Elements in the Formula The order of elements in the formula of a
binary molecular compound is established by convention. By this convention, the non-
metal or metalloid occurring first in the following sequence is written first in the for-
mula of the compound.

Element E&E Sb AsPN H Te Se S I BrCl O F
Group 1A IVA VA VIA VIIA

You can reproduce this order easily if you have a periodic table available. You arrange
the nonmetals and metalloids in the order of the groups of the periodic table, listing
the elements from the bottom of the group upward. Then you place H between Groups
VA and VIA, and move O so that it is just before F.

This order places the nonmetals and metalloids approximately in order of increas-
ing nonmetallic character. Thus, in the formula, the first element is the more metal-
lic and the second element is the more nonmetallic, similar to the situation with binary
ionic compounds. For example, the compound whose molecule contains three fluor
ine atoms and one nitrogen atom is written NF3, not F3N.

Rules for Naming Binary Molecular Compounds Now let us look at the rules
for naming binary molecular compounds by the prefix system.

1. The name of the compound usually has the elements in the order given in the
formula.
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TABLE 2.6

Greek Prefixes for
Naming Compounds

Number Prefix

mono-
di-

tri-
tetra-
penta-
hexa-
hepta-
octa-

O 00 9 O Lt A W N =

nona-

—
@

deca-
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2. You name the first element using the exact element name.

3. You name the second element by writing the stem name of the element with the
suffix -ide (as if the element occurred as the anion).

4. You add a prefix, derived from the Greek, to each element name to denote the
subscript of the element in the formula. (The Greek prefixes are listed in
Table 2.6.) Generally, the prefix mono- is not used, unless it is needed to distin-
guish two compounds of the same two elements.

Consider N,O3. This is a binary molecular compound, as you would predict
because N and O are nonmetals. According to Rule 1, you name it after the ele-
ments, N before O, following the order of elements in the formula. By Rule 2, the
N is named exactly as the element (nitrogen), and by Rule 3, the O is named as
the anion (oxide). The compound is a nitrogen oxide. Finally, you add prefixes to
denote the subscripts in the formula (Rule 4). As Table 2.6 shows, the prefix for
two is di-, and the prefix for three is fri-. The name of the compound is dinitro-
gen trioxide.

Here are some examples to illustrate how the prefix mono- is used. There is only
one compound of hydrogen and chlorine: HCI. It is called hydrogen chloride, not
monohydrogen monochloride, since the prefix mono- is not generally written. On the
other hand, there are two common compounds of carbon and oxygen: CO and CO,.
They are both carbon oxides. To distinguish one from the other, we name them car-
bon monoxide and carbon dioxide, respectively.

Here are some other examples of prefix names for binary molecular compounds.

sulfur hexafluoride
dichlorine hept(a)oxide

SE,  sulfur tetrafluoride SFg
ClO, chlorine dioxide Cl,0,

The final vowel in a prefix is often dropped before a vowel in a stem name, for ease
in pronunciation. Tetraoxide, for instance, becomes tetroxide.

A few compounds have older, well-established names. The compound H,S
would be named dihydrogen sulfide by the prefix system, but is commonly
called hydrogen sulfide. NO is still called nitric oxide, although its prefix name is
nitrogen monoxide. The names water and ammonia are used for H,O and NHj,
respectively.

Example 2.6 Naming a Binary Compound from Its Formula

Name the following compounds: a. N,Oy, b. P4Og.

Problem Strategy First, you need to determine the
type of compound that you are dealing with: molecular
or ionic. In this case the compound contains only non-
metals, so it is molecular. Molecular compounds require
that you use the Greek prefixes (Table 2.6), naming the
elements in the same order as in the formulas.

Solution a. N,0, contains two nitrogen atoms and
four oxygen atoms. Consulting Table 2.6 reveals that the

corresponding prefixes are di- and fetra-, so the name is
dinitrogen fetroxide.

b. P,O¢ contains four phosphorus atoms and six oxygen
atoms. Consulting Table 2.6 reveals that the corre-
sponding prefixes are fetra- and hexa-, so the name is
tetraphosphorus hexoxide.

Answer Check Check to see whether the name leads
back to the correct formula.

Name the following compounds:
a. CIZOGa b. PC13, C. PCIS

B See Problems 2.83 and 2.84.
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Example 2.7 Writing the Formula from the Name of a Binary Compound

Give the formulas of the following compounds: a. disulfur Solution You change the names of the elements to
dichloride, b. tetraphosphorus trisulfide. symbols and translate the prefixes to subscripts. The for-
mulas are a. S,Cl, and b. P4Ss;.

Problem Strategy As always, first determine

whether you are working with a molecular or ionic com- Answer Check Check to see whether the formula
pound. Because these compounds contain only non- you have written will result in the correct name.
metals, they must be molecular. Given that they are i

molecular, you will need to use the Greek prefixes in Give formulas for the following
Table 2.6 to give you the corresponding names for each compounds: a. carbon disulfide, b. sulfur trioxide.
subscript.

M See Problems 2.85 and 2.86.

Example 2.8 Naming a Binary Chemical Compound from Its Molecular Model

Name the chemical compounds shown here.

Problem Strategy After recognizing that these are molecular compounds, start

by writing down the elements using subscripts to denote how many atoms of each

element occur in the compound. Next, determine which element should be written (a) (b)
first in the chemical formula. (The more metallic element is written first.)

Solution a. The elements in the compound are O and N. There are two O atoms for each
N atom, so the chemical formula could be O,N. Applying the rule for writing the more
metallic element first, the formula is rearranged to yield the correct formula, NO,. Using
Greek prefixes and naming the elements in the order in which they appear, we get the cor-
rect chemical formula: nitrogen dioxide.

b. Following the same procedure as part a, we get chlorine monofluoride.

Answer Check Make sure that the answer reflects the correct number of each of the ele-
ments given in the molecular structure.

Using the molecular models, name the following chemical compounds:

(a) (b)

B See Problems 2.87 and 2.88.
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FIGURE 2.26
Molecular model of nitric acid

Acids and Corresponding Anions

Acids are an important class of compounds, and we will look closely at them in the
next chapter. Here we want merely to see how we name these compounds and how
they are related to the anions that we encounter in some ionic compounds. For our
present purposes, an acid is a molecular compound that yields hydrogen ions, H",
and an anion for each acid molecule when the acid dissolves in water. An example is
nitric acid, HNO5. The HNO; molecule yields one H"* ion and one nitrate ion, NO; ™,
in aqueous (water) solution.

Nitric acid, HNOs, is an oxoacid, or oxyacid (Figure 2.26). An oxoacid is an acid
containing hydrogen, oxygen, and another element (often called the central atom). In
water the oxoacid molecule yields one or more hydrogen ions, H", and an oxoanion.
The names of the oxoacids are related to the names of the corresponding oxoanions.
If you know the name of the oxoanion, you can obtain the name of the correspon-
ding acid by replacing the suffix as follows:

Anion Suffix Acid Suffix
-ate -ic
-ite -ous
The following diagram illustrates how to apply this information to naming oxoacids.
Acid Contains Name
HNO; =——p nitrate anion therefore nitric acid

L i

ate to ic

HNO, =—> nitrite anion therefore nitrous acid

f

ite to ous

Table 2.7 lists some oxoanions and their corresponding oxoacids.

Some binary compounds of hydrogen and nonmetals yield acidic solutions when
dissolved in water. These solutions are named like compounds by using the prefix
hydro- and the suffix -ic with the stem name of the nonmetal, followed by the word
acid. We denote the solution by the formula of the binary compound followed by (aq)

TABLE 2.7 Some Oxoanions and Their Corresponding Oxoacids

Oxoanion Oxoacid

CO;*~ Carbonate ion H,CO, Carbonic acid
NO, Nitrite ion HNO, Nitrous acid

NO;s Nitrate ion HNO; Nitric acid

PO~ Phosphate ion H;PO, Phosphoric acid
NoXm Sulfite ion H,SO; Sulfurous acid
NoXem Sulfate ion H,SO, Sulfuric acid
ClO™ Hypochlorite ion HCIO Hypochlorous acid
ClO, Chlorite ion HCIO, Chlorous acid
ClO5 Chlorate ion HCIO; Chloric acid

Clo, Perchlorate ion HCIO, Perchloric acid
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for aqueous (water) solution. The corresponding binary compound can be distin-
guished from the solution by appending the state of the compound to the formula.
Thus, when hydrogen chloride gas, HCI(g), is dissolved in water, it forms hydrochlo-
ric acid, HCl(aq).

hydrogen chloride
hydrochloric acid
Here are some other examples:
Binary Compound Acid Solution

HBr(g), hydrogen bromide  hydrobromic acid, HBr(aq)
HF(g), hydrogen fluoride hydrofluoric acid, HF(aq)

Example 2.9 Writing the Name and Formula of an Anion from the Acid

Selenium has an oxoacid, H,SeOy,, called selenic acid. Solution When you remove two H' ions from
What is the formula and name of the corresponding H,SeO,, you obtain the SeO,*~ ion. You name the ion
anion? from the acid by replacing -ic with -afe. The anion is

lled the selenate ion.
Problem Strategy Knowing that H,SeO, is an oxy- catled the sefenate ton

acid, we must first determine the oxoanion name from Answer Check Check to see whether the name you
the examples provided in Table 2.7. From the oxoanion have written leads back to the correct formula.

name you determine whether a prefix (per- or hypo-) is

necessary and whether the proper suffix is -ife or -ate. What are the name and formula
You then name the anion. of the anion corresponding to perbromic acid, HBrO,?

B See Problems 2.89 and 2.90.

Hydrates

A hydrate is a compound that contains water molecules weakly bound in its crystals.
These substances are often obtained by evaporating an aqueous solution of the com-
pound. Consider copper(Il) sulfate. When an aqueous solution of this substance is
evaporated, blue crystals form in which each formula unit of copper(Il) sulfate,
CuSQy, is associated with five molecules of water. The formula of the hydrate is writ-
ten CuSO,4:5H,0, where a centered dot separates CuSO, and 5SH,0O. When the blue
crystals of the hydrate are heated, the water is driven off, leaving behind white crys-
tals of copper(Il) sulfate without associated water, a substance called anhydrous cop-
per(Il) sulfate (see Figure 2.27).

FIGURE 2.27 A Hydrates are named from the anhydrous compound, followed by the word
Copper(ll) sulfate hydrate with a prefix to indicate the number of water molecules per formula unit
The hydrate CuSO,+5H,0 is blue; the of the compound. For example, CuSO4:5H,0 is known as copper(Il) sulfate

anhydrous compound, CuSQ,, is white. pentahydrate.
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Example 2.10 Naming a Hydrate from Its Formula

|
Epsom salts has the formula MgSO,+7H,0. What is the

chemical name of the substance?

Problem Strategy You need to identify the type of
compound that you are dealing with, ionic or molecu-
lar. Because this compound contains both metals and
nonmetals, it is ionic. However, this compound has the
additional feature that it contains water molecules.
Therefore, you need to apply ionic naming rules and
then use Greek prefixes (Table 2.6) to indicate the
number of water molecules that are part of the formula.

The word hydrate will be used to represent water in
the name.

Solution MgSO, is magnesium sulfate. MgSO,-7H,0O
is magnesium sulfate heptahydrate.

Answer Check Make sure that the name leads back
to the formula that you started with.

Washing soda has the formula
Na,CO5-10H,0. What is the chemical name of this sub-
stance?

M See Problems 2.91 and 2.92.

Example 2.11 Writing the Formula from the Name of a Hydrate

The mineral gypsum has the chemical name calcium
sulfate dihydrate. What is the chemical formula of this
substance?

Problem Strategy You need to identify the type of
compound that you are dealing with, ionic or molecular.
Because this compound contains both metals and non-
metals, it is ionic. However, this compound has the addi-
tional feature that it contains water molecules. There-
fore, we need to apply ionic naming rules and then use
Greek prefixes (Table 2.6) to indicate the number of
water molecules that are part of the formula. The word
hydrate will be used to represent water in the name.

Concept Check 2.5

Solution Calcium sulfate is composed of calcium
jons (Ca>") and sulfate ions (SO,>7), so the formula
of the anhydrous compound is CaSO,. Since the min-
eral is a dihydrate, the formula of the compound is
CaS0y4:2H,0.

Answer Check Make sure that the formula will
result in the correct name that you started with.

Photographers’ hypo, used to fix
negatives during the development process, is sodium
thiosulfate pentahydrate. What is the chemical formula
of this compound?

M See Problems 2.93 and 2.94.

You take a job with the U.S. Environmental Protection Agency (EPA) inspecting
college chemistry laboratories. On the first day of the job while inspecting Generic
University you encounter a bottle with the formula Al,Q; that was used as an
unknown compound in an experiment. Before you send the compound off to the
EPA [lab for analysis, you want to narrow down the possibilities for element Q.
What are the likely (real element) candidates for element Q?

Chemical Reactions: Equations

An important feature of atomic theory is its explanation of a chemical reaction as a
rearrangement of the atoms of substances. The reaction of sodium metal with chlo-
rine gas described in the chapter opening involves the rearrangement of the atoms of
sodium and chlorine to give the new combination of atoms in sodium chloride. Such
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Platinum is a silvery-white metal
used for jewelry. It is also valuable
as a catalyst for many reactions,
including those that occur in the

catalytic converters of automobiles.

2.10
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a rearrangement of atoms is conveniently represented by a chemical equation, which
uses chemical formulas.

Writing Chemical Equations

A chemical equation is the symbolic representation of a chemical reaction in terms
of chemical formulas. For example, the burning of sodium in chlorine to produce
sodium chloride is written

2Na + Cl, — 2NaCl

The formulas on the left side of an equation (before the arrow) represent the reac-
tants; a reactant is a starting substance in a chemical reaction. The arrow means
“react to form” or “yield.” The formulas on the right side represent the products; a
product is a substance that results from a reaction. Note the coefficient of 2 in front
of the formula NaCl. Coefficients in front of the formula give the relative number of
molecules or formula units involved in the reaction. When no coefficient is written,
it is understood to be 1.

In many cases, it is useful to indicate the states or phases of the substances in an
equation. You do this by placing appropriate labels indicating the phases within paren-
theses following the formulas of the substances. You use the following phase labels:

(g) = gas, (I) = liquid, (s) = solid, (aqg) = aqueous (water) solution
When you use these labels, the previous equation becomes
2Na(s) + Cly(g) — 2NaCl(s)

You can also indicate in an equation the conditions under which a reaction takes
place. If the reactants are heated to make the reaction go, you can indicate this by
putting the symbol A (capital Greek delta) over the arrow. For example, the equation

INaNOs(s) —2> 2NaNO,(s) + Os(g)

indicates that solid sodium nitrate, NaNO3, decomposes when heated to give solid
sodium nitrite, NaNO,, and oxygen gas, O,.

When an aqueous solution of hydrogen peroxide, H,O,, comes in contact with
platinum metal, Pt, the hydrogen peroxide decomposes into water and oxygen gas.
The platinum acts as a catalyst, a substance that speeds up a reaction without under-
going any net change itself. You write the equation for this reaction as follows. The
catalyst, Pt, is written over the arrow. <

Pi
2H,0,(ag) — 2H,0(1) + 05(g)

You also can combine the symbol A with the formula of a catalyst, placing one above
the arrow and the other below the arrow.

Balancing Chemical Equations

When the coefficients in a chemical equation are correctly given, the numbers of
atoms of each element are equal on both sides of the arrow. The equation is then said
to be balanced. That a chemical equation should be balanced follows from atomic
theory. A chemical reaction involves simply a recombination of the atoms; none are
destroyed and none are created. Consider the burning of natural gas, which is com-
posed mostly of methane, CH,. Using atomic theory, you describe this as the chem-
ical reaction of one molecule of methane, CH,, with two molecules of oxygen, O,,
to form one molecule of carbon dioxide, CO,, and two molecules of water, H,O.

CH4 + 202 — C02 + 2H20
one molecule + two molecules reactto  one molecule + two molecules
of methane of oxygen form  of carbon dioxide of water
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FIGURE 2.28

Representation of the reaction of
methane with oxygen

Molecular models represent the reaction of
CH, with O, to give CO, and H,0.

FIGURE 2.29

The burning of propane gas

Propane gas, CsHg, from the tank burns by
reacting with oxygen, O,, in air to give
carbon dioxide, CO,, and water, H,O.

Balancing equations this way is
relatively quick for all but the most
complicated equations. A special
method for such equations is
described in Chapter 19.

Figure 2.28 represents the reaction in terms of molecular models.

Before you can write a balanced chemical equation for a reaction, you must deter-
mine by experiment those substances that are reactants and those that are products.
You must also determine the formulas of each substance. Once you know these things,
you can write the balanced chemical equation.

As an example, consider the burning of propane gas (Figure 2.29). By experiment,
you determine that propane reacts with oxygen in air to give carbon dioxide and water.
You also determine from experiment that the formulas of propane, oxygen, carbon
dioxide, and water are C3Hg, O,, CO,, and H,O, respectively. Then you can write

C3H8 + 02 — C02 + Hzo

This equation is not balanced because the coefficients that give the relative number
of molecules involved have not yet been determined. To balance the equation, you
select coefficients that will make the numbers of atoms of each element equal on both
sides of the equation.

Because there are three carbon atoms on the left side of the equation (C3Hg), you
must have three carbon atoms on the right. This is achieved by writing 3 for the coef-
ficient of CO,.

lC3H8 + 02 e 3(:02 + H20

(We have written the coefficient for C3Hg to show that it is now determined; normally
when the coefficient is 1, it is omitted.) Similarly, there are eight hydrogen atoms on
the left (in C3Hg), so you write 4 for the coefficient of H,O.

lC3H8 + 02 e §C02 + éHzO

The coefficients on the right are now determined, and there are ten oxygen atoms on
this side of the equation: 6 from the three CO, molecules and 4 from the four H,O
molecules. You now write 5 for the coefficient of O,. We drop the coefficient 1 from
C;Hg and have the balanced equation.

C3H8 + 502 — 3C02 + 4H20

It is a good idea to check your work by counting the number of atoms of each ele-
ment on the left side and then on the right side of the equation.
The combustion of propane can be equally well represented by

2C3H8 + 1002 — 6C02 + 8H2O

in which the coefficients of the previous equation have been doubled. Usually, how-
ever, it is preferable to write the coefficients so that they are the smallest whole num-
bers possible. When we refer to a balanced equation, we will assume that this is the
case unless otherwise specified.

The method we have outlined—called balancing by inspection—is essentially
a trial-and-error method. < It can be made easier, however, by observing the fol-
lowing rule:

Balance first the atoms for elements that occur in only one substance on each
side of the equation.
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The usefulness of this rule is illustrated in the next example. Remember that in any
formula, such as Fe,(SO,)s, a subscript to the right of the parentheses multiplies each
subscript within the parentheses. Thus, Fe,(SO,4); represents 4 X 3 oxygen atoms.
Remember also that you cannot change a subscript in any formula; only the coeffi-
cients can be altered to balance an equation.

Example 2.12 Balancing Simple Equations

Balance the following equations.
a. H3PO3 —_— H3PO4 + PH3 b. Ca + Hzo — Ca(OH)2 ol H2
C. Fez(SO4)3 + NH3 O HzO — FC(OH):; ar (NH4)2SO4

Problem Strategy Look at the chemical equation for atoms of elements that occur in
only one substance on each side of the equation. Begin by balancing the equation in one
of these atoms. Use the number of atoms on the left side of the arrow as the coefficient of
the substance containing that element on the right side, and vice versa. After balancing one
element in an equation, the rest become easier.

Solution a. Oxygen occurs in just one of the products (H3PO,). It is therefore easiest to
balance O atoms first. To do this, note that H;PO5 has three O atoms; use 3 as the coeffi-
cient of H;PO, on the right side. There are four O atoms in H;PO, on the right side; use
4 as the coefficient of H;PO5 on the left side.

4H;PO; — 3H;PO, + PH;
This equation is now also balanced in P and H atoms. Thus, the balanced equation is
4H;PO; — 3H;P0, + PH;
b. The equation is balanced in Ca atoms as it stands.
1Ca + H,O — 1Ca(OH), + H,
O atoms occur in only one reactant and in only one product, so they are balanced next.
1Ca + 2H,O — 1Ca(OH), + H,
The equation is now also balanced in H atoms. Thus, the answer is
Ca + 2H,0 — Ca(OH), + H,
c. To balance the equation in Fe atoms, you write
1Fe,(SO4); + NH; + H,O —— 2Fe(OH); + (NH4),SOy4
You balance the S atoms by placing the coefficient 3 for (NH4),SOy,.
1Fe5(SO4)3 + 6NH; + H,O —— 2Fe(OH); + 3(NH,4),SO,
Now you balance the N atoms.
1Fe5(SO4)3 + 6NH; + H,O —— 2Fe(OH); + 3(NH,4),SO,

To balance the O atoms, you first count the number of O atoms on the right (18). Then you
count the number of O atoms in substances on the left with known coefficients. There are
12 O’s in Fe,(SO,);; hence, the number of remaining O’s (in H,O) must be 18 — 12 = 6.

1Fe5(SO4)3 + 6NH;3 + 6H,O —— 2Fe(OH); + 3(NH,4),SO,

(continued)
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(continued)
Finally, note that the equation is now balanced in H atoms. The answer is

Fe,(SO4); + 6NH; + 6H,0 — 2Fe(OH); + 3(NH,4),SO,

Answer Check As a final step when balancing chemical equations, always count the
number of atoms of each element on both sides of the equation to make certain that they
are equal.

J'_Exercise 2.13 |
a. O, + PCl; — POCl;
b. P, + N, O — P,O4 + N,
c. As,S; + O, — As,03 + SO,
d. Ca;(PO,), + H3PO, — Ca(H,PO,),

Find the coefficients that balance the following equations.

M See Problems 2.97 and 2.98.

A Checklist for Review

Important Terms

atomic theory (2.1)
atom (2.1)

element (2.1, 2.3)
compound (2.1)
chemical reaction (2.1)
atomic symbol (2.1)

atomic mass unit (amu) (2.4)
atomic mass (2.4)

fractional abundance (2.4)
periodic table (2.5)

period (of periodic table) (2.5)
group (of periodic table) (2.5)

cation (2.6)

ionic compound (2.6)
formula unit (2.6)
organic compound (2.7)
hydrocarbon (2.7)
functional group (2.7)

law of multiple
proportions (2.1)

nucleus (2.2)

electron (2.2)

proton (2.3)

atomic number (Z) (2.3)

neutron (2.3)

mass number (A4) (2.3)

nuclide (2.3)

isotope (2.3)

metal (2.5)
nonmetal (2.5)

molecule (2.6)

polymer (2.6)
monomer (2.6)
ion (2.6)
anion (2.6)

Summary of Facts and Concepts

Atomic theory is central to chemistry. According to this theory, all
matter is composed of small particles, or atoms. Each element is
composed of the same kind of atom, and a compound is composed
of two or more elements chemically combined in fixed propor-
tions. A chemical reaction consists of the rearrangement of the
atoms present in the reacting substances to give new chemical
combinations present in the substances formed by the reaction.
Although Dalton considered atoms to be the ultimate particles of
matter, we now know that atoms themselves have structure.
An atom has a nucleus and electrons. These atomic particles were
discovered by J. J. Thomson and Ernest Rutherford.

Thomson established that cathode rays consist of negatively
charged particles, or electrons, that are constituents of all atoms.

metalloid (semimetal) (2.5)
chemical formula (2.6)

molecular formula (2.6)

chemical nomenclature (2.8)
inorganic compound (2.8)
monatomic ion (2.8)
polyatomic ion (2.8)

binary compound (2.8)
oxoacid (2.8)

hydrate (2.8)

chemical equation (2.9)
reactant (2.9)

product (2.9)

Thomson measured the mass-to-charge ratio of the electron, and
later Millikan measured its charge. From these measurements,
the electron was found to be more than 1800 times lighter than
the lightest atom.

Rutherford proposed the nuclear model of the atom to
account for the results of experiments in which alpha particles
were scattered from metal foils. According to this model, the
atom consists of a central core, or nucleus, around which the
electrons exist. The nucleus has most of the mass of the atom and
consists of protons (with a positive charge) and neutrons (with
no charge). Each chemically distinct atom has a nucleus with
a specific number of protons (atomic number), and around the
nucleus in the neutral atom are an equal number of electrons.



The number of protons plus neutrons in a nucleus equals the
mass number. Atoms whose nuclei have the same number of pro-
tons but different number of neutrons are called isotopes.

The atomic mass can be calculated from the isotopic masses
and fractional abundances of the isotopes in a naturally occur-
ring element. These data can be determined by the use of a mass
spectrometer, which separates ions according to their mass-to-
charge ratios.

The elements can be arranged in rows and columns by
atomic number to form the periodic table. Elements in a given
group (column) have similar properties. (A period is a row in the
periodic table.) Elements on the left and at the center of the table
are metals; those on the right are nonmetals.

A chemical formula is a notation used to convey the relative
proportions of the atoms of the different elements in a substance. If
the substance is molecular, the formula gives the precise number of

Media Summary
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each kind of atom in the molecule. If the substance is ionic, the for-
mula gives the relative number of different ions in the compound.

Chemical nomenclature is the systematic naming of com-
pounds based on their formulas or structures. Rules are given for
naming ionic compounds, binary molecular compounds, acids,
and hydrates.

A chemical reaction occurs when the atoms in substances
rearrange and combine into new substances. We represent a reac-
tion by a chemical equation, writing a chemical formula for each
reactant and product. The coefficients in the equation indicate the
relative numbers of reactant and product molecules or formula
units. Once the reactants and products and their formulas have
been determined by experiment, we determine the coefficients
by balancing the numbers of each kind of atom on both sides of
the equation.

Visit the student website at college.hmco.com/pic/ebbing9e to help prepare for class, study for quizzes and exams, understand
core concepts, and visualize molecular-level interactions. The following media activities are available for this chapter:

@ Prepare for Class

Video Lessons Mini lectures from chemistry experts

Early Discoveries and the Atom

Understanding the Nucleus

Understanding Electrons

Modern Atomic Structure

Mass Spectrometry: Determining Atomic Masses
Creating the Periodic Table

Describing Chemical Formulas

Naming Chemical Compounds

An Introduction to Chemical Reactions and Equations
Balancing Chemical Equations

Improve Your Grade

Visualizations Molecular-level animations and lab
demonstration videos

Cathode-Ray Tube

Millikan’s Oil Drop Experiment

Gold Foil Experiment
Determining Formulas for Ionic Compounds
Conservation of Mass and Balancing Equations

Tutorials Animated examples and interactive activities
Isotopes

Determining Formulas for Ionic Compounds

Balancing Chemical Equations

Flashcards Key terms and definitions

Online Flashcards

Self-Assessment Questions Additional questions with
full worked-out solutions

6 Self-Assessment Questions

ACE the Test

Multiple-choice quizzes
3 ACE Practice Tests

Access these resources using the passkey available free with new texts or for purchase separately.

Learniny Ohjectives

2.1 Atomic Theory of Matter

2.2 The Structure of the Atom

| List the postulates of atomic theory.

m Define element, compound, and chemical reaction in the
context of these postulates.

B Recognize the atomic symbols of the elements.

m Explain the significance of the law of multiple proportions.

m Describe Thomson’s experiment in which he discovered the
electron.

H Describe Rutherford’s experiment that led to the nuclear
model of the atom.
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2.3 Nuclear Structure; Isotopes

m Name and describe the nuclear particles making up the
nucleus of the atom.

m Define atomic number, mass number, and nuclide.

B Write the nuclide symbol for a given nuclide.

B Define and provide examples of isotopes of an element.

B Write the nuclide symbol of an element. Example 2.1

2.4 Atomic Masses

m Define atomic mass unit and atomic mass.

B Describe how a mass spectrometer can be used to determine
the fractional abundance of the isotopes of an element.

B Determine the atomic mass of an element from the isotopic
masses and fractional abundances. Example 2.2

2.5 Periodic Table of the Elements

H Identify periods and groups on the periodic table.

B Find the main-group and transition elements on the periodic
table.

B Locate the alkali metal and halogen groups on the periodic
table.

B Recognize the portions of the periodic table that contain the
metals, nonmetals, and metalloids (semimetals).

2.6 Chemical Formulas; Molecular and Ionic
Substances

B Determine when the chemical formula of a compound
represents a molecule.

B Determine whether a chemical formula is also a molecular
formula.

W Define ion, cation, and anion.

m Classify compounds as ionic or molecular.

H Define and provide examples for the term formula unit.

B Specify the charge on all substances, ionic and molecular.

B Write an ionic formula, given the ions. Example 2.3

2.7 Organic Compounds

| List the attributes of molecular substances that make them
organic compounds.

B Explain what makes a molecule a hydrocarbon.
B Recognize some functional groups of organic molecules.

2.8 Naming Simple Compounds

B Recognize inorganic compounds.

M Learn the rules for predicting the charges of monatomic ions
in ionic compounds.

B Apply the rules for naming monatomic ions.

B Learn the names and charges of common polyatomic ions.

B Name an ionic compound from its formula. Example 2.4

H Write the formula of an ionic compound from its name.
Example 2.5

B Determine the order of elements in a binary (molecular)
compound.

M Learn the rules for naming binary molecular compounds,
including the Greek prefixes.

m Name a binary compound from its formula. Example 2.6

B Write the formula of a binary compound from its name.
Example 2.7

® Name a binary molecular compound from its molecular
model. Example 2.8

B Recognize molecular compounds that are acids.

B Determine whether an acid is an oxoacid.

B Learn the approach for naming binary acids and oxoacids.

B Write the name and formula of an anion from the acid.
Example 2.9

B Recognize compounds that are hydrates.

M Learn the rules for naming hydrates.

m Name a hydrate from its formula. Example 2.10

B Write the formula of a hydrate from its name. Example 2.11

2.9 Writing Chemical Equations

m Identify the reactants and products in a chemical equation.
B Write chemical equations using appropriate phase labels,
symbols of reaction conditions, and the presence of a catalyst.

2.10 Balancing Chemical Equations

B Determine if a chemical reaction is balanced.
B Master the techniques for balancing chemical equations.
Example 2.12

Review Questions

2.1 Describe atomic theory and discuss how it explains the
great variety of different substances. How does it explain chem-
ical reactions?

2.2 Two compounds of iron and chlorine, A and B, contain
1.270 g and 1.904 g of chlorine, respectively, for each gram of
iron. Show that these amounts are in the ratio 2:3. Is this consis-
tent with the law of multiple proportions? Explain.

2.3 Explain the operation of a cathode-ray tube. Describe the de-
flection of cathode rays by electrically charged plates placed within
the cathode-ray tube. What does this imply about cathode rays?
2.4 Explain Millikan’s oil-drop experiment.

2.5 Describe the nuclear model of the atom. How does this
model explain the results of alpha-particle scattering from
metal foils?

2.6 What are the different kinds of particles in the atom’s
nucleus? Compare their properties with each other and with
those of an electron.

2.7 Describe how protons and neutrons were discovered to be
constituents of nuclei.

2.8 Oxygen consists of three different

ing eight protons but different numbers of neutrons.
2.9 Describe how Dalton obtained relative atomic masses.

2.10 Briefly explain how a mass spectrometer works. What
kinds of information does one obtain from the instrument?

2.11 Define the term atomic mass. Why might the values of
atomic masses on a planet elsewhere in the universe be different
from those on earth?

212 Whatis the name of the element in Group IVA and Period 5?

, each hav-



2,13 Cite some properties that are characteristic of a metal.
2.14 Ethane consists of molecules with two atoms of carbon and
six atoms of hydrogen. Write the molecular formula for ethane.
2.15 What is the difference between a molecular formula and a
structural formula?
2.16 What is the fundamental difference between an organic
substance and an inorganic substance? Write chemical formulas
of three inorganic molecules that contain carbon.
2.17 Give an example of a binary compound that is ionic. Give
an example of a binary compound that is molecular.
2,18 Which of the following models represent a(n):

a. element

b. compound

€. mixture

d. ionic solid

e. gas made up of an element and a compound

f. mixture of elements

g. solid element

h. solid

i. liquid
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Concept Explorations

2.25 Average Atomic Mass
Part 1: Consider the four identical spheres below, each with a

mass of 2.00 g.
Q000

Calculate the average mass of a sphere in this sample.

Part 2: Now consider a sample that consists of four spheres,
each with a different mass: blue mass is 2.00 g, red mass is 1.75 g,
green mass is 3.00 g, and yellow mass is 1.25 g.

XX
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219 The compounds CuCl and CuCl, were formerly called
cuprous chloride and cupric chloride, respectively. What
are their names using the Stock system of nomenclature? What
are the advantages of the Stock system of nomenclature over the
former one?
2.20 Explain what is meant by the term balanced chemical
equation.
2.21 How many protons, neutrons, and electrons are in
119Sn2+?
50p,69n,48¢e

b. 50 p,69n,50e"

¢ 119p,50n,69¢

d. 69p,50n,69¢

e. 50p,119n,52¢e"
2.22 The atomic mass of Ga is 69.72 amu. There are only two
naturally occurring isotopes of gallium: **Ga, with a mass of
69.0 amu, and "'Ga, with a mass of 71.0 amu. The natural abun-
dance of the ®*Ga isotope is approximately:
15%
30%
50%
65%
80%
2.23 In which of the following are the name and formula cor-
rectly paired?

a. sodium sulfite: Na,S

b. calcium carbonate: Ca(COs3),

¢. magnesium hydroxide: Mg(OH),

d. nitrite: NO,

e. iron (III) oxide: FeO
2.24 A chunk of an unidentified element (let’s call it element
“X”) is reacted with sulfur to form an ionic compound with the
chemical formula X,S. Which of the following elements is the
most likely identity of X?
Mg
Li
Al
C
Cl

I RS

PanFT

a. Calculate the average mass of a sphere in this sample.

b. How does the average mass for a sphere in this sample
compare with the average mass of the sample that consisted
just of the blue spheres? How can such different samples
have their averages turn out the way they did?

Part 3: Consider two jars. One jar contains 100 blue spheres, and
the other jar contains 25 each of red, blue, green, and yellow
colors mixed together.

a. If you were to remove 50 blue spheres from the jar contain-
ing just the blue spheres, what would be total mass of
spheres left in the jar? (Note that the masses of the spheres
are given in Part 2.)
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b. If you were to remove 50 spheres from the jar containing
the mixture (assume you get a representative distribution
of colors), what would be the total mass of spheres left in
the jar?

¢. In the case of the mixture of spheres, does the average mass
of the spheres necessarily represent the mass of an individ-
ual sphere in the sample?

d. If you had 80.0 grams of spheres from the blue sample,
how many spheres would you have?

e. If you had 60.0 grams of spheres from the mixed-color
sample, how many spheres would you have? What assump-
tion did you make about your sample when performing this
calculation?

Part 4: Consider a sample that consists of three green spheres
and one blue sphere. The green mass is 3.00 g, and the blue mass
is 1.00 g.

Q000

a. Calculate the fractional abundance of each sphere in the
sample.

b. Use the fractional abundance to calculate the average mass
of the spheres in this sample.

¢. How are the ideas developed in this Concept Exploration
related to the atomic masses of the elements?

2.26 Model of the Atom

Consider the following depictions of two atoms, which have
been greatly enlarged so you can see the subatomic particles.

2.27 One of the early models of the atom proposed that atoms
were wispy balls of positive charge with the electrons evenly
distributed throughout. What would you expect to observe
if you conducted Rutherford’s experiment and the atom had
this structure?

2.28 A friend is trying to balance the following equation:

N2 + H2 — NH3
He presents you with his version of the “balanced” equation:
N + H3 — NH3

You immediately recognize that he has committed a serious
error; however, he argues that there is nothing wrong, since
the equation is balanced. What reason can you give to con-
vince him that his “method” of balancing the equation is
flawed?

2.29 Given that the periodic table is an organizational
scheme for the elements, what might be some other logical
ways in which to group the elements that would provide mean-
ingful chemical information in a periodic table of your own
devising?

0 0
@ Proton
(* (* ]
() Neutron
(] @ Electron
(*)
Atom A Atom B

a. How many protons are present in atom A?

b. What is the significance of the number of protons depicted
in atom A or any atom?

¢. Can you identify the real element represented by the draw-
ing of atom A? If so, what element does it represent?

d. What is the charge on element A? Explain how you arrived
at your answer.

e. Write the nuclide symbol of atom A.
f. Write the atomic symbol and the atomic number of atom B.

g. What is the mass number of atom B? How does this mass
number compare with that of atom A?

h. What is the charge on atom B?
i. Write the nuclide symbol of element B.

j. Draw pictures like those above of §Li* and §Li~ atoms.
What are the mass number and atomic number of each of
these atoms?

k. Consider the two atoms depicted in this problem and the
two that you just drew. What is the total number of lithium
isotopes depicted? How did you make your decision?

I. Ts the mass number of an isotope of an atom equal to the mass
of the isotope of the atom? Be sure to explain your answer.

2.30 You discover a new set of polyatomic anions that has
the newly discovered element “X” combined with oxygen.
Since you made the discovery, you get to choose the names for
these new polyatomic ions. In developing the names, you want
to pay attention to convention. A colleague in your lab has
come up with a name that she really likes for one of the ions.
How would you name the following in a way consistent with
her name?

Formula Name
X0,%”

X0;>~

X0,2~ excite
X0*~

2.31 You have the mythical metal element “X” that can exist as
X", X?", and X° 7 ions.
a. What would be the chemical formula for compounds formed
from the combination of each of the X ions and SO,>?
b. If the name of the element X is exy, what would be the names
of each of the compounds from part a of this problem?



2.32 Match the molecular model with the correct chemical

formula: CH;OH, NH;, KCI, H,0.

(a) (b) (c) (d)

2.33 Consider a hypothetical case in which the charge on a
proton is twice that of an electron. Using this hypothetical
case, and the fact that atoms maintain a charge of 0, how many
protons, neutrons, and electrons would a potassium-39 atom
contain?

2.34 Currently, the atomic mass unit (amu) is based on being
exactly one-twelfth the mass of a carbon-12 atom and is equal to
1.66 X 10~% kg.

a. If the amu were based on sodium-23 with a mass equal to
exactly 1/23 of the mass of a sodium-23 atom, would the
mass of the amu be different?

b. If the new mass of the amu based on sodium-23 is 1.67 X
10~%” kg, how would the mass of a hydrogen atom, in amu,
compare with the current mass of a hydrogen atom in amu?

2.35 For each of the following chemical reactions, write the
correct element and/or compound symbols, formulas, and coef-
ficients needed to produce complete, balanced equations. In all

2.37 What is the name of the element represented by each of
the following atomic symbols?

a. Ar b. Zn ¢ Ag d. Mg
2.38 For each atomic symbol, give the name of the element.
a. Ca b. Cu ¢ Hg d. Sn

2.39  Give the atomic symbol for each of the following elements.
a. potassium b. sulfur ¢. iron d. manganese

2.40 Give the atomic symbol for each of the following elements.
a. carbon b. sodium ¢. nickel d. lead

Electrons, Protons, and Neutrons

2.41 A student has determined the mass-to-charge ratio for an
electron to be 5.64 X 10~ '? kg/C. In another experiment, using
Millikan’s oil-drop apparatus, he found the charge on the elec-
tron to be 1.605 X 10~' C. What would be the mass of the
electron, according to these data?

242 The mass-to-charge ratio for the positive ion F* is 1.97 X
10”7 kg/C. Using the value of 1.602 X 10~ C for the charge on
the ion, calculate the mass of the fluorine atom. (The mass of the
electron is negligible compared with that of the ion, so the ion
mass is essentially the atomic mass.)

2.43 The following table gives the number of protons and
neutrons in the nuclei of various atoms. Which atom is the
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cases, the reactants are elements and the products are binary

compounds.
a. + — LiCl
b. + - — NaZS
¢ Al + Br, —
d. Mg + N, —
e. + — Ca3P2

2.36 You perform a chemical reaction using the hypothetical
elements A and B. These elements are represented by their mo-
lecular models shown below:

A B,
The product of the reaction represented by molecular models is

a. Using the molecular models and the boxes, present a balanced
chemical equation for the reaction of elements A and B.

b. Using the symbols A and B, for the chemical reaction,
write a balanced chemical equation.
¢. What are some real-element possibilities for element B?

isotope of atom A? Which atom has the same mass number as
atom A?

Protons Neutrons
Atom A 18 19
Atom B 16 19
Atom C 18 18
Atom D 17 20

2.44 The following table gives the number of protons and
neutrons in the nuclei of various atoms. Which atom is the iso-
tope of atom A? Which atom has the same mass number as
atom A?

Protons Neutrons
Atom A 32 39
Atom B 32 38
Atom C 38 50
Atom D 33 38

2.45 Naturally occurring chlorine is a mixture of the isotopes
C1-35 and CI-37. How many protons and how many neutrons are
there in each isotope? How many electrons are there in the
neutral atoms?

246 Naturally occurring lithium is a mixture of §Li and JLi.
Give the number of protons, neutrons, and electrons in the neu-
tral atom of each isotope.
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2.47 What is the nuclide symbol for the nucleus that contains
14 protons and 14 neutrons?

2.48 An atom contains 11 protons and 11 neutrons. What is the
nuclide symbol for the nucleus?

Atomic Masses

2.49 Ammonia is a gas with a characteristic pungent odor. It is
sold as a water solution for use in household cleaning. The gas is
a compound of nitrogen and hydrogen in the atomic ratio 1 : 3.
A sample of ammonia contains 7.933 g N and 1.712 g H. What
is the atomic mass of N relative to H?

2,50 Hydrogen sulfide is a gas with the odor of rotten eggs. The
gas can sometimes be detected in automobile exhaust. It is a
compound of hydrogen and sulfur in the atomic ratio 2 : 1. A
sample of hydrogen sulfide contains 0.587 g H and 9.330 g S.
What is the atomic mass of S relative to H?

2.51 Calculate the atomic mass of an element with two nat-
urally occurring isotopes, from the following data:

Fractional
Isotope Isotopic Mass (amu) Abundance
X-63 62.930 0.6909
X-65 64.928 0.3091

What is the identity of element X?

2.52 An element has two naturally occurring isotopes with the
following masses and abundances:

Isotopic Mass (amu) Fractional Abundance
49.9472 2.500 X 1072
50.9440 0.9975

What is the atomic mass of this element? What is the identity of
the element?

2.53  Anelement has three naturally occurring isotopes with the
following masses and abundances:

Isotopic Mass (amu) Fractional Abundance
38.964 0.9326

39.964 1.000 X 10~*

40.962 0.0673

Calculate the atomic mass of this element. What is the identity of
the element?

2.54 Anelement has three naturally occurring isotopes with the
following masses and abundances:

Isotopic Mass (amu) Fractional Abundance
27.977 0.9221
28.976 0.0470
29.974 0.0309

Calculate the atomic mass of this element. What is the identity of
the element?

2.55 While traveling to a distant universe, you discover the
hypothetical element “X.” You obtain a representative sample of
the element and discover that it is made up of two isotopes, X-23
and X-25. To help your science team calculate the atomic mass

of the substance, you send the following drawing of your sample
with your report.

) =X-23
@ =x25

In the report, you also inform the science team that the gold
atoms are X-23, which have an isotopic mass of 23.02 amu, and
the green atoms are X-25, which have an isotopic mass of 25.147
amu. What is the atomic mass of element X?

2.56 While roaming a parallel universe, you discover the hypo-
thetical element “Z.” You obtain a representative sample of the
element and discover that it is made up of two isotopes, Z-47 and
Z-51. To help your science team calculate the atomic mass of the
substance, you send the following drawing of your sample with
your report.

In the report, you also inform the science team that the blue
atoms are Z-47, which have an isotopic mass of 47.510 amu, and
the orange atoms are Z-51, which have an isotopic mass of
51.126 amu. What is the atomic mass of element Z?

Periodic Table

2.57 Identify the group and period for each of the following.
Refer to the periodic table (Figure 2.15 or inside front cover).
Label each as a metal, nonmetal, or metalloid.

a. C b. Po ¢ Cr d. Mg e. B

2.58 Refer to the periodic table (Figure 2.15 or inside front
cover) and obtain the group and period for each of the following
elements. Also determine whether the element is a metal, non-
metal, or metalloid.

a. S b. Fe ¢. Ba d. Cu e. Ne

2.59 Refer to the periodic table (Figure 2.15 or inside front
cover) and answer the following questions.

a. What Group VIA element is a metalloid?

b. What is the Group IIIA element in Period 3?

2.60 Refer to the periodic table (Figure 2.15 or inside front
cover) and answer the following questions.

a. What Group VA element is a metal?

b. What is the Group IIA element in Period 3?

2.61 Give one example (atomic symbol and name) for each of
the following.
a. a main-group (representative) element in the second period
b. an alkali metal
¢. atransition element in the fourth period
d. alanthanide element

2.62 Give one example (atomic symbol and name) for each of
the following.
a. a transition element in the fifth period
b. a halogen
€. a main-group (representative) element in the second period
d. an actinide element



Molecular and Ionic Substances

2.63 The normal form of the element sulfur is a brittle, yellow
solid. This is a molecular substance, Sg. If this solid is vaporized,
it first forms Sg molecules; but at high temperature, S, molecules
are formed. How do the molecules of the solid sulfur and of the
hot vapor differ? How are the molecules alike?

2.64 White phosphorus is available in sticks, which have
a waxy appearance. This is a molecular substance, P,. When
this solid is vaporized, it first forms P4 molecules; but at high
temperature, P, molecules are formed. How do the molecules of
white phosphorus and those of the hot vapor differ? How are the
molecules alike?

2.65 A 1.50-g sample of nitrous oxide (an anesthetic, sometimes
called laughing gas) contains 2.05 X 10** N,O molecules. How
many nitrogen atoms are in this sample? How many nitrogen
atoms are in 1.00 g of nitrous oxide?

2,66 Nitric acid is composed of HNO; molecules. A sample
weighing 4.50 g contains 4.30 X 10** HNO; molecules. How
many nitrogen atoms are in this sample? How many oxygen
atoms are in 2.81 g of nitric acid?

2.67 A sample of ammonia, NH3, contains 3.3 X 10%! hydro-
gen atoms. How many NH3 molecules are in this sample?

2.68 A sample of ethanol (ethyl alcohol), C,HsOH, contains
4.2 X 10* hydrogen atoms. How many C,HsOH molecules are
in this sample?

2.69 Give the molecular formula for each of the following
structural formulas.

a. 1|1 I|{ b. H—0—O0—H
H—N—N—H hydrogen peroxide
hydrazine
C H H H d. Cl

L
T
H (|) H
H

isopropyl alcohol

|
Cl—P—Cl

phosphorus trichloride

2,70  'What molecular formula corresponds to each of the fol-
lowing structural formulas?

IR
H—(|:—(|:—(|:—H H—S|i—S|i—H
O O O H H
| | | disilane

H H H
glycerol
C I-|I d. l|:
H—N—O—H F—S—F
hydroxylamine IL

sulfur tetrafluoride

2.71  Write the molecular formula for each of the following
compounds represented by molecular models.

Practice Problems 81

(a) (b)

2.72 Write the molecular formula for each of the following
compounds represented by molecular models.

(©)

(a) (b) ()

2.73 Iron(Il) nitrate has the formula Fe(NOs),. What is the
ratio of iron atoms to oxygen atoms in this compound?

2,74 Ammonium phosphate, (NH4);POy, has how many hydro-
gen atoms for each oxygen atom?

2.75 Write the formula for the compound of each of the
following pairs of ions.

a. Fe’ and CN~

b. K" and SO~

¢ Lit and N°~

d. Ca®" and P*~

2.76 For each of the following pairs of ions, write the formula
of the corresponding compound.

a. Co®" and N~

b. NH, " and PO,>~

¢. Na™ and Cos>~

d. Fe’" and OH™

Chemical Nomenclature

2.77 Name the following compounds.
a. Na,SO, b. CaS ¢. CuCl

2.78 Name the following compounds.
a. Nazo
b. Mn,O3
¢. NH,HCO;
d. CU(NO3)2

2.79 Write the formulas of:
a. lead(Il) permanganate
b. barium hydrogen carbonate
¢. cesium sulfide
d. iron(Il) acetate

d. Cr203



82 2

Atoms, Molecules, and Ions

2.80 Write the formulas of:
a. sodium thiosulfate
b. copper(I) hydroxide
¢. calcium hydrogen carbonate
d. nickel(IT) phosphide

2.81 For each of the following binary compounds, decide
whether the compound is expected to be ionic or molecular.
a. SCF4 b. LiBr C. SIF4 d. CSzO

2.82 For each of the following binary compounds, decide
whether the compound is expected to be ionic or molecular.
a. AIN b. AS4O6 C Cng d. F6203

2.83 Give systematic names to the following binary compounds.
a. Nzo b. P4OIO C. ASC]3 d. C]207

2.84 Give systematic names to the following binary compounds.
a. N2F2 b. CC14 C. N205 d. AS4O6

2.85 Write the formulas of the following compounds.
a. nitrogen tribromide
b. xenon tetroxide
¢. oxygen difluoride
d. dichlorine pentoxide

2.86 Write the formulas of the following compounds.
a. chlorine trifluoride
b. nitrogen dioxide
¢. dinitrogen tetrafluoride
d. phosphorus pentafluoride

2.87 Write the systematic name for each of the following com-
pounds represented by a molecular model.

D
. { <P
-

(a) (b) (©)

2.88 Write the systematic name for each of the following

molecules represented by a molecular model.

o
o &
(a) (b) ©

2.89 Give the name and formula of the acid corresponding to
each of the following oxoanions.

a. bromate ion, BrO;

b. hyponitrite ion, N,O,?~

¢ disulfite ion, S,05°~

d. arsenate ion, AsO,>~
290 Give the name and formula of the acid corresponding to
each of the following oxoanions.

a. selenite ion, SeO327

b. sulfite ion, SO;>~

¢. hypoiodite ion, IO
d. nitrite ion, NO, ™

2.91 Glauber’s salt has the formula Na,SO,-10H,O. What is
the chemical name of this substance?

2.92 Emerald-green crystals of the substance NiSO4:6H,O
are used in nickel plating. What is the chemical name of this
compound?

2.93 Iron(Il) sulfate heptahydrate is a blue-green, crystalline
compound used to prepare other iron compounds. What is the
formula of iron(II) sulfate heptahydrate?

2.94 Cobalt(Il) chloride hexahydrate has a pink color. It loses
water on heating and changes to a blue-colored compound. What
is the formula of cobalt(I) chloride hexahydrate?

Chemical Equations

2.95 For the balanced chemical equation Pb(NOj), +
K,CO; — PbCO; + 2KNOs;, how many oxygen atoms are on
the left side?

2.96 In the equation 2PbS + O, — 2PbO + 2S0,, how
many oxygen atoms are there on the right side? Is the equation
balanced as written?

2.97 Balance the following equations.

a. Sn + NaOH — Na,SnO, + H,

b. Al + Fe;0, — AL,O; + Fe

¢. CH;0H + O, — CO, + H,0

d. P,O,y + H,O — H;PO,

e. PC15 + H20 e H3PO4 + HCl
2.98 Balance the following equations.
. Cl,0; + H,O0 — HCIO,
. MnO, + HCl — MnCl, + Cl, + H,O
. Na,S,05 + I, — Nal + Na,S,0¢
. Al,C3 + H,O — AI(OH); + CH,
. NO, + H,O0 — HNO; + NO

o aan o

2.99 Solid calcium phosphate and aqueous sulfuric acid solution
react to give calcium sulfate, which comes out of the solution as
a solid. The other product is phosphoric acid, which remains in
solution. Write a balanced equation for the reaction using com-
plete formulas for the compounds with phase labels.

2.100 Solid sodium metal reacts with water, giving a solution of
sodium hydroxide and releasing hydrogen gas. Write a balanced
equation for the reaction using complete formulas for the com-
pounds with phase labels.

2.101  An aqueous solution of ammonium chloride and barium
hydroxide is heated, and the compounds react to give off ammo-
nia gas. Barium chloride solution and water are also products.
Write a balanced equation for the reaction using complete for-
mulas for the compounds with phase labels; indicate that the
reactants are heated.

2,102 Lead metal is produced by heating solid lead(Il) sulfide
with solid lead(Il) sulfate, resulting in liquid lead and sulfur
dioxide gas. Write a balanced equation for the reaction using
complete formulas for the compounds with phase labels; indi-
cate that the reactants are heated.



General Problems

2.103 Two samples of different compounds of nitrogen and oxy-
gen have the following compositions. Show that the compounds
follow the law of multiple proportions. What is the ratio of oxygen
in the two compounds for a fixed amount of nitrogen?

Amount N Amount O
Compound A 1.206 g 2755¢
Compound B 1.651 g 4714 ¢

2,104 Two samples of different compounds of sulfur and oxygen
have the following compositions. Show that the compounds fol-
low the law of multiple proportions. What is the ratio of oxygen
in the two compounds for a fixed amount of sulfur?

Amount S Amount O
Compound A 1.210 g 1.811¢g
Compound B 1.783 g 1.779 g

2.105 In a series of oil-drop experiments, the charges measured
on the oil drops were —3.20 X 107" C, —6.40 x 10°"° C,
—9.60 X 107" C,and —1.12 X 10~ '® C. What is the smallest
difference in charge between any two drops? If this is assumed to
be the charge on the electron, how many excess electrons are
there on each drop?

2,106 In a hypothetical universe, an oil-drop experiment gave
the following measurements of charges on oil drops: —5.55 X
107 C, =9.25 x 107 C, —=1.11 X 107'® C, and —1.48 X
10~'8 C. Assume that the smallest difference in charge equals
the unit of negative charge in this universe. What is the value of
this unit of charge? How many units of excess negative charge
are there on each oil drop?

2.107 Compounds of europium, Eu, are used to make color
television screens. The europium nucleus has a charge of
+63. How many electrons are there in the neutral atom? in the
Eu*" ion?

2.108 Cesium, Cs, is used in photoelectric cells (“electric
eyes”). The cesium nucleus has a charge of +55. What is the
number of electrons in the neutral atom? in the Cs™ ion?

2.109 A nucleus of mass number 81 contains 46 neutrons. An
atomic ion of this element has 36 electrons in it. Write the sym-
bol for this atomic ion (give the symbol for the nucleus and give
the ionic charge as a right superscript).

2,110 One isotope of a metallic element has mass number 80
and has 55 neutrons in the nucleus. An atomic ion has 23 elec-
trons. Write the symbol for this ion (give the symbol for the
nucleus and give the ionic charge as a right superscript).

2.111  Obtain the fractional abundances for the two naturally
occurring isotopes of copper. The masses of the isotopes are
%Cu, 62.9298 amu; ggCu, 64.9278 amu. The atomic mass is
63.546 amu.

2.112  Silver has two naturally occurring isotopes, one of mass
106.91 amu and the other of mass 108.90 amu. Find the frac-
tional abundances for these two isotopes. The atomic mass is
107.87 amu.

General Problems 83

2.113  Identify the following elements, giving their name and
atomic symbol.

a. anonmetal that is normally a liquid

b. a normally gaseous element in Group TA

¢. atransition element in Group VB, Period 5

d. the halogen in Period 2

2.114 Identify the following elements, giving their name and
atomic symbol.

a. a normally liquid element in Group VIIA

b. a metal that is normally a liquid

¢. a main-group element in Group IIIA, Period 4

d. the alkali metal in Period 5

2.115  Give the names of the following ions.

a. Cr'™ b Pb*" ¢ Cut  d CuT
2.116 Give the names of the following ions.
a. Mn®" b Ni*" ¢ Co®"  d. Co’"

2117  Write formulas for all the ionic compounds that can
be formed by combinations of these ions: Na®, Ni’™, SO42_,
and Cl .

2,118 Write formulas for all the ionic compounds that can
be formed by combinations of these ions: ca’t, ot 07,
and NO3 .

2.119 Name the following compounds.
a. Sn3(P 04)2

b. NH,NO,
¢. Mg(OH),
d. CrSO,
2.120 Name the following compounds.
a. CU(N02)2 b. (NH4)3P
¢. Na,SO, d. HgCl,

2.121 Give the formulas for the following compounds.
a. mercury(I) sulfide
b. cobalt(III) sulfite
¢. ammonium dichromate
d. aluminum nitride

2.122 Give the formulas for the following compounds.
a. hydrogen peroxide
b. aluminum phosphate
¢. lead(IV) phosphide
d. boron trifluoride
2,123 Name the following molecular compounds.
a. AsBr3 b. ste C P205 d. SlOz

2,124 Name the following molecular compounds.
a. CIF, b. CS, ¢. NF; d. SF¢

2.125 Balance the following equations.

. C,Hy + O, — CO, + H,0

N P406 + HzO — H3PO3

. KCIO; — KCI + KClO,4

. (NH4),SO4 + NaOH — NH; + H,0 + Na,SO,
. NBr; + NaOH — N, + NaBr + HOBr

o aan Uo
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2,126 Balance the following equations.
a. NaOH + H;PO, — Na;PO, + H,O
b. SiCl, + H,O — SiO, + HCl
¢. Cay(PO,), + C — CasP, + CO
d. H,S + O, — SO, + H,0
e. N205 — NO2 + 02

2.127 A monatomic ion has a charge of +2. The nucleus of the
ion has a mass number of 62. The number of neutrons in the nu-
cleus is 1.21 times that of the number of protons. How many
electrons are in the ion? What is the name of the element?

2,128 A monatomic ion has a charge of + 1. The nucleus of the
ion has a mass number of 85. The number of neutrons in the
nucleus is 1.30 times that of the number of protons. How many
electrons are in the ion? What is the name of the element?

2.129 Natural carbon, which has an atomic mass of 12.011
amu, consists of carbon-12 and carbon-13 isotopes. Given

Strategy Problems

2,133 Correct any mistakes in the naming of the following com-
pounds or ions.

SO;: sulfite

NO,: nitrite

PO,*: phosphite ion

N,: nitride

Mg(OH),: maganese dihydroxide
2.134 An unknown metal (let’s call it “M”) is reacted with sul-
fur to produce a compound with the chemical formula M,S;.
What is the charge on the metal in the compound M,S;? Name a
metal that could be metal M.
2,135 Aluminum is reacted with sulfur to form a binary com-
pound. Write the balanced chemical reaction and write the name
of the compound formed by the reaction.
2.136 Ammonia gas reacts with molecular oxygen gas to form
nitrogen monoxide gas and liquid water. Write the complete bal-
anced reaction with all proper state symbols.
2.137 A hypothetical element X is found to have an atomic
mass of 37.45 amu. Element X has only two isotopes, X-37 and
X-38. The X-37 isotope has a fractional abundance of 0.7721
and an isotopic mass of 37.24. What is the isotopic mass of the
other isotope?
2.138 A monotomic ion has a charge of +3. The nucleus of
the ion has a mass number of 27. The number of neutrons in

Cumulative-Skills Problems

2.143  There are 2.619 X 10 atoms in 1.000 g of sodium. As-
sume that sodium atoms are spheres of radius 1.86 A and that
they are lined up side by side. How many miles in length is the
line of sodium atoms?

that the mass of carbon-13 is 13.00335 amu, what would be the
average atomic mass (in amu) of a carbon sample prepared by
mixing equal numbers of carbon atoms from a sample of natural
carbon and a sample of pure carbon-13?

2.130 Natural chlorine, which has an atomic mass of 35.4527
amu, consists of chlorine-35 and chlorine-37 isotopes. Given
that the mass of chlorine-35 is 34.96885 amu, what is the
average atomic mass (in amu) of a chlorine sample prepared by
mixing equal numbers of chlorine atoms from a sample of natu-
ral chlorine and a sample of pure chlorine-35?

2.131 Describe the island of stability. What nuclide is
predicted to be most stable?

2.132 Write the equation for the nuclear reaction in which
element 112 was first produced.

the nucleus is equal to the number of electrons in a S** ion.
Identify the element and indicate the number of protons, neu-
trons, and electrons.
2.139 A small crystal of CaCl, that weighs 0.12 g contains 6.5 X
10?° formula units of CaCl,. What is the total number of ions
(cations and anions) that make up this crystal?
2,140 Write the formulas and names for all the ionic com-
pounds that can form by combinations of the following ions:
Mg2+, Pb**, the carbonate anion, and the phosphide anion.
2.141 Name the following compounds:

SO,

HNO,

MgsN3

HBr

Cu3(POy)»

CUSO4'5H2O
2.142 The 105 anion is called iodate. There are three related
ions: 10, 10, ", and 104 . Using what you have learned about
similar groups of anions, write the name for each of the follow-
ing compounds:

Pb(105),

KIO,4

Zn(10),

AI(10,)s

2.144 There are 1.699 X 10** atoms in 1.000 g of chlorine. As-
sume that chlorine atoms are spheres of radius 0.99 A and that
they are lined up side by side. How many miles in length is the
line of chlorine atoms?



2.145 A sample of green crystals of nickel(Il) sulfate heptahy-
drate was heated carefully to produce the bluish green nickel(II)
sulfate hexahydrate. What are the formulas of the hydrates?
If 8.753 g of the heptahydrate produces 8.192 g of the hexahy-
drate, how many grams of anhydrous nickel(Il) sulfate could
be obtained?

2,146 Cobalt(Il) sulfate heptahydrate has pink-colored crystals.
When heated carefully, it produces cobalt(I) sulfate monohy-
drate, which has red crystals. What are the formulas of these
hydrates? If 3.548 g of the heptahydrate yields 2.184 g of the
monohydrate, how many grams of the anhydrous cobalt(Il)
sulfate could be obtained?

Cumulative-Skills Problems 85

2.147 A sample of metallic element X, weighing 3.177 g, com-
bines with 0.6015 L of O, gas (at normal pressure and 20.0°C) to
form the metal oxide with the formula XO. If the density of O,
gas under these conditions is 1.330 g/L, what is the mass of this
oxygen? The atomic mass of oxygen is 15.9994 amu. What is the
atomic mass of X? What is the identity of X?

2,148 A sample of metallic element X, weighing 4.315 g, com-
bines with 0.4810 L of Cl, gas (at normal pressure and 20.0°C)
to form the metal chloride with the formula XCl. If the density of
Cl, gas under these conditions is 2.948 g/L, what is the mass of
the chlorine? The atomic mass of chlorine is 35.453 amu. What
is the atomic mass of X? What is the identity of X?
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V. -

Zinc and iodine react to produce zinc iodide,

a solution used to find flaws in composite
airplane wings. Zinc iodide solution sprayed on
a wing will fill a crack, if present, which shows
up on an x ray as an opaque area (from the
absorption of x rays by iodine atoms).

Mass and Moles of Substance

3.1 Molecular Mass and Formula Mass
3.2 The Mole Concept

Here we will establish a critical relationship
between the mass of a chemical substance and
the quantity of that substance (in moles).

Determining Chemical Formulas

3.3 Mass Percentages from the Formula

3.4 Elemental Analysis: Percentages of Carbon,
Hydrogen, and Oxygen

3.5 Determining Formulas

Explore how the percentage composition and
mass percentage of the elements in a chemical
substance can be used to determine the
chemical formula.

Stoichiometry: Quantitative Relations
in Chemical Reactions

3.6 Molar Interpretation of a Chemical Equation

3.7 Amounts of Substances in a Chemical Reaction

3.8 Limiting Reactant; Theoretical and Percentage
Yields

Develop a molar interpretation of chemical
equations, which then allows for calculation
of the quantities of reactants and products.
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cetic acid (ah-see’-tik acid) is a colorless liquid with a sharp, vinegary

odor. In fact, vinegar contains acetic acid, which accounts for

vinegar’s odor and sour taste. The name vinegar derives from the
French word vinaigre, meaning “sour wine.” Vinegar results from the
fermentation of wine or cider by certain bacteria. These bacteria require
oxygen, and the overall chemical change is the reaction of ethanol (alcohol)
in wine with oxygen to give acetic acid (Figure 3.1).

Laboratory preparation of acetic acid may also start from ethanol,
which reacts with oxygen in two steps. First, ethanol reacts with oxygen to
yield a compound called acetaldehyde, in addition to water. In the second
step, the acetaldehyde reacts with more oxygen to produce acetic acid. (The FIGURE 3.1 A
human body also produces acetaldehyde and then acetic acid from alcohol,

Electrostatic potential map of acetic acid

as it attempts to eliminate alcohol from 'the sysFem.) ' ‘ molecule (CH;COOH)
This chapter focuses on two basic questions, which we can illustrate Acetic acid is the compound responsible
using these compounds: How do you determine the chemical formula of a for the sour taste and smell of vinegar.

substance such as acetic acid (or acetaldehyde)? How much acetic acid can

you prepare from a given quantity of ethanol (or a given quantity of acetaldehyde)? These
types of questions are very important in chemistry. You must know the formulas of all the
substances involved in a reaction before you can write the chemical equation, and you need
the balanced chemical equation to determine the quantitative relationships among the dif-
ferent substances in the reaction. We begin by discussing how you

I See page 113 for relate number of atoms or molecules to grams of substance, because
the Media Summary. this is the key to answering both questions.

Mass and Moles of Substance

You buy a quantity of groceries in several ways. You often purchase items such as
oranges and lemons by counting out a particular number. Some things, such as eggs and
soda, can be purchased in a “package” that represents a known quantity—for example,
a dozen or a case. Bulk foods, such as peanuts or hard candy, are usually purchased by
mass, because it is too tedious to count them out, and because we know that a given
mass yields a certain quantity of the item. All three of these methods are used by
chemists to determine the quantity of matter: counting, using a package that represents
a quantity, and measuring the mass. For a chemist, it is a relatively easy matter to weigh
a substance to obtain the mass. However, the number of atoms or molecules in even a
seemingly minute amount is much too large to count. (You may recall from Section 2.6
that a billionth of a drop of water contains 2 X 10'? H,O molecules.) Nevertheless,
chemists are interested in knowing such numbers. How many atoms of carbon are there
in one molecule of acetic acid? How many molecules of acetic acid can be obtained
from one molecule of ethanol? Before we look at how chemists solve this problem of
measuring numbers of atoms, molecules, and ions, we must look at the concept of
molecular mass (or molecular weight) and formula mass (or formula weight) and intro-
duce the package chemists call the mole.

3.1 | Molecular Mass and Formula Mass

In Chapter 2 (Section 2.4), we discussed the concept of atomic mass. We can easily
extend this idea to include molecular mass. The molecular mass (MM) of a substance
is the sum of the atomic masses of all the atoms in a molecule of the substance. It is,
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Some chemists use the term
molecular mass in a less strict
sense for ionic as well as molecular
compounds.

Calculations with Chemical Formulas and Equations

therefore, the average mass of a molecule of that substance, expressed in atomic mass
units. For example, the molecular mass of water, H,O, is 18.0 amu (2 X 1.0 amu
from two H atoms plus 16.0 amu from one O atom). If the molecular formula for the
substance is not known, you can determine the molecular mass experimentally by
means of a mass spectrometer. In later chapters we will discuss simple, inexpensive
methods for determining molecular mass.

The formula mass (FM) of a substance is the sum of the atomic masses of all atoms
in a formula unit of the compound, whether molecular or not. Sodium chloride, with
the formula unit NaCl, has a formula mass of 58.44 amu (22.99 amu from Na plus
35.45 amu from CI). NaCl is ionic, so strictly speaking the expression “molecular mass
of NaCl” has no meaning. On the other hand, the molecular mass and the formula mass
calculated from the molecular formula of a substance are identical. <

Example 3.1 Calculating the Formula Mass from a Formula

Calculate the formula mass of each of the following to
three significant figures, using a table of atomic masses
(AM): a. chloroform, CHCls; b. iron(III) sulfate, Fe,(SO,)s.

Problem Strategy Identify the number and type of
atoms in the chemical formula. Use the periodic table to
obtain the atomic mass of each of the elements present in
the compounds. Taking into account the number of each
atom present in the formula, sum the masses. If atoms in
the formula are enclosed within parentheses as in part b,
the number of each element within the parentheses should
be multiplied by the subscript that follows the final, or
closing, parenthesis.

Solution a. The calculation is

1 X AMof C = 12.0 amu
1 X AMofH = 1.0 amu
3 X AMof Cl = 3 X 35.45 amu = 106.4 amu
FM of CHCl; = 119.4 amu

The answer rounded to three significant figures is
119 amu.

b. The calculation is

2XAMofFe = 2 X 55.8amu = 111.6 amu
3XAMofS = 3 X32.1amu= 96.3amu
3X4XAMof O =12 X 16.00 amu = 192.0 amu
FM of Fe,(SOy,); = 399.9 amu

The answer rounded to three significant figures is 4.00 X
107 amu.

Answer Check The most common error when cal-
culating formula masses is not correctly accounting for
those atoms that are enclosed in parentheses.

Calculate the formula masses of
the following compounds, using a table of atomic
masses. Give the answers to three significant figures.
a. nitrogen dioxide, NO,; b. glucose, CgH,Og; c. sodium
hydroxide, NaOH; d. magnesium hydroxide, Mg(OH),.

B See Problems 3.27 and 3.28.

Example 3.2 Calculating the Formula Mass from Molecular Models

For the following two compounds, write the molecular formula and calculate the formula

mass to four significant figures:

(continued)
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(continued)

Problem Strategy In order to calculate the formula mass, you need to have the total num-
ber of each type of atom present in the structure, so look at the structure and keep a tally of

all the atoms present.

Solution a. This molecular model is of a molecule that is composed of two O and two H
atoms. For inorganic compounds, the elements in a chemical formula are written in order such
that the most metallic element is listed first. (Even though H is not metallic, it is positioned
in the periodic table in such a way that it is considered to be a metal when writing formu-
las.) Hence, the chemical formula is H,O,. Using the same approach as Example 3.1, calcu-

lating the formula mass yields 34.02 amu.

b. This molecular model represents a molecule made up of one N atom, three O atoms,
and one H atom. The chemical formula is then HNOj3. The formula mass is 63.01 amu.

Answer Check Always make sure that your answer is reasonable. If you obtain
a molecular mass of more than 200 amu for a simple molecular compound (this is
possible but not typical), it is advisable to check your work closely.

(H)

©
>

S Q?

P Exercise 3.2 | For the following compounds, write the molecular formula N\
and calculate the formula mass to three significant figures. (a) (b)

3.2

Sodium carbonate, Na,COs, is a
white, crystalline solid known
commercially as soda ash. Large
amounts of soda ash are used in the
manufacture of glass. The hydrated
compound, Na,C0O3-10H,0, is
known as washing soda.

B See Problems 3.29 and 3.30.

The Mole Concept

When we prepare a compound industrially or even study a reaction in the laboratory,
we deal with tremendous numbers of molecules or ions. Suppose you wish to prepare
acetic acid, starting from 10.0 g of ethanol. This small sample (less than 3 tea-
spoonsful) contains 1.31 X 10> molecules, a truly staggering number. Imagine a
device that counts molecules at the rate of one million per second. It would take more
than four billion years—nearly the age of the earth—for this device to count that many
molecules! Chemists have adopted the mole concept as a convenient way to deal with
the enormous numbers of molecules or ions in the samples they work with.

Definition of Mole and Molar Mass

A mole (symbol mol) is defined as the quantity of a given substance that contains as
many molecules or formula units as the number of atoms in exactly 12 g of carbon-12.
One mole of ethanol, for example, contains the same number of ethanol molecules as
there are carbon atoms in 12 g of carbon-12.

The number of atoms in a 12-g sample of carbon-12 is called Avogadro’s number
(to which we give the symbol N,). Recent measurements of this number give the value
6.0221367 X 10**, which to three significant figures is 6.02 X 10%.

A mole of a substance contains Avogadro’s number (6.02 X 10%%) of molecules
(or formula units). The term mole, like a dozen or a gross, thus refers to a particular
number of things. A dozen eggs equals 12 eggs, a gross of pencils equals 144 pen-
cils, and a mole of ethanol equals 6.02 X 10> ethanol molecules.

In using the term mole for ionic substances, we mean the number of formula units
of the substance. For example, a mole of sodium carbonate, Na,COs, is a quantity
containing 6.02 X 10?* Na,CO; units. But each formula unit of Na,CO5 contains two
Na™ ions and one CO;>~ ion. Therefore, a mole of Na,CO; also contains 2 X 6.02 X
10%* Na™ jons and 1 X 6.02 X 10** CO;>~ ions. <
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FIGURE 3.2 >

One mole each of various substances
Clockwise from top left: 1-octanol
(CgHy;,0H); mercury(ll) iodide (Hgl,);
methanol (CH;OH); sulfur (Sg).

When using the term mole, it is important to specify the formula of the unit to
avoid any misunderstanding. For example, a mole of oxygen atoms (with the formula O)
contains 6.02 X 10** O atoms. A mole of oxygen molecules (formula O,) contains
6.02 X 10% O, molecules—that is, 2 X 6.02 X 10** O atoms.

The molar mass of a substance is the mass of one mole of the substance. Carbon-12
has a molar mass of exactly 12 g/mol, by definition.

For all substances, the molar mass in grams per mole is numerically equal to
the formula mass in atomic mass units.

Ethanol, whose molecular formula is C,HgO (frequently written as the condensed
Ethanol structural formula C,HsOH), has a molecular mass of 46.1 amu and a molar mass of
C,H,OH 46.1 g/mol. Figure 3.2 shows molar amounts of different substances.

Example 3.3 Calculating the Mass of an Atom or Molecule

a. What is the mass in grams of a chlorine atom, CI? b. The molecular mass of HCI equals the AM of H plus
the AM of Cl, or 1.01 amu + 35.5 amu = 36.5 amu.
Therefore, 1 mol HCI contains 36.5 g HCI and

36.5¢
6.02 X 107

b. What is the mass in grams of a hydrogen chloride
molecule, HCI1?

Problem Strategy In order to solve this type of Mass of an HCI molecule = =6.06 x 107> g
problem, we need to consider using molar mass and the
relationship between the number of atoms or molecules

Answer Check As you know, individual atoms and
and the molar mass.

molecules are incredibly small. Therefore, whenever you
Solution a. The atomic mass of Cl is 35.5 amu, so are asked to calculate the mass of a few atoms or mol-

the molar mass of Cl is 35.5 g/mol. Dividing 35.5 g (per ecules, you should expect a very small mass.

mole) by 6.02 X 10* (Avogadro’s number) gives the P Exercise 3.3 |

a. What is the mass in grams of
mass of one atom.

a calcium atom, Ca? b. What is the mass in grams of an

355¢ ethanol molecule, C,HsOH?

m =590 x 107 g

Mass of a Cl atom =

B See Problems 3.33, 3.34, 3.35, and 3.36.
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Mole Calculations

Now that you know how to find the mass of one mole of substance, there are two
important questions to ask. First, how much does a given number of moles of a sub-
stance weigh? Second, how many moles of a given formula unit does a given mass
of substance contain? Both questions are easily answered using dimensional analysis,

Alternatively, because the molar or the conversion-factor method. <

mass is the mass per mole, you can To illustrate, consider the conversion of grams of ethanol, C,HsOH, to moles of
relate mass and moles by means of  ethanol. The molar mass of ethanol is 46.1 g/mol, so we write

the formula

Molar mass = mass/moles 1 mol C;HsOH = 46.1 g C,HsOH

Thus, the factor converting grams of ethanol to moles of ethanol is 1 mol
C,HsOH/46.1 g C,HsOH. To convert moles of ethanol to grams of ethanol, we sim-
ply invert the conversion factor (46.1 g C,HsOH/1 mol C,HsOH). Note that the unit
you are converting from is on the bottom of the conversion factor; the unit you are
converting fo is on the top.

Again, suppose you are going to prepare acetic acid from 10.0 g of ethanol,
C,HsOH. How many moles of C,HsOH is this? You convert 10.0 g C,HsOH to moles
C,HsOH by multiplying by the appropriate conversion factor.

1 mol C2H50H
46.1 g C,H=6H

The following examples further illustrate this conversion-factor technique.

Example 3.4 Converting Moles of Substance to Grams

Zinc iodide, Znl,, can be prepared by the direct combination of elements
(Figure 3.3). A chemist determines from the amounts of elements that 0.0654
mol Znl, can form. How many grams of zinc iodide is this?

10.0 g CH=OH X = 0.217 mol C,H;OH

Problem Strategy Use the formula mass to write the factor that converts
from mol Znl, to g Znl,. Note that the unit you are converting from (mol Znl,)
is on the bottom of the conversion factor, and the unit you are converting to
(g Znl,) is on the top.

Solution The molar mass of Znl, is 319 g/mol. (The formula mass is 319 amu,
which is obtained by summing the atomic masses in the formula.) Therefore,
319 g Znl,
0.0654 mel-Znt; X ———— = 20.9 g Znl,
1 metZnl,

nly

Answer Check Whenever you solve a problem of this type, be sure to write
all units, making certain that they will cancel. This “built-in” feature of dimensional
analysis ensures that you are correctly using the conversion factors.

FIGURE 3.3 A

Reaction of zinc and iodine
Heat from the reaction of the elements causes

Hydrogen peroxide, H,O», is a colorless liquid. A con- some iodine to vaporize (violet vapor)
centrated solution of it is used as a source of oxygen for rocket propellant

fuels. Dilute aqueous solutions are used as a bleach. Analysis of a solution shows that
it contains 0.909 mol H,0, in 1.00 L of solution. What is the mass of hydrogen perox-

ide in this volume of solution?

M See Problems 3.37, 3.38, 3.39, and 3.40.
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Example 3.5 Converting Grams of Substance to Moles

Lead(II) chromate, PbCrO,, is a yellow paint pigment (called chrome yellow)
prepared by a precipitation reaction (Figure 3.4). In a preparation, 45.6 g
of lead(II) chromate is obtained as a precipitate. How many moles of PbCrOy4
is this?

Problem Strategy Since we are starting with a mass of PbCrO,, we need
the conversion factor for grams of PbCrO, to moles of PbCrO,4. The molar mass
of PbCrO, will provide this information.

Solution The molar mass of PbCrO, is 323 g/mol. That is,
1 mol PbCrO, = 323 g PbCrO,

Therefore,
FIGURE 3.4
1 mol PbCrO,4 .
45.6 g Pbero; X ———— — = 0.141 mol PbCrO, Preparation of lead(ll) chromate
323 g Pbero, When lead(ll) nitrate solution (colorless) is

added to potassium chromate solution (clear
Answer Check Note that the given amount of material in this problem (45.6 ¢  yellow), bright yellow solid lead(ll) chromate

PbCrO,) is much less than its molar mass (323 g/mol). Therefore, we would forms (giving a cloudlike formation of fine
expect the number of moles of PbCrO, to be much less than 1, which is the crystals).

case here. Quick, alert comparisons such as this can be very valuable in check-

ing for calculation errors.

P Exercise 3.5 | Nitric acid, HNOs, is a colorless, corrosive liquid used in the man-
ufacture of nitrogen fertilizers and explosives. In an experiment to develop new explosives
for mining operations, a sample containing 28.5 g of nitric acid was poured into a beaker.
How many moles of HNOj3 are there in this sample of nitric acid?

B See Problems 3.41 and 3.42.

Example 3.6 Calculating the Number of Molecules in a Given Mass

How many molecules are there in a 3.46-g sample of hydrogen chloride, HCI?

Problem Strategy The number of molecules in a sample is related to moles of compound
(1 mol HCI = 6.02 X 10* HCI molecules). Therefore, if you first convert grams HCI to
moles, then you can convert moles to number of molecules.

Solution Here is the calculation:

1 moHHET  6.02 X 10?3 HCI molecul
346 « « molecules
£ 36.5 g HeT 1 moHHET

= 5.71 x 10** HCI molecules

Note how the units in the numerator of a factor are canceled by the units in the denomi-
nator of the following factor.

Answer Check A very common mistake made when solving this type of problem is to
use an incorrect conversion factor, such as 1 mol HCI = 6.02 X 10%3 g HCL. If this statement
(continued)
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(continued)

were true, the mass of HCI contained in a mole would be far more than the mass of all the
matter in the Milky Way galaxy! Therefore, if you end up with a gigantic mass for an
answer, or get stuck on how to use the quantity 6.02 X 10** as a conversion factor, improper
unit assignment is a likely culprit.

MAECETEYI  Hydrogen cyanide, HCN, is a volatile, colorless liquid with the odor
of certain fruit pits (such as peach and cherry pits). The compound is highly poisonous.
How many molecules are there in 56 mg HCN, the average toxic dose?

M See Problems 3.45, 3.46, 3.47, and 3.48.

Concept Check 3.1

You have 1.5 moles of tricycles.

a. How many moles of seats do you have?
b. How many moles of tires do you have?

¢. How could you use parts a and b as an analogy to teach a friend about the
number of moles of OH' ions in 1.5 moles of Mg(OH),?

Determining Chemical Formulas

When a chemist has discovered a new compound, the first question to answer is, What
is the formula? To answer, you begin by analyzing the compound to determine amounts
of the elements for a given amount of compound. This is conveniently expressed as
percentage composition—that is, as the mass percentages of each element in the com-
pound. You then determine the formula from this percentage composition. If the
compound is a molecular substance, you must also find the molecular mass of the com-
pound in order to determine the molecular formula.

The next section describes the calculation of mass percentages. Then, in two
following sections, we describe how to determine a chemical formula.

3.3 | Mass Percentages from the Formula

Suppose that A is a part of something—that is, part of a whole. It could be an ele-
ment in a compound or one substance in a mixture. We define the mass percentage
of A as the parts of A per hundred parts of the total, by mass. That is,

mass of A in the whole
Mass % A = X 100%
mass of the whole

You can look at the mass percentage of A as the number of grams of A in 100 g of
the whole.

The next example will provide practice with the concept of mass percentage. In
this example we will start with a compound (formaldehyde, CH,0O) whose formula is
given and obtain the percentage composition.



94 3 Calculations with Chemical Formulas and Equations

Example 3.7 Calculating the Percentage Composition from the Formula

Formaldehyde, CH,O, is a toxic gas with a pungent odor. Large quantities are consumed in
the manufacture of plastics (Figure 3.5), and a water solution of the compound is used to
preserve biological specimens. Calculate the mass percentages of the elements in formalde-
hyde (give answers to three significant figures).

Problem Strategy To calculate mass percentage, you need the mass of an element in
a given mass of compound. You can get this information by interpreting the formula in
molar terms and then converting moles to masses, using a table of atomic masses. Thus,
1 mol CH,O has a mass of 30.0 g and contains 1 mol C (12.0 g), 2 mol H (2 X 1.01 g),
and 1 mol O (16.0 g). You divide each mass of element by the molar mass, then multiply
by 100, to obtain the mass percentage.

Solution Here are the calculations:

120¢
% C = "8 % 100% = 40.0%
300 ¢
2 % 1.01
%H="""""2%100% = 6.13%
30.0 ¢

You can calculate the percentage of O in the same way, but it can also be found by
subtracting the percentages of C and H from 100%:

% O = 100% — (40.0% + 6.73%) = 53.3%

FIGURE 3.5

Preparing resorcinol-
formaldehyde plastic

Top: The clear solution contains
formaldehyde, CH,0O, and resorci-
nol, CgH4(OH),. The formation of

Exercise 3.7 Ammonium nitrate, NH,NO5, which is prepared from nitric acid, the plf?s(tjlc IS st;}rted by adding
is used as a nitrogen fertilizer. Calculate the mass percentages of the elements in ammo- several drops Of potassium

. . . hydroxide. Bottom. The red
nium nitrate (to three significant figures). plastic has formed in the beaker

Answer Check A typical mistake when working a mass percentage problem is to forget
to account for the number of moles of each element given in the chemical formula. An
example would be to answer this question as though the formula were CHO instead
of CH,O.

M See Problems 3.57, 3.58, 3.59, and 3.60.

Example 3.8 Calculating the Mass of an Element in a Given Mass of Compound
|

How many grams of carbon are there in 83.5 g of formaldehyde, CH,O? Use the percent-
age composition obtained in the previous example (40.0% C, 6.73% H, 53.3% O).

Problem Strategy Solving this type of problem requires that you first calculate the mass
percentage of the element of interest, carbon in this case (as noted in the problem, this was
done in Example 3.7). Multiplication of this percentage, expressed as a decimal, times the
mass of formaldehyde in the sample, will yield the mass of carbon present.

Solution CH,O0 is 40.0% C, so the mass of carbon in 83.5 g CH,O is
Formaldehyde
83.5g X 0400 =334 ¢ CH,O

(continued)
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(continued)
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Answer Check Make sure that you have converted the percent to a decimal prior to mul-
tiplication. An answer that is more than the starting mass of material is an indication that

you probably made this mistake.

How many grams of nitrogen, N, are there in a fertilizer containing

48.5 g of ammonium nitrate and no other nitrogen-containing compound? See Exercise 3.7
for the percentage composition of NH;NO;.

3.4

Sodium hydroxide reacts with
carbon dioxide according to the
following equations:

NaOH + CO, — NaHCO;
2NaOH + CO, — Na,CO5; + H,0

FIGURE 3.6 V

Combustion method for determining the
percentages of carbon and hydrogen in a
compound

The compound is placed in the sample dish
and is heated by the furnace. Vapor of the
compound burns in O, in the presence of
CuO pellets, giving CO, and H,0. The water
vapor is collected by a drying agent, and
CO, combines with the sodium hydroxide.
Amounts of CO, and H,0 are obtained by
weighing the U-tubes before and after
combustion.

Oxygen in —=ju
-

Furnace

M See Problems 3.61 and 3.62.

Elemental Analysis: Percentages of Carhon,
Hydrogen, and Oxygen

Suppose you have a newly discovered compound whose formula you wish to deter-
mine. The first step is to obtain its percentage composition. As an example, consider
the determination of the percentages of carbon, hydrogen, and oxygen in compounds
containing only these three elements. The basic idea is this: You burn a sample of the
compound of known mass and get CO, and H,O. Next you relate the masses of CO,
and H,O to the masses of carbon and hydrogen. Then you calculate the mass
percentages of C and H. You find the mass percentage of O by subtracting the mass
percentages of C and H from 100.

Figure 3.6 shows an apparatus used to find the amount of carbon and hydrogen
in a compound. The compound is burned in a stream of oxygen gas. The vapor of
the compound and its combustion products pass over copper pellets coated with cop-
per(I) oxide, CuO, which supplies additional oxygen and ensures that the compound
is completely burned. As a result of the combustion, every mole of carbon (C) in the
compound ends up as a mole of carbon dioxide (CO,), and every mole of hydrogen
(H) ends up as one-half mole of water (H,O). The water is collected by a drying
agent, a substance that has a strong affinity for water. The carbon dioxide is collected
by chemical reaction with sodium hydroxide, NaOH. < By weighing the U-tubes con-
taining the drying agent and the sodium hydroxide before and after combustion, it is
possible to determine the masses of water and carbon dioxide produced. From these
data, you can calculate the percentage composition of the compound.

The chapter opened with a discussion of acetic acid. The next example shows how
to determine the percentage composition of this substance from combustion data. We
will use this percentage composition later in Example 3.12 to determine the formula
of acetic acid.

Copper(Il) oxide
(CuO) pellets

LT L) [T L)
] ]T Excess
] oxygen out

{ T B P
L 'y
| E

|
Sample dish Drying agent Sodium hydroxide

(traps H,O) (traps CO,)
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Example 3.9 Calculating the Percentages of C and H by Combustion

Acetic acid contains only C, H, and O. A 4.24-mg sample of acetic acid is completely burned.
It gives 6.21 mg of carbon dioxide and 2.54 mg of water. What is the mass percentage of
each element in acetic acid?

Problem Strategy Note that in the products of the combustion, all of the carbon from
the sample ends up in the CO,, all of the hydrogen ends up in the H,O, and the oxygen
is in both compounds. Because of this, you should concentrate first on the carbon and
hydrogen and worry about the oxygen last. If we can determine the mass of carbon and
hydrogen in the original sample, we should then be able to determine the percentage of
each of these elements present in the compound. Once we know the mass percentages of
carbon and hydrogen in the original compound, the remaining mass percentage (100%
total) must be due to oxygen. Let’s start by determining the mass of carbon that was
originally contained in the compound. You first convert the mass of CO, to moles of CO,.
Then you convert this to moles of C, noting that 1 mol C produces 1 mol CO,. Finally,
you convert to mass of C. Similarly, for hydrogen, you convert the mass of H,O to mol
H,O, then to mol H, and finally to mass of H. (Remember that 1 mol H,O produces 2 mol
H.) Once you have the masses of C and H, you can calculate the mass percentages. Subtract
from 100% to get % O.

Solution Following is the calculation of grams C:
I mob€0;  ImetC | 120gC

440gCO;  1mol€O; 1 metC
=1.69 X 107 % g C (or 1.69 mg C

6.21 X 1073 gcon X

For hydrogen, you note that 1 mol H,O yields 2 mol H, so you write

1 meHH0 % 2 metH % 101 gH
18.0gHs0 1 moHH0 1 metH
=2.85x% 10 *gH (or 0.285 mg H)

2.54 X 1073 g Hs0 X

You can now calculate the mass percentages of C and H in acetic acid.

1.69 mg
Mass % C = X 100% = 39.9%
mg
0.285 mg
Mass % H=——"" X 100% = 6.72%

mg

You find the mass percentage of oxygen by subtracting the sum of these percentages
from 100%:

Mass % O = 100% — (39.9% + 6.72%) = 53.4%
Thus, the percentage composition of acetic acid is 39.9% C, 6.7% H, and 53.4% O.

Answer Check The most common error for this type of problem is not taking into
account the fact that each mole of water contains two moles of hydrogen.

P Exercise 3.9 | A 3.87-mg sample of ascorbic acid (vitamin C) gives 5.80 mg CO,
and 1.58 mg H,O on combustion. What is the percentage composition of this compound
(the mass percentage of each element)? Ascorbic acid contains only C, H, and O.

B See Problems 3.63 and 3.64.



3.5

The formula of sodium peroxide,
an ionic compound of Na* and
0,%7, is Na,0,. Its empirical
formula is NaO.

(=)

FIGURE 3.7

Molecular model of hydrogen
peroxide (H,0,)

Hydrogen peroxide has the empirical
formula HO and the molecular formula
H,0,. In order to arrive at the correct
structure of molecular compounds like
H,0, shown here, chemists must have
the molecular formula.
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Concept Check 3.2

You perform combustion analysis on a compound that contains only C and H.

a. Considering the fact that the combustion products CO, and H,O are colorless,
how can you tell if some of the product got trapped in the CuO pellets
(see Figure 3.6)?

b. Would your calculated results of mass percentage of C and H be affected if some
of the combustion products got trapped in the CuO pellets? If your answer is
yes, how might your results differ from the expected values for the compound?

Determining Formulas

The percentage composition of a compound leads directly to its empirical formula. An
empirical formula (or simplest formula) for a compound is the formula of a substance
written with the smallest integer (whole number) subscripts. For most ionic substances,
the empirical formula is the formula of the compound. < This is often not the case for
molecular substances. For example, hydrogen peroxide has the molecular formula
H,0,. The molecular formula, you may recall, tells you the precise number of atoms
of different elements in a molecule of the substance. The empirical formula, however,
merely tells you the ratio of numbers of atoms in the compound. The empirical formula
of hydrogen peroxide (H,0,) is HO (Figure 3.7).

Compounds with different molecular formulas can have the same empirical for-
mula, and such substances will have the same percentage composition. An example
is acetylene, C,H,, and benzene, CcHg. Acetylene is a gas used as a fuel and also in
welding. Benzene, in contrast, is a liquid that is used in the manufacture of plastics
and is a component of gasoline. Table 3.1 illustrates how these two compounds, with
the same empirical formula, but different molecular formulas, also have different
chemical structures. Because the empirical formulas of acetylene and benzene are the
same, they have the same percentage composition: 92.3% C and 7.7% H, by mass.

To obtain the molecular formula of a substance, you need two pieces of informa-
tion: (1) as in the previous section, the percentage composition, from which the empir-
ical formula can be determined; and (2) the molecular mass. The molecular mass
allows you to choose the correct multiple of the empirical formula for the molecular
formula. We will illustrate these steps in the next three examples.

TABLE 3.1 Molecular Models of Two Compounds That Have

the Empirical Formula CH
Although benzene and acetylene have the same empirical formula, they
do not have the same molecular formula or structure.

Empirical Molecular Molecular
Compound Formula Formula Model
Acetylene CH C,H,

Benzene CH CeHe




Instrumental Methods

Some very sophisti-
cated instruments have
become indispensable
in modern chemical
research. One such in-
strument is the mass
spectrometer, which
measures the masses
of positive ions produced from a very small sample and
displays the data as a mass spectrum (see Figure 3.8). This
mass spectrum can be used to identify a substance or
to obtain the molecular formula of a newly prepared
compound.

Positive ions of molecules, like those of atoms, can be
generated by bombarding the gas, or vapor of the sub-
stance, with electrons. The mass spectra of molecules,
however, are usually much more complicated than those of
atoms. One reason is that the molecular ions produced of-
ten break into fragments, giving several different kinds of
positive ions. Consider the CH,Cl, molecule (methylene
chloride). When this molecule is struck by a high-energy
electron, a positive ion CH,Cl," may form.

CH,Cl, + e© — CH,CL," + 2e~

The CH,CL," ion gains a great deal of energy from the
collision of CH,Cl, with the electron, and the ion frequently

Mass Spectrometry and
. Molecular Formula

loses this energy by breaking into smaller pieces. One
way is

CH,ClL," — CH,CI" + CI

Thus, the original molecule, even one as simple as CH,Cl,,
can give rise to a number of ions.

The second reason for the complexity of the mass
spectrum of a molecular substance is that many of the
atoms in any ion can occur with different isotopic mass, so
each ion often has many peaks. The mass spectrum of
methylene chloride, CH,Cl,, is shown in Figure 3.8. Four-
teen peaks are clearly visible. A larger molecule can give an
even more complicated spectrum.

Because of the complexity of the mass spectrum, it can
be used as a “fingerprint” in identifying a compound. Only
methylene chloride has exactly the spectrum shown in Fig-
ure 3.8. Thus, by comparing the mass spectrum of an un-
known substance with those in a catalog of mass spectra of
known compounds, you can determine its identity. The
more information you have about the compound, the
shorter the search through the catalog of spectra.

The mass spectrum itself contains a wealth of infor-
mation about molecular structure. Some experience is
needed to analyze the spectrum of a compound, but you
can get an idea of how it is done by looking at Figure 3.8.
Suppose you do not know the identity of the compound.

Empirical Formula from the Compaosition

The empirical formula of a compound shows the ratios of numbers of atoms in the com-
pound. You can find this formula from the composition of the compound by converting
masses of the elements to moles. The next two examples show these calculations in detail.

Example 3.10 Determining the Empirical Formula from Masses of Elements (Binary Compound)

A compound of nitrogen and oxygen is analyzed, and a
sample weighing 1.587 g is found to contain 0.483 g N
and 1.104 g O. What is the empirical formula of the
compound?

Problem Strategy This compound has the formula
N,O,, where x and y are whole numbers that we need
to determine. Masses of N and O are given in the
problem. If we convert the masses of each of these

98

elements to moles, they will be proportional to the
subscripts in the empirical formula. The formula must
be the smallest integer ratio of the elements. To obtain
the smallest integers from the moles, we divide each by
the smallest one. If the results are all whole numbers,
they will be the subscripts in the formula. (Otherwise,
you will need to multiply by some factor, as illustrated
in Example 3.11.)

(continued)



FIGURE 3.8 >
Mass spectrum of methylene <00
chloride, CH,Cl,
2 . CH,CI* CH,CL,}

The lines at higher mass correspond to ions 3 2 272
of the original molecule. Several lines occur S 400
because of the presence of different =
isotopes in the ion. 2 300

o

£

= 200

[

100 |
0 40 45 50 55 60 65 70 75 80 85 90
Mass (amu)

The most intense peaks at the greatest mass often corre-
spond to the ion from the original molecule and give you
the molecular mass. Thus, you would expect the peaks at
mass 84 and mass 86 to be from the original molecular ion,
so the molecular mass is approximately 84 to 86.

An elemental analysis is also possible. The two most
intense peaks in Figure 3.8 are at 84 amu and 49 amu. They
differ by 35 amu. Perhaps the original molecule that gives
the peak at 84 amu contains a chlorine-35 atom, which is
lost to give the peak at 49 amu. If this is true, you should ex-
pect a weaker peak at mass 86, corresponding to the origi-
nal molecular ion with chlorine-37 in place of a chlorine-35
atom. This is indeed what you see.

The relative heights of the peaks, which depend on the
natural abundances of atoms, are also important, because

(continued)

Solution You convert the masses to moles:

0.483 g2 x N _ () 5345 mol N
d —— =S, mo
14.0 g
1 mol O
1.104 g6 X — "> — 006900 mol O
16.00 g &

In order to obtain the smallest integers, you divide each
mole number by the smaller one (0.0345 mol). For N,
you get 1.00; for O, you get 2.00. Thus, the ratio of
number of N atoms to the number of O atoms is 1 to 2.
Hence, the empirical formula is NO,.

Exercise 3.10

they give you additional information about the elements
present. The relative heights can also tell you how many
atoms of a given element are in the original molecule. Nat-
urally occurring chlorine is 75.8% chlorine-35 and 24.2%
chlorine-37. If the original molecule contained only one Cl
atom, the peaks at 84 amu and 86 amu would be in the ra-
tio 0.758 : 0.242. That is, the peak at 86 amu would be about
one-third the height of the one at 84 amu. In fact, the rela-
tive height is twice this value. This means that the molecu-
lar ion contains two chlorine atoms, because the chance
that any such ion contains one chlorine-37 atom is then
twice as great. Thus, simply by comparing relative peak
heights, you can both confirm the presence of particular
elements and obtain the molecular formula.

W See Problems 3.109 and 3.110.

Answer Check Keep in mind that the empirical for-
mula determined by this type of calculation is not nec-
essarily the molecular formula of the compound. The
only information that it provides is the smallest whole-
number ratio of the elements.

A sample of compound weigh-
ing 83.5 g contains 33.4 g of sulfur. The rest is oxygen.
What is the empirical formula?

M See Problems 3.65 and 3.66.

29
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Example 3.11 Determining the Empirical Formula from Percentage Composition (General)

Chromium forms compounds of various colors. (The word chromium comes from
the Greek khroma, meaning “color”; see Figure 3.9.) Sodium dichromate is the
most important commercial chromium compound, from which many other
chromium compounds are manufactured. It is a bright orange, crystalline sub-
stance. An analysis of sodium dichromate gives the following mass percentages:
17.5% Na, 39.7% Cr, and 42.8% O. What is the empirical formula of this com-
pound? (Sodium dichromate is ionic, so it has no molecular formula.)

Problem Strategy Here we need to determine the whole-number values for
X, ¥ and z in the compound Na,Cr,O,. The first task is to use the percent
composition data to determine the moles of Na, Cr, and O in the compound. Then
we can use mole ratios of these elements to determine the empirical formula. pGURE 3.9
Assume for the purposes of this calculation that you have 100.0 g of substance. - .

. . Chromium compounds of different colors
Then the mass of each element in the sample equals the numerical value of the ] i ]

. . ! . . . Clockwise from top: Potassium chromate,

percentage. For example, the quantity of sodium in sodium dichromate is 17.5 g, K,CrO,; chromium(Vl) oxide, CrOs;
since the substance is 17.5% Na. Now convert the masses to moles and divide each chromil’Jm(”D sulfate, Crz(Sé A cflromium
mole number by the smallest. In this example, you do not obtain a series of  metal; potassium dichromate, K,Cr,0;
integers, or whole numbers, from this division. You will need to find a whole-  chromium(lll) oxide, Cr,0s.
number factor to multiply these results by to obtain integers. Normally this factor
will be 2 or 3, though it might be larger.

Solution Of the 100.0 g of sodium dichromate, 17.5 g is Na, 39.7 g is Cr, and 42.8 g is
O. You convert these amounts to moles.

17.5 g e x O _ ) 261 ol N
0 ——— = WUk mo a
23.0 g Na
39.7 ger x ~MOLET _ 263 mol C
o ——— = Uk mo ir
52.0 ger
128 g x 11O _ ) 68 mol 0
5 = A mo
16.0 &
Now you divide all the mole numbers by the smallest one.
0.761
For Na: o2 _ 4 4
0.761 mol
0.763 mol
For C = 1.00
0.761 mol
2.68 mol
For O: =3.52
0.761 mol

You must decide whether these numbers are integers (whole numbers), within experimental error.
If you round off the last digit, which is subject to experimental error, you get Na; (Cr; ¢O5 5. In
this case, the subscripts are not all integers. However, they can be made into integers by mul-
tiplying each one by 2; you get Na, (Cr,.007 . Thus, the empirical formula is Na,Cr,0-.

Answer Check If you are working this type of problem and are not arriving at an answer
that is readily converted to integers, it might be that you did not carry forward enough sig-
nificant figures throughout the calculation and/or that you rounded intermediate calculations.

‘M Benzoic acid is a white, crystalline powder used as a food preser-
vative. The compound contains 68.8% C, 5.0% H, and 26.2% O, by mass. What is its empir-

ical formula?

M See Problems 3.67, 3.68, 3.69, and 3.70.
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Molecular Formula from Empirical Formula

The molecular formula of a compound is a multiple of its empirical formula. For
example, the molecular formula of acetylene, C,H,, is equivalent to (CH),, and the
molecular formula of benzene, C¢Hg, is equivalent to (CH)g. Therefore, the molecu-
lar mass is some multiple of the empirical formula mass, which is obtained by sum-
ming the atomic masses of the atoms in the empirical formula. For any molecular
compound, you can write

Molecular mass = n X empirical formula mass

where n is the number of empirical formula units in the molecule. You get the molec-
ular formula by multiplying the subscripts of the empirical formula by n, which you
calculate from the equation

molecular mass

n= .
empirical formula mass

Once you determine the empirical formula for a compound, you can calculate its
empirical formula mass. If you have an experimental determination of its molecular
mass, you can calculate n and then the molecular formula. The next example illus-
trates how you use percentage composition and molecular mass to determine the
molecular formula of acetic acid.

Example 3.12 Determining the Molecular Formula from Percentage Composition and Molecular Mass

In Example 3.9, we found the percentage composition of acetic acid to be 39.9% C, 6.7%
H, and 53.4% O. Determine the empirical formula. The molecular mass of acetic acid was
determined by experiment to be 60.0 amu. What is its molecular formula?

Problem Strategy This problem employs the same general strategy as Example 3.11,
with a few additional steps. In this case the compound is composed of C, H, and O. After
determining the empirical formula of the compound, you calculate the empirical formula
mass. You then determine how many times more massive the molecular compound is than
the empirical compound by dividing the molecular mass by the empirical formula mass.
You now have a factor by which the subscripts of the empirical formula need to be
multiplied to arrive at the molecular formula.

Solution A sample of 100.0 g of acetic acid contains 39.9 g C, 6.7 ¢ H, and 53.4 g O.
Converting these masses to moles gives 3.33 mol C, 6.6 mol H, and 3.34 mol O. Dividing
the mole numbers by the smallest one gives 1.00 for C, 2.0 for H, and 1.00 for O. The
empirical formula of acetic acid is CH,0. (You may have noted that the percentage com-
position of acetic acid is, within experimental error, the same as that of formaldehyde—see
Example 3.7—so they must have the same empirical formula.) The empirical formula mass
is 30.0 amu. Dividing the empirical formula mass into the moecular mass gives the num-
ber by which the subscripts in CH,O must be multiplied.

molecular mass 60.0 amu
= = 2.00

n = =
empirical formula mass  30.0 amu

The molecular formula of acetic acid is (CH,0),, or C;H40,. (A molecular model of
acetic acid is shown in Figure 3.10.)

FIGURE 3.10
Molecular model of

acetic acid

(continued)
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(continued)

Answer Check Calculate the molecular mass of your answer. It should agree with the
molecular mass of the compound given in the problem.

P Exercise 3.12 | The percentage composition of acetaldehyde is 54.5% C, 9.2% H, and
36.3% O, and its molecular mass is 44 amu. Obtain the molecular formula of acetaldehyde.

The condensed structural formula
for acetaldehyde is CHsCHO. Its
structural formula is

H O

|
H—C‘:—C—H

H

Determining this structural formula
requires additional information.

M See Problems 3.73, 3.74, 3.75, and 3.76.

The formula of acetic acid is often written HC,H30, to indicate that one of the hydro-
gen atoms is acidic (lost easily), while the other three are not (Figure 3.10). Now that you
know the formulas of acetic acid and acetaldehyde (determined from the data in Exercise
3.12 to be C,H,0), you can write the equations for the preparation of acetic acid described
in the chapter opener. < The first step consists of reacting ethanol with oxygen to obtain
acetaldehyde and water. If you write the chemical equation and balance it, you obtain

2C2H5OH + 02 — 2C2H4O + 2H2O

ethanol acetaldehyde

In practice, the reaction is carried out with the reactants as gases (gas phase) at about
400°C using silver as a catalyst.

The second step consists of reacting acetaldehyde with oxygen to obtain acetic
acid. Acetaldehyde liquid is mixed with a catalyst—manganese(II) acetate—and air is
bubbled through it. The balanced equation is

2C2H4O + 02 — 2HC2H302

acetaldehyde acetic acid

Once you have this balanced equation, you are in a position to answer quantitative
questions such as, How much acetic acid can you obtain from a 10.0-g sample of
acetaldehyde? You will see how to answer such questions in the next sections.

Concept Check 3.3

A friend has some questions about empirical formulas and molecular formulas. You
can assume that he is good at performing the calculations.

a. For a problem that asked him to determine the empirical formula, he came up
with the answer C,HgO,. Is this a possible answer to the problem? If not, what
guidance would you offer your friend?

b. For another problem he came up with the answer C;sH, as the empirical
formula. Is this answer correct? Once again, if it isn’t correct, what could you
do to help your friend?

¢. Since you have been a big help, your friend asks one more question. He
completed a problem of the same type as Example 3.12. His answers indicate
that the compound had an empirical formula of C;HgO and the molecular
formula C3HgO. Is this result possible?

Stoichiometry: Quantitative Relations in Chemical Reactions

In Chapter 2, we described a chemical equation as a representation of what occurs
when molecules react. We will now study chemical equations more closely to answer
questions about the stoichiometry of reactions. Stoichiometry (pronounced “stoy-key-
om'’-e-tree”) is the calculation of the quantities of reactants and products involved in
a chemical reaction. It is based on the chemical equation and on the relationship
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between mass and moles. Such calculations are fundamental to most quantitative work
in chemistry. In the next sections, we will use the industrial Haber process for the
production of ammonia to illustrate stoichiometric calculations.

Molar Interpretation of a Chemical Equation

In the Haber process for producing ammonia, NHj3, nitrogen (from the atmosphere)
reacts with hydrogen at high temperature and pressure.

Na(g) + 3Hx(g) — 2NH;(g)

Hydrogen is usually obtained from natural gas or petroleum and so is relatively expen-
sive. For this reason, the price of hydrogen partly determines the price of ammonia.
Thus, an important question to answer is, How much hydrogen is required to give a
particular quantity of ammonia? For example, how much hydrogen would be needed
to produce one ton (907 kg) of ammonia? Similar kinds of questions arise through-
out chemical research and industry.

To answer such quantitative questions, you must first look at the balanced chem-
ical equation: one N, molecule and three H, molecules react to produce two NH;
molecules (see models above). A similar statement involving multiples of these num-
bers of molecules is also correct. For example, 6.02 X 1073 N, molecules react with
3 X 6.02 X 10% H, molecules, giving 2 X 6.02 X 10** NH; molecules. This last
statement can be put in molar terminology: one mole of N, reacts with three moles
of H, to give two moles of NHj;.

You may interpret a chemical equation either in terms of numbers of molecules (or
ions or formula units) or in terms of numbers of moles, depending on your needs.

Because moles can be converted to mass, you can also give a mass interpretation
of a chemical equation. The molar masses of N,, H,, and NH; are 28.0, 2.02, and
17.0 g/mol, respectively. Therefore, 28.0 g of N, reacts with 3 X 2.02 g of H, to yield
2 X 17.0 g of NH;.

We summarize these three interpretations as follows:

N, + 3H, — 2NH;
1 molecule N, + 3 molecules H, — 2 molecules NH; (molecular interpretation)
ImolN, + 3 mol H, — 2 mol NH; (molar interpretation)
280gN, + 3X202gH, — 2X17.0gNH;4 (mass interpretation)

Suppose you ask how many grams of atmospheric nitrogen will react with 6.06 g
(3 X 2.02 g) of hydrogen. You see from the last equation that the answer is 28.0 g
N,. We formulated this question for one mole of atmospheric nitrogen. Recalling the
question posed earlier, you may ask how much hydrogen (in kg) is needed to yield
907 kg of ammonia in the Haber process. The solution to this problem depends on
the fact that the number of moles involved in a reaction is proportional to the coeffi-
cients in the balanced chemical equation. In the next section, we will describe a pro-
cedure for solving such problems.

In an industrial process, hydrogen chloride, HCI, is prepared by

burning hydrogen gas, H,, in an atmosphere of chlorine, Cl,. Write the chemical equation
for the reaction. Below the equation, give the molecular, molar, and mass interpretations.

M See Problems 3.77 and 3.78.
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3.7

This conversion factor simply
expresses the fact that the mole
ratio of NH;3 to Hj in the reaction
is 2 to 3.

Amounts of Substances in a Chemical Reaction

You see from the preceding discussion that a balanced chemical equation relates
the amounts of substances in a reaction. The coefficients in the equation can be
given a molar interpretation, and using this interpretation you can, for example,
calculate the moles of product obtained from any given moles of reactant. Also,
you can extend this type of calculation to answer questions about masses of reac-
tants and products.

Again consider the Haber process for producing ammonia gas. Suppose you have
a mixture of H, and N,, and 4.8 mol H, in this mixture reacts with N, to produce
NH;. How many moles of NH; can you produce from this quantity of H,? In asking
questions like this, you assume that the mixture contains a sufficient quantity of the
other reactant (N,, in this case).

The balanced chemical equation for the Haber process tells you that 3 mol H,
produce 2 mol NHj3. You can express this as a conversion factor: <

2 mol NH;
3 mol H2

— s
Converts from
mol H, to mol NH;

Multiplying any quantity of H, by this conversion factor mathematically converts that
quantity of H, to the quantity of NH; as specified by the balanced chemical equa-
tion. Note that you write the conversion factor with the quantity you are converting
from on the bottom (3 mol H,), and the quantity you are converting fo on the top
(2 mol NH3).
To calculate the quantity of NH; produced from 4.8 mol H,, you write 4.8 mol
H, and multiply this by the preceding conversion factor:
2 mol NHj3
4.8 metHH; X —————— = 3.2 mol NH;
3 metH;
Note how the unit mol H, cancels to give the answer in mol NHj.
In this calculation, you converted moles of reactant to moles of product.

Moles reactant —— moles product

It is just as easy to calculate the moles of reactant needed to obtain the specified moles
of product. You mathematically convert moles of product to moles of reactant.

Moles product — moles reactant

To set up the conversion factor, you refer to the balanced chemical equation and place
the quantity you are converting from on the bottom and the quantity you are con-
verting to on the top.

3 mol H,
2 mol NH;

= -2
Converts from
mol NH; to mol H,

Now consider the problem asked in the previous section: How much hydrogen
(in kg) is needed to yield 907 kg of ammonia by the Haber process? The balanced
chemical equation directly relates moles of substances, not masses. Therefore, you
must first convert the mass of ammonia to moles of ammonia, then convert moles of
ammonia to moles of hydrogen. Finally, you convert moles of hydrogen to mass of
hydrogen.

Mass NH; —— mol NH; —— mol H, —— mass H,

You learned how to convert mass to moles, and vice versa, in Section 3.2.
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FIGURE 3.11

Steps in a stoichiometric calculation

You convert the mass of substance A in a
reaction to moles of substance A, then to
moles of another substance B, and finally to
mass of substance B.
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Conversion factor: Conversion factor: Conversion factor: \
g A to mol A X mol A to mol B X mol B to g B —» Grams of B /j

The calculation to convert 907 kg NHj;, or 9.07 X 10° g NH;, to mol NHj is as
follows:

% 1 mol NH;
17.0 g NH3
Nl ablalet)

Converts from
¢ NH;3 to mol NHj3

9.07 X 10° g NH; = 5.34 X 10* mol NH;

Now you convert from moles NH; to moles H,.

3 mol H2
2 mol-NH;

[t
Converts from
mol NH; to mol H,

5.34 X 10* melNH; X =8.01 X 10* mol H,

Finally, you convert moles H, to grams H,.

202 ¢ H,
1 metH,

Converts from
mol H, to g H,

8.01 X 10* metH; X =1.62 X 10° g H,

The result says that to produce 907 kg NH;, you need 1.62 X 10° g H,, or 162 kg H,.
Once you feel comfortable with the individual conversions, you can do this type of
calculation in a single step by multiplying successively by conversion factors, as follows:

| mobNH;  3metH;  202gH, _

17.0 gNH; 2 molNH; 1 metH;
1.62 X 10° g H, (or 162 kg Hy)

9.07 X 10° g NH; X

Note that the unit in the denominator of each conversion factor cancels the unit in the
numerator of the preceding factor. Figure 3.11 illustrates this calculation diagram-
matically.

The following two examples illustrate additional variations of this type of calculation.

Example 3.13 Relating the Quantity of Reactant to Quantity of Product

Hematite, Fe,O5, is an important ore of iron; see Figure 3.12. (An ore is a nat-
ural substance from which the metal can be profitably obtained.) The free metal
is obtained by reacting hematite with carbon monoxide, CO, in a blast furnace.
Carbon monoxide is formed in the furnace by partial combustion of carbon. The

reaction is

Fe,05(s) + 3CO(g) — 2Fe(s) + 3CO,(g)

How many grams of iron can be produced from 1.00 kg Fe,O5?

Problem Strategy This calculation involves the conversion of a quantity of

FIGURE 3.12

Hematite

Fe,O5 to a quantity of Fe. In performing this calculation, we assume that there  The name of this iron mineral stems from
is enough CO for the complete reaction of the Fe,O3. An essential feature of this  the Greek word for blood, which alludes to
type of calculation is that you must use the information from the balanced the color of certain forms of the mineral.

(continued)
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(continued)
chemical equation to convert from the moles of a given substance to the moles of another
substance. Therefore, you first convert the mass of Fe,O5 (1.00 kg Fe,05 = 1.0 X 10° g
Fe,05) to moles of Fe,Os. Then, using the relationship from the balanced chemical equation,
you convert moles of Fe,O5 to moles of Fe. Finally, you convert the moles of Fe to grams
of Fe.

Solution The calculation is as follows:

3 1 molFes03 2 metFe 55.8 g Fe
1.00 X 107 g Ees03 X X X =698 g Fe
160 g Ees05 1 molFe;0; 1 motFe

Answer Check When calculating the mass of product produced in a chemical reaction
such as this, keep in mind that the total mass of reactants must equal the total mass of prod-
ucts. Because of this, you should be suspicious of any calculation where you find a few
grams of reactant produces a large mass of product.

Sodium is a soft, reactive metal that instantly reacts with water to
give hydrogen gas and a solution of sodium hydroxide, NaOH. How many grams of sodium
metal are needed to give 7.81 g of hydrogen by this reaction? (Remember to write the
balanced equation first.)

B See Problems 3.83, 3.84, 3.85, and 3.86.

Example 3.14 Relating the Quantities of Two Reactants (or Two Products)

Today chlorine is prepared from sodium chloride by electrochemical decomposition.
Formerly chlorine was produced by heating hydrochloric acid with pyrolusite (man-
ganese dioxide, MnQ,), a common manganese ore. Small amounts of chlorine may
be prepared in the laboratory by the same reaction (see Figure 3.13):

4HCl(ag) + MnO,(s) —> 2H,0(]) + MnCly(aq) + Cly(g)

How many grams of HCI react with 5.00 g of manganese dioxide, according to this
equation?

Problem Strategy When starting a problem like this, determine and note which
quantities in the balanced chemical equation are being related. Here you are looking
at the two reactants, and the relationship is that 4 mol HCI reacts with 1 mol MnO,.
Answer this problem following the same strategy as outlined in Example 3.13, only
this time use the relationship between the HCI and MnO,.

Solution You write what is given (5.00 g MnO,) and convert this to moles, then
to moles of what is desired (mol HCI). Finally you convert this to mass (g HCI). The
calculation is:

FIGURE 3.13
5.00 g Mn6; X l 2 % s X 36.5 g HCI = 8.40 g HCI Preparation of chlorine
86.9 gMn0; 1molMnO; | melHCT Concentrated hydrochloric acid was

added to manganese dioxide in the
Answer Check To avoid incorrect answers, before starting any stoichiometry — beaker. Note the formation of
problem, make sure that the chemical equation is complete and balanced and that the  Yellowishgreen gas (chlorine), which

B TR e — is depicted by molecular models.
(continued)
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METCETENE  Sphalerite is a zinc sulfide (ZnS) mineral and an important com-
mercial source of zinc metal. The first step in the processing of the ore consists of heating

the sulfide with oxygen to give zinc oxide, ZnO, and sulfur dioxide, SO,. How many kilo-
grams of oxygen gas combine with 5.00 X 10* g of zinc sulfide in this reaction? (You must
first write the balanced chemical equation.)

M See Problems 3.87 and 3.88.

Exercise 3.16 The British chemist Joseph Priestley prepared oxygen in 1774 by
heating mercury(Il) oxide, HgO. Mercury metal is the other product. If 6.47 g of oxygen
is collected, how many grams of mercury metal are also produced?

3.8

B See Problems 3.89 and 3.90.

Concept Check 3.4

The main reaction of a charcoal grill is C(s) + O,(g) — CO,(g). Which of the
statements below are incorrect? Why?

a. 1 atom of carbon reacts with 1 molecule of oxygen to produce 1 molecule
of COs.

b. 1 g of C reacts with 1 g of O, to produce 2 grams of CO,.

¢. 1 g of C reacts with 0.5 g of O, to produce 1 g of CO,.

d. 12 g of C reacts with 32 g of O, to produce 44 g of CO.,.

e. 1 mol of C reacts with 1 mol of O, to produce 1 mol of CO,.

f. 1 mol of C reacts with 0.5 mol of O, to produce 1 mol of CO,.

g.g+0¢_.g
o992 [ @

Limiting Reactant; Theoretical and Percentage Yields

Often reactants are added to a reaction vessel in amounts different from the molar
proportions given by the chemical equation. In such cases, only one of the reactants
may be completely consumed at the end of the reaction, whereas some amounts of
other reactants will remain unreacted. The limiting reactant (or limiting reagent) is the
reactant that is entirely consumed when a reaction goes to completion. A reactant that
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FIGURE 3.14

Limiting reactant analogy using

cheese sandwiches

Start with six slices of bread, two slices of
cheese, and the sandwich-making equation.
Even though you have extra bread, you are
limited to making two sandwiches by the
amount of cheese you have on hand.
Cheese is the limiting reactant.

is not completely consumed is often referred to as an excess reactant. Once one of
the reactants is used up, the reaction stops. This means that:

The moles of product are always determined by the starting moles of limiting
reactant.

A couple of analogies may help you understand the limiting reactant problem.
Suppose you want to make some cheese sandwiches. Each is made from two slices
of bread and a slice of cheese. Let’s write that in the form of a chemical equation:

2 slices bread + 1 slice cheese —— 1 sandwich

You look in the kitchen and see that you have six slices of bread and two slices of
cheese. The six slices of bread would be enough to make three sandwiches if you had
enough cheese. The two slices of cheese would be enough to make two sandwiches
if you had enough bread. How many sandwiches can you make? What you will find
is that once you have made two sandwiches, you will be out of cheese (Figure 3.14).
Cheese is the “limiting reactant” in the language of chemistry. If you look at each
“reactant,” and ask how much “product” you can make from it, the reactant that lim-
its your amount of product is called the limiting reactant.

Here is another analogy. Suppose you are supervising the assembly of automo-
biles. Your plant has in stock 300 steering wheels and 900 tires, plus an excess of
every other needed component. How many autos can you assemble from this stock?
Here is the “balanced equation” for the auto assembly:

1 steering wheel + 4 tires + other components — 1 auto

One way to solve this problem is to calculate the number of autos that you could
assemble from each component. In this case, you only need to concentrate on the
effects of the steering wheels and tires since production will not be limited by the
other, excess components. Looking at the equation, you can determine that from 300
steering wheels, you could assemble 300 autos; from 900 tires you could assemble
900 + 4 = 225 autos.

How many autos can you produce, 225 or 300? Note that by the time you have
assembled 225 autos, you will have exhausted your stock of tires, so no more autos
can be assembled. Tires are the “limiting reactant,” since they limit the number of
automobiles that you can actually assemble (225).

You can set up these calculations in the same way for a chemical reaction. First,
you calculate the numbers of autos you could assemble from the number of steering

Start

qwton 2 @ . —~ {4
¥y

—_

Finish




FIGURE 3.15

Molecular view of 2H, + 0, —— 2H,0
reaction with H, as the limiting reactant
When an equal number of moles of H, and
0, are reacted according to the equation
2H, + 0, —2H,0, all of the H, com-
pletely reacts, whereas only half of the O,
is consumed. In this case, the H, is the
limiting reactant and the O, is the excess
reactant.
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wheels and from the number of tires available, and then you compare the results. From
the balanced equation, you can see that one steering wheel is equivalent to one auto,
and four tires are equivalent to one auto. Therefore:

1 auto

300 steering-wheels X [EE— = 300 autos
steering-wheel™

. 1 auto
900 tires X 1

— = 225 autos
Comparing the numbers of autos produced (225 autos versus 300 autos), you conclude
that tires are the limiting component. (The component producing the fewer autos is
the limiting component.) Note that apart from the units (or factor labels), the
calculation is identical with what was done previously.

Now consider a chemical reaction, the burning of hydrogen in oxygen.

2Hx(g) + Ox(g) — 2H,0(g)

Suppose you put 1 mol H, and 1 mol O, into a reaction vessel. How many moles
of H,O will be produced? First, you note that 2 mol H, produces 2 mol H,O and
that 1 mol O, produces 2 mol H,O. Now you calculate the moles of H,O that you
could produce from each quantity of reactant, assuming that there is sufficient other
reactant.

2 mol H,O

1 metH; X ——————— = 1 mol H,O
2 mett,;
2 mol H,O

1 met©; X —————— = 2 mol H,O
1 met-O;

Comparing these results, you see that hydrogen, H,, yields the least amount of prod-
uct, so it must be the limiting reactant. By the time 1 mol H,O is produced, all of
the hydrogen is used up; the reaction stops. Oxygen, O,, is the excess reactant. Fig-
ure 3.15 depicts this reaction from a molecular viewpoint.

We can summarize the limiting-reactant problem as follows. Suppose you are
given the amounts of reactants added to a vessel, and you wish to calculate the amount
of product obtained when the reaction is complete. Unless you know that the reac-
tants have been added in the molar proportions given by the chemical equation, the
problem is twofold: (1) you must first identify the limiting reactant; (2) you then
calculate the amount of product from the amount of limiting reactant. The next exam-
ples illustrate the steps.

H, reactant O, reactant H,O produced and
O, unreacted (excess)
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Example 3.15 Calculating with a Limiting Reactant (Involving Moles)

Zinc metal reacts with hydrochloric acid by the follow-
ing reaction:

Zn(s) + 2HCl(ag) — ZnCly(ag) + Hx(g)

If 0.30 mol Zn is added to hydrochloric acid containing
0.52 mol HCI, how many moles of H, are produced?

Problem Strategy

Step 1: Which is the limiting reactant? To answer this,
using the relationship from the balanced chem-
ical equation, you take each reactant in turn
and ask how much product (H,) would be
obtained if each were totally consumed. The
reactant that gives the smaller amount of prod-
uct is the limiting reactant. (Remember how
you obtained the limiting component in the
auto-assembly analogy.)

Step 2: You obtain the amount of product actually
obtained from the amount of limiting reactant.

Solution
Step 1: 1 mol H,
0.30 metZn X 1— = 0.30 mol H,
n
1 mol H,
0.52 metHHET X ———— = 0.26 mol H,
2 motHHCT

Exercise 3.17

You see that hydrochloric acid must be the
limiting reactant and that some zinc must be
left unconsumed. (Zinc is the excess reactant.)

Step 2: Since HCI is the limiting reactant, the amount
of H, produced must be 0.26 mol.

Answer Check A common assumption that often
leads to errors in solving a problem of this type is to
assume that whichever reactant is present in the least
quantity (in mass or moles of material) is automatically
the limiting reactant. Note how that assumption would
have led to an incorrect answer in this problem. Always
be sure to account for the stoichiometry of the balanced
chemical equation.

Aluminum chloride, AICls, is
used as a catalyst in various industrial reactions. It is
prepared from hydrogen chloride gas and aluminum
metal shavings.

2Al(s) + 6HCl(g) — 2AICl;(s) + 3Hy(9)

Suppose a reaction vessel contains 0.15 mol Al and
0.35 mol HCI. How many moles of AICl; can be
prepared from this mixture?

B See Problems 3.91 and 3.92.

Example 3.16 Calculating with a Limiting Reactant (Involving Masses)

In a process for producing acetic acid, oxygen gas is bubbled into acetaldehyde, CH;CHO,
containing manganese(II) acetate (catalyst) under pressure at 60°C.

2CH;CHO() + O,(g) — 2HC,H;05())

In a laboratory test of this reaction, 20.0 g CH;CHO and 10.0 g O, were put into a reaction
vessel. a. How many grams of acetic acid can be produced by this reaction from these amounts
of reactants? b. How many grams of the excess reactant remain after the reaction is complete?

Problem Strategy

a. This part is similar to the preceding example, but now you must convert grams of each
reactant (acetaldehyde and oxygen) to moles of product (acetic acid). From these results,
you decide which is the limiting reactant and the moles of product obtained, which you

convert to grams of product.

b. In order to calculate the amount of excess reactant remaining after the reaction is complete,
you need to know the identity of the excess reactant and how much of this excess reactant was
needed for the reaction. The result from Step 1 provides the identity of the limiting reactant,

(continued)
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(continued)

so you will know which reactant was in excess. From the moles of product produced by the
limiting reactant, you calculate the grams of the excess reactant needed in the reaction. You
now know how much of this excess reactant was consumed, so subtracting the amount con-
sumed from the starting amount will yield the amount of excess reactant that remains.

Solution
a. How much acetic acid is produced?

Step 1: To determine which reactant is limiting, you convert grams of each reactant (20.0 g
CH;CHO and 10.0 g O,) to moles of product, HC,H;0,. Acetaldehyde has a
molar mass of 44.1 g/mol, and oxygen has a molar mass of 32.0 g/mol.

1 mOl—GI’IT{eHO- 2 mol HC2H302

20.0 g CH,€HO X X = 0.454 mol HC,H;0
44.1 g CH;€HO ~ 2 mol CH-EHO e

1 met©; 2 mol HC,H;0,
10.0 g©3 X X = 0.625 mol HC,H50,
320265 1 met©;

Thus, acetaldehyde, CH;CHO, is the limiting reactant, so 0.454 mol HC,H;0,
was produced.

Step 2:  You convert 0.454 mol HC,H50, to grams of HC,H;0,.

60.1 g HC,H;0
0.454 mOLHESHO; X 5232 _ 973 6 HC,H,0,
1 mol H&SHZ0;
b. How much of the excess reactant (oxygen) was left over? You convert the moles
of acetic acid to grams of oxygen (the quantity of oxygen needed to produce this
amount of acetic acid).

Imot0; | 32080,

0.454 mol HESHSO; X
2T ) molHESHRO; | | meto);

=726g0,

You started with 10.0 g O,, so the quantity remaining is
(10.0 — 7.26) g O, = 2.7 g O, (mass remaining)

Answer Check Whenever you are confronted with a stoichiometry problem
you should always determine if you are going to have to solve a limiting reactant
problem like this one, or a problem like Example 3.13 that involves a single reac-
tant and one reactant in excess. A good rule of thumb is that when two or more
reactant quantities are specified, you should approach the problem as was done here.

FIGURE 3.16
Exercise 3.18 In an experiment, 7.36 g of zinc was heated with 6.45 ¢ paaction of zinc and sulfur
of sulfur (Figure 3.16). Assume that these substances react according to the  \when a hot nail is stuck into a pile of zinc
equation and sulfur, a fiery reaction occurs and zinc

87n + Sq 87nS sulfide forms.

What amount of zinc sulfide was produced?

B See Problems 3.93 and 3.94.

The theoretical yield of product is the maximum amount of product that can be
obtained by a reaction from given amounts of reactants. It is the amount that you cal-
culate from the stoichiometry based on the limiting reactant. In Example 3.16, the
theoretical yield of acetic acid is 27.3 g. In practice, the actual yield of a product may
be much less for several possible reasons. First, some product may be lost during the
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process of separating it from the final reaction mixture. Second, there may be other,
competing reactions that occur simultaneously with the reactant on which the theo-
retical yield is based. Finally, many reactions appear to stop before they reach com-

Such reactions reach chemical pletion; they give mixtures of reactants and products. <

equl:h:bn:um, We w_iH djscus_’s It is important to know the actual yield from a reaction in order to make economic

g%“lhb”‘i’: quantitatively in decisions about a preparation method. The reactants for a given method may not be
apter 14.

too costly per kilogram, but if the actual yield is very low, the final cost can be very
high. The percentage yield of product is the actual yield (experimentally determined)
expressed as a percentage of the theoretical yield (calculated).

. actual yield
Percentage yield = —————— X 100%
theoretical yield

To illustrate the calculation of percentage yield, recall that the theoretical yield of
acetic acid calculated in Example 3.16 was 27.3 g. If the actual yield of acetic acid
obtained in an experiment, using the amounts of reactants given in Example 3.16, is

23.8 g, then
. 238 ¢
Percentage yield of HC,H3;0, = ——= X 100% = 87.2%
273 g
Exercise 3.19 New industrial plants for acetic acid react liquid methanol with car-

bon monoxide in the presence of a catalyst.
CH;0H(/) + CO(g) — HC,H;0,()

In an experiment, 15.0 g of methanol and 10.0 g of carbon monoxide were placed in a reac-
tion vessel. What is the theoretical yield of acetic acid? If the actual yield is 19.1 g, what
is the percentage yield?

B See Problems 3.97 and 3.98.

Concept Check 3.5

You perform the hypothetical reaction of an element, X,(g), with another element,
Y(g), to produce XY(g).

a.| Write the balanced chemical equation for the reaction.

b. If X, and Y were mixed in the quantities shown in the container on the left
below and allowed to react, which of the three options is the correct represen-
tation of the contents of the container after the reaction has occurred?

Before reaction: After reaction:
—_— or or
= Atom X Option #1 Option #2 Option #3
= AtomY

¢. Using the information presented in part b, identify the limiting reactant.



A Checklist for Review

Important Terms

molecular mass (3.1)
formula mass (3.1)

mole (mol) (3.2)

Avogadro’s number (N,) (3.2)

molar mass (3.2)

Key Equations

mass of A in the whole
Mass % A =

X 100%
mass of the whole

molecular mass

empirical formula mass

Summary of Facts and Concepts

A formula mass equals the sum of the atomic masses of the
atoms in the formula of a compound. If the formula corresponds
to that of a molecule, this sum of atomic masses equals the mo-
lecular mass of the compound. The mass of Avogadro’s number
(6.02 X 10%*) of formula units—that is, the mass of one mole of
substance—equals the mass in grams that corresponds to the
numerical value of the formula mass in amu. This mass is called
the molar mass.

The empirical formula (simplest formula) of a compound is
obtained from the percentage composition of the substance,
which is expressed as mass percentages of the elements. To
calculate the empirical formula, you convert mass percentages to

Media Summary

percentage composition (3.3)
mass percentage (3.3)
empirical (simplest) formula (3.5)

Percentage yield =

Media Summary 113

stoichiometry (3.6)

limiting reactant (reagent) (3.8)
theoretical yield (3.8)
percentage yield (3.3)

actual yield
—— X 100%
theoretical yield

ratios of moles, which, when expressed in smallest whole num-
bers, give the subscripts in the formula. A molecular formula is a
multiple of the empirical formula; this multiple is determined
from the experimental value of the molecular mass.

A chemical equation may be interpreted in terms of moles of
reactants and products, as well as in terms of molecules. Using
this molar interpretation, you can convert from the mass of one
substance in a chemical equation to the mass of another. The
maximum amount of product from a reaction is determined by
the limiting reactant, the reactant that is completely used up; the
other reactants are in excess.

Visit the student website at college.hmco.com/pic/ebbing9e to help prepare for class, study for quizzes and exams, understand
core concepts, and visualize molecular-level interactions. The following media activities are available for this chapter:

@ Prepare for Class

Video Lessons Mini lectures from chemistry experts

The Mole and Avogadro’s Number

Introducing Conversion of Masses, Moles, and Number of
Particles

Finding Empirical and Molecular Formulas

Stoichiometry and Chemical Equations

Finding Limiting Reagents

CIA Demonstration: Self-Inflating Hydrogen Balloons

Theoretical Yield and Percent Yield

A Problem Involving the Combined Concepts of Stoichiometry

Improve Your Grade

Visualizations Molecular-level animations and lab
demonstration videos

Oxidation of Zinc with Iodine

Limiting Reactant
Oxygen, Hydrogen, Soap Bubbles, and Balloons

Tutorials Animated examples and interactive activities

Formula Mass
Limiting Reactants: Part One
Limiting Reactants: Part Two

Flashcards Key terms and definitions

Online Flashcards

Self-Assessment Questions Additional questions with
full worked-out solutions

6 Self-Assessment Questions

ACE the Test

Multiple-choice quizzes

3 ACE Practice Tests

Access these resources using the passkey available free with new texts or for purchase separately.
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Learning Objectives

3.1 Molecular Mass and Formula Mass

Calculations with Chemical Formulas and Equations

3.5 Determining Formulas

B Define the terms molecular mass and formula mass of a
substance.

m Calculate the formula mass from a formula.
Example 3.1

m Calculate the formula mass from molecular models.
Example 3.2

3.2 The Mole Concept

m Define the quantity called the mole.

B Learn Avogadro’s number.

B Understand how the molar mass is related to the formula
mass of a substance.

m Calculate the mass of atoms and molecules.
Example 3.3

B Perform calculations using the mole.

m Convert from moles of substance to grams of substance.
Example 3.4

m Convert from grams of substance to moles of substance.
Example 3.5

B Calculate the number of molecules in a given mass of
substance. Example 3.6

3.3 Mass Percentages from the Formula

B Define mass percentage.

Hm Calculate the percentage composition of the elements in a
compound. Example 3.7

H Calculate the mass of an element in a given mass of
compound. Example 3.8

3.4 Elemental Analysis: Percentage of Carbon,
Hydrogen, and Oxygen

H Describe how C, H, and O combustion analysis is
performed.

m Calculate the percentage of C, H, and O from combustion
data. Example 3.9

m Define empirical formula.

B Determine the empirical formula of a binary compound from
the masses of its elements. Example 3.10

H Determine the empirical formula from the percentage
composition. Example 3.11

B Understand the relationship between the molecular mass of a
substance and its empirical formula mass.

B Determine the molecular formula from the percentage
composition and molecular mass. Example 3.12

3.6 Molar Interpretation of a Chemical Equation

H Relate the coefficients in a balanced chemical equation to the
number of molecules or moles (molar interpretation).

3.7 Amounts of Substances in a Chemical Reaction

m Use the coefficients in a chemical reaction to perform
calculations.

| Relate the quantities of reactant to the quantity of product.
Example 3.13

B Relate the quantities of two reactants or two products.
Example 3.14

3.8 Limiting Reactant; Theoretical and Percentage
Yields

® Understand how a limiting reactant or limiting reagent
determines the moles of product formed during a chemical
reaction and how much excess reactant remains.

B Calculate with a limiting reactant involving moles.
Example 3.15

m Calculate with a limiting reactant involving masses.
Example 3.16

B Define and calculate the theoretical yield of chemical
reactions.

B Determine the percentage yield of a chemical reaction.

Self-Assessment and Review Questions

3.1  What is the difference between a formula mass and a mo-
lecular mass? Could a given substance have both a formula mass
and a molecular mass?

3.2 Describe in words how to obtain the formula mass of a
compound from the formula.

3.3 One mole of N, contains how many N, molecules? How
many N atoms are there in one mole of N,? One mole of iron(III)
sulfate, Fe,(SO,);, contains how many moles of S0,%" ions?
How many moles of O atoms?

3.4 Explain what is involved in determining the composition of
a compound of C, H, and O by combustion.

3.5 Explain what is involved in obtaining the empirical for-
mula from the percentage composition.

3.6 A substance has the molecular formula C¢H,,0,. What is
its empirical formula?

3.7 Hydrogen peroxide has the empirical formula HO and an
empirical formula weight of 17.0 amu. If the molecular mass is
34.0 amu, what is the molecular formula?

3.8 Describe in words the meaning of the equation

CH4 + 202 — C02 + 2H20

using a molecular, a molar, and then a mass interpretation.



3.9 Explain how a chemical equation can be used to relate the
masses of different substances involved in a reaction.
3.10 What is a limiting reactant in a reaction mixture? Explain
how it determines the amount of product.
3.1 Come up with some examples of limiting reactants that
use the concept but don’t involve chemical reactions.
3.2 Explain why it is impossible to have a theoretical yield of
more than 100%.
3.13 How many grams of NH; will have the same number of
molecules as 15.0 g of CgHg?

a. 3.27

b. 1.92

¢ 15.0

d. 17.0

e. 142
3.14 Which of the following has the largest number of
molecules?

a. 1 g of benzene, C¢Hg

b. 1 g of formaldehyde, CH,O

c 1 g of TNT, C7H5N3O6

Concept Explorations

3.17 Moles and Molar Mass

Part 1: The mole provides a convenient package where we can
make a connection between the mass of a substance and the
number (count) of that substance. This is a familiar concept if
you have ever bought nails at a hardware store, where you pur-
chase nails by mass rather than count. Typically, there is a scale
provided for weighing the nails. For example, a notice placed
above the nail bin might read, “For the nails in the bin below,
there are 500 nails per kg.” Using this conversion factor, perform
the following calculations.

a. How many nails would you have if you had 0.2 kg?

b. If you had 10 dozen nails, what would be their mass?

¢. What is the mass of one nail?

d. What is the mass of 2.0 moles of nails?
Part 2: The periodic table provides information about each ele-
ment that serves somewhat the same purpose as the label on the
nail bin described in Part 1, only in this case, the mass (molar
mass) of each element is the number of grams of the element that

contain 6.02 X 10> atoms or molecules of the element. As you
are aware, the quantity 6.02 X 10> is called the mole.

a. If you had 0.2 kg of helium, how many helium atoms
would you have?

b. If you had 10 dozen helium atoms, what would be their
mass?

¢. What is the mass of one helium atom?
d. What is the mass of 2.0 moles of helium atoms?

Part 3: Say there is a newly defined “package” called the binkle.
One binkle is defined as being exactly 3 X 10'2,
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d. 1 g of naphthalene, C;oHg
e 1 g of gluCOSﬁ, C6H1206
3.15 How many atoms are present in 123 g of magnesium
cyanide?
. 9.7 % 107
. 291 x 10*
. 2.83 X 10*®
. 4.85 % 10*
. 5.65 % 1077
3.16 When 2.56 g of a compound containing only carbon, hy-
drogen, and oxygen is burned completely, 3.84 g of CO, and
1.05 g of H,O are produced. What is the empirical formula of the
compound?
. CsH¢Os
. C4H,0;
. C4HeO3

o aan o
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a. If you had 1.0 kg of nails and 1.0 kg of helium atoms,
would you expect them to have the same number of bin-
kles? Using complete sentences, explain your answer.

b. If you had 3.5 binkles of nails and 3.5 binkles of helium
atoms, which quantity would have more (count) and which
would have more mass? Using complete sentences, explain
your answers.

¢. Which would contain more atoms, 3.5 g of helium or 3.5 g
of lithium? Using complete sentences, explain your answer.

3.18 Moles Within Moles and Molar Mass
Part 1
a. How many hydrogen and oxygen atoms are present in
1 molecule of H,O?
b. How many moles of hydrogen and oxygen atoms are present
in 1 mol H,O?
¢. What are the masses of hydrogen and oxygen in 1.0 mol H,O?
d. What is the mass of 1.0 mol H,O?

Part 2: Two hypothetical ionic compounds are discovered with
the chemical formulas XCl, and YCl,, where X and Y represent
symbols of the imaginary elements. Chemical analysis of the
two compounds reveals that 0.25 mol XCl, has a mass of 100.0 g
and 0.50 mol YCI, has a mass of 125.0 g.

a. What are the molar masses of XCl, and YCI,?

b. If you had 1.0-mol samples of XCl, and YCl,, how would
the number of chloride ions compare?

¢. If you had 1.0-mol samples of XCl, and YCl,, how would
the masses of elements X and Y compare?
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d. What is the mass of chloride ions present in 1.0 mol XCl,
and 1.0 mol YCI,?

e. What are the molar masses of elements X and Y?

f. How many moles of X ions and chloride ions would be
present in a 200.0-g sample of XCl,?

g. How many grams of Y ions would be present in a 250.0-g
sample of YCl,?

h. What would be the molar mass of the compound YBr;?

Gonceptual Prohlems

3.19  You react nitrogen and hydrogen in a container to produce
ammonia, NH;(g). The following figure depicts the contents of
the container after the reaction is complete.

e @ =N
0@ | ®-

. Write a balanced chemical equation for the reaction.

b. What is the limiting reactant?

¢. How many molecules of the limiting reactant would you
need to add to the container in order to have a complete re-
action (convert all reactants to products)?

3.20 Propane, CsHg, is the fuel of choice in a gas barbecue.
When burning, the balanced equation is

C3Hg + 502 — 3CO2 + 4H2O

a. What is the limiting reactant in cooking with a gas grill?
b. If the grill will not light and you know that you have an ample
flow of propane to the burner, what is the limiting reactant?
¢. When using a gas grill you can sometimes turn the gas up to
the point at which the flame becomes yellow and smokey. In
terms of the chemical reaction, what is happening?
3.21 A critical point to master in becoming proficient at solving
problems is evaluating whether or not your answer is reasonable.
A friend asks you to look over her homework to see if she has
done the calculations correctly. Shown below are descriptions of
some of her answers. Without using your calculator or doing cal-
culations on paper, see if you can judge the answers below as be-
ing reasonable or ones that will require her to go back and work
the problems again.
a. 0.33 mol of an element has a mass of 1.0 X 107> g.
b. The mass of one molecule of water is 1.80 X 10~ '° g.
¢. There are 3.01 X 10** atoms of Na in 0.500 mol of Na.
d. The molar mass of CO, is 44.0 kg/mol.
3.22 An exciting, and often loud, chemical demonstration in-
volves the simple reaction of hydrogen gas and oxygen gas to
produce water vapor:

2H,(g) + Oi(g) — 2H,0(g)

Calculations with Chemical Formulas and Equations

Part 3: A minute sample of AICI; is analyzed for chlorine.
The analysis reveals that there are 12 chloride ions present in the
sample. How many aluminum ions must be present in the sample?

a. What is the total mass of AlCl; in this sample?
b. How many moles of AICl; are in this sample?

The reaction is carried out in soap bubbles or balloons that are
filled with the reactant gases. We get the reaction to proceed by
igniting the bubbles or balloons. The more H,O that is formed
during the reaction, the bigger the bang. Explain the following
observations.
a. A bubble containing just H, makes a quiet “fffft” sound
when ignited.
b. When a bubble containing equal amounts of H, and O, is
ignited, a sizable bang results.
¢. When a bubble containing a ratio of 2 to 1 in the amounts
of H, and O, is ignited, the loudest bang results.
d. When a bubble containing just O, is ignited, virtually no
sound is made.
3.23 High cost and limited availability of a reactant often dic-
tate which reactant is limiting in a particular process. Identify the
limiting reactant when the reactions below are run, and come up
with a reason to support your decision.
a. Burning charcoal on a grill:

C(s) + Os(g) — COx(g)
b. Burning a chunk of Mg in water:
Mg(s) + 2H,0(l) — Mg(OH)1(ag) + Ha(g)
¢. The Haber process of ammonia production:
3H,(g) + Na(g) — 2NHs(g)

3.24 A few hydrogen and oxygen molecules are introduced
into a container in the quantities depicted in the following draw-
ing. The gases are then ignited by a spark, causing them to react
and form H,O0.

:H2
:02

a. What is the maximum number of water molecules that can
be formed in the chemical reaction?

b. Draw a molecular level representation of the container’s
contents after the chemical reaction.



3.25 A friend asks if you would be willing to check several
homework problems to see if she is on the right track. Following
are the problems and her proposed solutions. When you identify
the problem with her work, make the appropriate correction.

a. Calculate the number of moles of calcium in 27.0 g of Ca.

1 mol Ca )
6.022 X 10 gCa

27.0gCa X

b. Calculate the number of potassium ions in 2.5 mol of K,SO,.
1 mol K™ ions
T mol KS0,
o 6022 X 102 K" jons _
1 mol K™ ions

2.5 mol K,S0,4 X

¢. Sodium reacts with water according to the following chem-
ical equation.

2Na + 2H,0 —> H, + 2NaOH

Assuming complete reaction, calculate the number of moles of
water required to react with 0.50 mol of Na.

Y MOt 2molNa

Practice Prohlems

Formula Masses and Mole Calculations

3.27 Find the formula masses of the following substances to
three significant figures.

a. methanol, CH;OH

b. nitrogen trioxide, NO3

¢. potassium carbonate, K,CO;

d. nickel phosphate, Ni3(PO,),

3.28 Find the formula masses of the following substances to
three significant figures.

a. sulfuric acid, K>SO,

b. phosphorus pentachloride, PCls

¢. potassium sulfite, K,SO3

d. calcium hydroxide, Ca(OH),

3.29 Calculate the formula mass of the following molecules to
three significant figures.

H p Cl

S

O

(a) (b)
3.30 Calculate the formula mass of the following molecules to
three significant figures.
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3.26 A friend is doing his chemistry homework and is working
with the following chemical reaction.

2C,H,(g) + 50,(g) — 4CO,(g) + 2H,0(g)

He tells you that if he reacts 2 moles of C,H, with 4 moles of O,,
then the C,H, is the limiting reactant since there are fewer moles
of C,H, than O,.
a. How would you explain to him where he went wrong with
his reasoning (what concept is he missing)?
b. After providing your friend with the explanation from part
a, he still doesn’t believe you because he had a homework
problem where 2 moles of calcium were reacted with
4 moles of sulfur and he needed to determine the limiting
reactant. The reaction is

Ca(s) + S(s) —> CaS(s)

He obtained the correct answer, Ca, by reasoning that since
there were fewer moles of calcium reacting, calcium had to be
the limiting reactant. How would you explain his reasoning
flaw and why he got “lucky” in choosing the answer that
he did?

3.31 Ammonium nitrate, NH4NO3, is used as a nitrogen
fertilizer and in explosives. What is the molar mass of
NH,NO;?

3.32 Phosphoric acid, H;PO,, is used to make phosphate fertil-
izers and detergents and is also used in carbonated beverages.
What is the molar mass of H;PO,?

3.33 Calculate the mass (in grams) of each of the following
species.

a. Na atom b. N atom

¢. CH;Cl molecule d. Hg(NOs3), formula unit

3.34 Calculate the mass (in grams) of each of the following
species.

a. Ar atom

¢. PBr; molecule

b. Te atom
d. Fe(OH); formula unit

3.35 Diethyl ether, (C,H5),0, commonly known as ether, is
used as an anesthetic. What is the mass in grams of a molecule of
diethyl ether?

3.36 Glycerol, C3HgOs, is used as a moistening agent for candy
and is the starting material for nitroglycerin. Calculate the mass
of a glycerol molecule in grams.

3.37 Calculate the mass in grams of the following.
a. 0.15 mol Na b. 0.594 mol S
¢. 2.78 mol CH,Cl, d. 38 mol (NH,4),S

3.38 Calculate the mass in grams of the following.
a. 0.205 mol Fe b. 0.79 mol F
¢. 5.8 mol CO, d. 48.1 mol K,CrOy4

3.39 Boric acid, H3BO3, is a mild antiseptic and is often used
as an eyewash. A sample contains 0.543 mol H;BO3. What is the
mass of boric acid in the sample?
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3.40 Carbon disulfide, CS,, is a colorless, highly flammable
liquid used in the manufacture of rayon and cellophane. A sam-
ple contains 0.0205 mol CS,. Calculate the mass of carbon disul-
fide in the sample.

3.41 Obtain the moles of substance in the following.

a. 2.86gC b. 7.05 g Cl,
¢ 76 gC,Hg d. 26.2 g Al,(CO3);
3.42 Obtain the moles of substance in the following.
a. 2.57 gAs
b. 7.83 g Sg
¢ 36.5gNH,

d. 227 g AL(SO,);

3.43 Calcium sulfate, CaSQ,, is a white, crystalline powder.
Gypsum is a mineral, or natural substance, that is a hydrate of
calcium sulfate. A 1.000-g sample of gypsum contains 0.791 g
CaSO,. How many moles of CaSQOy, are there in this sample? As-
suming that the rest of the sample is water, how many moles of
H,O are there in the sample? Show that the result is consistent
with the formula CaSO,-2H,O0.

3.44 A 1.547-g sample of blue copper(Il) sulfate pentahydrate,
CuS0,4-5H,0, is heated carefully to drive off the water. The
white crystals of CuSO, that are left behind have a mass of 0.989
g. How many moles of H,O were in the original sample? Show
that the relative molar amounts of CuSO,4 and H,O agree with
the formula of the hydrate.

3.45 Calculate the following.

. number of atoms in 8.21 g Li

. number of atoms in 32.0 g Br,

. number of molecules in 45 g NH;

. number of formula units in 201 g PbCrOy4
. number of SO,>~ ions in 14.3 2 Cry(S0y4)3

3.46 Calculate the following.

. number of atoms in 25.7 g Al

. number of atoms in 8.71 g I,

. number of molecules in 14.9 g N,Os

. number of formula units in 3.31 g NaClO,
. number of Ca®>" ions in 4.71 g Caz(POy),

o aan o
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3.47 Carbon tetrachloride is a colorless liquid used in the
manufacture of fluorocarbons and as an industrial solvent.
How many molecules are there in 7.58 mg of carbon tetra-

chloride?

3.48 Chlorine trifluoride is a colorless, reactive gas used in
nuclear fuel reprocessing. How many molecules are there in a
5.88-mg sample of chlorine trifluoride?

°3°

Calculations with Chemical Formulas and Equations

Mass Percentage

3.49 A 1.836-g sample of coal contains 1.584 g C. Calculate
the mass percentage of C in the coal.

3.50 A 6.01-g aqueous solution of isopropyl alcohol contains
4.01 g of isopropyl alcohol. What is the mass percentage of iso-
propyl alcohol in the solution?

3.51 Phosphorus oxychloride is the starting compound for
preparing substances used as flame retardants for plastics. An
8.53-mg sample of phosphorus oxychloride contains 1.72 mg of
phosphorus. What is the mass percentage of phosphorus in the
compound?

3.52 Ethyl mercaptan is an odorous substance added to natural
gas to make leaks easily detectable. A sample of ethyl mercaptan
weighing 3.17 mg contains 1.64 mg of sulfur. What is the mass
percentage of sulfur in the substance?

3.53 A fertilizer is advertised as containing 14.0% nitrogen (by
mass). How much nitrogen is there in 4.15 kg of fertilizer?

3.54 Seawater contains 0.0065% (by mass) of bromine. How
many grams of bromine are there in 2.50 L of seawater? The
density of seawater is 1.025 g/cm”.

3.55 A sample of an alloy of aluminum contains 0.0898 mol Al
and 0.0381 mol Mg. What are the mass percentages of Al and
Mg in the alloy?

3.56 A sample of gas mixture from a neon sign contains 0.0856
mol Ne and 0.0254 mol Kr. What are the mass percentages of Ne
and Kr in the gas mixture?

Chemical Formulas

3.57 Calculate the percentage composition for each of the
following compounds (three significant figures).

a. CO b. CO,

C NaH2PO4 d. CO(NO3)2

3.58 Calculate the percentage composition for each of the
following compounds (three significant figures).

a. NO,

b. H,0,

¢. KCIO,

d. Mg(NO,),

3.59 Calculate the mass percentage of each element in toluene,
represented by the following molecular model.
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3.60 Calculate the mass percentage of each element in
2-propanol, represented by the following molecular model.

r/i;\\
()

3.61  Which contains more carbon, 6.01 g of glucose, C¢H;,Og,
or 5.85 g of ethanol, C,HsO?

3.62 Which contains more sulfur, 40.8 g of calcium sulfate,
CaSQOy, or 35.2 g of sodium sulfite, Na,SO5?

3.63 Ethylene glycol is used as an automobile antifreeze and in
the manufacture of polyester fibers. The name glycol stems from
the sweet taste of this poisonous compound. Combustion of 6.38
mg of ethylene glycol gives 9.06 mg CO, and 5.58 mg H,O. The
compound contains only C, H, and O. What are the mass per-
centages of the elements in ethylene glycol?

3.64 Phenol, commonly known as carbolic acid, was used by
Joseph Lister as an antiseptic for surgery in 1865. Its principal
use today is in the manufacture of phenolic resins and plastics.
Combustion of 5.23 mg of phenol yields 14.67 mg CO, and
3.01 mg H,0. Phenol contains only C, H, and O. What is the per-
centage of each element in this substance?

3.65 An oxide of osmium (symbol Os) is a pale yellow solid. If
2.89 g of the compound contains 2.16 g of osmium, what is its
empirical formula?

3.66 An oxide of tungsten (symbol W) is a bright yellow solid.
If 5.34 g of the compound contains 4.23 g of tungsten, what is its
empirical formula?

3.67 Potassium manganate is a dark green, crystalline sub-
stance whose composition is 39.6% K, 27.9% Mn, and 32.5% O,
by mass. What is its empirical formula?

3.68 Hydroquinone, used as a photographic developer, is
65.4% C, 5.5% H, and 29.1% O, by mass. What is the empirical
formula of hydroquinone?

3.69 Acrylic acid, used in the manufacture of acrylic plastics,
has the composition 50.0% C, 5.6% H, and 44.4% O. What is its
empirical formula?

3.70 Malonic acid is used in the manufacture of barbiturates

(sleeping pills). The composition of the acid is 34.6% C, 3.9%
H, and 61.5% O. What is malonic acid’s empirical formula?

3.71 Two compounds have the same composition: 92.25% C
and 7.75% H.
a. Obtain the empirical formula corresponding to this
composition.
b. One of the compounds has a molecular mass of 52.03 amu;
the other, of 78.05 amu. Obtain the molecular formulas of
both compounds.
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3.72 Two compounds have the same composition: 85.62% C
and 14.38% H.
a. Obtain the empirical formula corresponding to this compo-
sition.
b. One of the compounds has a molecular mass of 28.03 amu;
the other, of 56.06 amu. Obtain the molecular formulas of
both compounds.

3.73 Putrescine, a substance produced by decaying animals,
has the empirical formula C,HgN. Several determinations of mo-
lecular mass give values in the range of 87 to 90 amu. Find the
molecular formula of putrescine.

3.74 Compounds of boron with hydrogen are called boranes.
One of these boranes has the empirical formula BH3 and a mo-
lecular mass of 28 amu. What is its molecular formula?

3.75 Oxalic acid is a toxic substance used by laundries to re-
move rust stains. Its composition is 26.7% C, 2.2% H, and
71.1% O (by mass), and its molecular mass is 90 amu. What is
its molecular formula?

3.76 Adipic acid is used in the manufacture of nylon. The
composition of the acid is 49.3% C, 6.9% H, and 43.8% O (by
mass), and the molecular mass is 146 amu. What is the mole-
cular formula?

Stoichiometry: Quantitative Relations in Reactions

3.77 Ethylene, C,H,4, burns in oxygen to give carbon
dioxide, CO,, and water. Write the equation for the reaction,
giving molecular, molar, and mass interpretations below the
equation.

3.78 Hydrogen sulfide gas, H,S, burns in oxygen to give sulfur
dioxide, SO,, and water. Write the equation for the reaction,
giving molecular, molar, and mass interpretations below the
equation.

3.79 Butane, C4H;(, burns with the oxygen in air to give carbon
dioxide and water.

2C4H;o(g) + 130,(g) — 8CO,(g) + 10H,0(g)

What is the amount (in moles) of carbon dioxide produced from
0.30 mol C,H,(?

3.80 Ethanol, C,HsOH, burns with the oxygen in air to give
carbon dioxide and water.

C,HsOH(!) + 30,(g) — 2CO»(g) + 3H,O())

What is the amount (in moles) of water produced from 0.69 mol
C,HsOH?

3.81 TIron in the form of fine wire burns in oxygen to form
iron(I1I) oxide.

4Fe(s) + 30,(g) — 2Fe,05(s)
How many moles of O, are needed to produce 3.91 mol
F6203?
3.82 Nickel(Il) chloride reacts with sodium phosphate to pre-
cipitate nickel(II) phosphate.

3NiCly(ag) + 2NasPO4(aq) — Niy(PO4)(s) + 6NaCl(ag)

How many moles of nickel(II) chloride are needed to produce
0.517 mol nickel(IT) phosphate?
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3.83 Nitric acid, HNOs;, is manufactured by the Ostwald
process, in which nitrogen dioxide, NO,, reacts with water.

3NO,(g) + H,O(l) — 2HNOs3(ag) + NO(g)

How many grams of nitrogen dioxide are required in this reac-
tion to produce 7.50 g HNO3?

3.84 White phosphorus, Py, is prepared by fusing calcium
phosphate, Caz(PO,),, with carbon, C, and sand, SiO,, in an
electric furnace.

2C3.3(PO4)2(S) + 68102(5') + IOC(S) —
P,(g) + 6CaSiO5(0) + 10CO(g)

How many grams of calcium phosphate are required to give
15.0 g of phosphorus?

3.85 Tungsten metal, W, is used to make incandescent bulb
filaments. The metal is produced from the yellow tungsten(VI)
oxide, WOs, by reaction with hydrogen.

WOs(s) + 3Hy(g) — W(s) + 3H,0(g)
How many grams of tungsten can be obtained from 4.81 kg of
hydrogen with excess tungsten(VI) oxide?

3.86 Acrylonitrile, C3H3N, is the starting material for the
production of a kind of synthetic fiber (acrylics). It can be made
from propylene, C3Hg, by reaction with nitric oxide, NO.

4C3He(g) + 6NO(g) — 4C3H3N(g) + 6H,0(g) + Na(g)

How many grams of acrylonitrile are obtained from 452 kg of
propylene and excess NO?

3.87 The following reaction, depicted using molecular models,
is used to make carbon tetrachloride, CCly, a solvent and starting
material for the manufacture of fluorocarbon refrigerants and
aerosol propellants.

Cl

Calculate the number of grams of carbon disulfide, CS,, needed
for a laboratory-scale reaction with 62.7 g of chlorine, Cl,.

3.88 Using the following reaction (depicted using molecular
models), large quantities of ammonia are burned in the presence
of a platinum catalyst to give nitric oxide, as the first step in the
preparation of nitric acid.

N
\

H O Pt
+ — +

Suppose a vessel contains 6.1 g of NH3, how many grams of O,
are needed for a complete reaction?

3.89 When dinitrogen pentoxide, N,Os, a white solid, is
heated, it decomposes to nitrogen dioxide and oxygen.

IN,05(s) — 4NO,(g) + Ox(g)

Calculations with Chemical Formulas and Equations

If a sample of N,Os produces 1.315 g O,, how many grams of
NO, are formed?

3.90 Copper metal reacts with nitric acid. Assume that the
reaction is
3Cu(s) + 8HNO3(aq) —

3Cu(NOs),(ag) + 2NO(g) + 4H,0(1)

If 6.01 g Cu(NO3), is eventually obtained, how many grams of
nitrogen monoxide, NO, would have formed?

Limiting Reactant; Theoretical and
Percentage Yields

3.91 Potassium superoxide, KO,, is used in rebreathing gas
masks to generate oxygen.

4KO,(s) + 2H,0(1) —> 4KOH(s) + 304(g)

If a reaction vessel contains 0.25 mol KO, and 0.15 mol H,O,
what is the limiting reactant? How many moles of oxygen can be
produced?

3.92 Solutions of sodium hypochlorite, NaClO, are sold as a
bleach (such as Clorox). They are prepared by the reaction of
chlorine with sodium hydroxide.

2NaOH(ag) + Clx(g) — NaCl(aq) + NaClO(aq) + H,O(])

If you have 1.23 mol of NaOH in solution and 1.47 mol of Cl,
gas available to react, which is the limiting reactant? How many
moles of NaClO(agq) could be obtained?

3.93 Methanol, CH;OH, is prepared industrially from the gas-
phase catalytic balanced reaction that has been depicted here
using molecular models.

Co + —>

In a laboratory test, a reaction vessel was filled with 35.4 g CO
and 10.2 g H,. How many grams of methanol would be produced
in a complete reaction? Which reactant remains unconsumed at
the end of the reaction? How many grams of it remain?

3.94 Carbon disulfide, CS,, burns in oxygen. Complete com-
bustion gives the balanced reaction that has been depicted here
using molecular models.

(6]
S C +

Calculate the grams of sulfur dioxide, SO,, produced when a
mixture of 35.0 g of carbon disulfide and 30.0 g of oxygen re-
acts. Which reactant remains unconsumed at the end of the com-
bustion? How many grams remain?

3.95 Titanium, which is used to make airplane engines and
frames, can be obtained from titanium(IV) tetrachloride, which
in turn is obtained from titanium(I'V) dioxide by the following
process:

3TiO,(s) + 4C(s) + 6Cly(g) ——
3TiCly(g) + 2CO4(g) + 2CO(g)



A vessel contains 4.15 g TiO,, 5.67 g C, and 6.78 g Cl,. Suppose
the reaction goes to completion as written. How many grams of
titanium(IV) tetrachloride can be produced?

3.96 Hydrogen cyanide, HCN, is prepared from ammonia, air,
and natural gas (CH,) by the following process:

2NH;(g) + 304(g) + 2CH,(g) —— 2HCN(g) + 6H,0(g)

Hydrogen cyanide is used to prepare sodium cyanide, which is
used in part to obtain gold from gold-containing rock. If a reac-
tion vessel contains 11.5 g NH;, 12.0 g O,, and 10.5 g CH,, what
is the maximum mass in grams of hydrogen cyanide that could
be made, assuming the reaction goes to completion as written?

3.97 Aspirin (acetylsalicylic acid) is prepared by heating sali-
cylic acid, C;HgO3, with acetic anhydride, C4H¢O5. The other
product is acetic acid, C,H40,.

C7H603 + C4H6O3 e C9H804 + C2H402

General Problems

3.99 Caffeine, the stimulant in coffee and tea, has the molecu-
lar formula CgH;(N4O,. Calculate the mass percentage of each
element in the substance. Give the answers to three significant
figures.

3.100 Morphine, a narcotic substance obtained from opium, has
the molecular formula C;7H;oNO3. What is the mass percentage
of each element in morphine (to three significant figures)?

3.101 A moth repellent, para-dichlorobenzene, has the compo-
sition 49.1% C, 2.7% H, and 48.2% CIl. Its molecular mass is
147 amu. What is its molecular formula?

3.102 Sorbic acid is added to food as a mold inhibitor. Its com-
position is 64.3% C, 7.2% H, and 28.5% O, and its molecular
mass is 112 amu. What is its molecular formula?

3.103 Thiophene is a liquid compound of the elements C, H,
and S. A sample of thiophene weighing 7.96 mg was burned in
oxygen, giving 16.65 mg CO,. Another sample was subjected
to a series of reactions that transformed all of the sulfur in the
compound to barium sulfate. If 4.31 mg of thiophene gave
11.96 mg of barium sulfate, what is the empirical formula of
thiophene? Its molecular mass is 84 amu. What is its molecu-
lar formula?

3.104 Aniline, a starting compound for urethane plastic foams,
consists of C, H, and N. Combustion of such compounds yields
CO,, H,0, and N, as products. If the combustion of 9.71 mg of
aniline yields 6.63 mg H,O and 1.46 mg N,, what is its empiri-
cal formula? The molecular mass of aniline is 93 amu. What is
its molecular formula?

3.105 A sample of limestone (containing calcium carbonate,
CaCO;) weighing 438 mg is treated with oxalic acid, H,C,0y, to
give calcium oxalate, CaC,0y,.

CaCOs;(s) + H,C,04(aq) —
CaC,04(s) + H,O(l) + COx(g)

The mass of the calcium oxalate produced is 472 mg. What is the
mass percentage of calcium carbonate in this limestone?
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What is the theoretical yield (in grams) of aspirin, CoHgOy,
when 2.00 g of salicylic acid is heated with 4.00 g of acetic
anhydride? If the actual yield of aspirin is 1.86 g, what is the
percentage yield?

3.98 Methyl salicylate (oil of wintergreen) is prepared by heat-
ing salicylic acid, C;H¢O5, with methanol, CH;OH.

C7H603 + CH3OH — C8H803 + Hzo

In an experiment, 1.50 g of salicylic acid is reacted with 11.20 g
of methanol. The yield of methyl salicylate, CsHgO3, is 1.27 g.
What is the percentage yield?

3.106 A titanium ore contains rutile (TiO,) plus some iron
oxide and silica. When it is heated with carbon in the presence of
chlorine, titanium tetrachloride, TiCly, is formed.

TiO,(s) + C(s) + 2Cly(g) — TiCly(g) + CO4(g)
Titanium tetrachloride, a liquid, can be distilled from the mix-
ture. If 35.4 g of titanium tetrachloride is recovered from 17.4 g

of crude ore, what is the mass percentage of TiO, in the ore
(assuming all TiO, reacts)?

3.107 Ethylene oxide, C,H4O, is made by the oxidation of
ethylene, C,H,.

2C,Hy(g) + Ox(g) — 2C,H40(g)

Ethylene oxide is used to make ethylene glycol for automobile
antifreeze. In a pilot study, 10.6 g of ethylene gave 9.91 g of
ethylene oxide. What is the percentage yield of ethylene
oxide?

3.108 Nitrobenzene, CcHsNO,, an important raw material for
the dye industry, is prepared from benzene, C4Hg, and nitric
acid, HNOs.

CgHg(l) + HNO3(l) — C¢HsNO, (1) + H,O())

When 22.4 g of benzene and an excess of HNO; are used, what
is the theoretical yield of nitrobenzene? If 31.6 g of nitrobenzene
is recovered, what is the percentage yield?

3.109 Zinc metal can be obtained from zinc oxide, ZnO, by
reaction at high temperature with carbon monoxide, CO.

ZnO(s) + CO(g) — Zn(s) + CO,(g)
The carbon monoxide is obtained from carbon.
2C(s) + Oy(g) — 2CO(g)

What is the maximum amount of zinc that can be obtained from
75.0 g of zinc oxide and 50.0 g of carbon?

3.110 Hydrogen cyanide, HCN, can be made by a two-step
process. First, ammonia is reacted with O, to give nitric oxide, NO.

4NH3(g) + 505(g) — 4NO(g) + 6H,0(g)
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Then nitric oxide is reacted with methane, CH,.
2NO(g) + 2CH4(g) —— 2HCN(g) + 2H,0(g) + Ha(g)

When 24.2 g of ammonia and 25.1 g of methane are used, how
many grams of hydrogen cyanide can be produced?

3.111  Calcium carbide, CaC,, used to produce acetylene, C,H,,
is prepared by heating calcium oxide, CaO, and carbon, C, to
high temperature.

CaO(s) + 3C(s) —— CaCy(s) + CO(g)

If a mixture contains 2.60 kg of each reactant, how many grams
of calcium carbide can be prepared?

3.112 A mixture consisting of 11.9 g of calcium fluoride, CaF,,
and 10.3 g of sulfuric acid, H,SOy, is heated to drive off hydro-
gen fluoride, HF.

CaF,(s) + H,SO,(l) —> 2HF(g) + CaSO,(s)

What is the maximum number of grams of hydrogen fluoride
that can be obtained?

Strategy Problems

3.117 Exactly 4.0 g of hydrogen gas combines with 32 g of oxy-
gen gas according to the following reaction.

2H2 + 02 —_—> 2H20

a. How many hydrogen molecules are required to completely
react with 48 oxygen molecules?
b. If you ran the reaction and it produced 5.0 mol H,O, how
many moles of both O, and H, did you start with?
¢. If you started with 37.5 g O,, how many grams of H, did
you start with to have a complete reaction?
d. How many grams of O, and H, were reacted to produce
30.0 g H,0?
3.118 Aluminum metal reacts with iron(Ill) oxide to produce
aluminum oxide and iron metal.
a. How many moles of Fe,Oj; are required to completely react
with 41 g Al?
b. How many moles of Fe are produced by the reaction of
3.14 mol Fe,O5 and 99.1 g Al?
¢. How many atoms of Al are required to produce 7.0 g Fe?
3.119 Consider the equation

2KOH + H2504 — KzSO4 + 2H2O

a. If 25 g H,SO, is reacted with 7.7 g KOH, how many grams
of K,SO, are produced?

b. For part a of this problem, identify the limiting reactant and
calculate the mass of excess reactant that remains after the
reaction is completed.

¢. Calculate the theoretical yield of the reaction. How many
grams of material would you expect to obtain if the reac-
tion has a 47.2% yield?

3.120 You perform combustion analysis on 255 mg of a mole-
cule that contains only C, H, and O, and you find that 561 mg
CO, is produced, along with 306 mg H,O.

a. If the molecule contains only C, H, and O, what is the em-

pirical formula?

Calculations with Chemical Formulas and Equations

3.113  Alloys, or metallic mixtures, of mercury with another
metal are called amalgams. Sodium in sodium amalgam reacts
with water. (Mercury does not.)

2Na(s) + 2H,O(/) — 2NaOH(agq) + H»(g)

If a 15.23-g sample of sodium amalgam evolves 0.108 g of
hydrogen, what is the percentage of sodium in the amalgam?

3.114 A sample of sandstone consists of silica, SiO,, and calcite,
CaCOs. When the sandstone is heated, calcium carbonate, CaCOs,
decomposes into calcium oxide, CaO, and carbon dioxide.

CaCO5(s) — CaO(s) + COx(g)

What is the percentage of silica in the sandstone if 18.7 mg of the
rock yields 3.95 mg of carbon dioxide?

3.115 What type of information can you obtain from a com-
pound using a mass spectrometer?

3.116 Why is the mass spectrum of a molecule much more
complicated than that of an atom?

b. If the molar mass of the compound is 180 g/mol, what is
the molecular formula of the compound?

3.121 When ammonia and oxygen are reacted, they produce ni-
tric oxide and water. When 8.5 g of ammonia is allowed to react
with an excess of O,, the reaction produces 12.0 g of nitrogen
monoxide. What is the percentage yield of the reaction?
3.122 A 3.0-L sample of paint that has a density of 4.65 g/mL is
found to contain 27.5 g PbsN,(s). How many grams of lead were
in the paint sample?
3.023 A 12.1-g sample of Na,SOj; is mixed with a 15.5-g sam-
ple of MgSO,. What is the total mass of oxygen present in the
mixture?
3.124 Potassium superoxide, KO,, is employed in a self-
contained breathing apparatus used by emergency personnel as a
source of oxygen. The reaction is

4KO,(s) + 2H,0(]) —> 4KOH(s) + 304(g)

Say a self-contained breathing apparatus is charged with 750 g
KO, and then is used to produce 195 g of oxygen. Was all of the
KO, consumed in this reaction? If the KO, wasn’t all consumed,
how much is left over and what mass of additional O, could be
produced?

3.125 Calcium carbonate is a common ingredient in stomach
antacids. If an antacid tablet has 68.4 mg of calcium carbonate,
how many moles of calcium carbonate are there in 175 tablets?
3126 While cleaning out your closet, you find a jar labeled
“2.21 moles lead nitrite.” Since Stock convention was not used,
you do not know the oxidation number of the lead. You weigh
the contents, and find a mass of 6.61 X 10° mg. What is the per-
centage composition of nitrite?



Gumulative-Skills Prohlems

3.127 A 0.500-g mixture of Cu,O and CuO contains 0.425 g
Cu. What is the mass of CuO in the mixture?

3.128 A mixture of Fe,O5 and FeO was found to contain 72.00%
Fe by mass. What is the mass of Fe,O3 in 0.500 g of this mixture?

3.129 Hemoglobin is the oxygen-carrying molecule of red blood
cells, consisting of a protein and a nonprotein substance. The
nonprotein substance is called heme. A sample of heme weighing
35.2 mg contains 3.19 mg of iron. If a heme molecule contains
one atom of iron, what is the molecular mass of heme?

3.130 Penicillin V was treated chemically to convert sulfur
to barium sulfate, BaSO,. An 8.19-mg sample of penicillin V
gave 5.46 mg BaSO,. What is the percentage of sulfur in peni-
cillin V? If there is one sulfur atom in the molecule, what is the
molecular mass?
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3.131 A 3.41-g sample of a metallic element, M, reacts com-
pletely with 0.0158 mol of a gas, X,, to form 4.52 g MX. What
are the identities of M and X?

3132 1.92 g M™ ion reacts with 0.158 mol X~ ion to produce a
compound, MX,, which is 86.8% X by mass. What are the iden-
tities of M™ and X~ ?

3.133  An alloy of iron (54.7%), nickel (45.0%), and manganese
(0.3%) has a density of 8.17 g/cm®. How many iron atoms are there
in a block of alloy measuring 10.0 cm X 20.0 cm X 15.0 cm?

3.134 An alloy of iron (71.0%), cobalt (12.0%), and molybde-
num (17.0%) has a density of 8.20 g/cm®. How many cobalt
atoms are there in a cylinder with a radius of 2.50 cm and a
length of 10.0 cm?
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GChemical Reactions

Contents and Concepts

Adding lead(ll) nitrate to potassium iodide gives a
yellow precipitate of lead(ll) iodide. Precipitation
reactions are important in biological organisms—
for example, in the production of bone (calcium
phosphate) and seashell (calcium carbonate).

Ions in Aqueous Solution

4.1 Ionic Theory of Solutions and Solubility Rules
4.2 Molecular and Ionic Equations

Explore how molecular and ionic substances
behave when they dissolve in water to form
solutions.

Types of Chemical Reactions

4.3 Precipitation Reactions

4.4  Acid-Base Reactions

4.5 Oxidation-Reduction Reactions

4.6 Balancing Simple Oxidation-Reduction
Equations

Investigate several important types of reactions
that typically occur in aqueous solution:
precipitation reactions, acid-base reactions,
and oxidation-reduction reactions.

Working with Solutions

4.7 Molar Concentration
4.8 Diluting Solutions

Now that we have looked at how substances
behave in solution, it is time to quantitatively
describe these solutions using concentration.

Quantitative Analysis

4.9 Gravimetric Analysis
4.10 Volumetric Analysis

Using chemical reactions in aqueous solution,
determine the amount of substance or species
present in materials
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hemical reactions are the heart of chemistry. Some reactions,

such as those accompanying a forest fire or the explosion of

dynamite, are quite dramatic. Others are much less obvious,
although all chemical reactions must involve detectable change. A
chemical reaction involves a change from reactant substances to
product substances, and the product substances will have physical
and chemical properties different from those of the reactants.

Figure 4.1 shows an experimenter adding a colorless

solution of potassium iodide, KI, to a colorless solution of lead(II)
nitrate, Pb(NOs),. What you see is the formation of a cloud of
bright yellow crystals where the two solutions have come into
contact, clear evidence of a chemical reaction. The bright yellow
crystals are lead(ll) iodide, Pbl,, one of the reaction products. We
call a solid that forms during a chemical reaction in solution a
precipitate; the reaction is a precipitation reaction.

In this chapter, we will discuss the major types of chemical FIGURE 4.1
reactions, including precipitation reactions. Some of the most Reaction of potassium iodide solution and
. . . . . . lead(ll) nitrate solution
important reactions we will describe involve ions in aqueous (water) .
. . . The reactant solutions are colorless, but one of the
solution. Therefore, we will first look at these ions and see how we products, lead(1l) iodide, forms as a yellow precipitate.

represent by chemical equations the reactions involving ions in
aqueous solution.
Some questions we will answer are: What is the evidence for ions in solution?
How do we write chemical equations for reactions involving ions? How can we classify
and describe the many reactions we observe so that we can
See pages 163-164 for begin to understand them? What is the quantitative description
the Media Summary. of solutions and reactions in solution?

Ions in Aqueous Solution

You probably have heard that you should not operate electrical equipment while
standing in water. And you may have read a murder mystery in which the victim was
electrocuted when an electrical appliance “accidentally” fell into his or her bath
water. Actually, if the water were truly pure, the person would be safe from electro-
cution, because pure water is a nonconductor of electricity. Bath water, or water as
it flows from the faucet, however, is a solution of water with small amounts of
dissolved substances in it, and these dissolved substances make the solution an elec-
trical conductor. This allows an electric current to flow from an electrical appliance
to the human body. Let us look at the nature of such solutions.

4.1 | lonic Theory of Solutions and Solubility Rules

Arrhenius submitted his ionic theory | Chemists began studying the electrical behavior of substances in the early nineteenth
as part of his doctoral dlssertathn to century, and they knew that you could make pure water electrically conducting by
the faculty at Uppsala, Sweden, in dissolvi ctain subst imit. In 1884 th Swedish chemist Svante Arrheni

1884 1t was not well received and issolving certain substances in it. In » the young Swedish chemist Svante Arrhenius
he barely passed. In 1903, however proposed the ionic theory of solutions to account for this conductivity. He said that
he was awarded the Nobel Prize in certain substances produce freely moving ions when they dissolve in water, and these

chemistry for this theory. ions conduct an electric current in an aqueous solution. <
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FIGURE 4.2

Motion of ions in solution

lons are in fixed positions in a crystal.
During the solution process, however,

ions leave the crystal and become freely
moving. Note that Na™ ions (small gray
spheres) are attracted to the negative wire,
whereas CI™ ions (large green spheres) are
attracted to the positive wire.

Suppose you dissolve sodium chloride, NaCl, in water. From our discussion in
Section 2.6, you may remember that sodium chloride is an ionic solid consisting of
sodium ions, Na™, and chloride ions, C1~, held in a regular, fixed array. When you
dissolve solid sodium chloride in water, the Na* and CI~ ions go into solution as
freely moving ions. Now suppose you dip electric wires that are connected to the
poles of a battery into a solution of sodium chloride. The wire that connects to the
positive pole of the battery attracts the negatively charged chloride ions in solution,
because of their opposite charges. Similarly, the wire connected to the negative pole
of the battery attracts the positively charged sodium ions in solution (Figure 4.2).
Thus, the ions in the solution begin to move, and these moving charges form the
electric current in the solution. (In a wire, it is moving electrons that constitute the
electric current.)

Now consider pure water. Water consists of molecules, each of which is electrically
neutral. Since each molecule carries no net electric charge, it carries no overall electric
charge when it moves. Thus, pure water is a nonconductor of electricity.

In summary, although water is itself nonconducting, it has the ability to dissolve
various substances, some of which go into solution as freely moving ions. An aqueous
solution of ions is electrically conducting.

Electrolytes and Nonelectrolytes

We can divide the substances that dissolve in water into two broad classes, elec-
trolytes and nonelectrolytes. An electrolyte is a substance that dissolves in water to
give an electrically conducting solution. Sodium chloride, table salt, is an example
of an electrolyte. When most ionic substances dissolve in water, ions that were in
fixed sites in the crystalline solid go into the surrounding aqueous solution, where
they are free to move about. The resulting solution is conducting because the mov-
ing ions form an electric current. Thus, in general, ionic solids that dissolve in water
are electrolytes.

Not all electrolytes are ionic substances. Certain molecular substances dissolve
in water to form ions. The resulting solution is electrically conducting, and so we
say that the molecular substance is an electrolyte. An example is hydrogen chlo-
ride gas, HCl(g), which is a molecular substance. Hydrogen chloride gas dissolves
in water, giving HCl(ag), which in turn produces hydrogen ions, H", and chloride
ions, Cl, in aqueous solution. (The solution of H"™ and Cl™ ions is called
hydrochloric acid.)

HCI(g ) 225 H'(g )+ Cl (¢ )

We will look more closely at molecular electrolytes, such as HCI, at the end of
this section.

A nonelectrolyte is a substance that dissolves in water to give a nonconducting
or very poorly conducting solution. A common example is sucrose, C;,H»,0;;, which
is ordinary table sugar. Another example is methanol, CH;OH, a compound used in
car window washer solution. Both of these are molecular substances. The solution
process occurs because molecules of the substance mix with molecules of water.
Molecules are electrically neutral and cannot carry an electric current, so the solution
is electrically nonconducting.

Observing the Electrical Conductivity of a Solution

Figure 4.3 shows a simple apparatus that allows you to observe the ability of a solu-
tion to conduct an electric current. The apparatus has two electrodes; here they are
flat metal plates, dipping into the solution in a beaker. One electrode connects directly
to a battery through a wire. The other electrode connects by a wire to a light bulb
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FIGURE 4.3 >

Testing the electrical conductivity

of a solution

Left: Pure water does not conduct; therefore,
the bulb does not light. Right: A solution of
sodium chloride allows the current to pass
through it, and the bulb lights.

that connects with another wire to the other side of the battery. For an electric current
to flow from the battery, there must be a complete circuit, which allows the current
to flow from the positive pole of the battery through the circuit to the negative pole
of the battery. To have a complete circuit, the solution in the beaker must conduct
electricity, as the wires do. If the solution is conducting, the circuit is complete and
the bulb lights. If the solution is nonconducting, the circuit is incomplete and the bulb
does not light.

The beaker shown on the left side of Figure 4.3 contains pure water. Because the
bulb is not lit, we conclude that pure water is a nonconductor (or very poor conductor)
of electricity, which is what we expect from our earlier discussion. The beaker shown
on the right side of Figure 4.3 contains a solution of sodium chloride in water. In
this case, the bulb burns brightly, showing that the solution is a very good conductor of
electricity, due to the movement of ions in the solution.

How brightly the bulb lights tells you whether the solution is a very good con-
ductor (contains a “strong” electrolyte) or only a moderately good conductor (contains
a “weak” electrolyte). The solution of sodium chloride burns brightly, so we conclude
that sodium chloride is a strong electrolyte. Let us look more closely at such strong
and weak electrolytes.

Strong and Weak Electrolytes

When electrolytes dissolve in water they produce ions, but to varying extents. A strong
electrolyte is an electrolyte that exists in solution almost entirely as ions. Most ionic
solids that dissolve in water do so by going into the solution almost completely as ions,
so they are strong electrolytes. An example is sodium chloride. We can represent the
dissolution of sodium chloride in water by the following equation:

NaCl(s) —2> Na*(aq) + Cl (aq)

A weak electrolyte is an electrolyte that dissolves in water to give a relatively
small percentage of ions. These are generally molecular substances. Ammonia, NHs,
is an example. Pure ammonia is a gas that readily dissolves in water and goes into
solution as ammonia molecules, NH;(ag). When you buy “ammonia” in the grocery
store, you are buying an aqueous solution of ammonia. Ammonia molecules react with
water to form ammonium ions, NH4+, and hydroxide ions, OH .

NHs(aq) + HO(l) — NH, (ag) + OH (aq)

However, these ions, NH4+ + OH , react with each other to give back ammonia mol-
ecules and water molecules.

NH, "(ag) + OH (aq) — NHj;(ag) + H,O(])
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FIGURE 4.4 P

Comparing strong and weak electrolytes
The apparatus is similar to that in Figure 4.3,
but this time strong and weak electrolytes
are compared. The solution on the left is of
HCl (a strong electrolyte) and that on the
right is of NH; (a weak electrolyte). Note
how much more brightly the bulb on the
left burns compared with that on the right.

Both reactions, the original one and its reverse, occur constantly and simultaneously.
We denote this situation by writing a single equation with a double arrow:

NHi(ag) + H,O(l) = NH,"(ag) + OH (aq)

As a result of this forward and reverse reaction, just a small percentage of the NHj;
molecules (about 3%) have reacted at any given moment to form ions. Thus, ammo-
nia is a weak electrolyte. The electrical conductivities of a strong and a weak elec-
trolyte are contrasted in Figure 4.4.

Most soluble molecular substances are either nonelectrolytes or weak electrolytes.
An exception is hydrogen chloride gas, HCl(g), which dissolves in water to produce
hydrogen ions and chloride ions. We represent its reaction with water by an equation
with a single arrow:

HCl(ag) — H"(ag) + Cl™(aq)

Since hydrogen chloride dissolves to give almost entirely ions, hydrogen chloride (or
hydrochloric acid) is a strong electrolyte.

Solubility Rules

It is clear from the preceding discussion that substances vary widely in their solubil-
ity, or ability to dissolve, in water. Some compounds, such as sodium chloride and
ethyl alcohol (CH3;CH,OH), dissolve readily and are said to be soluble. Others, such
as calcium carbonate (which occurs naturally as limestone and marble) and benzene
(CeHg), have quite limited solubilities and are thus said to be insoluble.

Soluble ionic compounds form solutions that contain many ions and therefore
are strong electrolytes. To predict the solubility of ionic compounds, chemists have
developed solubility rules. Table 4.1 lists eight solubility rules for ionic compounds.
These rules apply to most of the common ionic compounds that we will discuss in
this course. Example 4.1 illustrates how to use the rules.

Example 4.1 Using the Solubility Rules

Determine whether the following compounds are solu- Problem Strategy You should refer to Table 4.1 for
ble or insoluble in water. the solubility rules of ionic compounds to see which
a. Hg,Cl, b. KI c. lead(Il) nitrate compounds are soluble in water. The soluble ionic

(continued)
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(continued)

compounds are those that readily dissolve in water. The
insoluble compounds hardly dissolve at all.

Solution a. According to Rule 3 in Table 4.1, most
compounds that contain chloride, CI , are soluble. How-
ever, Hg,Cl, is listed as one of the exceptions to this rule,
so it does not dissolve in water. Therefore, Hg,Cl, is
not soluble in water.

Ionic Theory of Solutions and Solubility Rules
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c. According to Rule 2, compounds containing nitrates,
NO; , are soluble. Since there are no exceptions to this
rule, lead(IT) nitrate, Pb(NQO3),, is soluble in water.

Answer Check Most incorrect determinations of
solubility occur when the exceptions are overlooked,

so always be sure to check the exceptions column of
Table 4.1.

b. According to both Rule 1, Group IA compounds
are soluble, and Rule 3, most iodides are soluble, KI
is expected to be soluble. Therefore, KI is soluble
in water.

METCETYNE  Determine whether the follow-

ing compounds are soluble or insoluble in water.

a. NaBr b. Ba(OH), c. calcium carbonate

M See Problems 4.29 and 4.30.

Let us summarize the main points in this section. Compounds that dissolve in
water are soluble; those that dissolve little, or not at all, are insoluble. Soluble
substances are either electrolytes or nonelectrolytes. Nonelectrolytes form non-
conducting aqueous solutions because they dissolve completely as molecules.
Electrolytes form electrically conducting solutions in water because they dissolve
to give ions in solution. Electrolytes can be strong or weak. Almost all soluble
ionic substances are strong electrolytes. Soluble molecular substances usually are
nonelectrolytes or weak electrolytes; the latter solution consists primarily of mol-
ecules, but has a small percentage of ions. Ammonia, NH;, is an example of a
molecular substance that is a weak electrolyte. A few molecular substances (such
as HCI) dissolve almost entirely as ions in the solution and are therefore strong
electrolytes. The solubility rules can be used to predict the solubility of ionic com-
pounds in water.

TABLE 4.1 Solubility Rules for lonic Compounds

Rule Applies to Statement Exceptions

1 Li", Na*, K*, NH,* Group TA and ammonium —
compounds are soluble.

2 C,H30, , NO5 ™~ Acetates and nitrates are soluble. —

3 Cl ,Br , 1 Most chlorides, bromides, and AgCl, Hg,Cl,, PbCl,, AgBr, HgBr,, Hg,Br>,
iodides are soluble. PbBr,, Agl, Hgl,, Hg,l,, Pbl,

4 S0~ Most sulfates are soluble. CaSO,, SrSO,, BaSO,4, Ag,SO,4, Hg,SO,,

PbSO,

5 CO327 Most carbonates are insoluble. Group IA carbonates, (NH,4),COj3

6 PO, Most phosphates are insoluble. Group IA phosphates, (NH,;);PO4

7 S Most sulfides are insoluble. Group IA sulfides, (NH,4),S

8 OH Most hydroxides are insoluble. Group IA hydroxides, Ca(OH),, Sr(OH),,

Ba(OH),
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Chemical Reactions

4.2

Concept Check 4.1

Lil(s) and CH5OH(/) are introduced into separate beakers containing water. Using
the drawings shown here, label each beaker with the appropriate compound and
indicate whether you would expect each substance to be a strong electrolyte, a
weak electrolyte, or a nonelectrolyte.

Molecular and lonic Equations

We use chemical equations to help us describe chemical reactions. For a reaction
involving ions, we have a choice of chemical equations, depending on the kind of infor-
mation we want to convey. We can represent such a reaction by a molecular equation,
a complete ionic equation, or a net ionic equation.

To illustrate these different kinds of equations, consider the preparation of pre-
cipitated calcium carbonate, CaCOs5. This white, fine, powdery compound is used as
a paper filler to brighten and retain ink, as an antacid (as in the trade-named Tums),
and as a mild abrasive in toothpastes. One way to prepare this compound is to react
calcium hydroxide, Ca(OH),, with sodium carbonate, Na,COj3. Let us look at the
different ways to write the equation for this reaction.

Molecular Equations
You could write the equation for this reaction as follows:
Ca(OH),(aq) + Na,CO3(aq) — CaCOs(s) + 2NaOH(ag)

We call this a molecular equation, which is a chemical equation in which the reactants
and products are written as if they were molecular substances, even though they may
actually exist in solution as ions. The molecular equation is useful because it is explicit
about what the reactant solutions are and what products you obtain. The equation says
that you add aqueous solutions of calcium hydroxide and sodium carbonate to the reac-
tion vessel. As a result of the reaction, the insoluble, white calcium carbonate solid forms
in the solution; that is, calcium carbonate precipitates. After you remove the precipitate,
you are left with a solution of sodium hydroxide. The molecular equation closely
describes what you actually do in the laboratory or in an industrial process.
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Complete lonic Equations

Although a molecular equation is useful in describing the actual reactant and product
substances, it does not tell you what is happening at the level of ions. That is, it does
not give you an ionic-theory interpretation of the reaction. Because this kind of infor-
mation is useful, you often need to rewrite the molecular equation as an ionic equation.

Again, consider the reaction of calcium hydroxide, Ca(OH),, and sodium carbon-
ate, Na,COj3. Both are soluble ionic substances and therefore strong electrolytes; when
they dissolve in water, they go into solution as ions. Each formula unit of Ca(OH),
forms one Ca®" ion and two OH ™ ions in solution. If you want to emphasize that the
solution contains freely moving ions, it would be better to write Ca>*(ag) + 20H (aq)
in place of Ca(OH),(aq). Similarly, each formula unit of Na,CO5 forms two Na™* ions
and one CO5>~ ion in solution, and you would emphasize this by writing 2Na*(ag) +
CO5% (ag) in place of Na,COs(ag). The reactant side of the equation becomes

Ca*"(ag) + 20H (ag) + 2Na"(ag) + CO3> (ag)—

Thus, the reaction mixture begins as a solution of four different kinds of ions.

Now let us look at the product side of the equation. One product is the precipitate
CaCOs;(s). According to the solubility rules, this is an insoluble ionic compound, so it will
exist in water as a solid. We leave the formula as CaCOs(s) to convey this information
in the equation. On the other hand, NaOH is a soluble ionic substance and therefore a
strong electrolyte; it dissolves in aqueous solution to give the freely moving ions, which
we denote by writing Na*(ag) + OH (ag). The complete equation is

Ca’**(ag) + 20H (aq) + 2Na*(aq) + CO5* (aqg) —
CaCOs(s) + 2Na*(aq) + 20H (aq)

The purpose of such a complete ionic equation is to represent each substance
by its predominant form in the reaction mixture. For example, if the substance is a
soluble ionic compound, it probably dissolves as individual ions (so it is a strong
electrolyte). In a complete ionic equation, you represent the compound as separate
ions. If the substance is a weak electrolyte, it is present in solution primarily as
molecules, so you represent it by its molecular formula. If the substance is an insol-
uble ionic compound, you represent it by the formula of the compound, not by the
formulas of the separate ions in solution.

Thus, a complete ionic equation is a chemical equation in which strong electrolytes
(such as soluble ionic compounds) are written as separate ions in the solution. You
represent other reactants and products by the formulas of the compounds, indicating
any soluble substance by (aq) after its formula and any insoluble solid substance by (s)
after its formula.

Net lonic Equations

In the complete ionic equation representing the reaction of calcium hydroxide and sodium
carbonate, some ions (OH ™~ and Na™) appear on both sides of the equation. This means
that nothing happens to these ions as the reaction occurs. They are called spectator ions.
A spectator ion is an ion in an ionic equation that does not take part in the reaction.
You can cancel such ions from both sides to express the essential reaction that occurs.

Ca’*(ag) + 20H~aq) + 2Na~tag) + CO3> (ag) —
CaCO;(s) + 2Na'aq) + 20H—taq)
The resulting equation is
Ca’"(aq) + CO5* (ag) — CaCO;(s)

This is the net ionic equation, an ionic equation from which spectator ions have been
canceled. Tt shows that the reaction that actually occurs at the ionic level is between
calcium ions and carbonate ions to form solid calcium carbonate.
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FIGURE 4.5

Limestone formations

It is believed that most limestone formed
as a precipitate of calcium carbonate (and
other carbonates) from seawater. The
photograph shows limestone formations at
Bryce Point, Bryce Canyon National Park,
Utah. More than 60 million years ago,

this area was covered by seawater.

From the net ionic equation, you can see that mixing any solution of calcium ion
with any solution of carbonate ion will give you this same reaction. For example, the
strong electrolyte calcium nitrate, Ca(NO;), dissolves readily in water to provide a source
of calcium ions. (According to the solubility rules, calcium nitrate is soluble, so it goes
into solution as Ca** and NO;~ ions.) Similarly, the strong electrolyte potassium
carbonate, K,COs;, dissolves readily in water to provide a source of carbonate ions.
(According to the solubility rules, potassium carbonate is soluble, so it goes into solu-
tion as K* and CO5>~ ions.) When you mix solutions of these two compounds, you
obtain a solution of calcium ions and carbonate ions, which react to form the insoluble
calcium carbonate. The other product is potassium nitrate, a soluble ionic compound, and
therefore a strong electrolyte. The molecular equation representing the reaction is

Ca(NOs)s(aq) + Kr,CO3(aq) — CaCOs(s) + 2KNO;z(ag)

You obtain the complete ionic equation from this molecular equation by rewriting
each of the soluble ionic compounds as ions, but retaining the formula for the pre-
cipitate CaCOs(s):

Ca’"(aq) + 2NOs—aq) + 2KHag) + CO5> (ag) —
CaCO;(s) + 2K taq) + 2NOs—(aq)

The net ionic equation is
Ca’*(ag) + CO5* (ag) — CaCOs(s)

Note that the net ionic equation is identical to the one obtained from the reaction
of Ca(OH), and Na,COs3. The essential reaction is the same whether you mix solu-
tions of calcium hydroxide and sodium carbonate or solutions of calcium nitrate and
potassium carbonate.

The value of the net ionic equation is its generality. For example, seawater contains
Ca*" and CO5>~ ions from various sources. Whatever the sources of these ions, you expect
them to react to form a precipitate of calcium carbonate. In seawater, this precipitate
results in sediments of calcium carbonate, which eventually form limestone (Figure 4.5).

Example 4.2 Writing Net Ionic Equations

Write a net ionic equation for each of the following molecular equations.

a. 2HClO4(agq) + Ca(OH),(ag) — Ca(ClOy),(aq) + 2H,0()
Perchloric acid, HCIOy, is a strong electrolyte, forming H" and ClO, " ions in solution.
Ca(ClOy), is a soluble ionic compound.

b. HC,H30,(aq) + NaOH(aq) — NaC,H;0,(aq) + H,O(/)
Acetic acid, HC,H30,, is a molecular substance and a weak electrolyte.

Problem Strategy You will need to convert the molecular equation to the complete
ionic equation, then cancel spectator ions to obtain the net ionic equation. For each ionic
compound in the reaction, use the solubility rules to determine if the compound will be
soluble (in the solution as ions) or insoluble (present as an undissolved solid). For the
complete ionic equation, represent all of the strong electrolytes by their separate ions in
solution, adding (aq) after the formula of each. Retain the formulas of the other
compounds. An ionic compound should have (aq) after its formula if it is soluble or (s) if
it is insoluble.

Solution a. According to the solubility rules presented in Table 4.1 and the prob-
lem statement, Ca(OH), and Ca(ClO,), are soluble ionic compounds, so they are strong

(continued)
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(continued)

electrolytes. The problem statement notes that HClO, is also a strong electrolyte. You

write each strong electrolyte in the form of separate ions. Water, H,O, is a nonelec-

trolyte (or very weak electrolyte), so you retain its molecular formula. The complete

ionic equation is

2H" (aq) + 2CI07taq) + Ca*tag) + 20H (aq) — Ca*aq) + 2Ck0—~aq) + 2H,0(])

After canceling spectator ions and dividing by 2, you get the following net ionic equation:
H"(ag) + OH (ag) — H,0()

b. According to the solubility rules, NaOH and NaC,H;0, are soluble ionic compounds,
so they are strong electrolytes. The problem statement notes that HC,H30, is a weak elec-
trolyte, which you write by its molecular formula. Water, H,O, is a nonelectrolyte, so you
retain its molecular formula also. The complete ionic equation is

HC,H;0,(aq) + Naag) + OH (aq) — Natag) + C;H;0, ™ (ag) + H0()
and the net ionic equation is

HC,H30,(aq) + OH (ag) — C,H30, (ag) + H,O0()

Answer Check If both of the reactants are strong electrolytes and a reaction occurs,
your correct net ionic equation should not have any ions as products of the reaction. In
this case, because the reaction is with a weak electrolyte, ions in the net ionic equation
are possible.

‘m Write complete ionic and net ionic equations for each of the fol-
lowing molecular equations.

a. 2HNO3(ag) + Mg(OH),(s) — 2H,0() + Mg(NOs),(aq)
Nitric acid, HNOs, is a strong electrolyte.
b. Pb(NOs),(ag) + Na,SO4(ag) — PbSO,(s) + 2NaNOs(aq)

M See Problems 4.33 and 4.34.

Types of Chemical Reactions

Among the several million known substances, many millions of chemical reactions
are possible. Beginning students are often bewildered by the possibilities. How can I
know whether two substances will react whether they are mixed? How can I predict
the products? Although it is not possible to give completely general answers to these
questions, it is possible to make sense of chemical reactions. Most of the reactions
we will study belong to one of three types:

1. Precipitation reactions. In these reactions, you mix solutions of two ionic substances,
and a solid ionic substance (a precipitate) forms.

2. Acid-base reactions. An acid substance reacts with a substance called a base.
Such reactions involve the transfer of a proton between reactants.

3. Oxidation—reduction reactions. These involve the transfer of electrons between
reactants.
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4.3

FIGURE 4.6 A

Reaction of magnesium chloride and
silver nitrate

Magnesium chloride solution is added to
a beaker of silver nitrate solution. A white
precipitate of silver chloride forms.

The reactants MgCl, and AgNO;
must be added in correct amounts;
otherwise, the excess reactant will
remain along with the product
Mg(NO3)2

We will look at each of these types of reactions. By the time you finish this
chapter, you should feel much more comfortable with the descriptions of chemical
reactions that you will encounter in this course.

Precipitation Reactions

In the previous section, we used a precipitation reaction to illustrate how to convert a
molecular equation to an ionic equation. A precipitation reaction occurs in aqueous
solution because one product is insoluble. A precipitate is an insoluble solid compound
formed during a chemical reaction in solution. To predict whether a precipitate will
form when you mix two solutions of ionic compounds, you need to know whether any
of the potential products that might form are insoluble. This is another application of
the solubility rules (Section 4.1).

Predicting Precipitation Reactions

Now let us see how you would go about predicting whether a precipitation reaction
will occur. Suppose you mix together solutions of magnesium chloride, MgCl,, and
silver nitrate, AgNOs. You can write the potential reactants as follows:

MgCl, + AgNO; —

How can you tell if a reaction will occur, and if it does, what products to expect?

When you write a precipitation reaction as a molecular equation, the reaction has
the form of an exchange reaction. An exchange (or metathesis) reaction is a reaction
between compounds that, when written as a molecular equation, appears to involve
the exchange of parts between the two reactants. In a precipitation reaction, the anions
exchange between the two cations (or vice versa).

Let us momentarily assume that a reaction does occur between magnesium chloride
and silver nitrate. If you exchange the anions, you get silver chloride and magnesium
nitrate. Once you figure out the formulas of these potential products, you can write the
molecular equation. The formulas are AgCl and Mg(NOs),. (If you do not recall how
to write the formula of an ionic compound, given the ions, turn back to Example 2.3.)
The balanced equation, assuming there is a reaction, is

MgCl, + 2AgNO; — 2AgCl + Mg(NO5),

Let us verify that MgCl, and AgNOj5 are soluble and then check the solubili-
ties of the products. Rule 3 in Table 4.1 says that chlorides are soluble, with cer-
tain exceptions, which do not include magnesium chloride. Thus, we predict that
magnesium chloride is soluble. Rule 2 indicates that nitrates are soluble, so AgNO;
is soluble as well. The potential products are silver chloride and magnesium nitrate.
According to Rule 3, silver chloride is one of the exceptions to the general solu-
bility of chlorides. Therefore, we predict that the silver chloride is insoluble. Mag-
nesium nitrate is soluble according to Rule 2.

Now we can append the appropriate phase labels to the compounds in the pre-
ceding equation.

MgCly(ag) + 2AgNO5(aq) — 2AgCI(s) + Mg(NO3)x(aq)

We predict that reaction occurs because silver chloride is insoluble, and precipitates
from the reaction mixture. Figure 4.6 shows the formation of the white silver chlo-
ride from this reaction. If you separate the precipitate from the solution by pouring it
through filter paper, the solution that passes through (the filtrate) contains magnesium
nitrate, which you could obtain by evaporating the water. The molecular equation is
a summary of the actual reactants and products in the reaction. <

To see the reaction that occurs on an ionic level, you need to rewrite the molec-
ular equation as a net ionic equation. You first write the strong electrolytes (here
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soluble ionic compounds) in the form of ions, leaving the formula of the precipi-
tate unchanged.

Mg>Hagy + 2C1 (aq) + 2Ag " (ag) + 2NOs—tag) —
2AgCI(s) +Mg>tagy + 2NOs—tag)

After canceling spectator ions and reducing the coefficients to the smallest whole num-
bers, you obtain the net ionic equation:

Ag'(ag) + CI (ag) — AgCl(s)

This equation represents the essential reaction that occurs: Ag™ ions and Cl~ ions in
aqueous solution react to form solid silver chloride.

If silver chloride were soluble, a reaction would not have occurred. When you first
mix solutions of MgCl,(aq) and AgNOs(ag), you obtain a solution of four ions:
Mg*"(aq), C1™ (aq), Ag* (ag), and NO;~ (aq). If no precipitate formed, you would end
up simply with a solution of these four ions. However, because Ag” and Cl~ react
to give the precipitate AgCl, the effect is to remove these ions from the reaction
mixture as an insoluble compound and leave behind a solution of Mg(NOs),(aq).

Example 4.3 Deciding Whether Precipitation Occurs

For each of the following, decide whether a precipitation reaction occurs. If it does, write
the balanced molecular equation and then the net ionic equation. If no reaction occurs, write
the compounds followed by an arrow and then NR (no reaction).

a. Aqueous solutions of sodium chloride and iron(Il) nitrate are mixed.

b. Aqueous solutions of aluminum sulfate and sodium hydroxide are mixed.

Problem Strategy When aqueous solutions containing soluble salts are mixed, a
precipitation reaction occurs if an insoluble compound (precipitate) forms. Start by writing the
formulas of the compounds that are mixed. (If you have trouble with this, see Examples 2.3
and 2.4.) Then, assuming momentarily that the compounds do react, write the exchange
reaction. Make sure that you write the correct formulas of the products. Using the solubility
rules, append phase labels to each formula in the equation consulting the solubility rules. If
one of the products forms an insoluble compound (precipitate), reaction occurs; otherwise, no
reaction occurs.

Solution a. The formulas of the compounds are NaCl and Fe(NOs),. Exchanging anions,
you get sodium nitrate, NaNOs, and iron(II) chloride, FeCl,. The equation for the exchange
reaction is

NaCl + Fe(NOs), — NaNO; + FeCl, (not balanced)

Referring to Table 4.1, note that NaCl and NaNOj; are soluble (Rule 1). Also, iron(Il) nitrate
is soluble (Rule 2), and iron(II) chloride is soluble. (Rule 3 says that chlorides are soluble
with some exceptions, none of which include FeCl,.) Since there is no precipitate, no reac-
tion occurs. You obtain simply an aqueous solution of the four different ions (Na™, Cl1~,
Fe?", and NO;3 ). For the answer, we write

NaCl(aq) + Fe(NOs3)(ag) — NR

b. The formulas of the compounds are Al,(SO,4); and NaOH. Exchanging anions, you get
aluminum hydroxide, A1(OH);, and sodium sulfate, Na,SO,4. The equation for the exchange
reaction is

Al,(SO4); + NaOH — AI(OH); + Na,SO, (not balanced)

(continued)
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(continued)

From Table 4.1, you see that Al,(SO,4); is soluble (Rule 4), NaOH and Na,SO, are soluble
(Rule 1), and AI(OH); is insoluble (Rule 8). Thus, aluminum hydroxide precipitates. The
balanced molecular equation with phase labels is

AL(SO,)3(aq) + 6NaOH(ag) — 2A1(OH)4(s) + 3Na,SO,(aq)

To get the net ionic equation, you write the strong electrolytes (here, soluble ionic com-
pounds) as ions in aqueous solution and cancel spectator ions.

2A1 (ag) + 3802 (aq) + 6Natag) + 60H (ag) —

The net ionic equation is

2A1(OH)s(s) + 6Naag) + 3SO2~(aq)

AP*(ag) + 30H (aq) — AI(OH);(s)

Thus, aluminum ion reacts with hydroxide ion to precipitate aluminum hydroxide.

Answer Check One of the most critical aspects of getting this type of problem right is
making certain that you are using the correct chemical formulas for the reactants and

products.

P Exercise 4.3 | You mix aqueous solutions of sodium iodide and lead(II) acetate. If
a reaction occurs, write the balanced molecular equation and the net ionic equation. If no
reaction occurs, indicate this by writing the formulas of the compounds and an arrow fol-

lowed by NR.

4.4

B See Problems 4.37, 4.38, 4.39, and 4.40.

Concept Check 4.2

Your lab partner tells you that she mixed two solutions that
contain ions. You analyze the solution and find that it contains
the ions and precipitate shown in the beaker. Na*(aq)

a. Write the molecular equation for the reaction.

b. Write the complete ionic equation for the reaction.

¢.| Write the net ionic equation for the reaction.

Acid—Base Reactions

Acids and bases are some of the most important electrolytes. You can recognize acids
and bases by some simple properties. Acids have a sour taste. Solutions of bases, on
the other hand, have a bitter taste and a soapy feel. (Of course, you should never taste
laboratory chemicals.) Some examples of acids are acetic acid, present in vinegar; cit-
ric acid, a constituent of lemon juice; and hydrochloric acid, found in the digestive
fluid of the stomach. An example of a base is aqueous ammonia, often used as a
household cleaner. Table 4.2 lists further examples; see also Figure 4.7.

Another simple property of acids and bases is their ability to cause color changes
in certain dyes. An acid-base indicator is a dye used to distinguish between acidic
and basic solutions by means of the color changes it undergoes in these solutions.
Such dyes are common in natural materials. The amber color of tea, for example, is
lightened by the addition of lemon juice (citric acid). Red cabbage juice changes to
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TABLE 4.2 Common Acids and Bases

Name Formula Remarks

Acids

Acetic acid HC,H;0, Found in vinegar

Acetylsalicylic acid HCyH-0, Aspirin

Ascorbic acid H,CcHgOg Vitamin C

Citric acid H;C¢H50, Found in lemon juice

Hydrochloric acid HCI Found in gastric juice (digestive fluid in stomach)
Sulfuric acid H,SO, Battery acid

Bases

Ammonia NH; Aqueous solution used as a household cleaner
Calcium hydroxide Ca(OH), Slaked lime (used in mortar for building construction)
Magnesium hydroxide Mg(OH), Milk of magnesia (antacid and laxative)

Sodium hydroxide NaOH Drain cleaners, oven cleaners

Sodium hydroxide Magnesium hydroxide
NaOH Mg(OH), green and then yellow when a base is added (Figure 4.8). The green and yellow
colors change back to red when an acid is added. Litmus is a common labora-
tory acid-base indicator. This dye, produced from certain species of lichens, turns
red in acidic solution and blue in basic solution. Phenolphthalein (fee’ nol thay’
leen), another laboratory acid—base indicator, is colorless in acidic solution and
pink in basic solution.
An important chemical characteristic of acids and bases is the way they react
with one another. To understand these acid—base reactions, we need to have pre-
cise definitions of the terms acid and base.

Definitions of Acid and Base

When Arrhenius developed his ionic theory of solutions, he also gave the

Aceticacid Ascorbic acid ; - : ) ; =
HC,H,0 . .. .. H,CHO classic definitions of acids and bases. According to Arrhenius, an acid is a sub-
277372 Acetylsalicylicacid ~ 7276 676 . n o .
HC,H,0, stance that produces hydrogen ions, H", when it dissolves in water. An exam-
ple is nitric acid, HNOs3, a molecular substance that dissolves in water to give
FIGURE 4.7 H" and NO; ™.

Household acids and bases H,0 N _
Shown are a variety of household products that HNOs(aq) H"(aq) + NOs (aq)
are either acids or bases.

FIGURE 4.8

Red cabbage juice as an acid-base
indicator

Left: Preparation of red cabbage juice. The
beaker (green solution) contains red cabbage
juice and sodium bicarbonate (baking soda).
Right: Red cabbage juice has been added
from a pipet to solutions in the beakers.
These solutions vary in acidity from highly
acidic on the left to highly basic on the right.




138 4 Chemical Reactions

Solutions of ammonia are some-
times called ammonium hydroxide
and given the formula NH,OH(aq),
based on analogy with NaOH. No
NH,OH molecule or compound has
ever been found, however.

The H" (aq) ion has variable struc-
ture in solution. In solids, there is
evidence for [H(H,0),] ", where n is
1,2,3,4,0r6.

An Arrhenius base is a substance that produces hydroxide ions, OH , when it dis-
solves in water. For example, sodium hydroxide is a base.

NaOH(s) —2%- Na*(ag) + OH (aq)

The molecular substance ammonia, NH3, is also a base because it yields hydroxide
ions when it reacts with water. <

NHj(ag) + H,O(l) == NH, " (ag) + OH (aq)

o —0 >

Although the Arrhenius concept of acids and bases is useful, it is somewhat
limited. For example, it tends to single out the OH ™ ion as the source of base char-
acter, when other ions or molecules can play a similar role. In 1923, Johannes N.
Brgnsted and Thomas M. Lowry independently noted that many reactions involve
nothing more than the transfer of a proton (H") between reactants, and they realized
that they could use this idea to expand the definitions of acids and bases to describe
a large class of chemical reactions. In this view, acid—base reactions are proton-transfer
reactions.

Consider the preceding reaction. It involves the transfer of a proton from the water
molecule, H,O, to the ammonia molecule, NHs.

H+
NHs(ag) + H,O(/) == NH,"(aq) + OH" (aq)

Once the proton, H™, has left the H,O molecule, it leaves behind an OH ™ ion. When
the H" adds to NH;, an NH," ion results. H,O is said to donate a proton to NHj,
and NH3 is said to accept a proton from H,O.

Brgnsted and Lowry defined an acid as the species (molecule or ion) that donates
a proton to another species in a proton-transfer reaction. They defined a base as the
species (molecule or ion) that accepts a proton in a proton-transfer reaction. In the
reaction of ammonia with water, the H,O molecule is the acid, because it donates a
proton. The NH3 molecule is a base, because it accepts a proton.

H*

NHs(ag) + H,0(l) == NH,"(ag) + OH  (aq)

base acid

The dissolution of nitric acid, HNOs, in water is actually a proton-transfer reac-
tion, although the following equation, which we used as an illustration of an Arrhe-
nius acid, does not spell that out.

H,0 .
HNOj3(ag) ——— H(aq) + NO3™ (aq)

To see that this is a proton-transfer reaction, we need to clarify the structure of the
hydrogen ion, H" (ag). This ion consists of a proton (H") in association with water
molecules, which is what (ag) means. This is not a weak association, however, because
the proton (or hydrogen nucleus) would be expected to attract electrons strongly to
itself. In fact, the H" (ag) ion might be better thought of as a proton chemically bonded
to a water molecule to give the H;O™ ion, with other water molecules less strongly
associated with this ion, which we represent by the phase-labeled formula H;O™ (ag).
Written in this form, we usually call this the hydronium ion. It is important to under-
stand that the hydrogen ion, H" (ag), and the hydronium ion, H;O™ (aq), represent pre-
cisely the same physical ion. For simplicity, we often write the formula for this ion
as H" (ag), but when we want to be explicit about the proton-transfer aspect of a reac-
tion, we write the formula as H;0™ (aq). <



TABLE 4.3

Common Strong Acids

and Bases

Strong Acids Strong Bases
HCIO, LiOH
H,SO, NaOH

HI KOH

HBr Ca(OH),
HCl Sr(OH),
HNO3 Ba(OH)2

We will discuss the Brgnsted-Lowry
concept of acids and bases more
thoroughly in Chapter 15.

0 = H30+
e = CI”
@=F
@) = HF

FIGURE 4.9

Molecular views comparing the strong
acid HCI and the weak acid HF in water
(H,0 molecules are omitted for clarity)
Top: Due to its complete reaction with water,
the strong acid HCl exists as the hydronium
ion, Hs0"(ag), and CI™(ag) in aqueous
solution. Because of this complete reaction,
there are essentially no HCl(ag) molecules in
the solution. Bottom: Due to the reaction with
only very few of the water molecules, the
weak acid HF(aq) exists in aqueous solution
largely as HF(ag) molecules, with very little
H,0™ (aq) and F~(ag) being produced.
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Now let us rewrite the preceding equation by replacing H' (ag) by H3;0 " (ag). To
maintain a balanced equation, we will also need to add H,O(/) to the left side.

HNOs(ag) + Hy0() — NOs (ag) + H30" (aq)

*%—P*O

Note that the reaction involves simply a transfer of a proton (H") from HNO; to
H20:

H+

HNO5(ag) + H,0(l) — NO; (aq) + H;0™ (aq)

acid base

The HNO; molecule is an acid (proton donor) and H,O is a base (proton accep-
tor). Note that H,O may function as an acid or a base, depending on the other
reactant.

The Arrhenius definitions and those of Brgnsted and Lowry are essentially equiv-
alent for aqueous solutions, although their points of view are different. For instance,
sodium hydroxide and ammonia are bases in the Arrhenius view because they increase
the percentage of OH  ion in the aqueous solution. They are bases in the Brgnsted—
Lowry view because they provide species (OH ™ from the strong electrolyte sodium
hydroxide and NH; from ammonia) that can accept protons. <

Strong and Weak Acids and Bases

Acids and bases are classified as strong or weak, depending on whether they are strong
or weak electrolytes. A strong acid is an acid that ionizes completely in water; it is
a strong electrolyte. Hydrochloric acid, HCl(ag), and nitric acid, HNOs(agq), are exam-
ples of strong acids. Using the hydronium ion notation, we write the respective equa-
tions as follows:

HCl(ag) + H,O(l) — H;0"(aq) + Cl (aq)
HNO;(aq) + H,O(1) —> H;0" (ag) + NO5 ™ (aq)

Table 4.3 lists six common strong acids. Most of the other acids we will discuss are
weak acids.

A weak acid is an acid that only partly ionizes in water; it is a weak electrolyte.
Examples of weak acids are hydrocyanic acid, HCN(ag), and hydrofluoric acid,
HF(aq). These molecules react with water to produce a small percentage of ions in
solution.

HCN(ag) + H,O(l) == H;30"(ag) + CN™ (aq)
HF(aq) + H,0(l) = H;0"(ag) + F (aq)

Figure 4.9 presents molecular views of the strong acid HCl(ag) and the weak
acid HF(agq). Note how both the strong and weak acid undergo the same reaction
with water (proton donors); however, in the case of the weak acid such as HF, only
a small portion of the acid molecules actually undergoes reaction leaving the major-
ity of the acid molecules unreacted. On the other hand, strong acids like HCI and
HNO; undergo complete reaction with water. The result is that weak acids can pro-
duce little H;O" in aqueous solution, whereas strong acids can produce large
amounts. Hence, when chemists refer to a weak acid, they are often thinking about
a substance that produces a limited amount of Hy;0 " (ag), whereas when chemists
refer to a strong acid, they are thinking about a substance that can produce large
amounts of H;0" (ag).
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In many cases, when chemists are
thinking about strong versus weak
bases in aqueous solution, they
consider a weak base to be a sub-
stance that can produce only limited
amounts of OH™ (aq) and a strong
base to be a substance that can
produce large amounts of OH™ (aq).

4 Chemical Reactions

A strong base is a base that is present in aqueous solution entirely as ions, one
of which is OH ; it is a strong electrolyte. The ionic compound sodium hydroxide,
NaOH, is an example of a strong base. It dissolves in water as Na™ and OH .

NaOH(s) —22> Na*(aq) + OH (aq)

The hydroxides of Groups IA and ITA elements, except for beryllium hydroxide, are
strong bases (see Table 4.3).

A weak base is a base that is only partly ionized in water; it is a weak electrolyte.
Ammonia, NHs, is an example.

NH;(aq) + H,O(l) == NH," (ag) + OH (aq)

You will find it important to be able to identify an acid or base as strong or weak.
When you write an ionic equation, you represent strong acids and bases by the ions
they form and weak acids and bases by the formulas of the compounds. < The next
example will give you some practice identifying acids and bases as strong or weak.

Example 4.4 Classifying Acids and Bases as Strong or Weak
|

Identify each of the following compounds as a strong or
weak acid or base:

a. LIOH b. HC,H;0, c¢. HBr d. HNO,

Problem Strategy Refer to Table 4.3 for the common
strong acids and bases. You can assume that other acids

d. Nitrous acid, HNO,, is not one of the strong acids
listed in Table 4.3; therefore, we assume HNQO, is a
weak acid.

Answer Check Do not fall into the trap of assum-
ing that if a compound has OH in the formula, it must

and bases are weak.

Solution

a.
b.

be a base. For example, methyl alcohol, CH;OH, has
OH in the formula, but it is not a strong base. Like-
wise, do not assume that a compound is an acid just

As noted in Table 4.3, LiOH is a strong base. because it has H.

Acetic acid, HC,H30,, is not one of the strong acids Label each of the following as a
listed in Table 4.3; therefore, we assume HC,H;0, strong or weak acid or base:
is a weak acid.

a. H;PO, b. HCIO c¢. HCIO, d. Sr(OH),

As noted in Table 4.3, HBr is a strong acid.

B See Problems 4.41 and 4.42.

Neutralization Reactions

One of the chemical properties of acids and bases is that they neutralize one another.
A neutralization reaction is a reaction of an acid and a base that results in an ionic
compound and possibly water. When a base is added to an acid solution, the acid is
said to be neutralized. The ionic compound that is a product of a neutralization reac-
tion is called a salt. Most ionic compounds other than hydroxides and oxides are salts.
Salts can be obtained from neutralization reactions such as

2HCl(aq) + Ca(OH),(aq) — CaCly(aq) + 2H,0(/)

acid base salt

HCN(ag) + KOH(ag) — KCN(ag) + H,0(!)

acid base salt

The salt formed in a neutralization reaction consists of cations obtained from the base
and anions obtained from the acid. In the first example, the base is Ca(OH),, which
supplies Ca®" cations; the acid is HCI, which supplies C1~ anions. The salt contains
Ca’" and Cl™ ions (CaCl,).
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We wrote these reactions as molecular equations. Written in this form, the equations
make explicit the reactant compounds and the salts produced. However, to discuss the
essential reactions that occur, you need to write the net ionic equations. You will see that
the net ionic equation for each acid—base reaction involves the transfer of a proton.

The first reaction involves a strong acid, HCl(ag), and a strong base, Ca(OH),(aq).
Both Ca(OH), and the product CaCl,, being soluble ionic compounds, are strong elec-
trolytes. Writing these strong electrolytes in the form of ions gives the following com-
plete ionic equation:

2H" (aq) + 2C~aq) + Ca®Hag) + 20H (ag) — Ca**ag) + 2CHag) + 2H,0(1)
Canceling spectator ions and dividing by 2 give the net ionic equation:
H+
N
H"(aq) + OH ™ (ag) — H,0()
Note the transfer of a proton from the hydrogen ion (or hydronium ion, H;0™") to the
hydroxide ion.

The second reaction involves HCN(agq), a weak acid, and KOH(ag), a strong base;
the product is KCN, a strong electrolyte. The net ionic equation is

H+
HCN(ag) + OH (ag) — CN (aq) + H,0()

Note the proton transfer, characteristic of an acid-base reaction.

In each of these examples, hydroxide ions latch strongly onto protons to form
water. Because water is a very stable substance, it effectively provides the driving
force of the reaction.

Although water is one of the products in most neutralization reactions, the reac-
tion of an acid with the base ammonia provides a prominent exception. Consider the
reaction of sulfuric acid with ammonia:

H,S04(aq) + 2NHsz(ag) — (NH4)2SO4(aq)

acid base salt
The net ionic equation is
H+
H'(ag) + NHy(ag) — NH," (aq)

Note the proton transfer, a hallmark of an acid-base reaction. In this case, NHj3
molecules latch onto protons and form relatively stable NH, " ions.

Example 4.5 Writing an Equation for a Neutralization

Write the molecular equation and then the net ionic equation for the neutralization of nitrous
acid, HNO,, by sodium hydroxide, NaOH, both in aqueous solution. Use an arrow with HY
over it to show the proton transfer.

Problem Strategy Because this is a neutralization reaction, you know that the
reactants are an acid and a base and that there will be a salt and possibly water as a
product. Therefore, start by writing the acid and base reactants and the salt product.
Recall that the salt consists of cations from the base and anions from the acid. Note also
that water is frequently a product; if it is, you will not be able to balance the equation
(continued)
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(continued)

without it. Once you have the balanced molecular equation, write the complete ionic
equation. Do that by representing any strong electrolytes by the formulas of their ions.
Finally, write the net ionic equation by canceling any spectator ions, and from it note
the proton transfer.

Solution The salt consists of the cation from the base (Na') and the anion from the acid
(NO, ); its formula is NaNO,. You will need to add H,O as a product to complete and bal-
ance the molecular equation:

HNO,(aq) + NaOH(aq) — NaNO,(aq) + H,O0() (molecular equation)

Note that NaOH (a strong base) and NaNO, (a soluble ionic substance) are strong elec-
trolytes; HNO, is a weak electrolyte (it is not one of the strong acids in Table 4.3). You
write both NaOH and NaNO, in the form of ions. The complete ionic equation is

HNO,(aq) + Na*tag) + OH (aq) — Natag) + NO, (aq) + H,0()
The net ionic equation is
HNOy(ag) + OH (ag) — NO, (ag) + H,O(l)
Note that a proton is transferred from HNO, to the OH  ion to yield the products:
H*
HNO,(aq) + OH (aqg) — NO, (aq) + H,0() (net ionic equation)

Answer Check Remember that correct answers include phase labels and that ions must
have correct charges.

P Exercise 4.5 | Write the molecular equation and the net ionic equation for the neu-
tralization of hydrocyanic acid, HCN, by lithium hydroxide, LiOH, both in aqueous solution.

M See Problems 4.43, 4.44, 445, and 4.46.

Acids such as HCI and HNOj; that have only one acidic hydrogen atom per acid
molecule are called monoprotic acids. A polyprotic acid is an acid that yields two
or more acidic hydrogens per molecule. Phosphoric acid is an example of a tripro-
tic acid. By reacting this acid with different amounts of a base, you can obtain a
series of salts:

H5POy4(aq) + NaOH(ag) —— NaH,POy(aq) + H,O(/)
H;POy(aq) + 2NaOH(ag) — Na,HPOy(aq) + 2H,0(/)
H;POy(aq) + 3NaOH(ag) —— NazPOy4(aq) + 3H,0(/)

Salts such as NaH,PO, and Na,HPO, that have acidic hydrogen atoms and can
undergo neutralization with bases are called acid salts.

Write molecular and net ionic equations for the successive neutral-
izations of each of the acidic hydrogens of sulfuric acid with potassium hydroxide. (That is,
write equations for the reaction of sulfuric acid with KOH to give the acid salt and for the
reaction of the acid salt with more KOH to give potassium sulfate.)

M See Problems 4.47, 4.48, 4.49, and 4.50.



FIGURE 4.10

Reaction of a carbonate with an acid
Baking soda (sodium hydrogen carbonate)
reacts with acetic acid in vinegar to evolve
bubbles of carbon dioxide.

C05%7, §%7, and SO5>~ are bases.
Thus the net equations involve a
basic anion with H", an acid.
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Acid-Base Reactions with Gas Formation

Certain salts, notably carbonates, sulfites, and sulfides, react with acids to form a
gaseous product. Consider the reaction of sodium carbonate with hydrochloric acid.
The molecular equation for the reaction is

Na,COs(aq) + 2HCl(aq) — 2NaCl(aq) + H,O(l) + CO,(g)

carbonate acid salt

Here, a carbonate (sodium carbonate) reacts with an acid (hydrochloric acid) to produce
a salt (sodium chloride), water, and carbon dioxide gas. A similar reaction is shown in
Figure 4.10, in which baking soda (sodium hydrogen carbonate) reacts with the acetic
acid in vinegar. Note the bubbles of carbon dioxide gas that evolve during the reaction.
This reaction of a carbonate with an acid is the basis of a simple test for carbonate min-
erals. When you treat a carbonate mineral or rock, such as limestone, with hydrochloric
acid, the material fizzes, as bubbles of odorless carbon dioxide form.

It is useful to consider the preceding reaction as an exchange, or metathesis, reac-
tion. Recall that in an exchange reaction, you obtain the products from the reactants
by exchanging the anions (or the cations) between the two reactants. In this case, we
interchange the carbonate ion with the chloride ion and we obtain the following:

Na,COs3(ag) + 2HCl(ag) — 2NaCl(ag) + H,COs(aq)

The last product shown in the equation is carbonic acid, H,COs;. (You obtain the for-
mula of carbonic acid by noting that you need to associate two H" ions with the car-
bonate ion, CO5>~, to obtain a neutral compound.) Carbonic acid is unstable and
decomposes to water and carbon dioxide gas. The overall result is the equation we
wrote earlier:

Na,COs(aq) + 2HCl(aqg) —— 2NaCl(aq) + H,O(l) + CO»(g)
H,CO3(aq)
The net ionic equation for this reaction is
CO5* (ag) + 2H"(aq) — H,0(!) + COx(g)

The carbonate ion reacts with hydrogen ion from the acid. If you write the hydrogen
ion as HyO" (hydronium ion), you can see also that the reaction involves a proton
transfer:

2H*
CO5* (ag) + 2H;0" (aq) — H,COs5(aq) + 2H,0(I) — 3H,0(/) + CO5(g)

From the broader perspective of the Brgnsted—Lowry view, this is an acid—base reaction.
Sulfites behave similarly to carbonates. When a sulfite, such as sodium sulfite
(Na,S0s), reacts with an acid, sulfur dioxide (SO,) is a product. Sulfides, such as sodium
sulfide (Na,S), react with acids to produce hydrogen sulfide gas. The reaction can be
viewed as a simple exchange reaction. The reactions are summarized in Table 4.4. <

TABLE 4.4 Some lonic Compounds That Evolve Gases When

Treated with Acids

lonic Compound Gas Example

Carbonate (CO5>") CO, Na,CO; + 2HCl — 2NaCl + H,O + CO,
Sulfite (SO5>7) SO, Na,SO; + 2HCI — 2NaCl + H,0 + SO,
Sulfide (S?7) H,S Na,S + H,SO, — Na,SO, + H,S



144 4 Chemical Reactions

Example 4.6 Writing an Equation for a Reaction with Gas Formation

Write the molecular equation and the net ionic equation for the reaction of zinc sulfide with
hydrochloric acid.

Problem Strategy Start by writing the reactants, using the solubility rules to determine
the phase labels. Next think about the ways in which this reaction can occur; first try to
write it as an exchange reaction. Examine the products to see whether an insoluble
compound forms and/or there is gas formation; either indicates a reaction.

Solution First write the reactants, noting from Table 4.1 that most sulfides (except those
of the group TA metals and (NH,4),S) are insoluble.

ZnS(s) + HCl(ag) —

If you look at this as an exchange reaction, the products are ZnCl, and H,S. Since chlo-
rides are soluble (with some exceptions, not including ZnCl,), we write the following bal-
anced equation.

ZnS(s) + 2HCl(aq) — ZnCly(aq) + H,S(g)
The complete ionic equation is
ZnS(s) + 2H (aq) + 2CHaq) — Zn**(aq) + 2CHag) + H,S(g)
and the net ionic equation is

ZnS(s) + 2H*(aq) — Zn**(aq) + H,S(2)

Answer Check When you are trying to solve problems of this type, if starting with an
exchange reaction doesn’t yield the desired results, use the examples in Table 4.4 as a guide.

Exercise 4.7 Write the molecular equation and the net ionic equation for the
reaction of calcium carbonate with nitric acid.

M See Problems 4.51, 4.52, 4.53, and 4.54.

Concept Check 4.3

At times, we want to generalize the formula of certain important chemical sub-
stances; acids and bases fall into this category. Given the following reactions, try
to identify the acids, bases, and some examples of what the general symbols (M
and A7) represent.

a. MOH(s) —— M (ag) + OH (aq)

b. HA(ag) + H,O(l) === H;0"(ag) + A (aq)

¢. HyA(aq) + 2H,O(l) == H;0 " (ag) + HA (aq)

d. For parts a through c, come up with real examples for M and A.

4.5 | Oxidation—Reduction Reactions

In the two preceding sections, we described precipitation reactions (reactions pro-
ducing a precipitate) and acid—base reactions (reactions involving proton transfer).
Here we discuss the third major class of reactions, oxidation—reduction reactions,
which are reactions involving a transfer of electrons from one species to another.



FIGURE 4.11

Reaction of iron with Cu®*(aq)

Left: Iron nail and copper(ll) sulfate solution,
which has a blue color. Center: Fe reacts
with Cu?* (aq) to yield Fe*(ag) and Cu(s).
In the molecular view, water and the sulfate
anion have been omitted. Right: The copper
metal plates out on the nail.

FIGURE 4.12

The burning of calcium metal in oxygen
The burning calcium emits a red-orange
flame.
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As a simple example of an oxidation—reduction reaction, let us look at what hap-
pens when you dip an iron nail into a blue solution of copper(Il) sulfate (Figure 4.11).
What you see is that the iron nail becomes coated with a reddish-brown tinge of metal-
lic copper. The molecular equation for this reaction is

Fe(s) + CuSO4(ag) — FeSOy4(aqg) + Cu(s)
The net ionic equation is
Fe(s) + Cu2+(aq) — Fez+(aq) + Cu(s)

The electron-transfer aspect of the reaction is apparent from this equation. Note that each
iron atom in the metal loses two electrons to form an iron(Il) ion, and each copper(Il)
ion gains two electrons to form a copper atom in the metal. The net effect is that two
electrons are transferred from each iron atom in the metal to each copper(Il) ion.

The concept of oxidation numbers was developed as a simple way of keeping track
of electrons in a reaction. Using oxidation numbers, you can determine whether elec-
trons have been transferred from one atom to another. If electrons have been trans-
ferred, an oxidation—reduction reaction has occurred.

Oxidation Numbers

We define the oxidation number (or oxidation state) of an atom in a substance as the
actual charge of the atom if it exists as a monatomic ion, or a hypothetical charge
assigned to the atom in the substance by simple rules. An oxidation—reduction reaction
is one in which one or more atoms change oxidation number, implying that there has
been a transfer of electrons.

Consider the combustion of calcium metal in oxygen gas (Figure 4.12).

2Ca(s) + O,(g) — 2CaO(s)

This is an oxidation-reduction reaction. To see this, you assign oxidation numbers
to the atoms in the equation and then note that the atoms change oxidation number
during the reaction.

Since the oxidation number of an atom in an element is always zero, Ca and O
in O, have oxidation numbers of zero. Another rule follows from the definition of
oxidation number: The oxidation number of an atom that exists in a substance as a
monatomic ion equals the charge on that ion. So the oxidation number of Ca in CaO
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FIGURE 4.13

The burning of calcium metal in chlorine
The reaction appears similar to the burning

of calcium in oxygen.

is +2 (the charge on Ca’"), and the oxidation number of O in CaO is —2 (the charge
on 02_). To emphasize these oxidation numbers in an equation, we will write them
above the atomic symbols in the formulas.

0 0 +2 2
2Ca(s) + Ox(g) — 2CaO(s)

From this, you see that the Ca and O atoms change in oxidation number during the
reaction. In effect, each calcium atom in the metal loses two electrons to form Ca>"
ions, and each oxygen atom in O, gains two electrons to form O*” ions. The net
result is a transfer of electrons from calcium to oxygen, so this reaction is an
oxidation—reduction reaction. In other words, an oxidation-reduction reaction (or
redox reaction) is a reaction in which electrons are transferred between species or in
which atoms change oxidation number.

Note that calcium has gained in oxidation number from 0 to +2. (Each calcium atom
loses two electrons.) We say that calcium has been oxidized. Oxygen, on the other hand,
has decreased in oxidation number from O to —2. (Each oxygen atom gains two elec-
trons.) We say that oxygen has been reduced. An oxidation—reduction reaction always
involves both oxidation (the loss of electrons) and reduction (the gain of electrons).

Formerly, the term oxidation meant “reaction with oxygen.” The current definition
greatly enlarges the meaning of this term. Consider the reaction of calcium metal with
chlorine gas (Figure 4.13); the reaction looks similar to the burning of calcium in oxy-
gen. The chemical equation is

0 0 +2 -1
Ca(s) + Cly(g) — CaCly(s)

In this reaction, the calcium atom is oxidized, because it increases in oxidation num-
ber (from O to +2, as in the previous equation). Chlorine is reduced; it decreases in
oxidation number from O to —1. This is clearly an oxidation—reduction reaction that
does not involve oxygen.

Oxidation-Number Rules

So far, we have used two rules for obtaining oxidation numbers: (1) the oxidation
number of an atom in an element is zero, and (2) the oxidation number of an atom
in a monatomic ion equals the charge on the ion. These and several other rules for
assigning oxidation numbers are given in Table 4.5.

TABLE 4.5 Rules for Assigning Oxidation Numbers

Rule Applies to Statement

1 Elements The oxidation number of an atom in an element is zero.

2 Monatomic ions The oxidation number of an atom in a monatomic ion equals the charge on the ion.

3 Oxygen The oxidation number of oxygen is —2 in most of its compounds. (An exception is
O in H,0, and other peroxides, where the oxidation number is —1.)

4 Hydrogen The oxidation number of hydrogen is +1 in most of its compounds. (The oxidation
number of hydrogen is —1 in binary compounds with a metal, such as CaH,.)

5 Halogens The oxidation number of fluorine is —1 in all of its compounds. Each of the other
halogens (Cl, Br, I) has an oxidation number of —1 in binary compounds, except
when the other element is another halogen above it in the periodic table or the
other element is oxygen.

6 Compounds and ions The sum of the oxidation numbers of the atoms in a compound is zero. The sum of the

oxidation numbers of the atoms in a polyatomic ion equals the charge on the ion.
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In molecular substances, we use these rules to give the approximate charges on
the atoms. Consider the molecule SO,. Oxygen atoms tend to attract electrons, pulling
them from other atoms (sulfur in the case of SO,). As a result, an oxygen atom in
SO, takes on a negative charge relative to the sulfur atom. The magnitude of the
charge on an oxygen atom in a molecule is not a full —2 charge as in the O~ ion.
However, it is convenient to assign an oxidation number of —2 to oxygen in SO, (and
in most other compounds of oxygen) to help us express the approximate charge dis-
tribution in the molecule. Rule 3 in Table 4.5 says that an oxygen atom has an
oxidation number of —2 in most of its compounds.

Rules 4 and 5 are similar in that they tell you what to expect for the oxidation
number of certain elements in their compounds. Rule 4, for instance, says that hydro-
gen has an oxidation number of +1 in most of its compounds.

Rule 6 states that the sum of the oxidation numbers of the atoms in a compound
is zero. This rule follows from the interpretation of oxidation numbers as (hypothet-
ical) charges on the atoms. Because any compound is electrically neutral, the sum of
the charges on its atoms must be zero. This rule is easily extended to ions: the sum
of the oxidation numbers (hypothetical charges) of the atoms in a polyatomic ion
equals the charge on the ion.

You can use Rule 6 to obtain the oxidation number of one atom in a compound
or ion, if you know the oxidation numbers of the other atoms in the compound or
ion. Consider the SO, molecule. According to Rule 6,

(Oxidation number of S) + 2 X (oxidation number of O) = 0
or
(Oxidation number of S) + 2 X (=2) = 0.
Therefore,
Oxidation number of S (in SO,) = —2 X (—=2) = +4

The next example illustrates how to use the rules in Table 4.5 to assign oxidation
numbers.

Example 4.7 Assigning Oxidation Numbers
|

Use the rules from Table 4.5 to obtain the oxidation number of the chlorine atom in each
of the following: (a) HCIO, (perchloric acid), (b) ClO;  (chlorate ion).

Problem Strategy We need to apply the rules in Table 4.5. Rule 6 is the best
place to start. Therefore, in each case, write the expression for the sum of the
oxidation numbers, equating this to zero for a compound or to the charge for an ion.
Now, use Rules 2 to 5 to substitute oxidation numbers for particular atoms, such as —2
for oxygen and +1 for hydrogen, and solve for the unknown oxidation number (CI in
this example).

Solution a. For perchloric acid, Rule 6 gives the equation
(Oxidation number of H) + (oxidation number of CI) + 4 X (oxidation number of O) = 0
Using Rules 3 and 4, you obtain

(+1) + (oxidation number of CI) + 4 X (=2) = 0
(continued)
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(continued)

Therefore,

Oxidation number of Cl (in HCIO,) = —(+1) — 4 X (—=2) = +7
b. For the chlorate ion, Rule 6 gives the equation

(Oxidation number of Cl) + 3 X (oxidation number of O) = —1
Using Rule 3, you obtain

(Oxidation number of CI) + 3 X (=2) = —1
Therefore,
Oxidation number of Cl (in ClO53 ) = —1 — 3 X (—2) = +5

Answer Check Because most compounds do not have elements with very large positive
or very large negative oxidation numbers, you should always be on the alert for a possible
assignment mistake when you find oxidation states greater than +6 or less than —4. (From

this example you see that a +7 oxidation state is possible; however, it occurs in only a lim-
ited number of cases.)

Obtain the oxidation numbers of the atoms in each of the follow-
ing: (a) potassium dichromate, K,Cr,0O-, (b) permanganate ion, MnO, .

B See Problems 4.55, 4.56, 4.57, and 4.58.

Describing Oxidation—-Reduction Reactions

We use special terminology to describe oxidation-reduction reactions. To illustrate
this, we will look again at the reaction of iron with copper(Il) sulfate. The net ionic
equation is

0 +2 +2 0
Fe(s) + Cu*"(ag) — Fe**(agq) + Cu(s)

We can write this reaction in terms of two half-reactions. A half-reaction is one
of two parts of an oxidation—reduction reaction, one part of which involves a
loss of electrons (or increase of oxidation number) and the other a gain of elec-
trons (or decrease of oxidation number). The half-reactions for the preceding
equation are

0 +2
Fe(s) — Fe”(aq) + 2e~ (electrons lost by Fe)
+2 0
Cu’"(ag) + 2e= — Cu(s) (electrons gained by Cu*™)

Oxidation is the half-reaction in which there is a loss of electrons by a species (or
an increase of oxidation number of an atom). Reduction is the half-reaction in which
there is a gain of electrons by a species (or a decrease in the oxidation number of
an atom). Thus, the equation Fe(s) — Fe2+(aq) + 2e” represents the oxidation
half-reaction, and the equation Cu2+(aq) + 2¢- —— Cu(s) represents the reduction
half-reaction.

Recall that a species that is oxidized loses electrons (or contains an atom that
increases in oxidation number) and a species that is reduced gains electrons (or
contains an atom that decreases in oxidation number). An oxidizing agent is a
species that oxidizes another species, it is itself reduced. Similarly, a reducing agent



FIGURE 4.14 V

Combination reaction

Left: Sodium metal and chlorine gas.

Right: The spectacular combination reaction
of sodium and chlorine.
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is a species that reduces another species; it is itself oxidized. In our example reac-
tion, the copper(Il) ion is the oxidizing agent, whereas iron metal is the reducing
agent.

The relationships among these terms are shown in the following diagram for the
reaction of iron with copper(Il) ion.

oxidation
0 +2 +2 0
Fe(s) + Cu®**(ag) — Fe**(aq) + Cu(s)
reducing oxidizing
agent agent

reduction

Some Common Oxidation—Reduction Reactions
Many oxidation—reduction reactions can be described as one of the following:

1. Combination reaction
2. Decomposition reaction
3. Displacement reaction

4. Combustion reaction

We will describe examples of each of these in this section.

Combination Reactions A combination reaction is a reaction in which two sub-
stances combine to form a third substance. Note that not all combination reactions
are oxidation—reduction reactions. However, the simplest cases are those in which two
elements react to form a compound; these are clearly oxidation—-reduction reactions.
In Chapter 2, we discussed the reaction of sodium metal and chlorine gas, which is
a redox reaction (Figure 4.14).

2Na(s) + Cly(g) — 2NaCl(s)
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FIGURE 4.15 A

Decomposition reaction

The decomposition reaction of mercury(Il)
oxide into its elements, mercury and
oxygen.

Antimony and chlorine also combine in a fiery reaction.
2Sb + 3Cl, — 2SbCl;

Some combination reactions involve compounds as reactants and are not oxidation—
reduction reactions. For example,

CaO(s) + SO,(g) — CaSOs(s)

(If you check the oxidation numbers, you will see that this is not an oxidation—
reduction reaction.)

Decomposition Reactions A decomposition reaction is a reaction in which a sin-
gle compound reacts to give two or more substances. Often these reactions occur when
the temperature is raised. In Chapter 1, we described the decomposition of mercury(II)
oxide into its elements when the compound is heated (Figure 4.15). This is an
oxidation—reduction reaction.

2HgO(s) — 2Hg(l) + Oa(g)

Another example is the preparation of oxygen by heating potassium chlorate with
manganese(IV) oxide as a catalyst.

2KClO5(s) ﬁ 2KClI(s) + 30,(g)

In this reaction, a compound decomposes into another compound and an element; it
also is an oxidation-reduction reaction.

Not all decomposition reactions are of the oxidation—reduction type. For example,
calcium carbonate at high temperatures decomposes into calcium oxide and carbon
dioxide.

CaCOs(s) —>> CaO(s) + CO4(g2)

Is there a change in oxidation numbers? If not, this confirms that this is not an
oxidation—reduction reaction.

Displacement Reactions A displacement reaction (also called a single-
replacement reaction) is a reaction in which an element reacts with a compound,
displacing another element from it. Since these reactions involve an element and
one of its compounds, these must be oxidation—reduction reactions. An example is
the reaction that occurs when you dip a copper metal strip into a solution of sil-
ver nitrate.

Cu(s) + 2AgNO3z(aq) — Cu(NOs),(aq) + 2Ag(s)

From the molecular equation, it appears that copper displaces silver in silver nitrate,
producing crystals of silver metal and a greenish-blue solution of copper(Il) nitrate.
The net ionic equation, however, shows that the reaction involves the transfer of elec-
trons from copper metal to silver ion:

Cu(s) + 2Ag" (ag) — Cu**(aq) + 2Ag(s)

When you dip a zinc metal strip into an acid solution, bubbles of hydrogen form
on the metal and escape from the solution (Figure 4.16).

Zn(s) + 2HCl(aq) — ZnCly(aq) + Hai(g)

Zinc displaces hydrogen in the acid, producing zinc chloride solution and hydrogen
gas. The net ionic equation is

Zn(s) + 2H" (ag) — Zn*"(aq) + Hx(g)



FIGURE 4.16

Displacement reaction

Displacement reaction of zinc metal and
hydrochloric acid. Hydrogen gas formed in
the reaction bubbles from the metal surface
that dips into the acid.

4.6

Balancing equations was discussed
in Section 2.10.
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Whether a reaction occurs between
a given element and a monatomic ion TABLE 4.6 Activity Series

depends on the relative ease with of the Elements
which the two species gain or lose
electrons. Table 4.6 shows the activ- (Li
ity series of th'e elements., a listing of React vigorously with K
the' elements in .decreasmg order. of e fe sl fomms vl < Ba
thelr.ease .of losing electroqs during water to give H, Ca
reactions in aqueous solution. The | Na
metals listed at the top are the ‘M
strongest reducing agents (they lose- g
electrons easily); those at the bottom, Al
the weakest. A free element reacts Zn
with the monatomic ion of another Cr
element if the free element is above . . Fe
the other element in the activity Rea'ct with acids to 3 cd
series. The highlighted elements react give Hy C
slowly with liquid water, but readily (')
with steam, to give H,. Ni
Consider this reaction: Sn
2K(s) + 2H(ag) — 2K *(ag) + Ha(g) \:’
You would expect this reaction to pro- - Ci
ceed as written, because potassium
metal (K) is well above hydrogen in Do not react*with acids Hg
the activity series. In fact, potassium to give H, Ag
metal reacts violently with water, LAu

which contains only a very small per-
+ . .
centage of H" ions. Imagine the reac-  *Cu, Hg, and Ag react with HNO; but do not

tion of potassium metal with a strong  produce H,. In these reactions, the metal is oxidized
acid like HC1! to the metal ion, and NO;  ion is reduced to NO,
or other nitrogen species.

Combustion Reactions A combustion reaction is a reaction in which a substance
reacts with oxygen, usually with the rapid release of heat to produce a flame. The
products include one or more oxides. Oxygen changes oxidation number from 0 to
—2, so combustions are oxidation—reduction reactions.

Organic compounds usually burn in oxygen or air to yield carbon dioxide. If the
compound contains hydrogen (as most do), water is also a product. For instance,
butane (C4H,() burns in air as follows:

2C4H 0(g) + 1305(g) — 8CO,(g) + 10H,O(g)

Many metals burn in air as well. Although chunks of iron do not burn readily in
air, iron wool, which consists of fine strands of iron, does (Figure 4.17 on page 152).
The increased surface area of the metal in iron wool allows oxygen from air to react
quickly with it.

4Fe(s) + 305(g) — 2Fe,05(s)

Balancing Simple Oxidation—-Reduction Equations

Oxidation—reduction reactions can often be quite difficult to balance. < Some are so
complex in fact that chemists have written computer programs to accomplish the task.
In this section, we will develop a method for balancing simple oxidation-reduction
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FIGURE 4.17 A

The combustion of iron wool

Iron reacts with oxygen in the air to
produce iron(lll) oxide, Fe,Os. The reaction
is similar to the rusting of iron but is
much faster.

reactions that can later be generalized for far more complex reactions. One of the
advantages of using this technique for even simple reactions is that you focus on what
makes oxidation—reduction reactions different from other reaction types. See Chapter
19 for a comprehensive treatment of this topic.

At first glance, the equation representing the reaction of zinc metal with silver(I)
ions in solution might appear to be balanced.

Zn(s) + Ag*(aq) — Zn**(ag) + Ag(s)

However, because a balanced chemical equation must have a charge balance as well
as a mass balance, this equation is not balanced: it has a total charge of +1 for the
reactants and +2 for the products. Let us apply the half-reaction method for balanc-
ing this equation.

Half-Reaction Method Applied to Simple
Oxidation—-Reduction Equations

The half-reaction method consists of first separating the equation into two half-
reactions, one for oxidation, the other for reduction. You balance each half-reaction,
then combine them to obtain a balanced oxidation—reduction reaction. Here is an illus-
tration of the process. First we identify the species being oxidized and reduced and
assign the appropriate oxidation states.

0 +1 +2 0
Zn(s) + Ag'(aq) — Zn*"(aq) + Ag(s)

Next, write the half-reactions in an unbalanced form.
Zn — Zn>* (oxidation)
Agt — Ag (reduction)

Next, balance the charge in each equation by adding electrons to the more positive
side to create balanced half-reactions. Following this procedure, the balanced half-
reactions are:

Zn —> Zn*" + 2e” (oxidation half-reaction)
Agt + e — Ag (reduction half-reaction)

Note that the number of electrons that Zn loses during the oxidation process
(two) exceeds the number of electrons gained by Ag" during the reduction (one).
Since, according to the reduction half-reaction, each Ag" is capable of gaining
only one electron, we need to double the amount of Ag™ in order for it to accept
all of the electrons produced by Zn during oxidation. To meet this goal and obtain
the balanced oxidation-reduction reaction, we multiply each half-reaction by a
factor (integer) so that when we add them together, the electrons cancel. We
multiply the first equation by 1 (the number of electrons in the second half-
reaction) and multiply the second equation by 2 (the number of electrons in the
first half-reaction).

1 X (Zn —> Zn** + 2e)

2X (Agt + e~ — Ag)
Zn + 2Ag"T +26 — Zn*" + 2Ag + 2¢=

The electrons cancel, which finally yields the balanced oxidation-reduction
equation:

Zn(s) + 2Ag" (ag) — Zn**(ag) + 2Ag(s)

Example 4.8 further illustrates this technique.
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Example 4.8 Balancing Simple Oxidation-Reduction Reactions by the Half-Reaction Method

Consider a more difficult problem, the combination (oxidation-reduction) reaction of
magnesium metal and nitrogen gas:

Mg(s) + Nay(g) — MgsNy(s)

Apply the half-reaction method to balance this equation.

Problem Strategy Start by identifying the species undergoing oxidation and
reduction and assigning oxidation numbers. Then write the two balanced half-reactions,
keeping in mind that you add the electrons to the more positive side of the reaction.
Next, multiply each of the half-reactions by a whole number that will cancel the electrons
on each side of the equation. Finally, add the half-reactions together to yield the balanced
equation.

Solution Identify the oxidation states of the elements:

0 0 +2 -3
Mg(s) + Na(g) — MgzNy(s)

In this problem, a molecular compound, nitrogen (N,), is undergoing reduction. When a
species undergoing reduction or oxidation is a molecule, write the formula of the molecule
(do not split it up) in the half-reaction. Also, make sure that both the mass and the charge
are balanced. (Note the 6e~ required to balance the charge due to the 2N°".)

Mg — Mg*>" + 2¢ (balanced oxidation half-reaction)
N, + 66 — 2N°~ (balanced reduction half-reaction)
We now need to multiply each half-reaction by a factor that will cancel the electrons.
3 X (Mg — Mg*" + 2e-)

1 X (N, + 6e— — 2N°7)
3Mg + N, +.6e= — 3Mg”>" + 2N°" +6c-

Therefore, the balanced combination (oxidation-reduction) reaction is
3Mg + N, —> 3Mg>* + 2N~

From inspecting the coefficients in this reaction, looking at the original equation, and know-
ing that Mg®" and N°~ will combine to form an ionic compound (Mg;N>), we can rewrite
the equation in the following form:

3Mg(s) + Na(g) — MgzNs(s)

Answer Check Do a final check for balance by counting the number of atoms of each
element on both sides of the equation.

Use the half-reaction method to balance the equation Ca(s) +
Cly(g) — CaCly(s).

M See Problems 4.65 and 4.66.
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Working with Solutions

4.7

The majority of the chemical reactions discussed in this chapter take place in solution.
This is because the reaction between two solid reactants often proceeds very slowly or
not at all. In a solid, the molecules or ions in a crystal tend to occupy approximately
fixed positions, so the chance of two molecules or ions coming together to react is small.
In liquid solutions, reactant molecules are free to move throughout the liquid; therefore,
reaction is much faster. When you run reactions in liquid solutions, it is convenient to
dispense the amounts of reactants by measuring out volumes of reactant solutions. In
the next two sections, we will discuss calculations involved in making up solutions, and
in Section 4.10 we will describe stoichiometric calculations involving such solutions.

Molar Concentration

When we dissolve a substance in a liquid, we call the substance the solute and the
liquid the solvent. Consider ammonia solutions. Ammonia gas dissolves readily in
water, and aqueous ammonia solutions are often used in the laboratory. In such solu-
tions, ammonia gas is the solute and water is the solvent.

The general term concentration refers to the quantity of solute in a standard quan-
tity of solution. Qualitatively, we say that a solution is dilute when the solute con-
centration is low and concentrated when the solute concentration is high. Usually
these terms are used in a comparative sense and do not refer to a specific concentra-
tion. We say that one solution is more dilute, or less concentrated, than another.
However, for commercially available solutions, the term concentrated refers to the
maximum, or near maximum, concentration available. For example, concentrated
aqueous ammonia contains about 28% NH; by mass.

In this example, we expressed the concentration quantitatively by giving the mass
percentage of solute—that is, the mass of solute in 100 g of solution. However, we
need a unit of concentration that is convenient for dispensing reactants in solution,
such as one that specifies moles of solute per solution volume.

Molar concentration, or molarity (M), is defined as the moles of solute dissolved
in one liter (cubic decimeter) of solution.

. moles of solute
Molarity M) = ————
liters of solution

An aqueous solution that is 0.15 M NHj (read this as “0.15 molar NH5”) contains 0.15
mol NHj; per liter of solution. If you want to prepare a solution that is, for example,
0.200 M CuSQy, you place 0.200 mol CuSOy in a 1.000-L volumetric flask, or a pro-
portional amount in a flask of a different size (Figure 4.18). You add a small quantity
of water to dissolve the CuSQOy. Then you fill the flask with additional water to the
mark on the neck and mix the solution. The following example shows how to calcu-
late the molarity of a solution given the mass of solute and the volume of solution.

Example 4.9 Calculating Molarity from Mass and Volume

A sample of NaNO; weighing 0.38 g is placed in a Problem Strategy To calculate the molarity, you
50.0 mL volumetric flask. The flask is then filled with need the moles of solute. Therefore, you first convert
water to the mark on the neck, dissolving the solid. What grams NaNO; to moles. The molarity equals the moles
is the molarity of the resulting solution? of solute divided by the liters of solution.

(continued)
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FIGURE 4.18 A

Preparing a 0.200 M CuSO, solution

Left: 0.0500 mol CuSO,4-5H,0 (12.48 g) is weighed on a platform balance. Center: The copper(ll) sulfate
pentahydrate is transferred carefully to the volumetric flask. Right: Water is added to bring the solution level
to the mark on the neck of the 250-mL volumetric flask. The molarity is 0.0500 mol/0.250 L = 0.200 M.

(continued)
Solution You find that 0.38 g NaNO; is 4.47 X 10~° solutions can be. Therefore, any answer that leads to
mol NaNOs; the last significant figure is underlined. The solution concentrations that are in excess of 20 M should
volume of solution is 50.0 mL, or 50.0 X 1073 L, so be suspect.

the molarity is

Exercise 4.10 A sample of sodium chloride,

Molarity = 447 X 1073 in301 NaNO; _ 0.089 M NaNO, NaCl,.weighing 0.0678 g is placed in a 25:0—mL vol-

50.0 X 10~ L soln umetric flask. Enough water is added to dissolve the

NaCl, and then the flask is filled to the mark with water

Answer Check Although very dilute solutions are and carefully shaken to mix the contents. What is the
possible, there is a limit as to how concentrated molarity of the resulting solution?

M See Problems 4.67, 4.68, 4.69, and 4.70.

The advantage of molarity as a concentration unit is that the amount of solute is
related to the volume of solution. Rather than having to weigh out a specified mass of
substance, you can instead measure out a definite volume of solution of the substance,
which is usually easier. As the following example illustrates, molarity can be used as
a factor for converting from moles of solute to liters of solution, and vice versa.

Example 4.10 Using Molarity as a Conversion Factor
|

An experiment calls for the addition to a reaction vessel of 0.184 g of sodium hydroxide,
NaOH, in aqueous solution. How many milliliters of 0.150 M NaOH should be added?

Problem Strategy Because molarity relates moles of solute to volume of solution, you
first need to convert grams of NaOH to moles of NaOH. Then, you can convert moles NaOH
(continued)
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(continued)

to liters of solution, using the molarity as a conversion factor. Here, 0.150 M means that 1
L of solution contains 0.150 moles of solute, so the conversion factor is

1 L soln
0.150 mol NaOH
N itdpundenh i)

Converts
mol NaOH to L soln

Solution Here is the calculation. (The molar mass of NaOH is 40.0 g/mol.)

1 melNaOH

1 L soln s
= 3.07 X 10"~ L soln (or 30.7 mL)

0.184 g Na©H X

X
40.0 g Na©OH  0.150 molNaOH

You need to add 30.7 mL of 0.150 M NaOH solution to the reaction vessel.

Answer Check Note that the mass of NaOH required for the experiment is relatively
small. Because of this, you should not expect that a large volume of the 0.150 M NaOH

solution will be required.

Exercise 4.11 How many milliliters of 0.163 M NaCl are required to give 0.0958 g

of sodium chloride?

B See Problems 4.71, 4.72, 4.73, and 4.74.

Exercise 4.12 How many moles of sodium chloride should be put in a 50.0-mL
volumetric flask to give a 0.15 M NaCl solution when the flask is filled to the mark with
water? How many grams of NaCl is this?

4.8

B See Problems 4.75, 4.76, 4.77, and 4.78.

Diluting Solutions

Commercially available aqueous ammonia (28.0% NHs) is 14.8 M NHj. Suppose,
however, that you want a solution that is 1.00 M NHj. You need to dilute the con-
centrated solution with a definite quantity of water. For this purpose, you must know
the relationship between the molarity of the solution before dilution (the initial molar-
ity) and that after dilution (the final molarity).
To obtain this relationship, first recall the equation defining molarity:
moles of solute

Molarity = —————
liters of solution

You can rearrange this to give
Moles of solute = molarity X liters of solution

The product of molarity and the volume (in liters) gives the moles of solute in the
solution. Writing M; for the initial molar concentration and V; for the initial volume
of solution, you get

Moles of solute = M; X V;

When the solution is diluted by adding more water, the concentration and volume
change to My (the final molar concentration) and V/ (the final volume), and the moles
of solute equals

Moles of solute = M, X V



FIGURE 4.19

Molecular view of the dilution process
Top: A molecular view of a solution of Cl,
dissolved in water. Bottom: The solution
after performing a dilution by adding water.
Note how the number of moles of Cl, in
the container does not change when per-
forming the dilution; only the concentration
changes. In this particular case, the concen-
tration of Cl, drops to half of the starting
concentration because the volume was
doubled.
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Add water
(solvent)

S —
FIGURE 4.20
Preparing a solution by diluting a concentrated one
’ & O A volume of concentrated ammonia, similar to the one in the
& s beaker, has been added to the volumetric flask. Here water is
& @ being added from the plastic squeeze bottle to bring the
@ o P, volume up to the mark on the flask.

Because the moles of solute has not changed during the dilution (Figure 4.19),
(Note: You can use any volume units, but both V; and V; must be in the same units.)

The next example illustrates how you can use this formula to find the volume of
a concentrated solution needed to prepare a given volume of dilute solution.

Example 4.11 Diluting a Solution

You are given a solution of 14.8 M NH;. How many mil-
liliters of this solution do you require to give 100.0 mL
of 1.00 M NH; when diluted (Figure 4.20)?

Problem Strategy Because this problem is a
dilution, you can use the dilution formula. In this case
you want to know the initial volume (V;) of the solution
that you are going to dilute; all of the other quantities
needed for the formula are given in the problem.

Solution You know the final volume (100.0 mL),
final concentration (1.00 M), and initial concentration
(14.8 M). You write the dilution formula and rearrange
it to give the initial volume.

MY, = MV
MV

y = Yy
M;

Exercise 4.13

Now you substitute the known values into the right side
of the equation.

_ 1.00.M < 100.0 mL
14.8 M

|4 = 6.76 mL

Answer Check When you perform a dilution, the
volume of the more concentrated solution should
always be less than the volume of the final solution, as
it is in the photo. Related to this concept is the fact that
the initial concentration of a solution is always greater
than the final concentration after dilution. These two
concepts will enable you to check the reasonableness of
your calculated quantities whenever you use the dilu-
tion equation.

You have a solution thatis 1.5 M
H,S0, (sulfuric acid). How many milliliters of this acid
do you need to prepare 100.0 mL of 0.18 M H,SO,?

B See Problems 4.79 and 4.80.
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Concept Check 4.4

Consider the following beakers. Each contains a solution of the hypothetical atom X.

a. Arrange the beakers in order of increasing concentration of X.

b. Without adding or removing X, what specific things could you do to make the
concentrations of X equal in each beaker? (Hint: Think about dilutions.)

Quantitative Analysis

4.9

Analytical chemistry deals with the determination of composition of materials—that
is, the analysis of materials. The materials that one might analyze include air, water,
food, hair, body fluids, pharmaceutical preparations, and so forth. The analysis of mate-
rials is divided into qualitative and quantitative analysis. Qualitative analysis involves
the identification of substances or species present in a material. For instance, you might
determine that a sample of water contains lead(II) ion. Quantitative analysis, which we
will discuss in the last sections of this chapter, involves the determination of the amount
of a substance or species present in a material. In a quantitative analysis, you might
determine that the amount of lead(I) ion in a sample of water is 0.067 mg/L.

Gravimetric Analysis

Gravimetric analysis is a type of quantitative analysis in which the amount of a species
in a material is determined by converting the species to a product that can be iso-
lated completely and weighed. Precipitation reactions are frequently used in gravi-
metric analyses. In these reactions, you determine the amount of an ionic species by
precipitating it from solution. The precipitate, or solid formed in the reaction, is then
filtered from the solution, dried, and weighed. The advantages of a gravimetric analy-
sis are its simplicity (at least in theory) and its accuracy. The chief disadvantage is
that it requires meticulous, time-consuming work. Because of this, whenever possi-
ble, chemists use modern instrumental methods.

As an example of a gravimetric analysis, consider the problem of determining the
amount of lead in a sample of drinking water. Lead, if it occurs in the water, proba-
bly exists as the lead(Il) ion, Pb>". Lead(II) sulfate is a very insoluble compound of
lead(IT) ion. When sodium sulfate, Na,SO,, is added to a solution containing Pb2",
lead(Il) sulfate precipitates (that is, PbSO4 comes out of the solution as a fine, crys-
talline solid). If you assume that the lead is present in solution as lead(Il) nitrate, you
can write the following equation for the reaction:

NaQSO4(aq) + Pb(NO3)2(aq) — 2NaNO3(aq) + PbSO4(S)

You can separate the white precipitate of lead(Il) sulfate from the solution by filtra-
tion. Then you dry and weigh the precipitate. Figure 4.21 shows the laboratory setup
used in a similar analysis.
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FIGURE 4.21 >

Gravimetric analysis for barium ion

Left: A solution of potassium chromate
(yellow) is poured down a stirring rod into
a solution containing an unknown amount
of barium ion, Ba®*. The yellow precipitate
that forms is barium chromate, BaCrO,.
Right: The solution is filtered by pouring it
into a crucible containing a porous glass
partition. Afterward, the crucible is heated to
dry the barium chromate. By weighing the
crucible before and afterward, you can
determine the mass of precipitate.

Example 4.12 Determining the Amount of a Species by Gravimetric Analysis

A 1.000-L sample of polluted water was analyzed for lead(II) ion, Pb>", by adding an excess
of sodium sulfate to it. The mass of lead(Il) sulfate that precipitated was 229.8 mg. What
is the mass of lead in a liter of the water? Give the answer as milligrams of lead per liter
of solution.

Problem Strategy Because an excess of sodium sulfate was added to the solution, you
can expect that all of the lead is precipitated as lead(Il) sulfate, PbSO,. If you determine
the percentage of lead in the PbSQO, precipitate, you can calculate the quantity of lead in
the water sample.

Solution Following Example 3.7, you obtain the mass percentage of Pb in PbSO, by
dividing the molar mass of Pb by the molar mass of PbSO,, then multiplying by 100%:

207.2 g/mol
303.3 g/mol

% Pb = X 100% = 68.32%

Therefore, the 1.000-L sample of water contains
Amount Pb in sample = 229.8 mg PbSO, X 0.6832 = 157.0 mg Pb

The water sample contains 157.0 mg Pb per liter.

Answer Check Check to make sure that the mass of the element of interest, 157.0 mg
Pb in this case, is less than the total mass of the precipitate, 229.8 mg in this case. If you
do not find this to be true, you have made an error.

You are given a sample of limestone, which is mostly CaCOs;, to
determine the mass percentage of Ca in the rock. You dissolve the limestone in hydrochloric
acid, which gives a solution of calcium chloride. Then you precipitate the calcium ion in
solution by adding sodium oxalate, Na,C,0O,4. The precipitate is calcium oxalate, CaC,QOy,.
You find that a sample of limestone weighing 128.3 mg gives 140.2 mg of CaC,0,4. What
is the mass percentage of calcium in the limestone?

M See Problems 4.83 and 4.84.
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4.10 | Volumetric Analysis

As you saw earlier, you can use molarity as a conversion factor, and in this way you
can calculate the volume of solution that is equivalent to a given mass of solute (see
Example 4.10). This means that you can replace mass measurements in solution
reactions by volume measurements. In the next example, we look at the volumes of
solutions involved in a given reaction.

Example 4.13 Calculating the Volume of Reactant Solution Needed

Consider the reaction of sulfuric acid, H,SO,, with sodium hydroxide, NaOH.

H,S0,(ag) + 2NaOH(ag) — 2H,O(l) + Na,SO,(aq)

Suppose a beaker contains 35.0 mL of 0.175 M H,SO,. How many milliliters of 0.250 M
NaOH must be added to react completely with the sulfuric acid?

Problem Strategy This is a stoichiometry problem that involves the reaction of
sulfuric acid and sodium hydroxide. You have a known volume and concentration of
H,SO, in the beaker, and you want to determine what volume of a known concentration
of NaOH is required for complete reaction. If you can determine the number of moles of
H,SO, that are contained in the beaker, you can then use the balanced chemical reaction
to determine the number of moles of NaOH required to react completely with the H,SOy,.
Finally, you can use the concentration of the NaOH to determine the required volume of
NaOH. Following this strategy, you convert from 35.0 mL (or 35.0 X 107° L) H,SO,
solution to moles H,SO, (using the molarity of H,SO,), then to moles NaOH (from the
chemical equation). Finally, you convert this to volume of NaOH solution (using the
molarity of NaOH).

Solution The calculation is as follows:

35.0 X 10 LH,S65sotm x 2> metHsS0, 2 molhaOH
| LH,SO;50ln | mokHsSO;
1 L NaOH soln
0.250 Mol NaOH

=4.90 X 1072 L NaOH soln (or 49.0 mL NaOH soln)

Thus, 35.0 mL of 0.175 M sulfuric acid solution reacts with exactly 49.0 mL of 0.250 M
sodium hydroxide solution.

Answer Check Whenever you perform a titration calculation, be sure that you have taken
into account the stoichiometry of the reaction between the acid and base (use the balanced
chemical equation). In this case, two moles of NaOH are required to neutralize each mole
of acid. Furthermore, when performing titration calculations, do not be tempted to apply
the dilution equation to solve the problem. If you were to take such an approach here, you
would arrive at an incorrect result since the dilution equation fails to take into account the
stoichiometry of the reaction.

Exercise 4.15 Nickel sulfate, NiSO,, reacts with sodium phosphate, Nas;POy,, to
give a pale yellow-green precipitate of nickel phosphate, Ni3(PO,),, and a solution of
sodium sulfate, Na,SO,.

3NiSOy4(ag) + 2NazPO4(aq) — Niz(POy),(s) + 3Na,SOy4(aq)
How many milliliters of 0.375 M NiSO, will react with 45.7 mL of 0.265 M Nas;PO,?

B See Problems 4.89 and 4.90.
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Titration of an unknown amount

of HCl with NaOH

Left: The flask contains HCl and a few drops
of phenolphthalein indicator; the buret
contains 0.207 M NaOH (the buret reading
is 44.97 mL). Center: NaOH was added to
the solution in the flask until a persistent
faint pink color was reached, marking the
endpoint of the titration (the buret reading
is 49.44 mL). The amount of HCl can be
determined from the volume of NaOH
used (4.47 mL); see Example 4.14.

Right: The addition of several drops of
NaOH solution beyond the endpoint gives
a deep pink color.

An indicator is a substance that
undergoes a color change when a
reaction approaches completion.
See Section 4.4.
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4.10 Volumetric Analysis

An important method for determining the amount of a particular substance is based
on measuring the volume of reactant solution. Suppose substance A reacts in solution
with substance B. If you know the volume and concentration of a solution of B that
just reacts with substance A in a sample, you can determine the amount of A. Titration
is a procedure for determining the amount of substance A by adding a carefully meas-
ured volume of a solution with known concentration of B until the reaction of A and
B is just complete. Volumetric analysis is a method of analysis based on titration.

Figure 4.22 shows a flask containing hydrochloric acid with an unknown amount
of HCl being titrated with sodium hydroxide solution, NaOH, of known molarity. The
reaction is

NaOH(ag) + HCl(ag) — NaCl(aqg) + H,O(])

To the HCI solution are added a few drops of phenolphthalein indicator. < Phe-
nolphthalein is colorless in the hydrochloric acid but turns pink at the completion of
the reaction of NaOH with HCI. Sodium hydroxide with a concentration of 0.207 M
is contained in a buret, a glass tube graduated to measure the volume of liquid deliv-
ered from the stopcock. The solution in the buret is added to the HCI in the flask until
the phenolphthalein just changes from colorless to pink. At this point, the reaction is
complete and the volume of NaOH that reacts with the HCI is read from the buret.
This volume is then used to obtain the mass of HCl in the original solution.

Example 4.14 Calculating the Quantity of Substance in a Titrated Solution

A flask contains a solution with an unknown amount of HCI. This solution is titrated with
0.207 M NaOH. It takes 4.47 mL NaOH to complete the reaction. What is the mass of the HCI?

Problem Strategy First, in order to determine the stoichiometry of the reaction, you
start by writing the balanced chemical equation.

NaOH(ag) + HCl(ag) — NaCl(ag) + H,O(l)

If you use the numerical information from the problem to determine the moles of NaOH
added to the solution, you then can use the stoichiometry of the reaction to determine the

(continued)
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(continued)

moles of HCI that reacted. Once you know the moles of HCI, you can use the molar mass
of HCI to calculate the mass of HCl. Employing this strategy, you convert the volume of
NaOH (4.47 X 103 L NaOH solution) to moles NaOH (from the molarity of NaOH). Then
you convert moles NaOH to moles HCI (from the chemical equation). Finally, you convert
moles HCI to grams HCI.

Solution The calculation is as follows:

0.207 molNaOH % 1 melHCT % 36.5 g HC1
1L NaOHsoln I melNaOH 1 melHCT

4.47 X 10 LNaOH~om X

= 0.0338 g HCI

Answer Check Before you perform the titration calculations, always write down the bal-
anced chemical equation.

Exercise 4.16 A 5.00-g sample of vinegar is titrated with 0.108 M NaOH. If the
vinegar requires 39.1 mL of the NaOH solution for complete reaction, what is the mass
percentage of acetic acid, HC,H30,, in the vinegar? The reaction is

HC,H;05(aq) + NaOH(ag) — NaC,H;0,(aq) + H,O(])

M See Problems 4.91 and 4.92.

Concept Check 4.5

Consider three flasks, each containing (.10 mol of acid. You need to learn some-
thing about the acids in each of the flasks, so you perform titration using an NaOH

solution. Here are the results of the experiment:

Flask A 10 mL of NaOH required for neutralization
Flask B 20 mL of NaOH required for neutralization
Flask C = 30 mL of NaOH required for neutralization

experiment?

a. What have you learned about each of these acids from performing the

b. Could you use the results of this experiment to determine the concentration of
the NaOH? If not, what assumption about the molecular formulas of the acids

would allow you to make the concentration determination?

A Checklist for Review

Important Terms

electrolyte (4.1)
nonelectrolyte (4.1)

strong electrolyte (4.1)

weak electrolyte (4.1)
molecular equation (4.2)
complete ionic equation (4.2)
spectator ion (4.2)

net ionic equation (4.2)
precipitate (4.3)

exchange (metathesis) reaction (4.3)
acid-base indicator (4.4)

acid (Arrhenius) (4.4)

base (Arrhenius) (4.4)

acid (Brensted-Lowry) (4.4)
base (Brensted-Lowry) (4.4)
strong acid (4.4)

weak acid (4.4)

strong base (4.4)

weak base (4.4)
neutralization reaction (4.4)
salt (4.4)

polyprotic acid (4.4)

oxidation number
(oxidation state) (4.5)
oxidation-reduction reaction
(redox reaction) (4.5)
half-reaction (4.5)
oxidation (4.5)
reduction (4.5)
oxidizing agent (4.5)
reducing agent (4.5)
combination reaction (4.5)
decomposition reaction (4.5)



displacement reaction (single-
replacement reaction) (4.5)
combustion reaction (4.5)

Key Equations

moles of solute

Molarity (M) = ==~ e

Summary of Facts and Concepts

Reactions often involve ions in aqueous solution. Many of the com-
pounds in such reactions are electrolytes, which are substances that
dissolve in water to give ions. Electrolytes that exist in solution al-
most entirely as ions are called strong electrolytes. Electrolytes that
dissolve in water to give a relatively small percentage of ions are
called weak electrolytes. The solubility rules can be used to predict
the extent to which an ionic compound will dissolve in water. Most
soluble ionic compounds are strong electrolytes.

We can represent a reaction involving ions in one of three dif-
ferent ways, depending on what information we want to convey. A
molecular equation is one in which substances are written as if they
were molecular, even though they are ionic. This equation closely
describes what you actually do in the laboratory. However, this
equation does not describe what is happening at the level of ions
and molecules. For that purpose, we rewrite the molecular equation
as a complete ionic equation by replacing the formulas for strong
electrolytes by their ion formulas. If you cancel spectator ions from
the complete ionic equation, you obtain the net ionic equation.

Most of the important reactions we consider in this course
can be divided into three major classes: (1) precipitation reactions,
(2) acid-base reactions, and (3) oxidation-reduction reactions. A
precipitation reaction occurs in aqueous solution because one
product is insoluble. You can decide whether two ionic compounds
will result in a precipitation reaction, if you know from solubility
rules that one of the potential products is insoluble.

Acids are substances that yield hydrogen ions in aqueous so-
lution or donate protons. Bases are substances that yield hydrox-
ide ions in aqueous solution or accept protons. These acid—base

Media Summary

molar concentration

(molarity) (M) (4.7)

quantitative analysis (4.9)

Media Summary 163

gravimetric analysis (4.9)
titration (4.10)
volumetric analysis (4.10)

reactions are proton-transfer reactions. In this chapter, we cov-
ered neutralization reactions (reactions of acids and bases to
yield salts) and reactions of certain salts with acids to yield a gas.

Oxidation—reduction reactions are reactions involving a
transfer of electrons from one species to another or a change in
the oxidation number of atoms. The concept of oxidation num-
bers helps us describe this type of reaction. The atom that in-
creases in oxidation number is said to undergo oxidation; the
atom that decreases in oxidation number is said to undergo re-
duction. Oxidation and reduction must occur together in a reac-
tion. Many oxidation-reduction reactions fall into the following
categories: combination reactions, decomposition reactions, dis-
placement reactions, and combustion reactions. Oxidation—
reduction reactions can be balanced by the half-reaction method.

Molar concentration, or molarity, is the moles of solute in a
liter of solution. Knowing the molarity allows you to calculate
the amount of solute in any volume of solution. Because the
moles of solute are constant during the dilution of a solution, you
can determine to what volume to dilute a concentrated solution
to give one of desired molarity.

Quantitative analysis involves the determination of the
amount of a species in a material. In gravimetric analysis, you de-
termine the amount of a species by converting it to a product you
can weigh. In volumetric analysis, you determine the amount of a
species by titration. Titration is a method of chemical analysis in
which you measure the volume of solution of known molarity that
reacts with a compound of unknown amount. You determine the
amount of the compound from this volume of solution.

Visit the student website at college.hmco.com/pic/ebbing9e to help prepare for class, study for quizzes and exams, understand
core concepts, and visualize molecular-level interactions. The following media activities are available for this chapter:

@ Prepare for Class

Video Lessons Mini lectures from chemistry experts

Properties of Solutions

CIA Demonstration: The Electrified Pickle

CIA Demonstration: Conductivity Apparatus—Ionic Versus
Covalent Bonds

Precipitation Reactions

Acid—Base Reactions

CIA Demonstration: The Ammonia Fountain

CIA Demonstration: Natural Acid—-Base Indicators

Strong Acid-Strong Base and Weak Acid-Strong Base
Reactions

Strong Acid—Weak Base and Weak Acid—Weak Base Reactions

Oxidation—Reduction Reactions

Balancing Redox Reactions and the Oxidation Number
Method

Oxidation Numbers

CIA Demonstration: The Reaction Between Al and BR,

The Activity Series of the Elements

Balancing Redox Reactions and Using the Half-Reaction
Method

Concentrations of Solutions

CIA Demonstration: Dilutions

Gravimetric Analysis

Acid-Base Titrations

CIA Demonstration: Titrations

Solving Titration Problems
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Improve Your Grade

Chemical Reactions

Visualizations Molecular-level animations and lab
demonstration videos

Electrified Pickle

Electrolyte Behavior

Electrolytes

Solubility Rules

Precipitation Reactions

Ammonia Fountain

Combustion Reaction: Sugar and Potassium Chlorate
Dilution

Acid-Base Titration

Tutorials Animated examples and interactive activities

Precipitation Reactions
Dilution

Flashcards Key terms and definitions
Online Flashcards

Self-Assessment Questions Additional questions with
full worked-out solutions

6 Self-Assessment Questions

ACE the Test

Multiple-choice quizzes
3 ACE Practice Tests

Access these resources using the passkey available free with new texts or for purchase separately.

Learning Objectives

4.1 Ionic Theory of Solutions and Solubility Rules

B Describe how an ionic substance can form ions in aqueous
solution.

m Explain how an electrolyte makes a solution electrically
conductive.

B Give examples of substances that are electrolytes.

B Define nonelectrolyte, and provide an example of a
molecular substance that is a nonelectrolyte.

m Compare the properties of solutions that contain strong
electrolytes and weak electrolytes.

B Learn the solubility rules for ionic compounds.

B Use the solubility rules. Example 4.1

4.2 Molecular and Ionic Equations

B Write the molecular equation of a chemical reaction.
B From the molecular equation of both strong electrolytes and
weak electrolytes, determine the complete ionic equation.

m From the complete ionic equation, write the net ionic equation.

B Write net ionic equations. Example 4.2

4.3 Precipitation Reactions

B Recognize precipitation (exchange) reactions.

m Write molecular, complete ionic, and net ionic equations for
precipitation reactions.

B Decide whether a precipitation reaction will occur.
Example 4.3

B Determine the product of a precipitation reaction.

4.4 Acid-Base Reactions

®m Understand how an acid—base indicator is used to determine
whether a solution is acidic or basic.

W Define Arrhenius acid and Arrhenius base.

H Write the chemical equation of an Arrhenius base in aqueous
solution.

m Define Brgnsted—Lowry acid and Brgnsted—Lowry base.

B Write the chemical equation of a Brgnsted—Lowry base in
aqueous solution.

H Write the chemical equation of an acid in aqueous solution
using a hydronium ion.

B Learn the common strong acids and strong bases.

m Distinguish between a strong acid and a weak acid and the
solutions they form.

B Distinguish between a strong base and a weak base and the
solutions they form.

B Classify acids and bases as strong or weak. Example 4.4

B Recognize neutralization reactions.

B Write an equation for a neutralization reaction. Example 4.5

B Write the reactions for a polyprotic acid in aqueous solution.

B Recognize acid-base reactions that lead to gas formation.

m Write an equation for a reaction with gas formation.
Example 4.6

4.5 Oxidation-Reduction Reactions

W Define oxidation—reduction reaction.

W Learn the oxidation-number rules.

B Assign oxidation numbers. Example 4.7

W Write the half-reactions of an oxidation-reduction reaction.

B Determine the species undergoing oxidation and reduction.

B Recognize combination reactions, decomposition reactions,
displacement reactions, and combustion reactions.

m Use the activity series to predict when displacement reactions
will occur.

4.6 Balancing Simple Oxidation-Reduction Equations

B Balance simple oxidation—reduction reactions by the half-
reaction method. Example 4.8

4.7 Molar Concentration

B Define molarity or molar concentration of a solution.
B Calculate the molarity from mass and volume. Example 4.9
m Use molarity as a conversion factor. Example 4.10
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4.10 Volumetric Analysis

H Describe what happens to the concentration of a solution
when it is diluted.

B Perform calculations associated with dilution.

H Diluting a solution. Example 4.11

4.9 Gravimetric Analysis

B Determine the amount of a species by gravimetric analysis.
Example 4.12

m Calculate the volume of reactant solution needed to perform
areaction. Example 4.13

® Understand how to perform a titration.

B Calculate the quantity of substance in a titrated solution.
Example 4.14

Review Questions

41 Explain why some electrolyte solutions are strongly con-
ducting, whereas others are weakly conducting.

4.2 Define the terms strong electrolyte and weak electrolyte.
Give an example of each.

4.3 Explain the terms soluble and insoluble. Use the solubility
rules to write the formula of an insoluble ionic compound.

4.4 What are the advantages and disadvantages of using a mo-
lecular equation to represent an ionic reaction?

4.5 What is a spectator ion? Illustrate with a complete ionic
reaction.

4.6 What is a net ionic equation? What is the value in using a
net ionic equation? Give an example.

4.7 What are the major types of chemical reactions? Give a
brief description and an example of each.

4.8 Describe in words how you would prepare pure crystalline
AgCl and NaNOj; from solid AgNOj; and solid NaCl.

4.9 Give an example of a neutralization reaction. Label the
acid, base, and salt.

4.10 Give an example of a polyprotic acid and write equations
for the successive neutralizations of the acidic hydrogen atoms
of the acid molecule to produce a series of salts.

411 Why must oxidation and reduction occur together in a
reaction?

4.12 Give an example of a displacement reaction. What is the
oxidizing agent? What is the reducing agent?

413 Why is the product of molar concentration and volume
constant for a dilution problem?

414 Describe how the amount of sodium hydroxide in a mix-
ture can be determined by titration with hydrochloric acid of
known molarity.

415 What is the net ionic equation for the following molecular
equation?

HF(aq) + KOH(aq) — KF(aq) + H,O(l)

Goncept Explorations

4.19 The Behavior of Substances in Water
Part 1
a. Ammonia, NHj, is a weak electrolyte. It forms ions in so-
lution by reacting with water molecules to form the ammo-
nium ion and hydroxide ion. Write the balanced chemical
reaction for this process, including state symbols.

Hydrofluoric acid, HF, is a molecular substance and a weak
electrolyte.
a. H (ag) + OH (ag) — H,0())
b. H" (ag) + KOH(ag) — K" (ag) + H,O()
¢. HF(aq) + KOH(aq) — K™ (aq) + F~ (aq)
d. HF(ag) + K" (aq) + OH (ag) — KF(ag) + H,0(1)
e. HF(ag) + OH (aq) — F (aq) + H,0(])
4.16 An aqueous sodium hydroxide solution mixed with an
aqueous magnesium nitrate solution yields which of the following
products?
magnesium hydroxide(aq)
magnesium dihydroxide(s)
magnesium hydroxide(s)
dimagnesium hydroxide(s)
sodium nitrate(/)
417 Which of the following compounds would produce the
highest concentration of C1™ ions when 0.10 mol of each is
placed in separate beakers containing equal volumes of water?
a. NaCl
b. PbCl,
¢. HCIO,
d. MgCl,
e. HCI
418 In an aqueous 0.10 M HNO, solution (HNO, is a weak
electrolyte), which of the following would you expect to see in
the highest concentration?
H,0"
NO, ™
H+
HNO,
OH™

PanFT

PenFT

b. From everyday experience you are probably aware that
table sugar (sucrose), C1,H»,01, is soluble in water. When
sucrose dissolves in water, it doesn’t form ions through any
reaction with water. It just dissolves without forming ions,
so it is a nonelectrolyte. Write the chemical equation for the
dissolving of sucrose in water.
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¢. Both NH; and C,,H,,0,; are soluble molecular com-
pounds, yet they behave differently in aqueous solution.
Briefly explain why one is a weak electrolyte and the other
is a nonelectrolyte.

d. Hydrochloric acid, HCI, is a molecular compound that is a
strong electrolyte. Write the chemical reaction of HCI with
water.

e. Compare the ammonia reaction with that of hydrochloric acid.
Why are both of these substances considered electrolytes?

f. Explain why HCl is a strong electrolyte and ammonia is a
weak electrolyte.

g. Classify each of the following substances as either ionic or
molecular.

KCl NH3 C02 MgBr2 HCl Ca(OH)2 PbS HC2H302

h. For those compounds above that you classified as ionic, use
the solubility rules to determine which are soluble.

i. The majority of ionic substances are solids at room temper-
ature. Describe what you would observe if you placed a
soluble ionic compound and an insoluble ionic compound
in separate beakers of water.

j. Write the chemical equation(s), including state symbols, for
what happens when each soluble ionic compound that you
identified above is placed in water. Are these substances re-
acting with water when they are added to water?

k. How would you classify the soluble ionic compounds:
strong electrolyte, weak electrolyte, or nonelectrolyte? Ex-
plain your answer.

l. Sodium chloride, NaCl, is a strong electrolyte, as is hy-
droiodic acid, HI. Write the chemical equations for what
happens when these substances are added to water.

m. Are NaCl and HI strong electrolytes because they have
similar behavior in aqueous solution? If not, describe, us-
ing words and equations, the different chemical process
that takes place in each case.

Part 2: You have two hypothetical molecular compounds, AX
and AY. AX is a strong electrolyte and AY is a weak electrolyte.
The compounds undergo the following chemical reactions when
added to water.

AX(aq) + H,O(l) — AH,0" (ag) + X (aq)
AY(ag) + H,0(l) — AH,0 " (aq) + Y (aq)
a. Explain how the relative amounts of AX(ag) and AY(aq)

would compare if you had a beaker of water with AX and a
beaker of water with AY.

b. How would the relative amounts of X (ag) and Y (ag) in
the two beakers compare? Be sure to explain your answer.

4.20 Working with Concentration (Molarity Concepts)
Note: You should be able to answer all of the following questions
without using a calculator.
Part 1
a. Both NaCl and MgCl, are soluble ionic compounds. Write

the balanced chemical equations for these two substances
dissolving in water.

b. Consider the pictures below. These pictures represent
1.0-L solutions of 1.0 M NaCl(ag) and 1.0 M MgCl,(aq).
The representations of the ions in solution are the correct
relative amounts. Water molecules have been omitted for
clarity. Correctly label each of the beakers, provide a key
to help identify the ions, and give a brief explanation of
how you made your assignments.

o = Na*
o = Mg2+

@-cr

o, @ |
> | @
090 @ A

e L —

" ) )

Keeping in mind that the pictures represent the relative
amounts of ions in the solution and that the numerical in-
formation about these solutions is presented above, answer
the following questions c through f.

¢. How many moles of NaCl and MgCl, are in each beaker?

d. How many moles of chloride ions are in each beaker? How
did you arrive at this answer?

e. What is the concentration of chloride ions in each beaker?
Without using mathematical equations, briefly explain how
you obtained your answer.

f. Explain how it is that the concentrations of chloride ions in
these beakers are different even though the concentrations
of each substance (compound) are the same.

Part 2: Say you were to dump out half of the MgCl, solution
from the beaker above.

a. What would be the concentration of the MgCl,(ag) ion and
of the chloride ions in the remaining solution?

b. How many moles of the MgCl, and of the chloride ions
would remain in the beaker?

¢. Explain why the concentration of MgCl,(aq) would not
change, whereas the number of moles of MgCl, would
change when solution was removed from the beaker. As
part of your answer, you are encouraged to use pictures.

Part 3: Consider the beaker containing 1.0 L of the 1.0 M
NaCl(ag) solution. You now add 1.0 L of water to this beaker.

a. What is the concentration of this NaCl(ag) solution?
b. How many moles of NaCl are present in the 2.0 L of
NaCl(aq) solution?

¢. Explain why the concentration of NaCl(aq) does change
with the addition of water, whereas the number of moles
does not change. Here again, you are encouraged to use
pictures to help answer the question.
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4.21 You need to perform gravimetric analysis of a water
sample in order to determine the amount of Ag™ present.
a. List three aqueous solutions that would be suitable for
mixing with the sample to perform the analysis.
b. Would adding KNOs(ag) allow you to perform the
analysis?
¢. Assume you have performed the analysis and the silver
solid that formed is moderately soluble. How might this
affect your analysis results?
4.22 In this problem you need to draw two pictures of solutions
in beakers at different points in time. Time zero (¢ = 0) will be
the hypothetical instant at which the reactants dissolve in the so-
lution (if they dissolve) before they react. Time after mixing
(t > 0) will be the time required to allow sufficient interaction of
the materials. For now, we assume that insoluble solids have no
ions in solution and do not worry about representing the stoi-
chiometric amounts of the dissolved ions. Here is an example:
Solid NaCl and solid AgNO; are added to a beaker containing
250 mL of water.

——____—= P e -4
e e— ] A eee——
Na*(aq) Na*(aq)
CI"(aq)
Ag*aq) NO; (aq)
NO; (a
5 (aq) AgCI(s)

t=0 t>0

Note that we are not showing the H,O, and we are representing
only the ions and solids in solution. Using the same conditions as
the example (adding the solids to H,0O), draw pictures of the
following:

a. Solid lead(II) nitrate and solid ammonium chloride at t = 0
andt>0

b. FeS(s) and NaNOs(s) at = Qand 7> 0

¢. Solid lithium iodide and solid sodium carbonate at t = 0
andz>0

4.23 You come across a beaker that contains water, aqueous
ammonium acetate, and a precipitate of calcium phosphate.

a. Write the balanced molecular equation for a reaction be-
tween two solutions containing ions that could produce this
solution.

b. Write the complete ionic equation for the reaction in
part a.

¢. Write the net ionic equation for the reaction in part a.

Solubility Rules

4.29 Using solubility rules, predict the solubility in water of the
following ionic compounds.

a. PbS b. AgNO;

¢. Na,CO; d. Cal,

Practice Problems 167

4.24 Three acid samples are prepared for titration by 0.01 M
NaOH:

1. Sample 1 is prepared by dissolving 0.01 mol of HCl in 50 mL
of water.

2. Sample 2 is prepared by dissolving 0.01 mol of HCI in 60 mL
of water.

3. Sample 3 is prepared by dissolving 0.01 mol of HCl in 70 mL
of water.

a. Without performing a formal calculation, compare the
concentrations of the three acid samples (rank them from
highest to lowest).

b. When the titration is performed, which sample, if any,
will require the largest volume of the 0.01 M NaOH for
neutralization?

4.25 Would you expect a precipitation reaction between an
ionic compound that is an electrolyte and an ionic compound
that is a nonelectrolyte? Justify your answer.

426 Equal quantities of the hypothetical strong acid HX, weak
acid HA, and weak base BZ, are added to separate beakers of wa-
ter, producing the solutions depicted in the drawings. In the draw-
ings, the relative amounts of each substance present in the solution
(neglecting the water) are shown. Identify the acid or base that was
used to produce each of the solutions (HX, HA, or BZ).

O = H30+
@ = OH"

4.27 Try and answer the following questions without using a
calculator.

a. A solution is made by mixing 1.0 L of 0.5 M NaCl and
0.5 L of 1.0 M CaCl,. Which ion is at the highest concen-
tration in the solution?

b. Another solution is made by mixing 0.50 L of 1.0 M KBr
and 0.50 L of 1.0 M K5;PO,. What is the concentration of
each ion in the solution?

4.28 If one mole of the following compounds were each placed
into separate beakers containing the same amount of water, rank
the CI (ag) concentrations from highest to lowest (some may be
equivalent): KCI, AlCl;, PbCl,, NaCl, HCI, NH;, KOH, and HCN.

4.30 Using solubility rules, predict the solubility in water of the
following ionic compounds.

a. Al(OH); b. LizP

¢. NH,Cl d. NaOH
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4.31 Using solubility rules, decide whether the following ionic
solids are soluble or insoluble in water. If they are soluble, indi-
cate what ions you would expect to be present in solution.

a. AgBr b. Li,SO,

¢. Ca3(PO,), d. Na,CO;

4.32 Using solubility rules, decide whether the following ionic
solids are soluble or insoluble in water. If they are soluble, indi-
cate what ions you would expect to be present in solution.

a. (NH4)2SO4 b. BaCO3

¢. PbSO, d. Ca(NOs),

Ionic Equations

4.33 Write net ionic equations for the following molecular
equations. HBr is a strong electrolyte.
a. HBr(aqg) + KOH(aqg) — KBr(ag) + H,O(l)
b. AgNOj3(aq) + NaBr(ag) — AgBr(s) + NaNO;(aq)
¢. K,S(aq) + 2HBr(ag) — 2KBr(aqg) + H,S(g)
d. NaOH(aq) + NH,Br(ag) —
NaBr(ag) + NHs(g) + H,O(/)

4.34 Write net ionic equations for the following molecular
equations. HBr is a strong electrolyte.

a. HBr(aq) + NHs(ag) — NHBr(aq)

b. 2HBr(ag) + Ba(OH),(ag) — 2H,O(l) + BaBr,(aq)

¢. Pb(NOs),(aqg) + 2NaBr(ag) — PbBr,(s) + 2NaNOs(aq)

d. MgCOs;(s) + Hy,SOy4(aq) —

MgSO4(ag) + H,0() + CO(g)

4.35 Lead(Il) nitrate solution and sodium sulfate solution are
mixed. Crystals of lead(Il) sulfate come out of solution, leaving
a solution of sodium nitrate. Write the molecular equation and
the net ionic equation for the reaction.

4.36 Potassium carbonate solution reacts with aqueous hydro-
bromic acid to give a solution of potassium bromide, carbon
dioxide gas, and water. Write the molecular equation and the net
ionic equation for the reaction.

Precipitation

4.37 Write the molecular equation and the net ionic equation
for each of the following aqueous reactions. If no reaction oc-
curs, write NR after the arrow.

a. FeSO, + NaCl —

b. Na,CO; + MgBr, —>

¢ MgSO, + NaOH —

d. NiCl, + NaBr —

4.38 Write the molecular equation and the net ionic equation
for each of the following aqueous reactions. If no reaction oc-
curs, write NR after the arrow.

a. AgNO; + Nal —

b. Ba(NOs), + K,SO, —

¢ Mg(NO3), + K,SO, —

d. CaCl, + AI(NO3); —>

4.39 For each of the following, write molecular and net ionic
equations for any precipitation reaction that occurs. If no reac-
tion occurs, indicate this.
a. Solutions of barium nitrate and lithium sulfate are mixed.
b. Solutions of sodium bromide and calcium nitrate are mixed.
¢. Solutions of aluminum sulfate and sodium hydroxide are
mixed.

d. Solutions of calcium bromide and sodium phosphate are
mixed.

4.40 For each of the following, write molecular and net ionic
equations for any precipitation reaction that occurs. If no reac-
tion occurs, indicate this.
a. Zinc chloride and sodium sulfide are dissolved in water.
b. Sodium sulfide and calcium chloride are dissolved in
water.
¢. Magnesium sulfate and potassium bromide are dissolved in
water.
d. Magnesium sulfate and potassium carbonate are dissolved
in water.

Strong and Weak Acids and Bases

4.41  Classify each of the following as a strong or weak acid or
base.
a. HF b. KOH ¢. HCIO, d. HIO

4.42 Classify each of the following as a strong or weak acid or
base.
a. NH;

b. HCNO ¢. Sr(OH), d. HI

Neutralization Reactions

4.43 Complete and balance each of the following molecular
equations (in aqueous solution); include phase labels. Then, for
each, write the net ionic equation.

a. NaOH + HNO; —

b. HCI + Ba(OH), —

¢ HC,H;0, + Ca(OH), —

d. NH; + HNO; —

4.44 Complete and balance each of the following molecular
equations (in aqueous solution); include phase labels. Then, for
each, write the net ionic equation.

a. AI(OH); + HCl —

b. HBr + Sr(OH), —

¢. Ba(OH), + HC,H;0, —

d. HNO; + KOH —

4.45 For each of the following, write the molecular equation,
including phase labels. Then write the net ionic equation. Note
that the salts formed in these reactions are soluble.
a. the neutralization of hydrobromic acid with calcium hy-
droxide solution
b. the reaction of solid aluminum hydroxide with nitric acid
¢. the reaction of aqueous hydrogen cyanide with calcium hy-
droxide solution
d. the neutralization of lithium hydroxide solution by aqueous
hydrogen cyanide
4.46 For each of the following, write the molecular equation,
including phase labels. Then write the net ionic equation. Note
that the salts formed in these reactions are soluble.
a. the neutralization of lithium hydroxide solution by aqueous
perchloric acid
b. the reaction of barium hydroxide solution and aqueous
nitrous acid
¢. the reaction of sodium hydroxide solution and aqueous
nitrous acid
d. the neutralization of aqueous hydrogen cyanide by aqueous
strontium hydroxide



4.47 Complete the right side of each of the following molecu-
lar equations. Then write the net ionic equations. Assume all
salts formed are soluble. Acid salts are possible.

a. 2KOH(aq) + H3PO4(aq) —

b. 3H,SO,4(ag) + 2AI(OH);(s) —

¢. 2HC,H;05(ag) + Ca(OH),(agq) —

d. H,SO3(ag) + NaOH(ag) —

4.48 Complete the right side of each of the following molecu-
lar equations. Then write the net ionic equations. Assume all
salts formed are soluble. Acid salts are possible.

a. Ca(OH),(aq) + 2H,SO4(aq) —

b. 2H;PO,4(ag) + Ca(OH),(ag) —

¢. NaOH(aq) + H,SOy4(aq) —

d. Sr(OH),(aq) + 2H,CO5(aq) —

4.49  Write molecular and net ionic equations for the successive
neutralizations of each acidic hydrogen of sulfurous acid by aque-
ous calcium hydroxide. CaSOj is insoluble; the acid salt is soluble.
450 Write molecular and net ionic equations for the successive
neutralizations of each acidic hydrogen of phosphoric acid by
calcium hydroxide solution. Caz(PO,), is insoluble; assume that
the acid salts are soluble.

Reactions Evolving a Gas

4.51 The following reactions occur in aqueous solution. Com-
plete and balance the molecular equations using phase labels.
Then write the net ionic equations.

a. CaS + HBr —

b. MgCO; + HNO; —

¢. K,SO; + H,SO, —
4.52 The following reactions occur in aqueous solution. Com-
plete and balance the molecular equations using phase labels.
Then write the net ionic equations.

a. BaCO; + HNO; —

b. K,S + HCl —

¢. CaSO;(s) + HI —

4.53  Write the molecular equation and the net ionic equation
for the reaction of solid iron(II) sulfide and hydrochloric acid.
Add phase labels.

4.54 Write the molecular equation and the net ionic equation
for the reaction of solid barium carbonate and hydrogen bromide
in aqueous solution. Add phase labels.

Oxidation Numbers

4.55 Obtain the oxidation number for the element noted in each
of the following.

a. Gain Ga,0; b. Nb in NbO,

¢. Brin KBrO, d. Mn in K,;MnO,

456 Obtain the oxidation number for the element noted in each
of the following.

a. Crin CrO;

¢. Gain Ga(OH);

b. Hg in Hg,Cl,
d. Pin Na3PO4

4.57 Obtain the oxidation number for the element noted in each
of the following.

a. NinNH,

¢. Alin AI(OH),~

b. 1in 105~
d. Clin HCIO,
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4,58 Obtain the oxidation number for the element noted in each
of the following.

a. Nin NO,

¢. Znin Zn(OH),>~

b. Crin CrO,>~
d- AS in H2ASO37

4.59 Determine the oxidation numbers of all the elements in each
of the following compounds. (Hint: Look at the ions present.)

a. Mn(ClO3), b. Fe,(CrO,);

¢. HgCr,0, d. Co3(POy,),
4.60 Determine the oxidation numbers of all the elements in each
of the following compounds. (Hint: Look at the ions present.)

a. Hg,(BrO3), b. Cr,(SO,);

C. COSCO4 d. Pb(OH)2

Describing Oxidation-Reduction Reactions

4.61 In the following reactions, label the oxidizing agent and
the reducing agent.

a. Py(s) + 50,(g) — P4Oo(s)

b. Co(s) + Cly(g) — CoCl,(s)

4.62 In the following reactions, label the oxidizing agent and
the reducing agent.

a. ZnO(s) + C(s) — Zn(g) + CO(g)

b. 8Fe(s) + Sg(s) — 8FeS(s)
4.63 In the following reactions, label the oxidizing agent and
the reducing agent.

a. 2Al(s) + 3F,(g) — 2AlF;(s)

b. Hg*"(ag) + NO, (ag) + H,0() —

Hg(s) + 2H" (ag) + NO5 ™ (aq)

4.64 In the following reactions, label the oxidizing agent and
the reducing agent.

a. Fe,05(s) + 3CO(g) — 2Fe(s) + 3CO,(g)

b. PbS(s) + 4H,0,(aq) — PbSO,(s) + 4H,0(/)

Balancing Oxidation-Reduction Reactions

4.65 Balance the following oxidation-reduction reactions by
the half-reaction method.

a. CuCly(aq) + Al(s) — AlCls(agq) + Cu(s)

b. Cr**(ag) + Zn(s) — Cr(s) + Zn*"(aq)
4.66 Balance the following oxidation-reduction reactions by
the half-reaction method.

a. Fel;(aq) + Mg(s) — Fe(s) + Mgly(aq)

b. Ha(g) + Ag™(ag) — Ag(s) + H ' (ag)

Molarity

4.67 A sample of 0.0512 mol of iron(II) chloride, FeCls, was
dissolved in water to give 25.0 mL of solution. What is the mo-
larity of the solution?

4.68 A 50.0-mL volume of AgNOj; solution contains 0.0285
mol AgNO; (silver nitrate). What is the molarity of the solution?

4.69 An aqueous solution is made from 0.798 g of potassium
permanganate, KMnQ,. If the volume of solution is 50.0 mL,
what is the molarity of KMnO, in the solution?

4,70 A sample of oxalic acid, H,C,0,4, weighing 1.192 g is
placed in a 100.0-mL volumetric flask, which is then filled to the
mark with water. What is the molarity of the solution?
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4.71  What volume of 0.120 M CuSOy is required to give 0.150
mol of copper(Il) sulfate, CuSO,?

4,72 How many milliliters of 0.126 M HCIO, (perchloric acid)
are required to give 0.102 mol HCIO,?

4.73  An experiment calls for 0.0353 g of potassium hydrox-
ide, KOH. How many milliliters of 0.0176 M KOH are
required?

4.74 What is the volume (in milliliters) of 0.215 M H,SO,
(sulfuric acid) containing 0.949 g H,SO,?

4.75 Heme, obtained from red blood cells, binds oxygen, O,.
How many moles of heme are there in 150 mL of 0.0019 M heme
solution?

4,76 Insulin is a hormone that controls the use of glucose in the
body. How many moles of insulin are required to make up 28 mL
of 0.0048 M insulin solution?

4.77 How many grams of sodium dichromate, Na,Cr,0-,
should be added to a 100.0-mL volumetric flask to prepare
0.025 M Na,Cr,O; when the flask is filled to the mark with
water?

4.78 Describe how you would prepare 2.50 X 10% mL of 0.20

M Na,SO,. What mass (in grams) of sodium sulfate, Na,SOy, is
needed?

4.79  You wish to prepare 0.12 M HNOj; from a stock solution
of nitric acid that is 15.8 M. How many milliliters of the
stock solution do you require to make up 1.00 L of 0.12 M
HNO;?

4.80 A chemist wants to prepare 0.50 M HCl. Commercial hy-
drochloric acid is 12.4 M. How many milliliters of the commer-
cial acid does the chemist require to make up 1.50 L of the dilute
acid?

4.81 A 3.50 g sample of KCl is dissolved in 10.0 mL of water.
The resulting solution is then added to 60.0 mL of a 0.500 M
CaCl,(aq) solution. Assuming that the volumes are additive,
calculate the concentrations of each ion present in the final
solution.

4.82 Calculate the concentrations of each ion present in a solu-
tion that results from mixing 50.0 mL of a 0.20 M NaClOs(aq)
solution with 25.0 mL of a 0.20 M Na,SO,(aq). Assume that the
volumes are additive.

Gravimetric Analysis

4.83 A chemist added an excess of sodium sulfate to a solution
of a soluble barium compound to precipitate all of the barium
ion as barium sulfate, BaSO,. How many grams of barium ion
are in a 458-mg sample of the barium compound if a solution of
the sample gave 513 mg BaSO, precipitate? What is the mass
percentage of barium in the compound?

4.84 A soluble iodide was dissolved in water. Then an excess
of silver nitrate, AgNO;, was added to precipitate all of the io-
dide ion as silver iodide, Agl. If 1.545 g of the soluble iodide
gave 2.185 g of silver iodide, how many grams of iodine are in
the sample of soluble iodide? What is the mass percentage of
iodine, I, in the compound?

4.85 Copper has compounds with copper(I) ion or copper(Il)
ion. A compound of copper and chlorine was treated with a so-
lution of silver nitrate, AgNOs, to convert the chloride ion in the
compound to a precipitate of AgCl. A 59.40-mg sample of the
copper compound gave 86.00 mg AgCl.
a. Calculate the percentage of chlorine in the copper
compound.
b. Decide whether the formula of the compound is CuCl or
CuCl,.

4.86 Gold has compounds containing gold(I) ion or gold(III)
ion. A compound of gold and chlorine was treated with a solu-
tion of silver nitrate, AgNO3, to convert the chloride ion in the
compound to a precipitate of AgCl. A 162.7-mg sample of the
gold compound gave 100.3 mg AgCl.
a. Calculate the percentage of the chlorine in the gold
compound.
b. Decide whether the formula of the compound is AuCl or
AuCls.

4.87 A compound of iron and chlorine is soluble in water. An
excess of silver nitrate was added to precipitate the chloride ion
as silver chloride. If a 134.8-mg sample of the compound gave
304.8 mg AgCl, what is the formula of the compound?

4.88 A 1.345-g sample of a compound of barium and oxygen
was dissolved in hydrochloric acid to give a solution of barium
ion, which was then precipitated with an excess of potassium
chromate to give 2.012 g of barium chromate, BaCrO,. What is
the formula of the compound?

Volumetric Analysis

4.89 What volume of 0.250 M HNOj (nitric acid) reacts with
44.8 mL of 0.150 M Na,COj; (sodium carbonate) in the follow-
ing reaction?
2HNOs(aq) + Na,COs(ag) —

2NaNOs(aq) + H,O(/) + CO»(g)

4.90 A flask contains 49.8 mL of 0.150 M Ca(OH), (calcium
hydroxide). How many milliliters of 0.350 M Na,COj; (sodium
carbonate) are required to react completely with the calcium hy-
droxide in the following reaction?

Na,COs(ag) + Ca(OH),(ag) —— CaCOs(s) + 2NaOH(aq)

4.91 How many milliliters of 0.150 M H,SO, (sulfuric acid)
are required to react with 8.20 g of sodium hydrogen carbonate,
NaHCOs, according to the following equation?

H,S0,(ag) + 2NaHCO5(ag) ——
Na,SO4(ag) + 2H,0(1) + 2COx(g)

4.92 How many milliliters of 0.250 M KMnO, are needed to
react with 3.36 g of iron(Il) sulfate, FeSO,? The reaction is as
follows:

10FeSO4(aq) + 2KMnOy(agq) + 8H,SO4(aqg) —
5Fe»(S0y4);3(aq) + 2MnSOy(aq) + K,SOy4(agq) + 8H,O(1)

4.93 A solution of hydrogen peroxide, H,O,, is titrated with a
solution of potassium permanganate, KMnO,. The reaction is
5H,0,(ag) + 2KMnOy(aq) + 3H,SO4(aq) —

505(g) + 2MnSOy4(aq) + K,SO4(aq) + 8H,O(1)



It requires 51.7 mL of 0.145 M KMnOj to titrate 20.0 g of the so-
lution of hydrogen peroxide. What is the mass percentage of
H,O0, in the solution?

494 A 3.33-g sample of iron ore is transformed to a solution
of iron(Il) sulfate, FeSO,, and this solution is titrated with
0.150 M K,Cr,0; (potassium dichromate). If it requires

General Problems

4.95 Magnesium metal reacts with hydrobromic acid to pro-
duce hydrogen gas and a solution of magnesium bromide. Write
the molecular equation for this reaction. Then write the corre-
sponding net ionic equation.

496 Aluminum metal reacts with perchloric acid to produce
hydrogen gas and a solution of aluminum perchlorate. Write the
molecular equation for this reaction. Then write the correspon-
ding net ionic equation.

4.97 Nickel(II) sulfate solution reacts with lithium hydroxide
solution to produce a precipitate of nickel(I) hydroxide and
a solution of lithium sulfate. Write the molecular equation
for this reaction. Then write the corresponding net ionic
equation.

4.98 Potassium sulfate solution reacts with barium bromide
solution to produce a precipitate of barium sulfate and a
solution of potassium bromide. Write the molecular equation
for this reaction. Then write the corresponding net ionic
equation.

4.99 Decide whether a reaction occurs for each of the fol-
lowing. If it does not, write NR after the arrow. If it does, write
the balanced molecular equation; then write the net ionic
equation.

a. LiOH + HCN —

b. Li,CO; + HNO; —

¢ LiCl + AgNO; —

d. LiCl + MgSO, —

4100 Decide whether a reaction occurs for each of the fol-
lowing. If it does not, write NR after the arrow. If it does, write
the balanced molecular equation; then write the net ionic
equation.

a. AI(OH); + HNO; —

b. NaBr + HCIO, —

¢. CaCl, + NaNO; —

d. MgSO4 + Ba(NO3)2 —
4.101  Complete and balance each of the following molecular
equations, including phase labels, if a reaction occurs. Then
write the net ionic equation. If no reaction occurs, write NR after
the arrow.

a. Sr(OH), + HC,H;0, —

b. NH,I + CsCl —

¢. NaNO; + CsCl —

d. NH,I + AgNO; —

4102 Complete and balance each of the following molecular
equations, including phase labels, if a reaction occurs. Then
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43.7 mL of potassium dichromate solution to titrate the iron(II)
sulfate solution, what is the percentage of iron in the ore? The
reaction is

6FeSO4(aq) + K2Cr207(aq) + 7H2SO4((1q) e
3Fey(SO4)3(aq) + Cra(SOy4)3(aq) + THO(1) + K,SO4(aq)

write the net ionic equation. If no reaction occurs, write NR after
the arrow.

a. HCIO, + BaCO; —

b. H,CO; + Sr(OH), —

C K3PO4 + MgC12 —

d. FeSO, + MgCl, —

4103  Describe in words how you would do each of the follow-
ing preparations. Then give the molecular equation for each
preparation.

a. CuCl,(s) from CuSOy(s)

b. Ca(C,H;0,),(s) from CaCOs(s)

¢. NaNOjs(s) from Na,SOs(s)

d. MgCl,(s) from Mg(OH),(s)

4.104 Describe in words how you would do each of the follow-
ing preparations. Then give the molecular equation for each
preparation.

a. MgCl,(s) from MgCOs(s)

b. NaNOj;(s) from NaCl(s)

¢. AI(OH);(s) from AI(NO3);(s)

d. HCl(aq) from H,SO,(aq)

4.105 Classify each of the following reactions as a combination
reaction, decomposition reaction, displacement reaction, or com-
bustion reaction.

a. When they are heated, ammonium dichromate crystals,
(NH,4),Cr,05, decompose to give nitrogen, water vapor,
and solid chromium(III) oxide, Cr,O5.

b. When aqueous ammonium nitrite, NH4;NO,, is heated, it
gives nitrogen and water vapor.

¢. When gaseous ammonia, NHj;, reacts with hydrogen chlo-
ride gas, HCI, fine crystals of ammonium chloride, NH4Cl,
are formed.

d. Aluminum added to an aqueous solution of sulfuric acid,
H,SO,, forms a solution of aluminum sulfate, Al,(SOy,)s.
Hydrogen gas is released.

4.106 Classify each of the following reactions as a combination
reaction, decomposition reaction, displacement reaction, or com-
bustion reaction.
a. When solid calcium oxide, CaO, is exposed to gaseous sul-
fur trioxide, SOs, solid calcium sulfate, CaSQ,, is formed.
b. Calcium metal (solid) reacts with water to produce a solu-
tion of calcium hydroxide, Ca(OH),, and hydrogen gas.
¢. When solid sodium hydrogen sulfite, NaHSO3, is heated,
solid sodium sulfite, Na,SOs, sulfur dioxide gas, SO,, and
water vapor are formed.
d. Magnesium reacts with bromine to give magnesium bro-
mide, MgBr,.
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4.107 Consider the reaction of all pairs of the following com-
pounds in water solution: Ba(OH),, Pb(NO3),, H,SO,4, NaNOs,
a. Which pair (or pairs) forms one insoluble compound and
one soluble compound (not water)?
b. Which pair (or pairs) forms two insoluble compounds?
¢. Which pair (or pairs) forms one insoluble compound and
water?

4.108 Consider the reaction of all pairs of the following com-
pounds in water solution: Sr(OH),, AgNO; H;PO,, KNOs;,
CuSOq,
a. Which pair (or pairs) forms one insoluble compound and
one soluble compound (not water)?
b. Which pair (or pairs) forms two insoluble compounds?
¢. Which pair (or pairs) forms one insoluble compound and
water?

4.109 An aqueous solution contains 4.50 g of calcium chloride,
CaCl,, per liter. What is the molarity of CaCl,? When calcium
chloride dissolves in water, the calcium ions, Ca>", and chloride
ions, Cl , in the crystal go into the solution. What is the molar-
ity of each ion in the solution?

4.110 An aqueous solution contains 3.45 g of iron(IIl) sulfate,
Fe,(S0O,)s, per liter. What is the molarity of Fe,(SO,4)3? When
the compound dissolves in water, the Fe** ions and SO,*~ ions
in the crystal go into the solution. What is the molar concentra-
tion of each ion in the solution?

4111 A stock solution of potassium dichromate, K,Cr,0-, is
made by dissolving 89.3 g of the compound in 1.00 L of solu-
tion. How many milliliters of this solution are required to pre-
pare 1.00 L of 0.100 M K,Cr,0,?

4112 A 71.2-g sample of oxalic acid, H,C,0O4, was dissolved in
1.00 L of solution. How would you prepare 1.00 L of 0.150 M
H,C,0, from this solution?

4.113 A solution contains 6.00% (by mass) NaBr (sodium bro-
mide). The density of the solution is 1.046 g/cm’. What is the
molarity of NaBr?

4114 An aqueous solution contains 4.00% NH; (ammonia) by
mass. The density of the aqueous ammonia is 0.979 g/mL. What
is the molarity of NH; in the solution?

4.115 A barium mineral was dissolved in hydrochloric acid to
give a solution of barium ion. An excess of potassium sulfate
was added to 50.0 mL of the solution, and 1.128 g of barium
sulfate precipitate formed. Assume that the original solution was
barium chloride. What was the molarity of BaCl, in this
solution?

4.116 Bone was dissolved in hydrochloric acid, giving 50.0 mL
of solution containing calcium chloride, CaCl,. To precipitate
the calcium ion from the resulting solution, an excess of potas-
sium oxalate was added. The precipitate of calcium oxalate,
CaC,0,, weighed 1.437 g. What was the molarity of CaCl, in
the solution?

4.117  You have a sample of a rat poison whose active ingredient is
thallium(I) sulfate. You analyze this sample for the mass percent-
age of active ingredient by adding potassium iodide to precipitate

yellow thallium(I) iodide. If the sample of rat poison weighed
759.0 mg and you obtained 212.2 mg of the dry precipitate, what is
the mass percentage of the thallium(I) sulfate in the rat poison?

4118 An antacid tablet has calcium carbonate as the active in-
gredient; other ingredients include a starch binder. You dissolve
the tablet in hydrochloric acid and filter off insoluble material.
You add potassium oxalate to the filtrate (containing calcium
ion) to precipitate calcium oxalate. If a tablet weighing 0.680 g
gave 0.629 g of calcium oxalate, what is the mass percentage of
active ingredient in the tablet?

4.119 A sample of CuSO, - 5H,0 was heated to 110°C, where it
lost water and gave another hydrate of copper(Il) ion that con-
tains 32.50% Cu. A 98.77-mg sample of this new hydrate gave
116.66 mg of barium sulfate precipitate when treated with a bar-
ium nitrate solution. What is the formula of the new hydrate?

4.120 A sample of CuSO, - 5H,0 was heated to 100°C, where it
lost water and gave another hydrate of copper(Il) ion that con-
tained 29.76% Cu. An 85.42-mg sample of this new hydrate gave
93.33 mg of barium sulfate precipitate when treated with a bar-
ium nitrate solution. What is the formula of the new hydrate?

4121 A water-soluble compound of gold and chlorine is treated
with silver nitrate to convert the chlorine completely to silver
chloride, AgCl. In an experiment, 328 mg of the compound gave
464 mg of silver chloride. Calculate the percentage of Cl in the
compound. What is its empirical formula?

4.122 A solution of scandium chloride was treated with silver
nitrate. The chlorine in the scandium compound was converted
to silver chloride, AgCl. A 58.9-mg sample of scandium chloride
gave 167.4 mg of silver chloride. What are the mass percentages
of Sc and Cl in scandium chloride? What is its empirical
formula?

4123 A 0.608-g sample of fertilizer contained nitrogen as am-
monium sulfate, (NH4),SO,. It was analyzed for nitrogen by
heating with sodium hydroxide.

(NH4)>SO4(s) + 2NaOH(agq) —

The ammonia was collected in 46.3 mL of 0.213 M HCI (hy-
drochloric acid), with which it reacted.

NH;(g) + HCl(ag) — NH,Cl(aq)

This solution was titrated for excess hydrochloric acid with
44.3 mL of 0.128 M NaOH.

NaOH(ag) + HCl(ag) — NaCl(agq) + H,O(/)
What is the percentage of nitrogen in the fertilizer?

4124 An antacid tablet contains sodium hydrogen carbonate,
NaHCOs;, and inert ingredients. A 0.500-g sample of powdered
tablet was mixed with 50.0 mL of 0.190 M HCI (hydrochloric
acid). The mixture was allowed to stand until it reacted.
NaHCOs;(s) + HCl(ag) — NaCl(ag) + H,O(/) + CO5(g)
The excess hydrochloric acid was titrated with 47.1 mL of 0.128
M NaOH (sodium hydroxide).
HCl(ag) + NaOH(ag) — NaCl(agq) + H,O(/)

What is the percentage of sodium hydrogen carbonate in the
antacid?



Strateyy Problems

4125 You order a glass of juice in a restaurant, only to discover
that it is warm and too sweet. The sugar concentration of the
juice is 3.47 M, but you would like it reduced to a concentration
of 1.78 M. How many grams of ice should you add to 100 mL of
juice, knowing that only a third of the ice will melt before you
take the first sip? (The density of water is 1.00 g/mL.)

4126 If45.1 mL of a solution containing 8.30 g of silver nitrate
is added to 30.6 mL of 0.511 M sodium carbonate solution, cal-
culate the molarity of silver ion in the resulting solution. (As-
sume volumes are additive.)

4127 If 38.2 mL of 0.248 M aluminum sulfate solution is di-
luted with deionized water to a total volume of 0.639 L, how
many grams of aluminum ion are present in the diluted solution?
4.128 An aluminum nitrate solution is labeled 0.256 M. If 31.6
mL of this solution is diluted to a total of 63.7 mL, calculate the
molarity of nitrate ion in the resulting solution.

4.129 Zinc acetate is sometimes prescribed by physicians for
the treatment of Wilson’s disease, which is a genetically caused
condition wherein copper accumulates to toxic levels in the
body. If you were to analyze a sample of zinc acetate and find
that it contains 3.33 X 10** acetate ions, how many grams of
zinc acetate must be present in the sample?

4.130 Arsenic acid, H3AsQy, is a poisonous acid that has been
used in the treatment of wood to prevent insect damage. Arsenic
acid has three acidic protons. Say you take a 26.14-mL sample of
arsenic acid and prepare it for titration with NaOH by adding
25.00 mL of water. The complete neutralization of this solution

1UI¢ GOl DG

4135 Lead(II) nitrate reacts with cesium sulfate in an aqueous
precipitation reaction. What are the formulas of lead(Il) nitrate
and cesium sulfate? Write the molecular equation and net ionic
equation for the reaction. What are the names of the products?
Give the molecular equation for another reaction that produces
the same precipitate.

4136 Silver nitrate reacts with strontium chloride in an aque-
ous precipitation reaction. What are the formulas of silver nitrate
and strontium chloride? Write the molecular equation and net
ionic equation for the reaction. What are the names of the prod-
ucts? Give the molecular equation for another reaction that pro-
duces the same precipitate.

4.137 Elemental bromine is the source of bromine compounds.
The element is produced from certain brine solutions that occur
naturally. These brines are essentially solutions of calcium bro-
mide that, when treated with chlorine gas, yield bromine in a dis-
placement reaction. What are the molecular equation and net
ionic equation for the reaction? A solution containing 40.0 g of
calcium bromide requires 14.2 g of chlorine to react completely
with it, and 22.2 g of calcium chloride is produced in addition to
whatever bromine is obtained. How many grams of calcium bro-
mide are required to produce 10.0 pounds of bromine?

4.138 Barium carbonate is the source of barium compounds.
It is produced in an aqueous precipitation reaction from barium
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requires the addition of 53.07 mL of 0.6441 M NaOH solution.
Write the balanced chemical reaction for the titration, and calcu-
late the molarity of the arsenic acid sample.

4131 When the following equation is balanced by the half-
reaction method using the smallest set of whole-number
stoichiometric coefficients possible, how many electrons are
canceled when the two half-reactions are added together?

K(s) + Na(g) = K3N(s)

4132 Identify each of the following reactions as being a neu-
tralization, precipitation, or oxidation—reduction reaction.
a. Fe,05(s) + 3CO(g) — 2Fe(s) + 3CO,(g)
b. Na,SOy4(aq) + Hg(NO3):(ag) —
HgSO,(s) + 2NaNOs(aq)
¢. CsOH(aqg) + HCIO4(aq) —
Cs™(ag) + 2H,O(I) + ClO, (aq)
d. Mg(NO3),(g) + Na,S(aq) — MgS(s) + 2NaNOs(aq)
4133 A 414-mL sample of 0.196 M MgBr; solution is prepared
in a large flask. A 43.0-mL portion of the solution is then placed
into an empty 100.0-mL beaker. What is the concentration of the
solution in the beaker?
4.134 Three 1.0-g samples of PbCl,, KCl, and CaCl, are placed
in separate 500-mL beakers. In each case, enough 25°C water is
added to bring the total volume of the mixture to 250 mL. Each
of the mixtures is then stirred for five minutes. Which of the mix-
tures will have the highest concentration of chloride (C1 ) ion?

sulfide and sodium carbonate. (Barium sulfide is a soluble
compound obtained by heating the mineral barite, which is bar-
ium sulfate, with carbon.) What are the molecular equation and
net ionic equation for the precipitation reaction? A solution
containing 33.9 g of barium sulfide requires 21.2 g of sodium
carbonate to react completely with it, and 15.6 g of sodium sul-
fide is produced in addition to whatever barium carbonate is
obtained. How many grams of barium sulfide are required
to produce 5.00 tons of barium carbonate? (One ton equals
2000 pounds.)

4139 Mercury(Il) nitrate is treated with hydrogen sulfide, H,S,
forming a precipitate and a solution. Write the molecular equa-
tion and the net ionic equation for the reaction. An acid is
formed; is it strong or weak? Name each of the products. If
81.15 g of mercury(Il) nitrate and 8.52 g of hydrogen sulfide are
mixed in 550.0 g of water to form 58.16 g of precipitate, what is
the mass of the solution after the reaction?

4.140 Mercury(Il) nitrate is treated with hydrogen sulfide, H,S,
forming a precipitate and a solution. Write the molecular equa-
tion and the net ionic equation for the reaction. An acid is
formed; is it strong or weak? Name each of the products. If
65.65 g of mercury(II) nitrate and 4.26 g of hydrogen sulfide are
mixed in 395.0 g of water to form 54.16 g of precipitate, what is
the mass of the solution after the reaction?
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4.141  TIron forms a sulfide with the approximate formula Fe;Sg.
Assume that the oxidation state of sulfur is —2 and that iron
atoms exist in both +2 and +3 oxidation states. What is the ra-
tio of Fe(Il) atoms to Fe(III) atoms in this compound?

4,142 A transition metal X forms an oxide of formula X,05. It
is found that only 50% of X atoms in this compound are in the
+3 oxidation state. The only other stable oxidation states of X
are +2 and +5. What percentage of X atoms are in the +2 oxi-
dation state in this compound?

4.143 What volume of a solution of ethanol, C,H¢O, that is
94.0% ethanol by mass contains 0.200 mol C,HsO? The density
of the solution is 0.807 g/mL.

4144 What volume of a solution of ethylene glycol, C,;HgO,,

that is 56.0% ethylene glycol by mass contains 0.350 mol
C,HO,? The density of the solution is 1.072 g/mL.

4.145 A 10.0-mL sample of potassium iodide solution was ana-
lyzed by adding an excess of silver nitrate solution to produce
silver iodide crystals, which were filtered from the solution.

Kl(ag) + AgNOsz(aqg) — KNOs(ag) + Agl(s)
If 2.183 g of silver iodide was obtained, what was the molarity of
the original KI solution?

4146 A 25.0-mL sample of sodium sulfate solution was
analyzed by adding an excess of barium chloride solution to
produce barium sulfate crystals, which were filtered from the
solution.

Na,SOy4(ag) + BaCly(ag) —— 2NaCl(ag) + BaSOy(s)

If 5.719 g of barium sulfate was obtained, what was the molarity
of the original Na,SO, solution?

4.147 A metal, M, was converted to the sulfate, M,(SO,)5. Then
a solution of the sulfate was treated with barium chloride to give
barium sulfate crystals, which were filtered off.

M,(SOy4)s(aq) + 3BaCly(ag) —— 2MCls(ag) + 3BaSOy4(s)
If 1.200 g of the metal gave 6.026 g of barium sulfate, what is the
atomic weight of the metal? What is the metal?

4,148 A metal, M, was converted to the chloride, MCl,. Then a

solution of the chloride was treated with silver nitrate to give sil-

ver chloride crystals, which were filtered from the solution.
MCly(ag) + 2AgNO;(ag) — M(NO;3),(ag) + 2AgCI(s)

If 2.434 g of the metal gave 7.964 g of silver chloride, what is the
atomic weight of the metal? What is the metal?

4.149 Phosphoric acid is prepared by dissolving phosphorus(V)
oxide, P,O1(, in water. What is the balanced equation for this re-
action? How many grams of P,O are required to make 1.50 L
of aqueous solution containing 5.00% phosphoric acid by mass?
The density of the solution is 1.025 g/mL.

4150 Iron(IIT) chloride can be prepared by reacting iron metal
with chlorine. What is the balanced equation for this reaction?
How many grams of iron are required to make 3.00 L of aqueous
solution containing 9.00% iron(III) chloride by mass? The den-
sity of the solution is 1.067 g/mL.

4.151  An alloy of aluminum and magnesium was treated with
sodium hydroxide solution, in which only aluminum reacts.
2Al(s) + 2NaOH(ag) + 6H,O(l) —
2NaAl(OH),(aq) + 3H(g)

If a sample of alloy weighing 1.118 g gave 0.1068 g of hydro-
gen, what is the percentage of aluminum in the alloy?
4,152 An alloy of iron and carbon was treated with sulfuric
acid, in which only iron reacts.

2Fe(s) + 3H,SO04(aq) — Fex(SO4)s3(aq) + 3Hx(g)

If a sample of alloy weighing 2.358 g gave 0.1152 g of hydro-
gen, what is the percentage of iron in the alloy?

4.153 Determine the volume of sulfuric acid solution needed to

prepare 37.4 g of aluminum sulfate, Al,(SO,);, by the reaction
2Al(s) + 3HoSO4(aq) — Alx(SO4)3(ag) + 3Ha(g)

The sulfuric acid solution, whose density is 1.104 g/mL, con-

tains 15.0% H,SO, by mass.

4.154 Determine the volume of sodium hydroxide solution
needed to prepare 26.2 g sodium phosphate, Na;PO,, by the
reaction

3NaOH(ag) + H3PO,(ag) — NasPO,(ag) + 3H,0(!)

The sodium hydroxide solution, whose density is 1.133 g/mL,
contains 12.0% NaOH by mass.

4.155 The active ingredients of an antacid tablet contained only
magnesium hydroxide and aluminum hydroxide. Complete neu-
tralization of a sample of the active ingredients required 48.5 mL
of 0.187 M hydrochloric acid. The chloride salts from this neu-
tralization were obtained by evaporation of the filtrate from the
titration; they weighed 0.4200 g. What was the percentage by
mass of magnesium hydroxide in the active ingredients of the
antacid tablet?

4.156 The active ingredients in an antacid tablet contained only
calcium carbonate and magnesium carbonate. Complete reaction
of a sample of the active ingredients required 41.33 mL of
0.08750 M hydrochloric acid. The chloride salts from the reac-
tion were obtained by evaporation of the filtrate from this titra-
tion; they weighed 0.1900 g. What was the percentage by mass
of the calcium carbonate in the active ingredients of the antacid
tablet?
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Bromine evaporates at room temperature
to produce a dense gas, shown being
poured from a flask. Compounds that
contain bromine are used to disinfect
swimming pools and hot tubs.
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This section will develop a model of gases as mole-
cules in constant random motion.
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ases have several characteristics that distinguish them from liquids and

solids. You can compress gases into smaller and smaller volumes. Any-

one who has transported gases such as oxygen compressed in steel
cylinders can appreciate this (Figure 5.1). Also, for gases, unlike for liquids and
solids, you can relate pressure, volume, temperature, and molar amount of sub-
stance with fair accuracy by one simple equation, the ideal gas law. Suppose
you wish to determine the amount of oxygen in a cylinder of compressed gas.
You measure the pressure (with a gauge), the temperature, and the volume of
gas (volume of the tank). Then, using the ideal gas law, you can calculate the
amount of gas in the tank.

Kinetic-molecular theory describes a gas as composed of molecules in
constant motion. This theory helps explain the simple relationship that exists
among the pressure, volume, temperature, and amount of a gas. Kinetic theory
has also enhanced our understanding of the flow of fluids, the transmission of
sound, and the conduction of heat.

This chapter introduces the empirical gas laws, such as the ideal gas

FIGURE 5.1

Cylinders of gas
Gases such as oxygen and nitrogen

law, and the kinetic-molecular theory that explains these laws. After finishing can be transported as compressed
the chapter, you will be able to answer questions such as, How many grams of gases in steel cylinders. Large volumes
oxygen are there in a 50.0-L gas cylinder at 21°C when the oxygen pressure is of gas at normal pressures can be

compressed into a small volume.

15.7 atmospheres? (An atmosphere is a unit of pressure equal to that of the
Note the pressure gauges.

normal atmosphere.) You will also be able to calculate
See pages 212-213 for the average speed of an oxygen molecule in this tank
the Media Summary. (479 m/s, or 1071 mi/hr).

Most substances composed of small molecules are gases under normal conditions or
else are easily vaporized liquids. Table 5.1 lists selected gaseous substances and some
of their properties.

In the first part of this chapter, we will examine the quantitative relationships, or
empirical laws, governing gases. We will first consider the concept of pressure.

TABLE 5.1 Properties of Selected Gases

Name Formula Color Odor Toxicity
Ammonia NH; Colorless Penetrating Toxic
Carbon dioxide CO, Colorless Odorless Nontoxic
Carbon monoxide CO Colorless Odorless Very toxic
Chlorine Cl, Pale green Irritating Very toxic
Hydrogen H, Colorless Odorless Nontoxic
Hydrogen sulfide H,S Colorless Foul Very toxic
Methane CH,4 Colorless Odorless Nontoxic

Nitrogen dioxide NO, Red-brown Irritating Very toxic
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— Vacuum
Mercury, —_—
Hg
Atmospheric
pressure .
Height of
mercury

column (mm)

FIGURE 5.2

A mercury barometer

The height h is proportional to the
barometric pressure. For that reason,
the pressure is often given as the height
of the mercury column, in units of
millimeters of mercury, mmHg.

Atmospheric, or barometric, pressure
depends not only on altitude but also
on weather conditions. The “highs”
and “lows” of weather reports refer
to high- and low-pressure air
masses. A high is associated with
fair weather; a low brings unsettled
weather, or storms.

FIGURE 5.3 (left)

Atmospheric pressure from air mass
The force of gravity on the mass of a
column of air exerts a pressure at the
earth’s surface. This pressure varies slightly
with weather, but is approximately 101 kPa
(760 mmHg, or 1 atm).

FIGURE 5.4 (right)

A flask equipped with a closed-tube
manometer

The gas pressure in the flask is proportional
to the difference in heights between the
liquid levels in the manometer, Ah.
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Gas Pressure and Its Measurement

Pressure is defined as the force exerted per unit area of surface. A coin resting on a
table exerts a force, and therefore a pressure, downward on the table as a consequence
of gravity. The air above the table exerts an additional pressure on the table, because
the air is also being pulled downward by gravity.

To obtain the SI unit of pressure and a feeling for its size, let us calculate the
pressure on a table from a perfectly flat coin with a radius and mass equal to that of
a new penny (9.3 mm in radius and 2.5 g). The force exerted by the coin from grav-
ity equals the mass of the coin times the constant acceleration of gravity. Accelera-
tion is the change of speed per unit time, so the SI unit of acceleration is meters per
second per second, abbreviated m/s”. The constant acceleration of gravity is 9.81 m/s?,
and the force on the coin due to gravity is

Force = mass X constant acceleration of gravity
= (2.5 X 102 kg) X (9.81 m/s?) = 2.5 X 102 kg-m/s”
The cross-sectional area of the coin is 7 X (radius)2 = 3.14 X (9.3 X 1073 m)2 =
2.7 X 10~* m>. Therefore,

force 2.5 X 102 kg'm/s*
area 27X 10 *m?

Pressure = =93 kg/(m°s2)

The SI unit of pressure, kg/(m+s°), is given the name pascal (Pa), after the French
physicist Blaise Pascal (1623-1662), who studied fluid pressure. Note that the pres-
sure exerted by a coin the size and mass of a penny is approximately 100 Pa. The
pressure exerted by the atmosphere is about 1000 times larger, or about 100,000 Pa.
Thus, the pascal is an extremely small unit.

Chemists have traditionally used two other units of pressure, based on the mercury
barometer. A barometer is a device for measuring the pressure of the atmosphere. The
mercury barometer consists of a glass tube about one meter long, filled with mercury
and inverted in a dish of mercury (Figure 5.2). At sea level the mercury in the tube falls
to a height of about 760 mm above the level in the dish. This height is a direct mea-
sure of the atmospheric pressure (Figure 5.3). < Air pressure downward on the surface
of the mercury in the dish is transmitted through the liquid and exerts a pressure upward
at the base of the mercury column, supporting it. A mercury column placed in a sealed
flask, as in Figure 5.4, measures the gas pressure in the flask. It acts as a manometer,
a device that measures the pressure of a gas or liquid in a vessel.

The unit millimeters of mercury (mmHg), also called the torr (after Evangelista
Torricelli, who invented the mercury barometer in 1643), is a unit of pressure equal
to that exerted by a column of mercury 1 mm high at 0.00°C. The atmosphere (atm)
is a related unit of pressure equal to exactly 760 mmHg.

(proportional Vacuum —

Upper atmosphere to gas pressure)

Gas pressure
on mercury
surface

Column of air—

b

_;I:Y«.ﬁ

=0

TS

Sea level
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In 1982, the International Union of
Pure and Applied Chemistry
(IUPAC) recommended that standard
pressure be defined as equal to

1 bar, a unit of pressure equal to
1 X 10° Pa, slightly less than

1 atm. Despite this recommenda-
tion, 1 atm is still in common use by
chemists as the standard pressure.
Until the bar is more widely adopted
by chemists as the standard unit of
pressure, we will continue to use the
atmosphere.

A
Example 5.1

The Gaseous State

TABLE 5.2 Important Units of Pressure

Unit Relationship or Definition

Pascal (Pa)
Atmosphere (atm)

kg/(m-s?)

1 atm = 1.01325 X 10° Pa = 100 kPa
mmHg, or torr 760 mmHg = 1 atm

Bar 1.01325 bar = 1 atm

The general relationship between the pressure P and the height 4 of a liquid col-
umn in a barometer or manometer is

P = gdh

Here g is the constant acceleration of gravity (9.81 m/s®) and d is the density of the
liquid in the manometer. If g, d, and % are in SI units, the pressure is given in pas-
cals. Table 5.2 summarizes the relationships among the various units of pressure. <

Converting Units of Pressure

The pressure of a gas in a flask is measured to be
797.7 mmHg using a mercury-filled manometer as in Fig-
ure 5.4. What is this pressure in pascals and atmospheres?

Problem Strategy This is a unit conversion prob-
lem. To convert to the appropriate units, use the conver-
sion factors presented in Table 5.2 and the techniques
presented in Chapter 1. Keep in mind that the conver-
sion 760 mmHg = 1 atm is exact.

Solution Conversion to pascals:

1.01325 X 10° Pa
760 mmHg

797.7 mmHg X = 1.064 x 10° Pa

Concept Check 5.1

Conversion to atmospheres:

1 atm

797.7 mmHg X ———
760 mmHg

= 1.050 atm

Answer Check Pressure conversions between the
units of atm and mmHg are very common, so it is help-
ful to remember the relationship 1 atm = 760 mmHg in
order to check your answers quickly.

A gas in a container had a mea-
sured pressure of 57 kPa. Calculate the pressure in units
of atm and mmHg.

B See Problems 5.37 and 5.38.

Suppose that you set up two barometers like the one shown in Figure 5.2. In one
of| the barometers you use mercury, and in the other you use water. Which of the
barometers would have a higher column of liquid, the one with Hg or H,O? Explain

your answer.

5.2 | Empirical Gas Laws

All gases under moderate conditions behave quite simply with respect to pressure,
temperature, volume, and molar amount. By holding any two of these physical prop-
erties constant, it is possible to show a simple relationship between the other two. The
discovery of these quantitative relationships, the empirical gas laws, occurred from
the mid-seventeenth to the mid-nineteenth century.
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FIGURE 5.5
Boyle’s experiment
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TABLE 5.3 Pressure-Volume Data
for 1.000 g 0, at 0°C
Hg —

P (atm) V(L) PV
0.2500 2.801 A 0.7002
Enclosed || 2 o| 0.5000 1400 | 0.7000
gas S 2| 07500 0.9333 (§ 0.7000
n = 1.000 0.6998 |2 0.6998
g l § 2.000 0.3495 | 0.6990
H 2| 3.000 0.2328 |2 0.6984
o 4.000 0.1744 0.6976
1 Y 5.000 0.1394 0.6970

The volume of the gas at normal atmospheric pressure (760 mmHg) is 100 mL. When the
pressure is doubled by adding 760 mm of mercury, the volume is halved (to 50 mL). Tripling the
pressure decreases the volume to one-third of the original (to 33 mL).

-IHI-

FIGURE 5.6

Model of gas pressure-volume relation-
ship at a constant temperature

(A) When a 1.000-g sample of O, gas at
0°C is placed in a container at a pressure of
0.50 atm, it occupies a volume of 1.40 L.
(B) When the pressure on the O, sample is
doubled to 1.0 atm, the volume is reduced
to 0.70 L, which is half the original volume.

Boyle’s Law: Relating Volume and Pressure

One characteristic property of a gas is its compressibility—its ability to be squeezed
into a smaller volume by the application of pressure. By comparison, liquids and
solids are relatively incompressible. The compressibility of gases was first studied
quantitatively by Robert Boyle in 1661. When he poured mercury into the open end
of a J-shaped tube, the volume of the enclosed gas decreased (Figure 5.5). Each addi-
tion of mercury increased the pressure on the gas, decreasing its volume. From such
experiments, he formulated the law now known by his name. According to Boyle's
law, the volume of a sample of gas at a given temperature varies inversely with the
applied pressure. That is, V « 1/P, where V is the volume, P is the pressure, and o
means “is proportional to.” Thus, if the pressure is doubled, the volume is halved.

Boyle’s law can also be expressed in the form of an equation. Putting pressure
and volume on the same side of the equation, you can write

Boyle’s law:
PV = constant (for a given amount of gas at fixed temperature)

That is, for a given amount of gas at a fixed temperature, the pressure times the volume
equals a constant. Table 5.3 gives some pressure and volume data for 1.000 g O, at 0°C.
Figure 5.6 presents a molecular view of the pressure—volume relationship for two data
points in Table 5.3. Note that the product of the pressure and volume for each data pair
is nearly constant. By plotting the volume of the oxygen at different pressures (as shown
in Figure 5.7), you obtain a graph showing the inverse relationship of P and V.

You can use Boyle’s law to calculate the volume occupied by a gas when the
pressure changes. Consider the 50.0-L gas cylinder of oxygen mentioned in the
chapter opening. The pressure of gas in the cylinder is 15.7 atm at 21°C. What vol-
ume of oxygen can you get from the cylinder at 21°C if the atmospheric pressure
is 1.00 atm? You can write P; and V; for the initial pressure (15.7 atm) and initial
volume (50.0 L), and P, and V; for the final pressure (1.00 atm) and final volume
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FIGURE 5.7

Gas pressure-volume relationship

(A) Plot of volume vs. pressure for a sample
of oxygen. The volume (of 1.000 g O, at
0°C) decreases with increasing pressure.
When the pressure is doubled (from

0.50 atm to 1.00 atm), the volume is halved

(from 1.40 L to 0.70 L). (B) Plot of 1/V/ vs. 0 025 050 075 1.00 0 025 050 075 1.00
pressure (at constant temperature) for the Pressure (atm) Pressure (atm)
same sample. The straight line indicates that A B

volume varies inversely with pressure.

(to be determined). Because the temperature does not change, the product of the
pressure and volume remains constant. Thus, you can write

P fo =P iVi
Dividing both sides of the equation by P, gives
P

V=V x =+
7 P

Substituting into this equation yields

15.7 atm
V;=50.0L X
1.00

=785L

Note that the initial volume is multiplied by a ratio of pressures. You know the
oxygen gas is changing to a lower pressure and will therefore expand, so this
ratio will be greater than 1. The final volume, 785 L, is that occupied by all of
the gas at 1.00 atm pressure. However, because the cylinder holds 50.0 L, only
this volume of gas remains in the cylinder. The volume that escapes is (785 —
50.0) L = 735 L.

Example 5.2 Using Boyle’s Law

A volume of air occupying 12.0 dm® at 98.9 kPa is com- Answer Check In general, when the pressure on a
pressed to a pressure of 119.0 kPa. The temperature gas increases, the gas is compressed and therefore occu-
remains constant. What is the new volume? pies a smaller volume. When the pressure on a gas
decreases, the gas expands—it will occupy a larger vol-

Problem Strategy Putting the data for the problem ume. Use these concepts to check your answers. In this
in tabular form, you see what data you have and what example, since the pressure increases, the smaller final
you must find. This will suggest the method of solution. volume of the answer is what we would expect. (Note
V =120dm®> P = 98.9kPa| Temperature and that you get the answer to this type of problem by mul-
Tsiles RomeEn tiplying the volume by a ratio of pressures. This ratio

V= ? P =119.0kPa] constant. should be less than 1 if the volume decreases, but more

than 1 if the volume increases.)
Because P and V vary but temperature and moles are

constant, you use Boyle’s law. MAETCEEXEFEI A volume of carbon dioxide gas,
CO,, equal to 20.0 L was collected at 23°C and 1.00 atm
pressure. What would be the volume of carbon dioxide

08.9 kPg collected at 23°C and 0.830 atm?
——— =9.97dm’

Solution Application of Boyle’s law gives

k 3
= 12.0dm’ x

W =V X L
B 119.0 KPa

B See Problems 5.39, 5.40, 5.41, and 5.42.



FIGURE 5.8

Effect of temperature on volume of a gas

Left: A balloon immersed in liquid nitrogen
shrinks because the air inside contracts

in volume. Right: When the balloon is
removed from the liquid nitrogen, the air
inside warms up and the balloon expands
to its original size.

The first ascent of a hot-air
balloon carrying people was made
on November 21, 1783. A few days
later, Jacques Alexandre Charles

balloon. On landing, the balloon

was attacked and torn to shreds
by terrified peasants armed with
pitchforks.

FIGURE 5.9

Linear relationship of gas volume and
temperature at constant pressure

The graph shows gas volume versus
temperature for a given mass of gas at
1.00 atm pressure. This linear relationship
is independent of amount or type of gas.
Note that all lines extrapolate to —273°C
at zero volume.

made an ascent in a hydrogen-filled
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Before leaving the subject of Boyle’s law, we should note that the pressure—
volume product for a gas is not precisely constant. You can see this from the PV data
given in Table 5.3 for oxygen. In fact, all gases follow Boyle’s law at low to moder-
ate pressures but deviate from this law at high pressures. The extent of deviation
depends on the gas. We will return to this point at the end of the chapter.

Charles’s Law: Relating Volume and Temperature

Temperature also affects gas volume. When you immerse an air-filled balloon in lig-
uid nitrogen (—196°C), the balloon shrinks (Figure 5.8). After the balloon is removed
from the liquid nitrogen, it returns to its original size. A gas contracts when cooled
and expands when heated.

One of the first quantitative observations of gases at different temperatures was
made by Jacques Alexandre Charles in 1787. Charles was a French physicist and a
pioneer in hot-air and hydrogen-filled balloons. < Later, John Dalton (in 1801) and
Joseph Louis Gay-Lussac (in 1802) continued these kinds of experiments, which
showed that a sample of gas at a fixed pressure increases in volume linearly with
temperature. By “linearly,” we mean that if we plot the volume occupied by a given
sample of gas at various temperatures, we get a straight line (Figure 5.9).

When you extend the straight lines in Figure 5.9 from the last experimental point
toward lower temperatures—that is, when you extrapolate the straight lines
backward—you find that they all intersect at a common point. This point occurs at a
temperature of —273.15°C, where the graph indicates a volume of zero. This seems
to say that if the substances remain gaseous, the volumes occupied will be zero at
—273.15°C. This could not happen, however; all gases liquefy before they reach this
temperature, and Charles’s law does not apply to liquids. These extrapolations do
show that we can express the volume variation of a gas with temperature more sim-
ply by choosing a different thermometer scale. Let us see how to do this.

Volume (L)

=250 =200 -150 -100 =50 0 50

Temperature (°C)
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The mathematical equation of a
straight line, y = mx + b, is dis-
cussed in Appendix A.

The Kelvin temperature scale and

a more formal equation for tempera-
ture conversion were discussed in
Section 1.6.

1.0 atm

C_ | HI\D
: 0.52L

0.26 L
»P 2
3% 9%,

100 K
A

1.0 atm

b

lﬁ:osu
@l 0“

S * 0.26 L
9.3 9

200 K
B

FIGURE 5.10

Model of the temperature-volume
relationship for a gas at a fixed volume
(A) A 1.0-g sample of O, at 100 K and

1.0 atm of pressure occupies a volume of
0.26 L. (B) When the absolute temperature
of the gas is doubled to 200 K, the volume
of O, doubles to 0.52 L.

The fact that the volume occupied by a gas varies linearly with degrees Celsius
can be expressed mathematically by the following equation:

V=>bt+a

where ¢ is the temperature in degrees Celsius and a and b are constants that deter-
mine the straight line. < You can eliminate the constant a by observing that V = 0
at t = —273.15 for any gas. Substituting into the preceding equation, you get

0 =0b(—273.15) +a or a = 273.15b
The equation for the volume can now be rewritten:
V = bt + 273.15b = b(t + 273.15)

Suppose you use a temperature scale equal to degrees Celsius plus 273.15, which you
may recognize as the Kelvin scale (an absolute scale). <

K = °C + 273.15
If you write T for the temperature on the Kelvin scale, you obtain
V =bT

This is Charles’s law, which we can state as follows: the volume occupied by any sam-

ple of gas at a constant pressure is directly proportional to the absolute temperature.

Thus, doubling the absolute temperature of a gas doubles its volume (Figure 5.10).
Charles’s law can be rearranged into a form that is very useful for computation.

Charles’s law:

Vv
; = constant (for a given amount of gas at a fixed pressure)

This equation says that the volume divided by the absolute temperature, for a sample
of gas at a fixed pressure, remains constant.

Consider a sample of gas at a fixed pressure, and suppose the temperature changes
from its initial value 7; to a final value 7. How does the volume change? Because
the volume divided by absolute temperature is constant, you can write

_V
LT
Or, rearranging slightly,
=vx 2
7 o

1

Note that to obtain the final volume, the initial volume is multiplied by a ratio of
absolute temperatures. The next example illustrates a calculation involving a change
in the temperature of a gas.

Example 5.3 Using Charles’s Law

Earlier we found that the total volume of oxygen that can Problem Strategy You must first convert tempera-
be obtained from a particular tank at 1.00 atm and 21°C tures to the Kelvin scale. Then, list the data in tabular
is 785 L (including the volume remaining in the tank). form so you can easily see what varies and what
What would be this volume of oxygen if the temperature remains constant. You apply Charles’s law when V and

had been 28°C?

T vary and P is constant.

(continued)
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(continued)

Solution 7, = (21 + 273)K = 294K Answer Check In general, when the temperature
increases, the volume of gas increases, and when the
temperature decreases, the volume of gas decreases.
Following is the data table: Applying these concepts to check the answer, we verify
that when the temperature was increased, the final vol-
ume is greater than the starting volume. (Note that you
V=7 F = 1.00 atm T, =301 K get the answer to this type of problem by multiplying
the volume by a ratio of absolute temperatures. This
ratio should be more than 1 if the volume increases, but
less than 1 if the volume decreases.)

T; 301 K P Exercise 5.3 I you expect a chemical reaction
V=V X 7= 785L X Y 804 L to produce 4.38 dm’ of oxygen, O,, at 19°C and 101 kPa,
' what will be the volume at 25°C and 101 kPa?

T, = (28 + 273)K = 301 K

Vi =78L P =1.00 atm T, =294 K

Note that 7 varies and P remains constant, so V must
change. These are the conditions needed to apply
Charles’s law.

B See Problems 5.45, 5.46, 5.47, and 5.48.

Although most gases follow Charles’s law fairly well, they deviate from it at high
pressures and low temperatures.

Combined Gas Law: Relating Volume, Temperature, and Pressure

Boyle’s law (V o« 1/P) and Charles’s law (V o« T) can be combined and expressed in
a single statement: the volume occupied by a given amount of gas is proportional to
the absolute temperature divided by the pressure (V o« 7/P). You can write this as an
equation.

T PV
V = constant X » or T = constant (for a given amount of gas)

Consider a problem in which you wish to calculate the final volume of a gas when
the pressure and temperature are changed. PV/T is constant for a given amount of gas,
SO you can write

By _ BV
LT
which rearranges to
BT
‘4 = Vl X — X =
| BT

Thus, the final volume is obtained by multiplying the initial volume by ratios of pres-
sures and absolute temperatures.

Example 5.4 Using the Combined Gas Law

Modern determination of %N in an organic compound is an automated version of one devel-
oped by the French chemist Jean-Baptiste Dumas in 1830. The Dumas method uses hot
copper(Il) oxide to oxidize C and H in the compound to CO, and H,O (both are trapped
chemically) and to convert N in the compound to N, gas (Figure 5.11). Using the Dumas

(continued)
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(continued)

method, 39.8 mg of caffeine gives 10.1 cm® of nitrogen gas at 23°C and 746 mmHg. What
is the volume of nitrogen at 0°C and 760 mmHg?

FIGURE 5.11

Oxidation of an organic compound with copper(ll) oxide

Left: Molecular model of caffeine, an organic compound. Center: A chemist heats caffeine with copper(ll)
oxide, CuO. CuO oxidizes C and H in the compound to CO, and H,0, and converts N to N,. Right: Copper
metal produced by the reaction.

Problem Strategy As always, you will need to convert temperature to the Kelvin scale
and put the data in tabular form to determine the law(s) that apply. In this case, since both
pressure and temperature are changing, we should expect to use more than one law to arrive
at an answer.

Solution You first express the temperatures in kelvins:
T, = (23 +273) K=296 K
T, = (0 +273) K=273 K
Now you put the data for the problem in tabular form:
V,=10.1cm® P =746mmHg T, =296K
Vi = ? B =760mmHg T; =273K

From the data, you see that you need to use Boyle’s and Charles’s laws combined to find
how V varies as P and T change. Note that the increase in pressure decreases the volume,
making the pressure ratio less than 1. The decrease in temperature also decreases the vol-
ume, and the ratio of absolute temperatures is less than 1.

17 746 mmHg 273 K
V=V X+ xL=101cm’ x X
BT 760 mmHy 296 K

Answer Check This gas sample is undergoing a temperature decrease and a pressure
increase. These two changes will have opposite effects on the final gas volume. Considering
the magnitude of the changes in temperature and pressure in this problem, we can conclude
that the final volume of the gas should not be greatly different from its initial volume.

=914 em®

MTCTTTYYEI A balloon contains 5.41 dm® of helium, He, at 24°C and 101.5 kPa.
Suppose the gas in the balloon is heated to 35°C. If the helium pressure is now 102.8 kPa,
what is the volume of the gas?

M See Problems 5.51 and 5.52.
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Concept Check 5.2

To conduct some experiments, a 10.0-L flask equipped with a mov-
able plunger, as illustrated here, is filled with enough H, gas to
come to a pressure of 20 atm.

a. In the first experiment, we decrease the temperature in the
flask by 10°C and then increase the volume. Predict how the
pressure in the flask changes during each of these events and,
if possible, how the final pressure compares to your starting
pressure.

b. Once again we start with the pressure in the flask at 20 atm. The flask is then
heated 10°C, followed by a volume decrease. Predict how the pressure in the
flask changes during each of these events and, if possible, how the final pres-
sure compares to your starting pressure.

Avogadro’s Law: Relating Volume and Amount

In 1808 the French chemist Joseph Louis Gay-Lussac (1778-1850) concluded from
experiments on gas reactions that the volumes of reactant gases at the same pressure
and temperature are in ratios of small whole numbers (the law of combining volumes).
For example, two volumes of hydrogen react with one volume of oxygen gas to
produce water.

2Hx(g) + Ox(g) — 2H20(g)

2 volumes 1 volume

Three years later, the Italian chemist Amedeo Avogadro (1776-1856) interpreted
the law of combining volumes in terms of what we now call Avogadro’s law: equal
volumes of any two gases at the same temperature and pressure contain the same
number of molecules. Thus, two volumes of hydrogen contain twice the number of
molecules as in one volume of oxygen, in agreement with the chemical equation for
the reaction.

One mole of any gas contains the same number of molecules (Avogadro’s num-
ber = 6.02 X 10**) and by Avogadro’s law must occupy the same volume at a
given temperature and pressure. This volume of one mole of gas is called the molar
gas volume, V,,. Volumes of gases are often compared at standard temperature
and pressure (STP), the reference conditions for gases chosen by convention to be
0°C and 1 atm pressure. At STP, the molar gas volume is found to be 22.4 L/mol
(Figure 5.12).

FIGURE 5.12 >

The molar volume of a gas

The box has a volume of 22.4 L, equal to
the molar volume of a gas at STP. The
basketball is shown for comparison.




A Ghemist Looks at . . .

Signaling

In 1998, the Nobel com-
mittee awarded its prize
in physiology or medi-
cine to three scientists
for the astounding dis-
covery that nitrogen
monoxide (nitric oxide)
gas, NO, functions as
the signaling agent between biological cells in a wide variety
of chemical processes. Until this discovery, biochemists had
thought that the major chemical reactions in a cell always
involved very large molecules. Now they discovered that a
simple gas, NO, could play a central role in cell chemistry.
Prizewinners Robert Furchgott and Louis Ignarro, inde-
pendently, unraveled the role of nitrogen mono-
xide in blood-pressure regulation. Cells in the
lining of arteries detect increased blood pressure
and respond by producing nitrogen monoxide.
NO rapidly diffuses through the artery wall
to cells in the surrounding muscle tissue. In
response, the muscle tissue relaxes, the blood
vessel expands, and the blood pressure drops.

FIGURE 5.13 p

Nitroglycerin patch

Nitroglycerin has been used for more than a hundred years to
treat and prevent angina attacks. Here a patient wears a patch
that dispenses nitroglycerin steadily over a period of time.

TABLE 5.4

Molar Volumes of Several

Gases at 0.0°C and 1.00 atm the gas.
Gas Molar Volume (L)

He 22.40

H, 22.43

0, 22.39

CcO, 22.29

NH; 22.09

Ideal gas* 22.41

Nitrogen Monoxide Gas and Biological

In a related discovery, another prizewinner, Ferid
Murad, explained how nitroglycerin works to alleviate the
intense chest pain of an angina attack, which results from
reduced blood flow to the heart muscle as a result of partial
blockage of arteries by plaque. Physicians have prescribed
nitroglycerin for angina for more than a century, knowing
only that it works. Murad found that nitroglycerin breaks
down in the body to form nitrogen monoxide, which relaxes
the arteries, allowing greater blood flow to the heart. Alfred
Nobel, were he alive today, would no doubt be stunned by
this news. Nobel, who established the prizes bearing his
name, made his fortune in the nineteenth century from his
invention of dynamite, a mixture of nitroglycerin with clay

We can re-express Avogadro’s law as follows: the molar gas volume at a
given temperature and pressure is a specific constant independent of the nature of

Avogadro’s law:
V,» = specific constant (= 22.4 L/mol at STP)
(depending on T and P but independent of the gas)

Table 5.4 lists the molar volumes of several gases. The values agree within about 2%
of the value expected from the empirical gas laws (the “ideal gas” value). We will

discuss the reason for the deviations from this value at the end of this chapter, in the

*An ideal gas follows the empirical gas laws.
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section on real gases.



that tamed the otherwise hazardous explosive. When
Nobel had heart trouble, his physician recommended that
he eat a small quantity of nitroglycerin; he refused. In a let-
ter, he wrote, “It is ironical that I am now ordered by my
physician to eat nitroglycerin.” Today, a patient may either
take nitroglycerin pills (containing tenths of a milligram of
compound in a stabilized mixture) for occasional use or ap-
ply a chest patch to dispense nitroglycerin continuously to
the skin, where it is absorbed (Figure 5.13).

Research papers on the biological role of nitrogen mon-
oxide now number in the tens of thousands. For example,

FIGURE 5.14 A
Viagra

Viagra is marketed as an aid to erectile dysfunction. Sexual stimulation
produces nitrogen monoxide, which in turn aids an enzyme in the
production of a substance called cGMP that relaxes arterial muscles,
allowing blood to flow to the penis. Viagra enhances the action of NO
by inhibiting an enzyme that degrades cGMP.

5.3

scientists have found that white blood cells use nitrogen
monoxide in a kind of chemical warfare. These cells emit
concentrated clouds of NO that surround bacterial or tu-
mor cells, killing them by interfering with certain cell
processes. Researchers have also discovered that nitrogen
monoxide plays a role in penile erection. Pharmacologists
found that the drug Viagra (Figure 5.14) assists in the action
of NO in dilating arteries, leading to erection.

M See Problems 5.105 and 5.106.

The Ideal Gas Law

In the previous section, we discussed the empirical gas laws. Here we will show that
these laws can be combined into one equation, called the ideal gas equation. Earlier
we combined Boyle’s law and Charles’s law into the equation

T
V = constant X » (for a given amount of gas)

This “constant” is independent of the temperature and pressure but does depend on
the amount of gas. For one mole, the constant will have a specific value, which we
will denote as R. The molar volume, V,,, is

V,, =R X

v N

187



188 5 The Gaseous State

TABLE 5.5

Molar Gas Constant in
Various Units

Value of R

0.082058 L-atm/(K-mol)
8.3145 J/(K-mol)*
8.3145 kg-m?*/(s*-K-mol)
8.3145 kPa-dm®/(K-mol)
1.9872 cal/(K-mol)*

*The units of pressure times volume are
the units of energy—for example, joules
(J) or calories (cal).

According to Avogadro’s law, the molar volume at a specific value of 7 and P is a
constant independent of the nature of the gas, and this implies that R is a constant inde-
pendent of the gas. The molar gas constant, R, is the constant of proportionality relating
the molar volume of a gas to T/P. Values of R in various units are given in Table 5.5.

The preceding equation can be written for n moles of gas by multiplying both
sides by n.

nRT
nV,, = —

——

Vv

or PV = nRT

Because V,, is the volume per mole, nV,, is the total volume V. The equation PV =
nRT, which combines all of the gas laws, is called the ideal gas law.

Ideal gas law:
PV = nRT

The ideal gas law includes all the information contained in Boyle’s, Charles’s, and
Avogadro’s laws. In fact, starting with the ideal gas law, you can derive any of the
other gas laws.

Example 5.5 Deriving Empirical Gas Laws from the Ideal Gas Law

Prove the following statement: the pressure of a given
amount of gas at a fixed volume is proportional to the
absolute temperature. This is sometimes called Amon-
tons’s law. In 1702 Guillaume Amontons constructed a
thermometer based on measurement of the pressure of
a fixed volume of air. The principle he employed is
now used in special gas thermometers to establish the
Kelvin scale.

Problem Strategy Because we need a relationship
between pressure and temperature, the ideal gas law is
a logical starting place.

Solution From the ideal gas law,

PV = nRT
Solving for P, you get
7]
P=|—|T
Vv

Note that everything in parentheses in this equation is
constant. Therefore, you can write

P = constant X T
Or, expressing this as a proportion,
PoxT
Boyle’s law and Charles’s law follow from the ideal gas

law by a similar derivation.

Answer Check We can apply common experience to
qualitatively verify this relationship. Think about what
happens to the pressure in a tire when the temperature
is increased: the hotter the tire gets, the more the pres-
sure increases.

MAECETY I Show that the moles of gas are

proportional to the pressure for constant volume and
temperature.

B See Problems 5.55 and 5.56.

No gas is “ideal.” But the ideal

gas law is very useful even though
it is only an approximation. The
behavior of real gases is described
at the end of this chapter.

The limitations that apply to Boyle’s, Charles’s, and Avogadro’s laws also apply
to the ideal gas law. That is, the ideal gas law is most accurate for low to moderate
pressures and for temperatures that are not too low. <

Calculations Using the Ideal Gas Law

The type of problem to which Boyle’s and Charles’s laws are applied involves a
change in conditions (P, V, or T) of a gas. The ideal gas law allows us to solve another
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type of problem: given any three of the quantities P, V, n, and T, calculate the
unknown quantity. Example 5.6 illustrates such a problem.

Example 5.6 Using the Ideal Gas Law

Answer the question asked in the chapter opening: how Solving the ideal gas law for n gives
many grams of oxygen, O,, are there in a 50.0-L gas

cylinder at 21°C when the oxygen pressure is 15.7 atm? n= i
RT
Problgm Strategy In asking for the mass of oxygen, Substituting the data gives
we are in effect asking for moles of gas, n, because mass
and moles are directly related. The problem gives P, V, _ 15.7 atar X 50.0 &£ _
and 7, so you can use the ideal gas law to solve for n. = 0.0821 -ati/(K-mol) X 294 K 2.5
The proper value to use for R depends on the units of P _ .
and V. Here they are in atmospheres and liters, respec- and converting moles to mass of oxygen yields
tively, so you use R = 0.0821 L-atm/(K+mol) from Table 32.0£0,
5.5. Once you have solved for n, convert to mass by 32.5 metO; X Tmolos 1.04 X 10° g O,
met O,

using the molar mass of oxygen.

Answer Check If you were to forget that oxygen is

Solution The data given in the problem are a diatomic gas with the formula O,, you would not get

Variable Value this problem right. Keep in mind, too, that the other

P 15.7 atm gaseous diatomic elements are N,, F,, and Cl,.

14 500 L P Exercise 5.6 | What is the pressure in a 50.0-L

T 21 + 273) K = 294 K gas cylinder that contains 3.03 kg of oxygen, O,, at
23°C?

n ?

M See Problems 5.57, 5.58, 5.59, 5.60, 5.61, and 5.62.

Gas Density; Molecular-Mass Determination

The density of a substance is its mass divided by its volume, and because the volume
of a gas varies with temperature and pressure, the density of a gas also varies with
temperature and pressure (Figure 5.15). In the next example, we use the ideal gas law
to calculate the density of a gas at any temperature and pressure. We do this by cal-
culating the moles, and from this the mass, in a liter of gas at the given temperature
and pressure; the mass per liter of gas is its density. At the end of this section, we
will give an alternative method of solving this problem, using a formula relating den-
sity to temperature, pressure, and molecular weight.

Example 5.7 Calculating Gas Density

What is the density of oxygen, O,, in grams per liter at 25°C and 0.850 atm?

Problem Strategy The density of a gas is often expressed in g/L.. Using the ideal gas
law, you can calculate the moles of O, in 1 L of O,. Next, you can convert the moles of O,
to a mass of O,, keeping in mind that this mass is the amount of O, per liter of O, (g/1 L),
which is the density.

(continued)
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(continued)
Solution The data given are
Variable Value

P 0.850 atm

\% 1 L (exact value)

T (25 + 273) K = 298 K
n ?

Therefore,

PV

0.850 atar X 1 K

Now convert mol O, to grams:

n= = = 0.0347 mol
RT  0.0821 E-atm/(K-mol) X 298 K
FIGURE 5.15
Hot-air ballooning
32080, A propane gas burner on board a

0.0347 meto; X —=—2—111¢0,
1 moto;

balloon heats the air. The heated
air expands, occupying a larger

2

Therefore, the density of O, at 25°C and 0.850 atm is 1.11 g/L. volume; it therefore has a lower
Suppose you wanted the density of Cl,, instead of O,, at this 7 and P. Only the con-  density th_an the surround_ing air.
version of moles to mass is affected. The previous calculation becomes The hot air and balloon rise.
70.9 g Cl,

0.0347 met €, X ———— =2.46gCl,
1 met€1;

2

The density of Cl, at 25°C and 0.850 atm is 2.46 g/L. Note that the density of a gas is
directly proportional to its molecular mass.

Answer Check Because gases consist of molecules spread very far apart, you should
expect any reasonable answer for gas density to be very low when compared to values for
liquids and solids. Therefore, gas densities should be on the order of this answer.

Calculate the density of helium, He, in grams per liter at 21°C and
752 mmHg. The density of air under these conditions is 1.188 g/L. What is the difference
in mass between 1 liter of air and 1 liter of helium? (This mass difference is equivalent to
the buoyant, or lifting, force of helium per liter.)

-

FIGURE 5.16

A gas whose density is greater

than that of air

The reddish-brown gas being poured from
the flask is bromine. Note how the gas,
which is denser than air, hugs the bottom
of the beaker.

B See Problems 5.63, 5.64, 5.65, and 5.66.

The previous example demonstrates that the density of a gas is directly propor-
tional to its molecular mass. Bromine, whose molecular mass is five times that
of oxygen, is therefore more than five times as dense as air. Figure 5.16 shows
bromine gas being poured into a beaker where it displaces the air and fills the
beaker.

The relation between density and molecular mass of a gas suggests that you could
use a measurement of gas density to determine its molecular mass. In fact, gas-
density (vapor-density) measurements provided one of the first methods of determining
molecular mass. The method was worked out by the French chemist Jean-Baptiste
André Dumas in 1826. It can be applied to any substance that can be vaporized with-
out decomposing.

As an illustration, consider the determination of the molecular mass of halothane,
an inhalation anesthetic. The density of halothane vapor at 71°C (344 K) and
768 mmHg (1.01 atm) is 7.05 g/L. To obtain the molecular mass, you calculate the
moles of vapor in a given volume. The molar mass equals mass divided by the moles
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in the same volume. From the density, you see that one liter of vapor has a mass of
7.05 g. The moles in this volume are obtained from the ideal gas law.

PV 1.0l atar X 1K
n=-—= = 0.0358 mol
RT  0.0821 E-atar/(K-mol) X 344 K
Therefore, the molar mass, M,,, is
m 7.05¢g
M, = — = ————— = 197 g/mol
n 0.0358 mol

Thus, the molecular mass is 197 amu.

If you look at what we have done, you will see that all you need to have is the
mass of vapor in any given volume (for a given T and P). An explicit determination
of density is not necessary. You determine the moles of vapor from the volume using
the ideal gas law, then determine the molar mass by dividing the mass by moles for
this volume. The next example illustrates this. At the end of this section, we will
derive an explicit formula for the molecular mass in terms of the density of a gas,
which will provide an alternative way to solve this problem.

Example 5.8 Determining the Molecular Mass of a Vapor

Using the apparatus described in Figure 5.17, a 200.0-mL flask at 99°C and a
pressure of 733 mmHg is filled with the vapor of a volatile (easily vaporized)
liquid. The mass of the substance in the flask is 0.970 g. What is the molecular
mass of the liquid?

Problem Strategy You can calculate the moles of vapor from the ideal gas
law and then calculate the molar mass by dividing mass by moles. Note that the
temperature of the vapor is the same as the temperature of the boiling water and
that the pressure of the vapor equals the barometric pressure.

Solution You have the following data for the vapor.
Variable Value

1 atm
P 733 mnHg X —————— = 0.964 atm
760 mmHg
\% 200.0 mL = 0.2000 L
T 99 + 273) K = 372 K
n ?

From the ideal gas law, PV = nRT, you obtain

PV 0.964 atat X 0.2000 &
n = ——=
RT  0.0821 E-atar/(K-mol) X 372 K

n = 0.00631 mol

Dividing the mass of the vapor by moles gives you the mass per mole (the molar
mass).

grams vapor _ 0.970 g

Molar mass = = 154 g/mol

moles vapor  0.00631 mol

Thus, the molecular mass is 154 amu.

Il J ——Boiling
water

— Vapor of
sample

o,

Sample
(should evaporate
completely)

FIGURE 5.17

Finding the vapor density of a substance
After the flask fills with the vapor of the
substance at the temperature of the boiling
water, you allow the flask to cool so that
the vapor condenses. You obtain the mass
of the substance (which was vapor) by
weighing the flask and substance and then
subtracting the mass of the empty flask. The
pressure of the vapor equals the barometric
pressure, and the temperature equals that of
the boiling water.

(continued)
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(continued)

Answer Check No gas has a smaller molar mass than H, at 2 g/mol. Therefore, if you
obtain an answer that is smaller than this, it must be incorrect. The upper limit on molar
masses that you would expect is less definite, but solids and liquids that readily vaporize
will have molar masses not much larger than a few hundred. An answer much larger than
this should be regarded with suspicion.

A sample of a gaseous substance at 25°C and 0.862 atm has a den-
sity of 2.26 g/L.. What is the molecular mass of the substance?

B See Problems 5.67, 5.68, 5.69, and 5.70.

From the ideal gas law, you can obtain an explicit relationship between the molec-
ular mass and density of a gas. Recall that the molar mass (M,, = m/n) when
expressed in grams per mole is numerically equal to the molecular mass. If you sub-
stitute n = m/M,,, into the ideal gas law, PV = nRT, you obtain

m m
PV=—RT or PM,=—RT
M, v

But m/V equals the density, d. Substituting this gives
PM,, = dRT

We can illustrate the use of this equation by solving Examples 5.7 and 5.8 again.
In Example 5.7, we asked, “What is the density of oxygen, O,, in grams per liter at
25°C (298 K) and 0.850 atm?” You rearrange the previous equation to give an explicit
formula for the density and then substitute into this formula.

PM, _ 0.850 atar X 32.0 g/mot
RT  0.0821 L-atar/(K-mot) X 298 K

d= = 1.11¢g/L
Note that by giving M,,, in g/mol and R in L-atm/(K-mol), you obtain the density in g/L.
The question in Example 5.8 is equivalent to the following. What is the mo-
lecular mass of a substance weighing 0.970 g whose vapor occupies 200.0 mL
(0.2000 L) at 99°C (372 K) and 733 mmHg (0.964 atm)? The density of the vapor
is 0.970 g/0.2000 L = 4.85 g/L. To obtain the molecular mass directly, you
rearrange the equation PM,, = dRT to give an explicit formula for M,,, then sub-
stitute into it.

dRT _ 4.85 g/k2 X 0.0821 E-atar/(K-mol) X 372 K
P 0.964 atar

M =

m

= 154 g/mol

Concept Check 5.3

Three 3.0-L flasks, each at a pressure of 878 mmHg, are in a room. The flasks
contain He, Ar, and Xe, respectively.

a. Which of the flasks contains the most atoms of gas?
b. Which of the flasks has the greatest density of gas?

¢. If the He flask were heated and the Ar flask cooled, which of the three flasks
would be at the highest pressure?

d. Say the temperature of the He was lowered while that of the Xe was raised.
Which of the three flasks would have the greatest number of moles of gas?
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Stoichiometry Problems Involving Gas Volumes

In Chapter 3 you learned how to find the mass of one substance in a chemical reac-
tion from the mass of another substance in the reaction. Now that you know how to
use the ideal gas law, we can extend these types of problems to include gas volumes.

Consider the following reaction, which is often used to generate small quantities
of oxygen gas:

A
2KClO5(s) M0, 2KCI(s) + 30,(g)

Suppose you heat 0.0100 mol of potassium chlorate, KCIOs, in a test tube. How many
liters of oxygen can you produce at 298 K and 1.02 atm?

You solve such a problem by breaking it into two problems, one involving stoi-
chiometry and the other involving the ideal gas law. You note that 2 mol KCIO; yields
3 mol O,. Therefore,

3 mol O,

0.0100 molK€I0; X ——————=— = 0.0150 mol O,
2 molKE10;

Now that you have the moles of oxygen produced, you can use the ideal gas law to

calculate the volume of oxygen under the conditions given. You rearrange the ideal

gas law, PV = nRT, and solve for the volume.

nRT

P

Then you substitute for n, T, and P. Because the pressure is given in units of atmospheres,

you choose the value of R in units of L-atm/(K-mol). The answer comes out in liters.
. 0.0150 mot X 0.0821 L-atar/(K-mol) X 298 K

1.02 atat

= 0.360 L

The next example further illustrates this method.

Example 5.9 Solving Stoichiometry Problems Involving Gas Volumes

Automobiles are being equipped with air bags that inflate on collision to protect the occu-
pants from injury (Figure 5.18). Many such air bags are inflated with nitrogen, N,, using
the rapid reaction of sodium azide, NaNs, and iron(IIl) oxide, Fe,O5, which is initiated by

a spark. The overall reaction is

6NaN;(s) + Fe,O5(s) —— 3Na,O(s) + 2Fe(s) + 9N,(g)

How many grams of sodium azide would be required to provide 75.0 L of nitrogen gas at
25°C and 748 mmHg?

Problem Strategy This is a stoichiometry problem and a gas-law problem. The
chemical equation relates the moles of NaN; to moles of N,. You can use the ideal gas law
to relate the volume of N, to moles of N, and hence moles of NaN;. Then you can obtain
the grams of NaNj from the moles of NaNj.

Solution Here are the available data:

Variable

P

14

Value
1 atm
748 mmHg X ———— = 0.984 atm
760 mmHg
75.0 L

(25 + 273) K = 298 K

?

(continued)
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(continued)

Note that the pressure was converted from mmHg to
atmospheres and the temperature from degrees Celsius

to kelvins. Rearrange the ideal gas law to obtain n.
PV

n=-—
RT

Substituting from the data gives you the moles of N».

0.984 atar X 75.0 K
n= = 3.02 mol
0.0821 E-atar/(K-mol) X 298 K

From the moles of N,, you use the chemical equation
to obtain moles of NaNjs.
6 mol NaN,

3.02 metN; X ——— = 2.01 mol NaN;
9 moHN;

FIGURE 5.18

Now you can calculate the grams of NaNj. The —
Automobile air bag

molecular mass of NaN3 is 65.01 amu.

1 molNaN;

Answer Check As with any problem, see whether 101 is Ns™).
the context can help you evaluate your answer. Here
we determined the mass of a substance used to inflate

Automobiles are equipped with air bags that
65.01 g NaN; inflate during collisions. Most air bags are

2.01 mokNaN; X ——=——— = 131 g NaN; inflated with nitrogen obtained from the rapid

reaction of sodium azide, NaN; (the azide

Azide ion

an airbag. Using this problem context, we would expect the amount of NaN; not to be many
kilograms; otherwise, it wouldn’t fit in a steering wheel. Also, it shouldn’t be some minus-
cule amount (1 mol of gas will occupy a volume of about 22 L at STP), because the airbag
has a large volume to fill (75.0 L in this case).

‘m How many liters of chlorine gas, Cl,, can be obtained at 40°C and
787 mmHg from 9.41 g of hydrogen chloride, HCI, according to the following equation?

2KMnOy(s) + 16HCl(ag) — 8H,O(l) + 2KCl(ag) + 2MnCl,(ag) + 5Cly(g)

9.9

M See Problems 5.73, 5.74, 5.75, 5.76, 5.77, and 5.78.

Gas Mixtures; Law of Partial Pressures

While studying the composition of air, John Dalton concluded in 1801 that each gas
in a mixture of unreactive gases acts, as far as its pressure is concerned, as though it
were the only gas in the mixture. To illustrate, consider two 1-L flasks, one filled with
helium to a pressure of 152 mmHg at a given temperature and the other filled with
hydrogen to a pressure of 608 mmHg at the same temperature. Suppose all of the
helium in the one flask is put in with the hydrogen in the other flask (see Figure 5.19).
After the gases are mixed in one flask, each gas occupies a volume of one liter, just
as before, and has the same temperature.

According to Dalton, each gas exerts the same pressure it would exert if it were
the only gas in the flask. Thus, the pressure exerted by helium in the mixture is 152
mmHg, and the pressure exerted by hydrogen in the mixture is 608 mmHg. The
total pressure exerted by the gases in the mixture is 152 mmHg + 608 mmHg =
760 mmHg.
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Add oil to funnel
until Flask A is filled

Pressure =
152 mmHg He +
608 mmHg H, =
760 mmHg

Pressure = Pressure = Oil
152 mmHg He 608 mmHg H,

Flask A Flask B Flask A Flask B

Before Mixing After Mixing

FIGURE 5.19

An illustration of Dalton’s law of partial pressures

The valve connecting the flasks and the valve at the funnel are opened so that flask A fills with mineral oil.
The helium flows into flask B (having the same volume as flask A), where it mixes with hydrogen. Each gas
exerts the pressure it would exert if the other were not there.

Partial Pressures and Mole Fractions

The pressure exerted by a particular gas in a mixture is the partial pressure of that
gas. The partial pressure of helium in the preceding mixture is 152 mmHg; the par-
tial pressure of hydrogen in the mixture is 608 mmHg. According to Dalton’s law of
partial pressures, the sum of the partial pressures of all the different gases in a mix-
ture is equal to the total pressure of the mixture.

If you let P be the total pressure and P4, Pg, Pc, . . . be the partial pressures of
the component gases in a mixture, the law of partial pressures can be written as

Dalton’s law of partial pressures:
P:PA+PB+PCJF"'

The individual partial pressures follow the ideal gas law. For component A,
P,V = nyRT

where n, is the number of moles of component A.

The composition of a gas mixture is often described in terms of the mole frac-
tions of component gases. The mole fraction of a component gas is the fraction of
moles of that component in the total moles of gas mixture (or the fraction of mole-
cules that are component molecules). Because the pressure of a gas is proportional to
moles, for fixed volume and temperature (P = nRT/V « n), the mole fraction also
equals the partial pressure divided by total pressure.

P
Mole fraction of A = Ba_ 4
n



196 5

The Gaseous State

Mole percent equals mole fraction X 100. Mole percent is equivalent to the percent-
age of the molecules that are component molecules.

Example 5.10 Calculating Partial Pressures and Mole Fractions of a Gas in a Mixture

I
A 1.00-L sample of dry air at 25°C and 786 mmHg

contains 0.925 g N,, plus other gases including oxy-
gen, argon, and carbon dioxide. a. What is the partial
pressure (in mmHg) of N, in the air sample? b. What
is the mole fraction and mole percent of N, in the
mixture?

Problem Strategy The key to understanding how to
solve this problem is to assume that each gas in the
container is independent of other gases; that is, it
occupies the entire volume of the sample. Therefore,
each gas in the mixture follows the ideal gas law.
Using the ideal gas law, we can solve for the pressure
of just the N,, which is its partial pressure. The mole
fraction of N, can be calculated from the partial pressure
of N, and the total pressure of all the gases in the
sample.

Solution a. Each gas in a mixture follows the ideal
gas law. To calculate the partial pressure of N,, you con-
vert 0.925 g N, to moles N».

1 mol N,
0.925 g N5 X —— = 0.0330 mol N,

28.0 g N5

Concept Check 5.4

Exercise 5.10

You substitute into the ideal gas law (noting that 25°C
is 298 K).

_ mRT

==

~0.0330 mot X 0.0821 K-atm/(K-mol) X 298 K

- 1.00

= 0.807 atm (= 613 mmHg)

N,

b. The mole fraction of N, in air is
Py

, 613 mmHg
P 786 mmHg

Mole fraction of N, = = 0.780

Air contains 78.0 mole percent of N,.

Answer Check Whenever you are solving for the
mole fraction of a substance in a mixture, the number
must always be less than 1 (as it was in this problem).
Therefore, if you obtain a value greater than 1, it is a
sure sign that you have made an error.

A 10.0-L flask contains 1.031 g O,
and 0.572 g CO, at 18°C. What are the partial pressures
of oxygen and carbon dioxide? What is the total pressure?
What is the mole fraction of oxygen in the mixture?

M See Problems 5.81, 5.82, 5.83, and 5.84.

A flask equipped with a valve contains 3.0 mol of H, gas. You introduce 3.0 mol
ofl Ar gas into the flask via the valve and then seal the flask.

a. What happens to the pressure of just the H, gas in the flask after the introduc-
tion of the Ar? If it changes, by what factor does it do so?

b. How do the pressures of the Ar and the H, in the flask compare?

¢. How does the total pressure in the flask relate to the pressures of the two gases?

Collecting Gases over Water

A useful application of the law of partial pressures arises when you collect gases over
water (a method used for gases that do not dissolve appreciably in water). Figure 5.20
shows how a gas, produced by chemical reaction in the flask, is collected by leading

Vapor pressure is the maximum
partial pressure of the vapor in the
presence of the liquid. It is defined
more precisely in Chapter 11.

it to an inverted tube, where it displaces water. As gas bubbles through the water, the
gas picks up molecules of water vapor that mix with it. The partial pressure of water
vapor in the gas mixture in the collection tube depends only on the temperature. This
partial pressure of water vapor is called the vapor pressure of water. < Values of the
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TABLE 5.6

Vapor Pressure of

Water at Various — Hydrogen

£\
Temperatures* / Hydrochloric ; é‘ Wi(t;;lar\:/laatlefr:;s)gie =752 mmHg)
Pressure = g E‘ (partial pressure = 17 mmHg)
Temperature (°C) (mmHg) -
0 4.6 £
10 9.2 _
15 12.8 =
17 14.5 =
19 16.5 =
21 18.7 |
23 21.1 |
25 23.8 —— Water at 19°C
27 26.7 1l
30 31.8
40 55.3
60 149.4
80 355 1 FIGURE 5.20
100 760.0 Collection of gas over water

Hydrogen, prepared by the reaction of zinc with hydrochloric acid, is led to an inverted tube initially filled with
water. When the gas-collection tube is adjusted so that the water level in the tube is at the same height as the
level in the beaker, the gas pressure in the tube equals the barometric pressure (769 mmHg). The total gas
pressure equals the sum of the partial pressure of the hydrogen (752 mmHg) and the vapor pressure of
water (17 mmHg). For clarity, hydrochloric acid is shown in light brown and hydrogen gas in light blue.

*Appendix B contains a more
complete table.

vapor pressure of water at various temperatures are listed in Table 5.6 (see Appendix
B for a more complete table). The following example shows how to find the partial
pressure and then the mass of the collected gas.

Example 5.11 Calculating the Amount of Gas Collected over Water

Hydrogen gas is produced by the reaction of hydrochloric acid, HCI, on zinc metal.

2HCl(aq) + Zn(s) — ZnCly(aq) + Ha(g)

The gas is collected over water. If 156 mL of gas is collected at 19°C (two significant fig-
ures) and 769 mmHg total pressure, what is the mass of hydrogen collected?

Problem Strategy The gas collected is hydrogen mixed with water vapor. To obtain the
amount of hydrogen, you must first find its partial pressure in the mixture, using Dalton’s
law (Step 1). Then you can calculate the moles of hydrogen from the ideal gas law (Step
2). Finally, you can obtain the mass of hydrogen from the moles of hydrogen (Step 3).

Solution

Step 1: The vapor pressure of water at 19°C is 16.5 mmHg. From Dalton’s law of partial
pressures, you know that the total gas pressure equals the partial pressure of
hydrogen, Py,, plus the partial pressure of water, Py,o.

P = Py, + Puo
(continued)



198 5 The Gaseous State

(continued)
Substituting and solving for the partial pressure of hydrogen, you get
Py, = P = Py,o = (769 — 16.5) mmHg = 752 mmHg

Step 2: Now you can use the ideal gas law to find the moles of hydrogen collected. The
data are
Variable Value

1 atm
752 pmHg X ——— = 0.989 atm
760 pxmHg
156 mL = 0.156 L
(19 + 273) K = 292 K

?

S N < v

From the ideal gas law, PV = nRT, you have

PV 0.989 atar X 0.156 £
n = —_—=
RT  0.0821 E-atar/(K-mol) X 293 K

= 0.00644 mol

Step 3:  You convert moles of H, to grams of Ho.

2.02gH,
0.00664 metH, X ———— = 0.0130 g H,
1 metHH;

2

Answer Check Note that this problem assumes that the water level in the collection tube
is the same as the water level in the beaker (Figure 5.20). This enables us to equate the gas
pressure in the collection tube to atmospheric pressure.

P Exercise 5.11 | Oxygen can be prepared by heating potassium chlorate, KClO3, with
manganese dioxide as a catalyst. The reaction is

2KClO4(s) —— 2KCI(s) + 30,(g)
MnO,
How many moles of O, would be obtained from 1.300 g KCIO3? If this amount of O, were

collected over water at 23°C and at a total pressure of 745 mmHg, what volume would it
occupy?

B See Problems 5.87 and 5.88.

Kinetic-Molecular Theory

In the following sections, you will see how the interpretation of a gas in terms of the
kinetic-molecular theory (or simply kinetic theory) leads to the ideal gas law. Accord-
ing to this theory, a gas consists of molecules in constant random motion. The word
kinetic describes something in motion. Kinetic energy, E;, is the energy associated
with the motion of an object of mass m. From physics,

E, = Im x (speed)2

We will use the concept of kinetic energy in describing the kinetic theory.



FIGURE 5.21

Kinetic-theory model of gas pressure
According to kinetic theory, gas pressure is
the result of the bombardment of the
container walls by constantly moving
molecules.

Waterston’s paper, with the review-
ers’ comments, was discovered in
the Royal Society’s files by Lord
Rayleigh in 1892. (Rayleigh
codiscovered argon and received
the 1904 Nobel Prize in physics.)

The statements that there are no in-
termolecular forces and that the vol-
ume of molecules is negligible are
simplifications that lead to the ideal
gas law. But intermolecular forces
are needed to explain how we get
the liquid state from the gaseous
state; it is intermolecular forces

that hold molecules together in the
liquid state.
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Kinetic Theory of an Ideal Gas

Our present explanation of gas pressure is that it results from the continual bombard-
ment of the container walls by constantly moving molecules (Figure 5.21). This
kinetic interpretation of gas pressure was first put forth in 1676 by Robert Hooke,
who had been an assistant of Boyle. Hooke did not pursue this idea, however, so the
generally accepted interpretation of gas pressure remained the one given by Isaac
Newton, a contemporary of Hooke.

According to Newton, the pressure of a gas was due to the mutual repulsions of
the gas particles (molecules). These repulsions pushed the molecules against the walls
of the gas container, much as coiled springs packed tightly in a box would push
against the walls of the box. This interpretation continued to be the dominant view
of gas pressure until the mid-nineteenth century.

Despite the dominance of Newton’s view, some people followed the kinetic
interpretation. In 1738, Daniel Bernoulli, a Swiss mathematician and physicist,
gave a quantitative explanation of Boyle’s law using the kinetic interpretation. He
even suggested that molecules move faster at higher temperatures, in order to
explain Amontons’s experiments on the temperature dependence of gas volume
and pressure. However, Bernoulli’s paper attracted little notice. A similar kinetic
interpretation of gases was submitted for publication to the Royal Society of
London in 1848 by John James Waterston. His paper was rejected as “nothing but
nonsense.” <

Soon afterward, the scientific climate for the kinetic view improved. The kinetic
theory of gases was developed by a number of influential physicists, including James
Clerk Maxwell (1859) and Ludwig Boltzmann (in the 1870s). Throughout the last half
of the nineteenth century, research continued on the kinetic theory, making it a cor-
nerstone of our present view of molecular substances.

Postulates of Kinetic Theory

Physical theories are often given in terms of postulates: the basic statements from
which all conclusions or predictions of a theory are deduced. The postulates are
accepted as long as the predictions from the theory agree with experiment. If a par-
ticular prediction did not agree with experiment, we would limit the area to which the
theory applies, modify the postulates, or start over with a new theory.

The kinetic theory of an ideal gas (a gas that follows the ideal gas law) is based
on five postulates.

Postulate 1: Gases are composed of molecules whose size is negligible compared with
the average distance between them. Most of the volume occupied by a
gas is empty space. This means that you can usually ignore the volume

occupied by the molecules.

Postulate 2: Molecules move randomly in straight lines in all directions and at
various speeds. This means that properties of a gas that depend on
the motion of molecules, such as pressure, will be the same in all

directions.

Postulate 3: The forces of attraction or repulsion between two molecules (intermol-
ecular forces) in a gas are very weak or negligible, except when they
collide. < This means that a molecule will continue moving in a
straight line with undiminished speed until it collides with another gas

molecule or with the walls of the container.

Postulate 4:  When molecules collide with one another, the collisions are elastic. In
an elastic collision, the total kinetic energy remains constant; no kinetic
energy is lost. To understand the difference between an elastic and an

inelastic collision, compare the collision of two hard steel spheres with
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FIGURE 5.22

Elastic collision of steel balls

Left: The steel ball at the left is lifted to give
it energy. Right: When the steel ball is
released, the energy is transmitted through
elastic collisions to the ball on the right.

Postulate 5:

the collision of two masses of putty. The collision of steel spheres is
nearly elastic (that is, the spheres bounce off each other and continue
moving), but that of putty is not (Figure 5.22). Postulate 4 says that
unless the kinetic energy of molecules is removed from a gas—for
example, as heat—the molecules will forever move with the same aver-
age kinetic energy per molecule.

The average kinetic energy of a molecule is proportional to the
absolute temperature. This postulate establishes what we mean by tem-
perature from a molecular point of view: the higher the temperature,
the greater the molecular kinetic energy.

Qualitative Interpretation of the Gas Laws

According to the kinetic theory, the pressure of a gas results from the bombardment
of container walls by molecules. Both the concentration of molecules (number per

FIGURE 5.23 A

Molecular description of Avogadro’s law

(A) A container where the gas molecules are at atmospheric
pressure (Piside = Paun)- The pressure in the container is due to
the force and frequency of molecular collisions with the con-
tainer walls. (B) The container after increasing the number of
gas molecules while not allowing the piston to move. Due to
the greater concentration of gas (more moles of gas in the same
volume), the frequency of collisions of the gas molecules with
the walls of the container has increased, causing the pressure to
increase (Piside = Paim)- (C) Container after the molecules are
allowed to move the piston and increase the volume. The
concentration of gas molecules and frequency of collisions with
the container walls have decreased, and the pressure of the gas
molecules inside the container is again equal to atmospheric

pressure (Pinside = atm)-

unit volume) and the average speed of the molecules are factors in
determining this pressure. Molecular concentration and average speed
determine the frequency of collisions with the wall. Average molec-
ular speed determines the average force of a collision.

Let’s consider how these terms apply to Avogadro’s law, which
relates the volume of gas to the moles of gas at constant (fixed)
temperature and pressure. Constant temperature means that the
average kinetic energy of a molecule is constant (Postulate 5).
Therefore, the average molecular speed and thus the average molec-
ular force from collision remain constant. Gas pressure depends on
the force and frequency of molecular collisions with container
walls. Consider the container depicted in Figure 5.23A, where the
pressure of the gas molecules in the container equals atmospheric
pressure. What happens when you introduce more gas molecules
into the container? More moles of gas increase the number of mol-
ecules per unit volume (concentration) and therefore increase the
frequency of collisions with the container walls. If the volume of
the container were fixed, the pressure would increase (Figure
5.23B). However, Avogadro’s law requires that the pressure remain
constant, so the container volume expands until the concentration
and, therefore, the frequency of collisions with container walls
decrease (Figure 5.23C). The result is that when you increase the
number of moles of gas in a container at a constant pressure and
temperature, the volume increases.

The same concepts can be used to discuss Boyle’s law. Suppose
you increase the volume of a gas while holding both the temperature
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Molecular description of Boyle's law

(A) A fixed number of moles of gas in a
container at room temperature. The pres-
sure in the container is due to the force
and frequency of molecular collisions with
the container walls. (B) The same number
of moles of gas at the same temperature as
A, but in a container of greater volume.
Because of the larger container volume, the
gas concentration is now lower, which leads
to a decrease in the frequency of molecular
collisions per unit of wall area, resulting in a
lower pressure.

This derivation is essentially the one
given by Daniel Bernoulli.

Consistent with kinetic theory, we
assume that the duration of collision
of a molecule with a container wall
is the same, regardless of the type of
molecule.

Recall that kinetic energy is defined
as 3 m multiplied by (speed)?.

9.7
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and number of moles of gas constant (Figure 5.24). This decreases the concentration
of molecules and the frequency of collisions per unit wall area; the pressure must
decrease. Thus, when you increase the volume of a gas while keeping the tempera-
ture constant, the pressure decreases.

Now consider Charles’s law. If you raise the temperature, you increase the aver-
age molecular speed. The average force of a collision increases. If all other factors
remained fixed, the pressure would increase. For the pressure to remain constant as
it does in Charles’s law, it is necessary for the volume to increase so that the num-
ber of molecules per unit volume decreases and the frequency of collisions decreases.
Thus, when you raise the temperature of a gas while keeping the pressure constant,
the volume increases.

The Ideal Gas Law from Kinetic Theory

One of the most important features of kinetic theory is its explanation of the ideal gas
law. To show how you can get the ideal gas law from kinetic theory, we will first find
an expression for the pressure of a gas. <

According to kinetic theory, the pressure of a gas, P, will be proportional to the
frequency of molecular collisions with a surface and to the average force exerted by
a molecule in collision.

P = frequency of collisions X average force

The average force exerted by a molecule during a collision depends on its mass
m and its average speed u—that is, on its average momentum mu. < In other words,
the greater the mass of the molecule and the faster it is moving, the greater the force
exerted during collision. The frequency of collisions is also proportional to the aver-
age speed u, because the faster a molecule is moving, the more often it strikes the
container walls. Frequency of collisions is inversely proportional to the gas volume
V, because the larger the volume, the less often a given molecule strikes the container
walls. Finally, the frequency of collisions is proportional to the number of molecules
N in the gas volume. Putting these factors together gives

1
POC(uX—XN)Xmu
\%

Bringing the volume to the left side, you get
PV o« Nmu?

Because the average kinetic energy of a molecule of mass m and average speed u
is 3mu’, PV is proportional to the average kinetic energy of a molecule. < Moreover,
the average kinetic energy is proportional to the absolute temperature (Postulate 5).
Noting that the number of molecules, N, is proportional to the moles of molecules,
n, you have

PV o« nT

You can write this as an equation by inserting a constant of proportionality, R, which
you can identify as the molar gas constant.

PV = nRT

The next two sections give additional deductions from kinetic theory.

Molecular Speeds; Diffusion and Effusion

The principal tenet of kinetic theory is that molecules are in constant random motion.
Now we will look at the speeds of molecules and at some conclusions of kinetic the-
ory regarding molecular speeds.
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Relative number of molecules

0 1000 2000 3000 4000
Molecular speed (m/s)

FIGURE 5.25

Maxwell's distribution of molecular speeds
The distributions of speeds of H, molecules
are shown for 0°C and 500°C. Note that the
speed corresponding to the maximum in
the curve (the most probable speed)
increases with temperature.

According to kinetic theory, the total
kinetic energy of a mole of any gas
equals 3 RT. The average kinetic en-
ergy of a molecule, which by defini-
tion is 3mu?, is obtained by dividing
3RT by Avogadro’s number, N.
Therefore, the kinetic energy is
Limu® = 3RT/(2N,). Hence u? =
3RT/(Nam). Or, noting that Naym
equals the molar mass M,,, you get
u® = 3RT/M,,, from which you get
the text equation.

Molecular Speeds

According to kinetic theory, the speeds of molecules in a gas vary over a range
of values. The British physicist James Clerk Maxwell (1831-1879) showed
theoretically—and it has since been demonstrated experimentally—that molecu-
lar speeds are distributed as shown in Figure 5.25. This distribution of speeds
depends on the temperature. At any temperature, the molecular speeds vary
widely, but most are close to the average speed, which is close to the speed cor-
responding to the maximum in the distribution curve. As the temperature
increases, the average speed increases.

The root-mean-square (rms) molecular speed, v, is a type of average molec-
ular speed, equal to the speed of a molecule having the average molecular

5000 kinetic energy. It is given by the following formula:

1
3RT (3RT)2

U=+ —=|——
Mm Mm

where R is the molar gas constant, T is the absolute temperature, and M,, is the
molar mass for the gas. This result follows from Postulate 5 of kinetic theory. <
Note that of two gases, the one with the higher molar mass will have the lower
rms speed.

In applying this equation, care must be taken to use consistent units. If SI units
are used for R (= 8.31 kg-mzl(sz-K°mol)), T (K), and M,, (kg/mol), as in the
following example, the rms speed will be in meters per second. Note that in
these units, H,, whose molecular weight is 2.02 amu, has a molar mass of 2.02 X
1073 kg/mol.

Values of the rms speed calculated from this formula indicate that molecular
speeds are astonishingly high. For example, the rms speed of H, molecules at 20°C
is 1.90 X 10° m/s (over 4000 mi/hr).

Example 5.12 Calculating the rms Speed of Gas Molecules

Calculate the rms speed of O, molecules in a cylinder at 21°C and 15.7 atm. See Table 5.5
for the appropriate value of R.

Problem Strategy The rms speed of a gas can be determined by substituting the
appropriate values into the preceding equation.

Solution The rms molecular speed is independent of pressure but does depend on the
absolute temperature, which is (21 + 273) K = 294 K. To calculate u, it is best to use SI
units throughout. In these units, the molar mass of O, is 32.0 X 1073 kg/mol, and R =
8.31 kg-mz/(sz°K-mol). Hence,

1
3 X 8.31 kg-m*/(s>K-mol) X 294 K |2
u =
32.0 X 103 kg/mot

=479 m/s

Answer Check When performing calculations that involve this formula, be sure to use
the appropriate value of R, (8.31 kg-m?)/(s*-K-mol), and to express the molar mass in units
of kg/mol, and the temperature in kelvins.

(continued)
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‘m What is the rms speed (in m/s) of a carbon tetrachloride molecule

at 22°C?

B See Problems 5.89, 5.90, 5.91, and 5.92.

m At what temperature do hydrogen molecules, H,, have the same rms
speed as nitrogen molecules, N,, at 455°C? At what temperature do hydrogen molecules
have the same average kinetic energy?

FIGURE 5.26 A

Kinetic-theory model of gas diffusion

A vessel contains two different gases. For
clarity, the figure shows the motion of only
one molecule. The path of the molecule is
chaotic because of the constant collisions
with other molecules. After some time, the
“green” molecule has by its random motion
mixed with the “red” gas. Similar motions of
other molecules eventually result in the
complete mixing of the two gases.

FIGURE 5.27 A
Gaseous diffusion

M See Problems 5.93 and 5.94.

Diffusion and Effusion

The pleasant odor of apple pie baking in the oven quickly draws people to the kitchen.
The spread of an odor is easily explained by kinetic theory. All molecules are in con-
stant, chaotic motion, and eventually a cluster of molecules of a particular substance
will spread out to occupy a larger and larger space. Gaseous diffusion is the process
whereby a gas spreads out through another gas to occupy the space uniformly. Fig-
ure 5.26 is a kinetic-theory explanation of the diffusion of two gases. An individual
molecule moves chaotically as it is buffeted by other molecules. After sufficient time,
this constant chaotic motion of molecules results in a complete mixing of the gases.
Figure 5.27 demonstrates the diffusion of ammonia gas through air.

When you think about the kinetic-theory calculations of molecular speed, you might
ask why diffusion is not even much faster than it is. Why does it take minutes for the
gas to diffuse throughout a room when the molecules are moving at perhaps a thousand
miles per hour? This was, in fact, one of the first criticisms of kinetic theory. The answer
is simply that a molecule never travels very far in one direction (at ordinary pressures)
before it collides with another molecule and moves off in another direction. If you could
trace out the path of an individual molecule, it would be a zigzagging trail. For a mol-
ecule to cross a room, it has to travel many times the straight-line distance.

Left: Concentrated aqueous ammonia in the beaker evolves ammonia gas into the glass tube, which contains a

strip of wet indicator paper. In the molecular view there are only nitrogen and oxygen molecules (air) surround-
ing the indicator paper. Right: The indicator changes color as the ammonia gas diffuses upward through the air

in the tube. The molecular view depicts the appearance of the NH; molecules in the tube due to diffusion.
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FIGURE 5.28

Model of gaseous effusion

According to kinetic theory, gas molecules
are in constant random motion. When a
molecule in the container happens to hit
the small opening, it passes (or effuses) to
the outside. The rate of effusion depends
on the speed of the molecules—the faster
the molecules move, the more likely they
are to encounter the opening and pass from
the inside of the box to the outside.

‘ = Nitrogen
@ =Oxygen

@ = Helium

Although the rate of diffusion certainly depends in part on the average molecular
speed, the effect of molecular collisions makes the theoretical picture a bit compli-
cated. Effusion, like diffusion, is a process involving the flow of a gas but is theoret-
ically much simpler.

If you place a container of gas in a vacuum and then make a very small hole in the
container, the gas molecules escape through the hole at the same speed they had in the
container (Figure 5.28). The process in which a gas flows through a small hole in a
container is called effusion. It was first studied by Thomas Graham, who discovered in
1846 that the rate of effusion of a gas is inversely proportional to the square root of its
density. Today we usually state Graham’s law of effusion in terms of molecular mass:
the rate of effusion of gas molecules from a particular hole is inversely proportional to
the square root of the molecular mass of the gas at constant temperature and pressure.

Let us consider a kinetic-theory analysis of an effusion experiment. Suppose the
hole in the container is made small enough so that the gas molecules continue to move
randomly (rather than moving together as they would in a wind). When a molecule
happens to encounter the hole, it leaves the container. The collection of molecules
leaving the container by chance encounters with the hole constitutes the effusing gas.
All you have to consider for effusion is the rate at which molecules encounter the
hole in the container.

The rate of effusion of molecules from a container depends on three factors: the
cross-sectional area of the hole (the larger it is, the more likely molecules are to
escape); the number of molecules per unit volume (the more crowded the molecules
are, the more likely they are to encounter the hole); and the average molecular speed
(the faster the molecules are moving, the sooner they will find the hole and escape).

If you compare the effusion of different gases from the same container, at the same
temperature and pressure, the first two factors will be the same. The average molec-
ular speeds will be different, however.

Because the average molecular speed essentially equals \/3RT/M,,, where M,, is
the molar mass, the rate of effusion is proportional to \/M_m That is, the rate of effu-
sion is inversely proportional to the square root of the molar mass (or molecular weight),
as Graham’s law states. The derivation of Graham’s law from kinetic theory was con-
sidered a triumph of the theory and greatly strengthened confidence in its validity.

Graham’s law of effusion:

Rate of effusion of molecules o (for the same container at constant 7" and P)

1
VM,
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FIGURE 5.29

The hydrogen fountain

The demonstrator places a beaker contain-
ing hydrogen gas over the porous clay
container. Hydrogen effuses into the porous
container faster than air effuses out. As
aresult, the pressure inside the porous
container and the flask connected to it
increases, forcing colored water out the
side tube as a stream.

The hydrogen fountain, shown in Figure 5.29, is dependent on the differences in rates
of effusion of gases. (Can you explain why a helium-filled balloon loses pressure after
a few hours?)

Example 5.13 Calculating the Ratio of Effusion Rates of Gases

Calculate the ratio of effusion rates of molecules of carbon dioxide, CO,, and sulfur diox-
ide, SO,, from the same container and at the same temperature and pressure.

Problem Strategy Here we need to compare the rates of effusion of two gases by taking
their rates of effusion. We can use Graham’s law of effusion for the two gases to set up a
relationship

1
Rate of effusion of CO,  VM,,(CO,)
Rate of effusion of SO, 1
\% Mm(SOZ)

where M,,(SO,) is the molar mass of SO, (64.1 g/mol) and M,,(CO,) is the molar mass of
CO,(44.0 g/mol). This equation can be simplified to

Rate of effusion of CO, | M,,(SO,)

Rate of effusion of SO, M, (CO,)
(Note that the two rates of effusion are inversely proportional to the square roots of the
molar masses.)

COZ; Mm =44.0 g/mol
Solution Substituting these molar masses into the formula gives
Rate of effusion of CO,  [64.1 g/mol 121 n
Rate of effusion of SO, 44.0 g/mol ’
In other words, carbon dioxide effuses 1.21 times faster than sulfur dioxide (because CO,
molecules move 1.21 times faster on average than SO, molecules). SO,; M, = 64.1 g/mol

Answer Check Analyze your answer to make sure that the gas with the lower molar mass
has the greater rate of effusion. In this case, the CO, would be expected to have the greater
effusion rate, so we should expect the effusion rate ratio of CO, to SO, to be greater than 1.

(continued)
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(continued)

If it takes 3.52 s for 10.0 mL of helium to effuse through a
hole in a container at a particular temperature and pressure, how long would it take for
10.0 mL of oxygen, O,, to effuse from the same container at the same temperature and
pressure? (Note that the rate of effusion can be given in terms of volume of gas effused

per second.)

B See Problems 5.95, 5.96, 5.97, and 5.98.

MAETCEEERF If it takes 4.67 times as long for a particular gas to effuse as it takes
hydrogen under the same conditions, what is the molecular mass of the gas? (Note that the
rate of effusion is inversely proportional to the time it takes for a gas to effuse.)

Uranium hexafluoride vapor has
a density of 13.0 g/L at 57°C (the
temperature at which the solid
sublimes). This is more than 12
times as dense as air at the
same temperature.

M See Problems 5.99 and 5.100.

Graham’s law has practical application in the preparation of fuel rods for
nuclear fission reactors. Such reactors depend on the fact that the uranium-235
nucleus undergoes fission (splits) when bombarded with neutrons. When the
nucleus splits, several neutrons are emitted and a large amount of energy is liber-
ated. These neutrons bombard more uranium-235 nuclei, and the process contin-
ues with the evolution of more energy. However, natural uranium consists of
99.27% uranium-238 (which does not undergo fission) and only 0.72% uranium-
235 (which does undergo fission). A uranium fuel rod must contain about 3%
uranium-235 to sustain the nuclear reaction.

To increase the percentage of uranium-235 in a sample of uranium (a process
called enrichment), one first prepares uranium hexafluoride, UFg, a white, crystalline
solid that is easily vaporized. < Uranium hexafluoride vapor is allowed to pass through
a series of porous membranes. Each membrane has many small holes through which
the vapor can effuse. Because the UFg molecules with the lighter isotope of uranium
travel about 0.4% faster than the UF molecules with the heavier isotope, the gas that
passes through first is somewhat richer in uranium-235. When this vapor passes
through another membrane, the uranium-235 vapor becomes further concentrated. It
takes many effusion stages to reach the necessary enrichment.

Concept Check 5.5

Consider the experimental appara- ~ Closed
tus shown. In this setup, each round = _ Valve
flask contains a gas, and the long | (ﬂJ : J
tube contains no gas (that is, it is a ' o Experiment X
yvacuum).
~ Closed

a. We use 1.0 mol of He for exper-  ~ *  valve

iment X and 1.0 mol of Ar for |, ‘e _";db

experiment Y. If both valves are '\ s o

| | Experiment Y
opened at the same time, which

gas would you expect to reach
the end of the long tube first?

b. If you wanted the Ar to reach the end of the long tube at the same time as the
He, what experimental condition (that is, you cannot change the equipment)
could you change to make this happen?
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FIGURE 5.30

Pressure-volume product of gases at different pressures
Right: The pressure-volume product of one mole of various gases at 0°C and at different pressures.
Left: Vialues at low pressure. For an ideal gas, the pressure-volume product is constant.

5.8

FIGURE 5.31

Effect of molecular volume at

high pressure

(A) At low pressures, the volume of mole-
cules is a small fraction of the total volume
and can be neglected, as in the ideal gas
law. (B) At high pressures, the volume of
molecules is a significant fraction of the total
volume and cannot be neglected. The ideal
gas law is no longer a good approximation.

Real Gases

In Section 5.2, we found that, contrary to Boyle’s law, the pressure—volume product
for O, at 0°C was not quite constant, particularly at high pressures (see PV column
in Table 5.3). Experiments show that the ideal gas law describes the behavior of real
gases quite well at low pressures and moderate temperatures, but not at high pres-
sures and low temperatures.

Figure 5.30 shows the behavior of the pressure—volume product at various pres-
sures for several gases. The gases deviate noticeably from Boyle’s law (ideal gas)
behavior at high pressures. Also, the deviations differ for each kind of gas. We can
explain why this is so by examining the postulates of kinetic theory, from which the
ideal gas law can be derived.

Postulate 1 of kinetic theory says that the volume of space occupied by molecules
is negligible compared with the total gas volume. To derive the ideal gas law from
kinetic theory, we must assume that each molecule is free to move throughout the
entire gas volume, V. At low pressures, where the volume of individual molecules is
negligible compared with the total volume available (Figure 5.31A), the ideal gas law
is a good approximation. At higher pressures, where the volume of individual mole-
cules becomes important (Figure 5.31B), the space through which a molecule can
move is significantly different from V.

Postulate 3 says that the forces of attraction between molecules (intermolecular
forces) in a gas are very weak or negligible. This is a good approximation at low pres-
sures, where molecules tend to be far apart, because these forces diminish rapidly as
the distance between molecules increases. Intermolecular forces become significant at
higher pressures, though, because the molecules tend to be close together. Because of
these intermolecular forces, the actual pressure of a gas is less than that predicted by
ideal gas behavior. As a molecule begins to collide with a wall surface, neighboring
molecules pull this colliding molecule slightly away from the wall, giving a reduced
pressure (Figure 5.32).

The Dutch physicist J. D. van der Waals (1837-1923) was the first to account for
these deviations of a real gas from ideal gas behavior. The van der Waals equation is
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9
oo

FIGURE 5.32

Effect of intermolecular attractions

on gas pressure

Gas pressure on a wall is due to molecules
colliding with it. Here a molecule (shown in
red) about to collide with the wall is
attracted away from the wall by the weak
attractive forces of neighboring molecules
(intermolecular forces). As a result, the
pressure exerted by the gas is less than that
expected in the absence of those forces.

an equation similar to the ideal gas law, but includes two constants, a and b, to
account for deviations from ideal behavior.

i’lzd .
P+ 5|V = nb) = nRT

The constants a and b are chosen to fit experiment as closely as possible. Table 5.7
gives values of van der Waals constants for several gases.

You can obtain the van der Waals equation from the ideal gas law, PV = nRT, by
making the following replacements:

Ideal Gas Equation van der Waals Equation
Vv becomes V —nb
P becomes P + n*alV*

To obtain these substitutions, van der Waals reasoned as follows. The volume avail-
able for a molecule to move in equals the gas volume, V, minus the volume occupied
by molecules. So he replaced V in the ideal gas law with V — nb, where nb repre-
sents the volume occupied by n moles of molecules. Then he noted that the total force
of attraction on any molecule about to hit a wall is proportional to the concentration
of neighboring molecules, n/V. However, the number of molecules about to hit the
wall per unit wall area is also proportional to the concentration, n/V. Therefore, the
force per unit wall area, or pressure, is reduced from that assumed in the ideal gas
law by a factor proportional to n*/V?. Letting a be the proportionality constant, we
can write

P(actual) = P(ideal) — n’a/V?
or
P(ideal) = P(actual) + n’a/V?

In other words, you replace P in the ideal gas law by P + na/V>.
The next example illustrates the use of the van der Waals equation to calculate the
pressure exerted by a gas under given conditions.

TABLE 5.7 van der Waals Constants for Some Gases

a b
Gas L?-atm/mol? L/mol
CO, 3.658 0.04286
C,H, 5.570 0.06499
C,HsOH 12.56 0.08710
He 0.0346 0.0238
H, 0.2453 0.02651
0, 1.382 0.03186
SO, 6.865 0.05679
H,O 5.537 0.03049

From Lide, David R., Ed., in CRC Handbook of Chemistry and Physics, T4th ed., pp. 6-48. Copyright
CRC Press Inc., Boca Raton, Florida, 1993. With the permission of CRC Press, Inc.
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Example 5.14 Using the van der Waals Equation

If sulfur dioxide were an ideal gas, the pressure at 0.0°C exerted by 1.000 mole occupying
22.41 L would be 1.000 atm (22.41 L is the molar volume of an ideal gas at STP). Use the
van der Waals equation to estimate the pressure of this volume of 1.000 mol SO, at 0.0°C.
See Table 5.7 for values of a and b.

Problem Strategy You first rearrange the van der Waals equation to give P in terms of
the other variables.

nRT n’a

V—nb V2

Now you substitute R = 0.08206 L-atm/(K-mol), 7 = 2732 K, V= 2241 L, a =
6.865 L%-atm/mol?, and b = 0.05679 L/mol.

Solution

_ 1.000 mof X 0.08206 E-atm/(K-mol) X 273.2 K
2241 K — (1.000 mof X 0.05679 K/mal)
(1.000 moh)? X 6.865 K2-atm/mol”
(22.41 k)*

= 1.003 atm — 0.014 atm = 0.989 atm

Note that the first term, nRT/(V — nb), gives the pressure corrected for molecular volume.
This pressure, 1.003 atm, is slightly higher than the ideal value, 1.000 atm, because the vol-
ume through which a molecule is free to move, V — nb, is smaller than what is assumed
for an ideal gas (V). Therefore, the concentration of molecules in this volume is greater,
and the number of collisions per unit surface area is expected to be greater. However, the
last term, n’a/V?, corrects for intermolecular forces, which reduce the force of the colli-
sions, and this reduces the pressure to 0.989 atm.

Answer Check Make sure that you used the appropriate value for the ideal gas constant
and that the units of volume and pressure match those given for the constants a and b.

Exercise 5.16 Use the van der Waals equation to calculate the pressure of 1.000 mol
ethane, C,Hg, that has a volume of 22.41 L at 0.0°C. Compare the result with the value
predicted by the ideal gas law.

M See Problems 5.101 and 5.102.

Concept Check 5.6

A 1.00-L container is filled with an ideal gas and the recorded pressure is 350 atm. We
then put the same amount of a real gas into the container and measure the pressure.

a. If the real gas molecules occupy a relatively small volume and have large
intermolecular attractions, how would you expect the pressures of the two gases
to compare?

b. If the real gas molecules occupy a relatively large volume and there are
negligible intermolecular attractions, how would you expect the pressures of
the two gases to compare?

c. If the real gas molecules occupy a relatively large volume and have large
intermolecular attractions, how would you expect the pressures of the two gases
to compare?



A Chemist Looks at . . .

Yes, I know, I shouldn't
have left that chocolate
bar on the seat of my
car, which I parked on
a sunny street near the
university. You and I
know that the interior
of such a car can be-
come quite hot. Have you ever wondered why? If the sun’s
heat energy can get into the car through its window glass,
why can’t it leave equally well?

Parked cars are similar to greenhouses, which people
have used for centuries to protect plants from cold
weather. The Swedish chemist Svante Arrhenius, whom
you may remember from the previous chapter (for his the-
ory of ionic solutions), realized that carbon dioxide in the
atmosphere acts like the glass in a greenhouse. His calcula-
tions, published in 1898, were the first to show how
sensitive the temperature of the earth might be to the

environment 4

FIGURE 5.33 D>

Greenhouse effect of certain gases in the atmosphere
The atmosphere is transparent to sunlight, except for
radiation in the far ultraviolet. When sunlight reaches the
earth’s surface, it is absorbed. The heated surface then
radiates the energy back as infrared radiation. The major
components of the atmosphere, O, and N,, are transpar-
ent to this radiation, but gases such as CO,, H,0, CH,,
and chlorofluorocarbons, do absorb infrared rays. These
substances in the atmosphere then reradiate the infrared
rays, with the result that a significant fraction of the
radiation returns to earth. In effect, these gases trap the
radiation, acting like the glass on a greenhouse.

210

Carbon Dioxide Gas and the
Greenhouse Effect

percentage of carbon dioxide in the atmosphere. Arrhenius’s
reference to the earth’s atmospheric envelope, with its
carbon dioxide, as a “hothouse” has evolved into our
present-day term greenhouse effect.

Here is the explanation of the greenhouse effect. The
principal gases in the atmosphere are oxygen, O,, and ni-
trogen, N,. These gases are transparent to visible light from
the sun, and when this light reaches the surface of the
earth, it is absorbed and converted to heat. This heat
causes atoms in the earth’s surface to vibrate, which then
radiate the heat energy as infrared radiation, or heat rays
(Figure 5.33). Neither oxygen nor nitrogen absorb infrared
radiation, so if the earth’s atmosphere contained only
these gases, the infrared radiation, or heat rays, would sim-
ply escape into outer space; there would be no greenhouse
effect. However, other gases in the atmosphere, especially
carbon dioxide, do absorb infrared radiation, and it is this
absorption that warms the atmosphere and eventually also
the earth’s surface, giving us a greenhouse effect. The

Sunlight



greater the percentage of carbon dioxide in the atmos-
phere, the warmer the earth should be. (Glass, acting like
carbon dioxide, allows visible light to pass into a green-
house, but absorbs infrared radiation, effectively trapping
the heat.)

The greenhouse effect has become associated with
the concept of global warming. Records kept since the nine-
teenth century clearly show that the amount of carbon
dioxide in the atmosphere has increased dramatically,
from about 284 ppm (parts per million) in 1830 to about

380

360
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320

Concentration of CO2
(average annual values in ppm)

300

280
1850 1875

FIGURE 5.34 A

1900

370 ppm in 2000 (Figure 5.34). (Parts per million is equiva-
lent to mole percent X 10~ %) Scientists believe that our
burning of fossil fuels (coal, oil, and natural gas) is respon-
sible for this change. Moreover, temperature measure-
ments made at the surface of the earth during the past 100
years indicate an average temperature increase of be-
tween 0.4°C and 0.8°C. Thus, many climate scientists
believe that human activities are at least partially respon-
sible for global warming, and hence, they predict drastic
changes in climate.

1925 1950 1975 2000

Year

Concentrations of carbon dioxide in the atmosphere (average annual values)
Concentrations of carbon dioxide in the atmosphere have been increasing steadily
since about 1830. The blue curve is derived from ice core samples (containing air
bubbles) obtained from Antarctica. The purple curve is derived from direct measure-
ments of atmospheric carbon dioxide collected since 1958 at Mauna Loa, Hawaii.
(Source of blue curve: D. M. Etheridge, L. P. Steele, R. L. Langenfelds, R. J. Francey,
J.M. Barnola, and V. I. Morgan. 1998. Historical CO, records from the Law Dome
DE08, DE08-2, and DSS ice cores. In Trends: A Compendium of Data on Global
Change. Carbon Dioxide Information Analysis Center, Oak Ridge National Laboratory,
U.S. Department of Energy, Oak Ridge, Tenn., U.S.A. Source of purple curve: C. D.
Keeling and T. P. Whorf. 2005. Atmospheric CO, records from sites in the SIO air
sampling network. In Trends: A Compendium of Data on Global Change. Carbon
Dioxide Information Analysis Center, Oak Ridge National Laboratory, U.S. Department

of Energy, Oak Ridge, Tenn., USA.

M See Problems 5.107 and 5.108.
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A Checklist for Review

Important Terms

pressure (5.1)

pascal (Pa) (5.1)

barometer (5.1)

manometer (5.1)

millimeters of mercury
(mmHg or torr) (5.1)

atmosphere (atm) (5.1)

bar (5.1)

Boyle's law (5.2)

Charles’s law (5.2)

Avogadro’s law (5.2)

molar gas volume (V,,;,) (5.2)

standard temperature and
pressure (STP) (5.2)

molar gas constant (R) (5.3)

ideal gas law (5.3)

partial pressure (5.5)

Dalton’s law of partial
pressures (5.5)

mole fraction (5.5)

kinetic-molecular theory of gases
(kinetic theory) (5.6)
root-mean-square (rms)
molecular speed (5.7)
diffusion (5.7)
effusion (5.7)
Graham'’s law of
effusion (5.7)
van der Waals
equation (5.8)

Key Equations

PV = constant (constant n, T)

= constant (constant n, P)

T
V., = specific constant
(depending on 7, P; independent of gas)

PV = nRT
PM,, = dRT

P=Py+Py+ Pt

Summary of Facts and Concepts

The pressure of a gas equals the force exerted per unit area of
surface. It is measured by a manometer in units of pascals, mil-
limeters of mercury, or atmospheres.

Gases at low to moderate pressures and moderate tempera-
tures follow the same simple relationships, or gas laws. Thus, for
a given amount of gas at constant temperature, the volume varies
inversely with pressure (Boyle’s law). Also, for a given amount
of gas at constant pressure, the volume is directly proportional to
the absolute temperature (Charles’s law). These two laws, to-
gether with Avogadro’s law (equal volumes of any two gases at
the same temperature and pressure contain the same number of
molecules), can be formulated as one equation, PV = nRT (ideal
gas law). This equation gives the relationship among P, V, n, and
T for a gas. It also relates these quantities for each component in
a gas mixture. The total gas pressure, P, equals the sum of the
partial pressures of each component (law of partial pressures).

Media Summary

Py

na
Mole fraction of A = —= —
n P

3RT (3RT)%
S
Mm Mm

Rate of effusion }

1
VM,
(same container at constant 7, P)

n’a
P+7 (V — nb) = nRT

The ideal gas law can be explained by the kinetic-molecu-
lar theory. We define an ideal gas as consisting of molecules
with negligible volume that are in constant random motion.
In the ideal gas model, there are no intermolecular forces
between molecules, and the average kinetic energy of mole-
cules is proportional to the absolute temperature. From kinetic
theory, one can show that the rms molecular speed equals
V3RT/M,,. Given this result, one can derive Graham’s law of
effusion: the rate of effusion of gas molecules under identical
conditions is inversely proportional to the square root of the
molecular mass.

Real gases deviate from the ideal gas law at high pressure
and low temperature. From kinetic theory, we expect these devi-
ations, because real molecules do have volume and intermolecu-
lar forces do exist. These two factors are partially accounted for
in the van der Waals equation.

Visit the student website at college.hmco.com/pic/ebbing9e to help prepare for class, study for quizzes and exams, understand
core concepts, and visualize molecular-level interactions. The following media activities are available for this chapter:



@ Prepare for Class

Video Lessons Mini lectures from chemistry experts

Properties of Gases

Boyle’s Law

Charles’s Law

The Combined Gas Law

Avogadro’s Law

CIA Demonstration: The Potato Cannon
The Ideal Gas Law

Applications of the Ideal Gas Law
Partial Pressure and Dalton’s Law

The Kinetic-Molecular Theory of Gases
Molecular Speeds

Effusion and Diffusion

Comparing Real and Ideal Gases

Improve Your Grade

Visualizations Molecular-level animations and lab
demonstration videos
Boyle’s Law: A Graphical View

Boyle’s Law: A Molecular-Level View
Collapsing Can

Learning Objectives 213

Liquid Nitrogen and Balloons

Charles’s Law: A Graphical View

Charles’s Law: A Molecular-Level View

The Ideal Gas Law: PV = nRT

Visualizing Molecular Motion: Single Molecule
Visualizing Molecular Motion: Many Molecules
Kinetic-Molecular Theory/Heat Transfer
Diffusion of Gases

Gaseous Ammonia and Hydrochloric Acid
Effusion of a Gas

Tutorials Animated examples and interactive activities
The Ideal Gas Law

Flashcards Key terms and definitions
Online Flashcards

Self-Assessment Questions Additional questions with
full worked-out solutions

6 Self-Assessment Questions

ACE the Test

Multiple-choice quizzes
3 ACE Practice Tests

Access these resources using the passkey available free with new texts or for purchase separately.

Learning Objectives

5.1 Gas Pressure and Its Measurement

5.4 Stoichiometry Problems Involving Gas Volumes

B Define pressure and its units.
B Convert units of pressure. Example 5.1

5.2 Empirical Gas Laws

m Express Boyle’s law in words and as an equation.
H Use Boyle’s law. Example 5.2

B Express Charles’s law in words and as an equation.
m Use Charles’s law. Example 5.3

B Express the combined gas law as an equation.

m Use the combined gas law. Example 5.4

m State Avogadro’s law.

B Define standard temperature and pressure (STP).

5.3 The Ideal Gas Law

m State what makes a gas an ideal gas.

W Learn the ideal gas law equation.

H Derive the empirical gas laws from the ideal gas law.
Example 5.5

m Use the ideal gas law. Example 5.6

B Calculate gas density. Example 5.7

B Determine the molecular mass of a vapor.
Example 5.8

m Use an equation to calculate gas density.

B Solving stoichiometry problems involving gas volumes.
Example 5.9

5.5 Gas Mixture; Law of Partial Pressures

B Learn the equation for Dalton’s law of partial pressures.

m Define the mole fraction of a gas.

B Calculate the partial pressure and mole fractions of a gas in a
mixture. Example 5.10

H Describe how gases are collected over water and how to
determine the vapor pressure of water.

m Calculate the amount of gas collected over water.
Example 5.11

5.6 Kinetic Theory of an Ideal Gas

| List the five postulates of the kinetic theory.
B Provide a qualitative description of the gas laws based on the
kinetic theory.

5.7 Molecular Speeds; Diffusion and Effusion

B Describe how the root-mean-square (rms) molecular speed
of gas molecules varies with temperature.

H Describe the molecular-speed distribution of gas molecules
at different temperatures.
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m Calculate the rms speed of gas molecules.
Example 5.12

m Define effusion and diffusion.

B Describe how individual gas molecules move undergoing
diffusion.

B Calculate the ratio of effusion rates of gases.
Example 5.13

5.8 Real Gases

m Explain how and why a real gas is different from an ideal gas.
H Use the van der Waals equation. Example 5.14

Self-Assessment and Review Questions

5.1 Define pressure. From the definition, obtain the SI unit of
pressure in terms of SI base units.

5.2 For what purpose is a manometer used? How does it work?
5.3 What variables determine the height of the liquid in a
manometer?

5.4 Starting with Boyle’s law (stated as an equation), obtain
an equation for the final volume occupied by a gas from the
initial volume when the pressure is changed at constant
temperature.

5.5 The volume occupied by a gas depends linearly on degrees
Celsius at constant pressure, but it is not directly proportional to
degrees Celsius. However, it is directly proportional to kelvins.
What is the difference between a linear relationship and a direct
proportion?

5.6 Explain how you would set up an absolute temperature
scale based on the Fahrenheit scale, knowing that absolute zero
is —273.15°C.

5.7 Starting with Charles’s law (stated as an equation), obtain
an equation for the final volume of a gas from its initial volume
when the temperature is changed at constant pressure.

5.8 State Avogadro’s law in words. How does this law explain
the law of combining volumes? Use the gas reaction

N2 + 3H2 —_—> 2NH3

as an example in your explanation.

5.9 What are the standard conditions for comparing gas
volumes?

5.10 What does the term molar gas volume mean? What is the
molar gas volume (in liters) at STP for an ideal gas?

5.11 Starting from Boyles’s, Charles’s, and Avogadro’s laws,
obtain the ideal gas law, PV = nRT.

5.12 What variables are needed to describe a gas that obeys the
ideal gas law? What are the SI units for each variable?

5.13 What is the value of R in units of L-mmHg/(K-mol)?

5.14 The ideal gas law relates four variables. An empirical gas
law relates two variables, assuming the other two are constant.
How many empirical gas laws can be obtained? Give statements
of each.

5.15 Give the postulates of kinetic theory and state any evi-
dence that supports them.

5.16 Explain Boyle’s law in terms of the kinetic theory.

5.17 What is the origin of gas pressure, according to kinetic
theory?

5.18 How does the rms molecular speed depend on absolute
temperature? on molar volume?

5.19 Explain why a gas appears to diffuse more slowly than
average molecular speeds might suggest.

5.20 What is effusion? Why does a gas whose molecules have
smaller mass effuse faster than one whose molecules have larger
mass?
5.21 Under what conditions does the behavior of a real gas be-
gin to differ significantly from the ideal gas law?
5.22 What is the physical meaning of the a and b constants in
the van der Waals equation?
5.23 Which of the following is not part of the kinetic molecular
theory?
a. The greater the volume occupied by a given amount of gas,
the higher the intermolecular forces.
b. The average kinetic energy is proportional to the absolute
temperature.
¢. Gas particles are in constant motion.
d. Total kinetic energy is conserved during collision.
e. Gas molecules have no volume.
5.24 A sample of nitrogen gas is placed into a container at 200 K.
If the temperature of the container is reduced by 100°C and the
measured pressure decreases by 50%, how does the volume of the
container change?
a. The container volume increases by less than 50%.
b. The container volume increases by more than 50%.
¢. The container volume doesn’t change.
d. The container volume increases by 50%.
e. The container volume decreases by 50%.
5.25 At standard temperature and pressure, a 1.00-mol sam-
ple of argon gas is vented into a 22.4-L rigid box that already
contains 1.00 mol of nitrogen gas. We would expect the argon
gas to
a. decrease the total gas pressure in the box by 50%.
b. occupy the entire 22.4-L volume of the box.
¢. increase the total gas pressure in the box by less than 50%.
d. spread out into the box, but the actual volume occupied by
the gas cannot be known without pressure information.
e. occupy only a volume of 11.2 L of the box, since there is
already 1.0 mol of nitrogen present in the container.
5.26 A I1-liter container is filled with 2.0 mol Ar, 2.0 mol H,,
and 4.0 mol Kr. Which of the following statements about these
gases is false?
a. The Kr is the densest of the three gases.
b. The mole fraction of Ar in the flask is 0.25.
¢. The total pressure in the flask is four times the pressure of
the Ar.
d. The Ar atoms hit the walls of the flask with the greatest
force of the three gases.
e. H, has the highest rms velocity of the three gases.



Concept Explorations

5.27 Gas Laws and Kinetic Theory of Gases I

Shown below are two identical containers labeled A and B. Con-
tainer A contains a molecule of an ideal gas, and container B
contains two molecules of an ideal gas. Both containers are at
the same temperature.

a. How do the pressures in the two containers compare? Be
sure to explain your answer.

* ) <

A B

b. Shown below are four different containers (C, D, E, and F),
each with the same volume and at the same temperature.
How do the pressures of the gases in the containers
compare?

9
& ®

¢. Container H below has twice the volume of container G.
How will the pressure in the containers compare? Explain
your reasoning.

o <
° )

G H

d. How will the pressure of containers G and H compare if you
add two more gas molecules to container H?

e. Consider containers J and L below. Container L has twice
the volume of container J. Container J is at a temperature of
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100 K, and container L is at 200 K. How does the pressure
in container J compare with that in container L? Include an
explanation as part of your answer.

e _o @ 9 it
@ 0
o © ¢ @
T=100 K T=200K
J L

5.28 Gas Laws and Kinetic Theory of Gases Il
Consider the box below that contains a single atom of an ideal
gas.

a. Assuming that this gas atom is moving, describe how it cre-
ates pressure inside the container.

o

b. Now consider the two containers below, each at the same
temperature. If we were to measure the gas pressure in each
container, how would they compare? Explain your answer.

o o ¢

o ¢

A B

¢. Consider the two containers below, labeled C and D, one
with an ideal gas atom and one with ideal gas molecules,
each at the same temperature. The gas molecule has more
mass than the gas atom. How do the pressures of the two
containers compare? Why?

] 9
GCD

C D

d. For the containers C and D above, which would have the
higher root-mean-square (rms) molecular speed? How
does the difference in rms speeds support or contradict
the answer you obtained above when you compared the
pressures?
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e. Consider containers E and F below. How do the pressures in
these containers compare? Be sure to explain your answer.

o
[
T=100K T=200K
E F

f. Consider containers G and H below, one with a gas atom
and one with a gas molecule. As before, the gas molecule
has more mass than the gas atom. Explain how the pres-
sures in these containers compare.

® ®
T=100K T=200K
G H

Conceptual Prohlems

5.29 Using the concepts developed in this chapter, explain the
following observations.

a. Automobile tires are flatter on cold days.

b. You are not supposed to dispose of aerosol cans in a fire.

¢. The lid of a water bottle pops off when the bottle sits in

the sun.

d. A balloon pops when you squeeze it.
5.30 You have three identical flasks, each containing equal
amounts of N, O,, and He. The volume of the N, flask is dou-
bled, the O, flask volume is halved, and the He flask volume is
reduced to one-third of the original volume. Rank the flasks from
highest to lowest pressure both before and after the volume is
changed and indicate by what factor the pressure has changed.
5.31 Consider the following gas container equipped with a
movable piston.

a. By what factor (increase by 1, decrease by 1.5, etc.) would
you change the pressure if you wanted the volume to
change from volume C to volume D?

b. If the piston were moved from volume C to volume A, by
what factor would the pressure change?

¢. By what factor would you change the temperature in order
to change from volume C to volume B?

g. Now think about the containers below, I and J. How do the
pressures in these containers compare? Be sure to justify

your answer.
Y G
* )
T=200K T=100K
I J
h. Finally, how do the pressures in containers K and L
compare?
o (* ) P 8
0® D
T=200K T=100K
K L

d. If you increased the number of moles of gas in the con-
tainer by a factor of 2, by what factors would the pressure
and the volume change?

5.32 A 3.00-L flask containing 2.0 mol of O, and 1.0 mol of N,
is in a room that is at 22.0°C.

a. How much (what fraction) of the total pressure in the flask
is due to the N,?

b. The flask is cooled and the pressure drops. What happens,
if anything, to the mole fraction of the O, at the lower
temperature?

¢. 1.0 L of liquid water is introduced into the flask containing
both gases. The pressure is then measured about 45 min-
utes later. Would you expect the measured pressure to be
higher or lower?

d. Given the information in this problem and the conditions in
part ¢, would it be possible to calculate the pressure in the
flask after the introduction of the water? If it is not possible
with the given information, what further information would
you need to accomplish this task?

5.33 Consider the following setup, which shows identical con-
tainers connected by a tube with a valve that is presently closed.
The container on the left has 1.0 mol of H, gas; the container on
the right has 1.0 mol of O,.

I Closed -
A JJ\\ valve //8 ® \

/ < \ ':p \\
o, P
\% & B / \ /
\ / \ S * /
. @ S . & r 4



Note: Acceptable answers to some of these questions might be
“both” or “neither one.”

a. Which container has the greatest density of gas?

b. Which container has molecules that are moving at a faster
average molecular speed?

¢. Which container has more molecules?

d. If the valve is opened, will the pressure in each of the con-
tainers change? If it does, how will it change (increase, de-
crease, or no change)?

e. 2.0 mol of Ar is added to the system with the valve open.
What fraction of the total pressure will be due to the H,?

5.34 Two identical He-filled balloons, each with a volume of
20 L, are allowed to rise into the atmosphere. One rises to an al-
titude of 3000 m while the other rises to 6000 m.

a. Assuming that the balloons are at the same temperature,

which balloon has the greater volume?

Practice Problems

Note: In these problems, the final zeros given in temperatures and
pressures (for example, 20°C, 760 mmHg) are significant figures.

Units of Pressure

5.37 A gas in a closed-tube manometer (Figure 5.4) has a meas-
ured pressure of 0.047 atm. Calculate the pressure in mmHg.

5.38 The barometric pressure measured outside an airplane at
9 km (30,000 ft) was 259 mmHg. Calculate the pressure in kPa.

Empirical Gas Laws

5.39 Suppose you had a 3.15-L sample of neon gas at 21°C and
a pressure of 0.951 atm. What would be the volume of this gas if
the pressure were increased to 1.292 atm while the temperature
remained constant?

5.40 You fill a balloon with helium gas to a volume of 2.68 L at
23°C and 789 mmHg. Now you release the balloon. What would
be the volume of helium if its pressure changed to 632 mmHg
but the temperature were unchanged?

5.41 You have a cylinder of argon gas at 19.8 atm pressure at
19°C. The volume of argon in the cylinder is 50.0 L. What would
be the volume of this gas if you allowed it to expand to the pres-
sure of the surrounding air (0.974 atm)? Assume the temperature
remains constant.

5.42 A diving bell is a container open at the bottom. As the bell
descends, the water level inside changes so that the pressure inside
equals the pressure outside. Initially, the volume of air is 8.58 m?
at 1.020 atm and 20°C. What is the volume at 1.212 atm and 20°C?

5.43 A McLeod gauge measures low gas pressures by com-
pressing a known volume of the gas at constant temperature. If
315 cm® of gas is compressed to a volume of 0.0457 cm® under
a pressure of 2.51 kPa, what was the original gas pressure?

5.44 If 456 dm® of krypton at 101 kPa and 21°C is compressed
into a 27.0-dm’ tank at the same temperature, what is the pres-
sure of krypton in the tank?

5.45 A sample of nitrogen gas at 18°C and 760 mmHg has a vol-
ume of 3.92 mL. What is the volume at 0°C and 1 atm of pressure?
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b. What information would you need in order to calculate the
volume of each of the balloons at their respective heights?
5.35 You have a balloon that contains O,. What could you do to
the balloon in order to double the volume? Be specific in your
answers; for example, you could increase the number of moles
of O, by a factor of 2.
5.36 Three 25.0-L flasks are placed next to each other on a
shelf in a chemistry stockroom. The first flask contains He at a
pressure of 1.0 atm, the second contains Xe at 1.50 atm, and the
third contains F, and has a label that says 2.0 mol F,. Consider
the following questions about these flasks.
a. Which flask has the greatest number of moles of gas?
b. If you wanted each of the flasks to be at the same pressure
as the He flask, what general things could you do to the
other two containers to make this happen?

5.46 A mole of gas at 0°C and 760 mmHg occupies 22.41 L.
What is the volume at 20°C and 760 mmHg?

5.47 Helium gas, He, at 22°C and 1.00 atm occupied a vessel
whose volume was 2.54 L. What volume would this gas occupy
if it were cooled to liquid-nitrogen temperature (—197°C)?

5.48 An experiment called for 4.83 L of sulfur dioxide, SO,, at

0°C and 1.00 atm. What would be the volume of this gas at 25°C
and 1.00 atm?

549 A vessel containing 39.5 cm® of helium gas at 25°C and
106 kPa was inverted and placed in cold ethanol. As the gas con-
tracted, ethanol was forced into the vessel to maintain the same
pressure of helium. If this required 7.7 cm® of ethanol, what was
the final temperature of the helium?

550 A sample of 62.3 cm® of argon gas at 18°C was contained at
a pressure of 155 kPa in a J-shaped tube with mercury, as in Figure
5.5. Later the temperature changed. When the mercury level was
adjusted to give the same pressure of argon, the gas volume
changed to 61.2 cm®. What was the final temperature of the argon?

5.51 A bacterial culture isolated from sewage produced 35.5
mL of methane, CHy, at 31°C and 753 mmHg. What is the vol-
ume of this methane at standard temperature and pressure (0°C,
760 mmHg)?

5.52 Pantothenic acid is a B vitamin. Using the Dumas method,
you find that a sample weighing 71.6 mg gives 3.84 mL of nitro-
gen gas at 23°C and 785 mmHg. What is the volume of nitrogen
at STP?

5.53 In the presence of a platinum catalyst, ammonia, NHjs,
burns in oxygen, O,, to give nitric oxide, NO, and water vapor.
How many volumes of nitric oxide are obtained from one vol-
ume of ammonia, assuming each gas is at the same temperature
and pressure?

5.54 Methanol, CH;0H, can be produced in industrial plants
by reacting carbon dioxide with hydrogen in the presence of a
catalyst. Water is the other product. How many volumes of hy-
drogen are required for each volume of carbon dioxide when
each gas is at the same temperature and pressure?



218 5 The Gaseous State

Ideal Gas Law

5.55 Starting from the ideal gas law, prove that the volume of a
mole of gas is inversely proportional to the pressure at constant
temperature (Boyle’s law).

5.56 Starting from the ideal gas law, prove that the volume of a
mole of gas is directly proportional to the absolute temperature
at constant pressure (Charles’s law).

5.57 A cylinder of oxygen gas contains 91.3 g O,. If the vol-
ume of the cylinder is 8.58 L, what is the pressure of the O, if the
gas temperature is 21°C?

5.58 In an experiment, you fill a heavy-walled 5.00-L flask
with methane gas, CH,. If the flask contains 7.13 g of methane at
19°C, what is the gas pressure?

5.59 An experiment calls for 3.50 mol of chlorine, Cl,. What
volume will this be if the gas volume is measured at 34°C and
4.00 atm?

5.60 According to your calculations, a reaction should yield
5.67 g of oxygen, O,. What do you expect the volume to be at
23°C and 0.985 atm?

5.61 The maximum safe pressure that a certain 4.00-L vessel
can hold is 3.50 atm. If the vessel contains 0.410 mol of gas,
what is the maximum temperature (in degrees Celsius) to which
this vessel can be subjected?

5.62 A 2.50-L flask was used to collect a 5.65-g sample of
propane gas, CsHg. After the sample was collected, the gas pres-
sure was found to be 741 mmHg. What was the temperature of
the propane in the flask?

5.63 What is the density of ammonia gas, NH3, at 31°C and
751 mmHg? Obtain the density in grams per liter.

5.64 Calculate the density of hydrogen sulfide gas, H,S, at
56°C and 967 mmHg. Obtain the density in grams per liter.

5.65 Butane, C4H;, is an easily liquefied gaseous fuel. Calcu-
late the density of butane gas at 0.897 atm and 24°C. Give the an-
swer in grams per liter.

5.66 Chloroform, CHCl;, is a volatile (easily vaporized) liquid
solvent. Calculate the density of chloroform vapor at 98°C and
797 mmHg. Give the answer in grams per liter.

5.67 A chemist vaporized a liquid compound and determined
its density. If the density of the vapor at 90°C and 753 mmHg is
1.585 g/L, what is the molecular mass of the compound?

5.68 You vaporize a liquid substance at 100°C and 755 mmHg.
The volume of 0.548 g of vapor is 237 mL. What is the molecu-
lar mass of the substance?

5.69 A 2.56-g sample of a colorless liquid was vaporized in a
250-mL flask at 121°C and 786 mmHg. What is the molecular
mass of this substance?

5.70 A 2.30-g sample of white solid was vaporized in a 345-
mL vessel. If the vapor has a pressure of 985 mmHg at 148°C,
what is the molecular mass of the solid?

5.71  Ammonium chloride, NH4Cl, is a white solid. When
heated to 325°C, it gives a vapor that is a mixture of ammonia
and hydrogen chloride.

NH,4CI(s) — NHj3(g) + HCl(g)

Suppose someone contends that the vapor consists of NH4CI
molecules rather than a mixture of NH; and HCI. Could you de-
cide between these alternative views on the basis of gas-density
measurements? Explain.

5.72 Phosphorus pentachloride, PCls, is a white solid that
sublimes (vaporizes without melting) at about 100°C. At higher
temperatures, the PCls vapor decomposes to give phosphorus
trichloride, PCl5, and chlorine, Cl,.

PCls(g) — PCls(g) + Cly(g)

How could gas-density measurements help to establish that PCls
vapor is decomposing?

Stoichiometry with Gas Volumes

5.73 Calcium carbide reacts with water to produce acetylene
gas, C,H,.

CaCs(s) + 2H,0(l) —— Ca(OH),(ag) + C,H,(g)
Calculate the volume (in liters) of acetylene produced at 26°C
and 684 mmHg from 0.050 mol CaC, and excess H,O.

5.74 Magnesium metal reacts with hydrochloric acid to pro-
duce hydrogen gas, H,.

Mg(s) + 2HCl(ag) — MgCly(aq) + Ha(g)
Calculate the volume (in liters) of hydrogen produced at 33°C
and 665 mmHg from 0.0840 mol Mg and excess HCL

5.75 Lithium hydroxide, LiOH, is used in spacecraft to recon-
dition the air by absorbing the carbon dioxide exhaled by astro-
nauts. The reaction is

2LiOH(s) + CO,(g) — Li,CO5(s) + H,O(1)
What volume of carbon dioxide gas at 218C and 781 mmHg
could be absorbed by 327 g of lithium hydroxide?

5.76 Magnesium burns in air to produce magnesium oxide,
MgO, and magnesium nitride, Mgz;N,. Magnesium nitride reacts
with water to give ammonia.

MgsN,(s) + 6H,O(I) —— 3Mg(OH),(s) + 2NH;(g)

What volume of ammonia gas at 24°C and 753 mmHg will be
produced from 4.56 g of magnesium nitride?

5.77 Urea, NH,CONHo,, is a nitrogen fertilizer that is manufac-
tured from ammonia and carbon dioxide.

What volume of ammonia at 25°C and 3.00 atm is needed to pro-
duce 908 g (2 1b) of urea?

5.78 Nitric acid is produced from nitric oxide, NO, which in
turn is prepared from ammonia by the Ostwald process:

4NH;(g) + 505(g) — 4NO(g) + 6H>0(g)

What volume of oxygen at 35°C and 2.15 atm is needed to pro-
duce 50.0 g of nitric oxide?

5.79 Ammonium sulfate is used as a nitrogen and sulfur fertil-
izer. It is produced by reacting ammonia with sulfuric acid.
Write the balanced equation for the reaction of gaseous ammo-
nia with sulfuric acid solution. What volume (in liters) of ammo-
nia at 15°C and 1.15 atm is required to produce 150.0 g of
ammonium sulfate?



5.80 Sodium hydrogen carbonate is also known as baking soda.
When this compound is heated, it decomposes to sodium car-
bonate, carbon dioxide, and water vapor. Write the balanced
equation for this reaction. What volume (in liters) of carbon
dioxide gas at 77°C and 756 mmHg will be produced from
26.8 g of sodium hydrogen carbonate?

Gas Mixtures

5.81 Calculate the total pressure (in atm) of a mixture of
0.0200 mol of helium, He, and 0.0100 mol of hydrogen, H,, in
a 2.50-L flask at 10°C. Assume ideal gas behavior.

5.82 Calculate the total pressure (in atm) of a mixture of
0.0300 mol of helium, He, and 0.0200 mol of oxygen, O,, in a
4.00-L flask at 20°C. Assume ideal gas behavior.

5.83 A 200.0-mL flask contains 1.03 mg O, and 0.56 mg He at
15°C. Calculate the partial pressures of oxygen and of helium in
the flask. What is the total pressure?

5.84 The atmosphere in a sealed diving bell contained oxygen
and helium. If the gas mixture has 0.200 atm of oxygen and a to-
tal pressure of 3.00 atm, calculate the mass of helium in 10.0 L
of the gas mixture at 20°C.

5.85 The gas from a certain volcano had the following compo-
sition in mole percent (that is, mole fraction X 100): 65.0% CO,,
25.0% H,, 5.4% HCl, 2.8% HF, 1.7% SO,, and 0.1% H,S. What
would be the partial pressure of each of these gases if the total
pressure of volcanic gas were 760 mmHg?

5.86 In a series of experiments, the U.S. Navy developed an un-
dersea habitat. In one experiment, the mole percent composition
of the atmosphere in the undersea habitat was 79.0% He, 17.0%
N, and 4.0% O,. What will the partial pressure of each gas be
when the habitat is 58.8 m below sea level, where the pressure is
6.91 atm?

5.87 Formic acid, HCHO,, is a convenient source of small
quantities of carbon monoxide. When warmed with sulfuric
acid, formic acid decomposes to give CO gas.

HCHO,(I) — H,0(/) + CO(g)
If 3.85 L of carbon monoxide was collected over water at 25°C and
689 mmHg, how many grams of formic acid were consumed?

5.88 An aqueous solution of ammonium nitrite, NHy;NO,, de-
composes when heated to give off nitrogen, N,.

NH4NO,(s) — 2H,0(g) + Na(g)

This reaction may be used to prepare pure nitrogen. How many
grams of ammonium nitrite must have reacted if 3.75 dm® of ni-
trogen gas was collected over water at 26°C and 97.8 kPa?

Molecular Speeds; Effusion

5.89 Calculate the rms speeds of N, molecules at 25°C and at
125°C. Sketch approximate curves of the molecular speed distri-
butions of N, at 25°C and at 125°C.

5.90 Calculate the rms speed of Br, molecules at 23°C and
1.00 atm. What is the rms speed of Br, at 23°C and 1.50 atm?

5.91 Uranium hexafluoride, UFg, is a white solid that sublimes
(vaporizes without melting) at 57°C under normal atmospheric
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pressure. The compound is used to separate uranium isotopes by
effusion. What is the rms speed (in m/s) of a uranium hexafluo-
ride molecule at 57°C?

5.92 For a spacecraft or a molecule to leave the moon, it must
reach the escape velocity (speed) of the moon, which is 2.37 km/s.
The average daytime temperature of the moon’s surface is 365 K.
What is the rms speed (in m/s) of a hydrogen molecule at this tem-
perature? How does this compare with the escape velocity?

5.93 At what temperature would CO, molecules have an rms
speed equal to that of H, molecules at 25°C?

5.94 At what temperature does the rms speed of O, molecules
equal 400. m/s?

5.95 What is the ratio of rates of effusion of N, and O, under
the same conditions?

5.96 Obtain the ratio of rates of effusion of H, and H,Se under
the same conditions.

5.97 If 0.10 mol of I, vapor can effuse from an opening in a
heated vessel in 39 s, how long will it take 0.10 mol H; to effuse
under the same conditions?

5.98 If it takes 10.6 hours for 1.00 L of nitrogen, N5, to effuse
through the pores in a balloon, how long would it take for 1.00 L
of helium, He, to effuse under the same conditions?

5.99 If 4.83 mL of an unknown gas effuses through a hole in a
plate in the same time it takes 9.23 mL of argon, Ar, to effuse
through the same hole under the same conditions, what is the
molecular mass of the unknown gas?

5.100 A given volume of nitrogen, N,, required 68.3 s to effuse
from a hole in a chamber. Under the same conditions, another
gas required 85.6 s for the same volume to effuse. What is the
molecular mass this gas?

van der Waals Equation

5.101 Calculate the pressure of ethanol vapor, C,HsOH(g), at
82.0°C if 1.000 mol C,HsOH(g) occupies 30.00 L. Use the van
der Waals equation (see Table 5.7 for data). Compare with the
result from the ideal gas law.

5.102 Calculate the pressure of water vapor at 120.0°C if
1.000 mol of water vapor occupies 32.50 L. Use the van der
Waals equation (see Table 5.7 for data). Compare with the result
from the ideal gas law.

5.103 Calculate the molar volume of ethane at 1.00 atm and 0°C
and at 10.0 atm and 0°C, using the van der Waals equation. The
van der Waals constants are given in Table 5.7. To simplify, note
that the term n”a/V? is small compared with P. Hence, it may be
approximated with negligible error by substituting nR7/P from
the ideal gas law for V in this term. Then the van der Waals equa-
tion can be solved for the volume. Compare the results with the
values predicted by the ideal gas law.

5.104 Calculate the molar volume of oxygen at 1.00 atm and
0°C and at 10.0 atm and 0°C, using the van der Waals equation.
The van der Waals constants are given in Table 5.7. (See the note
on solving the equation given in Problem 5.103.) Compare the
results with the values predicted by the ideal gas law. Also com-
pare with the values obtained from Table 5.3.
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General Problems

5105 A glass tumbler containing 243 cm® of air at 1.00 X 10>
kPa (the barometric pressure) and 20°C is turned upside down
and immersed in a body of water to a depth of 20.5 m. The air in
the glass is compressed by the weight of water above it. Calcu-
late the volume of air in the glass, assuming the temperature and
barometric pressure have not changed.

5.106 The density of air at 20°C and 1.00 atm is 1.205 g/L. If
this air were compressed at the same temperature to equal the
pressure at 40.0 m below sea level, what would be its density?
Assume the barometric pressure is constant at 1.00 atm. The
density of seawater is 1.025 g/cm®.

The Gaseous State

5.107 A flask contains 201 mL of argon at 21°C and 738 mmHg.
What is the volume of gas, corrected to STP?

5.108 A steel bottle contains 12.0 L of a gas at 11.0 atm and
20°C. What is the volume of gas at STP?

5109 A balloon containing 5.0 dm® of gas at 14°C and 100.0
kPa rises to an altitude of 2000. m, where the temperature is
20°C. The pressure of gas in the balloon is now 79.0 kPa. What
is the volume of gas in the balloon?

5.110 A volume of air is taken from the earth’s surface, at 15°C
and 1.00 atm, to the stratosphere, where the temperature is
—21°C and the pressure is 1.00 X 10> atm. By what factor is
the volume increased?

5.111 A radioactive metal atom decays (goes to another kind of
atom) by emitting an alpha particle (He?" ion). The alpha parti-
cles are collected as helium gas. A sample of helium with a vol-
ume of 12.05 mL was obtained at 765 mmHg and 23°C. How
many atoms decayed during the period of the experiment?

5.112 The combustion method used to analyze for carbon and
hydrogen can be adapted to give percentage N by collecting the
nitrogen from combustion of the compound as N,. A sample of
a compound weighing 8.75 mg gave 1.59 mL N, at 25°C and
749 mmHg. What is the percentage N in the compound?

5.113  Dry air at STP has a density of 1.2929 g/L. Calculate the
average molecular weight of air from the density.

5.114 A hydrocarbon gas has a density of 1.22 g/L at 20°C and
1.00 atm. An analysis gives 80.0% C and 20.0% H. What is the
molecular formula?

5115 A person exhales about 5.8 X 10> L of carbon dioxide per
day (at STP). The carbon dioxide exhaled by an astronaut is ab-
sorbed from the air of a space capsule by reaction with lithium
hydroxide, LiOH.

2LiOH(s) + CO,(g) — Li,CO5(s) + H,O(1)
How many grams of lithium hydroxide are required per astro-
naut per day?

5.116 Pyruvic acid, HC5;H303, is involved in cell metabolism. It
can be assayed for (that is, the amount of it determined) by using
a yeast enzyme. The enzyme makes the following reaction go to
completion:

HC;H305(ag) — C,H4O(aq) + CO4(g)

If a sample containing pyruvic acid gives 21.2 mL of carbon
dioxide gas, CO,, at 349 mmHg and 30°C, how many grams of
pyruvic acid are there in the sample?

5.117 Liquid oxygen was first prepared by heating potassium
chlorate, KCIO3, in a closed vessel to obtain oxygen at high
pressure. The oxygen was cooled until it liquefied.

2KClO5(s) — 2KCI(s) + 30,(g)

If 170. g of potassium chlorate reacts in a 2.50-L vessel, which
was initially evacuated, what pressure of oxygen will be attained
when the temperature is finally cooled to 25°C? Use the preced-
ing chemical equation and ignore the volume of solid product.

5.118 Raoul Pictet, the Swiss physicist who first liquefied oxy-
gen, attempted to liquefy hydrogen. He heated potassium for-
mate, KCHO,, with KOH in a closed 2.50-L vessel.

KCHO,(s) + KOH(s) — K,CO;(s) + Ha(g)
If 50.0 g of potassium formate reacts in a 2.50-L vessel, which was
initially evacuated, what pressure of hydrogen will be attained

when the temperature is finally cooled to 25°C? Use the preceding
chemical equation and ignore the volume of solid product.

5.119 A 24.9-mL volume of hydrochloric acid reacts com-
pletely with 55.0 mL of aqueous Na,COj3. The reaction is
2HCl(ag) + Na,COs(aq) — CO,(g) + H,O() + 2NaCl(aq)
The volume of CO, formed is 141 mL at 27°C and 727 mmHg.
What is the molarity of the HCI solution?
5120 An 18.6-mL volume of hydrochloric acid reacts com-
pletely with a solid sample of MgCOs5. The reaction is
2HCl(ag) + MgCO;(s) — COs(g) + H,O() + MgCl,(aq)
The volume of CO, formed is 159 mL at 23°C and 731 mmHg.
What is the molarity of the HCI solution?

5.121 A 41.41-mL sample of a 0.1250 M acid reacts with an ex-
cess of Na,COj; to form 150.0 mL CO, at 646 mmHg and 27°C.
If the acid is either HCI or H,SO,, which is it?

5.122 A 48.90-mL sample of a 0.2040 M acid reacts with an ex-
cess of Na,COj; to form 125.0 mL CO, at 722 mmHg and 17°C.
If the acid is either HCI or H,SO,, which is it?

5.123 If the rms speed of NH3 molecules is found to be 0.605
km/s, what is the temperature (in degrees Celsius)?

5.124 If the rms speed of He atoms in the exosphere (highest re-
gion of the atmosphere) is 3.53 X 10 m/s, what is the tempera-
ture (in kelvins)?

5125 Calculate the ratio of rates of effusion of ***UF, and
238UFG, where 2*°U and 2**U are isotopes of uranium. The
atomic masses are >>°U, 235.04 amu; 2*%U, 238.05 amu; '°F (the
only naturally occurring isotope), 18.998 amu. Carry five signif-
icant figures in the calculation.

5126 Hydrogen has two stable isotopes, '"H and *H, with
atomic masses of 1.0078 amu and 2.0141 amu, respectively. Or-
dinary hydrogen gas, H,, is a mixture consisting mostly of 'H,
and "H?H. Calculate the ratio of rates of effusion of 'H, and
"HH under the same conditions.



5.127 A 1.000-g sample of an unknown gas at 0°C gives the fol-
lowing data:

P (atm) V(L)

0.2500 3.1908
0.5000 1.5928
0.7500 1.0601
1.0000 0.7930

Use these data to calculate the value of the molar mass at each of
the given pressures from the ideal gas law (we will call this the
“apparent molar mass” at this pressure). Plot the apparent molar
masses against pressure and extrapolate to find the molar mass at
zero pressure. Because the ideal gas law is most accurate at low
pressures, this extrapolation will give an accurate value for the
molar mass. What is the accurate molar mass?

5.128 Plot the data given in Table 5.3 for oxygen at 0°C to ob-
tain an accurate molar mass for O,. To do this, calculate a value
of the molar mass at each of the given pressures from the ideal
gas law (we will call this the “apparent molar mass” at this pres-
sure). On a graph show the apparent molar mass versus the
pressure and extrapolate to find the molar mass at zero pressure.
Because the ideal gas law is most accurate at low pressures, this
extrapolation will give an accurate value for the molar mass.
What is the accurate molar mass?

5.129 Carbon monoxide, CO, and oxygen, O,, react accord-
ing to

2CO(g) + O,(g) — 2COx(g)

Strategy Problems

5.135 A 24.6-mL volume of a hydrochloric acid solution reacts
completely with a solid sample of magnesium carbonate, pro-
ducing 183 mL of CO, that is collected over water at 24.0°C and
738 torr total pressure. The reaction is

2HCl(ag) + MgCO;(s) — CO,(g) + H,O()) + MgCl,(aq)
What is the molarity of the HCI solution?

5.136 The graph below represents the distribution of molecular
speeds of hydrogen and neon at 200 K.

Relative number of molecules

0 500 1000 1500 2000 2500 3000
Molecular speed (m/s)
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Assuming that the reaction takes place and goes to completion,
determine what substances remain and what their partial pres-
sures are after the valve is opened in the apparatus represented in
the accompanying figure. Also assume that the temperature is
fixed at 300 K.

Closed

_ Open .
/ valve \ valve /

. CO®®) 0,(9) —*|
1.00 L at :
2.00L at 1.00 atm
0.500 atm

5.130 Suppose the apparatus shown in the figure accompanying
Problem 5.129 contains H, at 0.500 atm in the left vessel sepa-
rated from O, at 1.00 atm in the other vessel. The valve is then
opened. If H, and O, react to give H,O when the temperature is
fixed at 300 K, what substances remain and what are their partial
pressures after reaction?

5.131 How does nitrogen monoxide, NO, function in the body
to regulate blood pressure?

5.132 How does nitroglycerine alleviate the pain of an angina
attack?

5.133 What famous chemist first predicted the greenhouse
effect of carbon dioxide gas?

5.134 Explain the greenhouse effect.

a. Match each curve to the appropriate gas.
b. Calculate the rms speed (in m/s) for each of the gases at
200 K.
¢. Which of the gases would you expect to have the greater
effusion rate at 200 K? Justify your answer.
d. Calculate the temperature at which the rms speed of the hy-
drogen gas would equal the rms speed of the neon at 200 K.
5.137 A submersible balloon is sent to the bottom of the ocean.
On shore, the balloon had a capacity of 162 L when it was filled
at 21.0°C and standard pressure. When it reaches the ocean floor,
which is at 5.92°C, the balloon occupies 18.8 L of space. What is
the pressure on the ocean floor?
5.138 A given mass of gas occupies a volume of 435 mL at
25°C and 740 mmHg. What will be the new volume at STP?
5.139 A container is filled with 16.0 g of O, and 14.0 g of N,.
a. What is the volume of the container at STP?
b. What is the partial pressure of the O, gas?
¢. What are the mole fraction and the mole percent of the N,
in the mixture.
5.140 Sulfur-containing compounds give skunks their potent
smell. One of the principal smelly compounds in skunk spray is
(E)-2-butene-1-thiol, C4;H,S.
a. What is the root-mean-square (rms) molecular speed of a
gas molecule of this compound at 25°C?
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b. Using the value from part a, calculate how long it would
take a molecule of C4H;S to reach your nose if you were
150 m from the skunk.
¢. Does the calculation that you performed in part b provide
an accurate estimate for the length of time it would take for
the molecule to travel 150 m, or is there something that was
overlooked in performing the calculation?
5.141 Sulfur hexafluoride, SFg, is an extremely dense gas. How
does its density compare with the density of air? Use a molar
mass for air of 29.0 g/mol.
5.142 A rigid 1.0-L container at 75°C is fitted with a gas pres-
sure gauge. A 1.0-mol sample of ideal gas is introduced into the
container.
a. What would the pressure gauge in the container be reading
in mmHg?
b. Describe the interactions in the container that are causing
the pressure.
¢. Say the temperature in the container were increased to
150°C. Describe the effect this would have on the pressure,
and, in terms of kinetic theory, explain why this change
occurred.
5.143 The reaction 8H,(g) + Sg(l) — 8H,S(g) is run at 125°C
and a constant pressure of 12.0 atm. Assuming complete reaction,

Cumulative-Skills Problems

5.145 A sample of natural gas is 85.2% methane, CH,4, and
14.8% ethane, C,Hg, by mass. What is density of this mixture at
18°C and 771 mmHg?

5.146 A sample of a breathing mixture for divers contained
34.3% helium, He; 51.7% nitrogen, N,; and 14.0% oxygen,
O, (by mass). What is the density of this mixture at 22°C and
755 mmHg?

5.147 A sample of sodium peroxide, Na,O,, was reacted with
an excess of water.

2Na,04(s) + 2H,0(/) — 4NaOH(aq) + O,(g)

All of the sodium peroxide reacted, and the oxygen was col-
lected over water at 21°C. The barometric pressure was 771
mmHg. The apparatus was similar to that shown in Figure 5.20.
However, the level of water inside the tube was 25.0 cm above
the level of water outside the tube. If the volume of gas in the
tube is 31.0 mL, how many grams of sodium peroxide were in
the sample?

5.148 A sample of zinc metal was reacted with an excess of
hydrochloric acid.

Zn(s) + 2HCl(aq) — ZnCly(ag) + Hy(g)

All of the zinc reacted, and the hydrogen gas was collected over
water at 17°C; the barometric pressure was 751 mmHg. The ap-
paratus was similar to that shown in Figure 5.20, but the level of
water inside the tube was 31.0 cm above the level outside the
tube. If the volume of gas in the tube is 22.1 mL, how many
grams of zinc were there in the sample?

5.149 A mixture contained calcium carbonate, CaCO;, and
magnesium carbonate, MgCO;. A sample of this mixture

what mass of Sg would be required to produce 6.00 X
10 mL of H,S gas under these conditions?
5.144 Shown below are three containers of an ideal gas (A, B,
and C), each equipped with a movable piston (assume that
atmospheric pressure is 1.0 atm).
a. How do the pressures in these containers compare?
b. Are all the gases at the same temperature? If not, compare
the temperatures.
¢. If you cooled each of the containers in an ice-water bath to
0.0°C, describe how the volumes and pressures of the gases
in these containers would compare.

weighing 7.85 g was reacted with excess hydrochloric acid. The
reactions are

CaCOs;(g) + 2HCl(aq) — CaCly(ag) + H,O(l) + COx(g)
MgCOs(s) + 2HCl(ag) — MgCl,(aq) + H,O(l) + CO,(g)
If the sample reacted completely and produced 1.94 L of carbon

dioxide, CO,, at 25°C and 785 mmHg, what were the percent-
ages of CaCO; and MgCOs; in the mixture?

5.150 A mixture contained zinc sulfide, ZnS, and lead sulfide,
PbS. A sample of the mixture weighing 6.12 g was reacted with
an excess of hydrochloric acid. The reactions are

ZnS(s) + 2HCl(ag) — ZnCl,(aq) + H,S(g)

PbS(s) + 2HCl(ag) — PbCl,(aq) + H,S(g)

If the sample reacted completely and produced 1.049 L of
hydrogen sulfide, H,S, at 23°C and 745 mmHg, what were the
percentages of ZnS and PbS in the mixture?

5.151 A mixture of N, and Ne contains equal moles of each gas
and has a total mass of 10.0 g. What is the density of this gas
mixture at 500 K and 15.00 atm? Assume ideal gas behavior.

5.152 A mixture of Ne and Ar gases at 350 K contains twice as
many moles of Ne as of Ar and has a total mass of 50.0 g. If the den-
sity of the mixture is 4.00 g/L, what is the partial pressure of Ne?

5.153 An ideal gas with a density of 3.00 g/L has a pressure of
675 mmHg at 25°C. What is the root-mean-square speed of the
molecules of this gas?

5.154 The root-mean-square speed of the molecules of an ideal
gas at 25°C and a pressure of 2.50 atm is 5.00 X 10? m/s. What
is the density of this gas?
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early all chemical reactions involve either the release or the

absorption of heat, a form of energy. The burning of coal and

gasoline are dramatic examples of chemical reactions in
which a great deal of heat is released. Such reactions are important
sources of warmth and energy. Chemical reactions that absorb heat
are usually less dramatic. The reaction of barium hydroxide with an
ammonium salt is an exception. If crystals of barium hydroxide
octahydrate, Ba(OH),-8H,0, are mixed with crystals of ammonium
nitrate, NH4NOs, in a flask, the solids form first a slush, then a liquid.
Because the reaction mixture absorbs heat from the surroundings, the
flask feels cool. It soon becomes so cold that if it is set in a puddle of
water on a board, the water freezes; the board can then be inverted
with the flask frozen to it (Figure 6.1).

In this chapter, we will be concerned with the quantity of heat
released or absorbed in a chemical reaction. We will address several
questions: How do you measure the quantity of heat released or
absorbed by a chemical reaction? To what extent can you relate the
quantity of heat involved in a given reaction

See pages 252-253 for  to the quantities of heat in other reactions?
the Media Summary. And how can you use this information?

FIGURE 6.1

A reaction that absorbs heat

Two crystalline substances, barium hydroxide
octahydrate and an ammonium salt, are mixed
thoroughly in a flask. Then the flask, which feels
quite cold to the touch, is set in a puddle of water
on a board. In a couple of minutes, the flask and
board are frozen solidly together. The board can
then be inverted with the flask frozen to it.

Understanding Heats of Reaction

These questions concern chemical
equilibrium and will be discussed in
Chapter 18.

Thermodynamics is the science of the relationships between heat and other forms of
energy. Thermochemistry is one area of thermodynamics. It concerns the study of the
quantity of heat absorbed or evolved (given off) by chemical reactions. An example
of a heat-evolving reaction is the burning of fuel. There may be practical reasons why
you want to know the quantity of heat evolved during the burning of a fuel: you could
calculate the cost of the fuel per unit of heat energy produced; you could calculate
the quantity of heat obtained per unit mass of rocket fuel; and so forth. But there are
also theoretical reasons for wanting to know the quantity of heat involved in a reac-
tion. For example, knowing such values, you are able to calculate the amount of
energy needed to break a particular kind of chemical bond and so learn something
about the strength of that bond. Heat measurements also provide data needed to deter-
mine whether a particular chemical reaction occurs and, if so, to what extent. <

We have just used the terms energy and heat, assuming you have some idea of
what they mean. But to proceed, you will need precise definitions of these and other
terms. In the following section, we will define energy and its different forms and intro-
duce units of energy.
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FIGURE 6.2

Conversion of light energy to kinetic energy
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Energy and Its Units

We can define energy briefly as the potential or capacity to move matter. According
to this definition, energy is not a material thing but rather a property of matter. Energy
exists in different forms that can be interconverted. You can see the relationship of a
given form of energy to the motion of matter by following its interconversions into
different forms.

Consider the interconversions of energy in a steam-driven electrical generator. A
fuel is burned to heat water and generate steam. The steam expands against a piston
(or turbine), which is connected to a drive shaft that turns an electrical coil in a mag-
netic field. Electricity is generated in the coil. The fuel contains chemical energy,
which is converted to heat. Part of the heat is then converted to motion of the drive
shaft, and this motion is converted to electrical energy. The electri-
cal energy could be used to run a motor, transforming the electrical
energy back to the energy of motion. Or you could send the elec-
tricity into a lightbulb, converting electrical energy to heat energy
and light energy. Photovoltaic cells can convert light back to elec-
tricity, which could be used to run a motor that can move matter
(Figure 6.2). These examples show that energy can exist in differ-
ent forms, including heat, light, and electrical energy, and these dif-
ferent forms can be interconverted. You also see their relationship
to the energy of motion.

In this chapter, we will be especially concerned with the energy
of substances, or chemical energy, and its transformation during
chemical reaction into heat energy. To prepare for this, we will first
explore the quantitative meaning of the energy of motion (kinetic
energy). Then we will look at the concepts of potential energy and of
the internal energy of substances, which is defined in terms of the

Solar-powered vehicles use panels of photovoltaic cells. kinetic and potential energies of the particles making up the substance.

In the previous chapter, we used
the symbol u for average molecular
speed. Here v is the speed of an
individual object or particle.

Kinetic Energy; Units of Energy

Kinetic energy is the energy associated with an object by virtue of its motion. An
object of mass m and speed or velocity v has kinetic energy E; equal to

2
E, = tmo

This formula shows that the kinetic energy of an object depends on both its mass and
its speed. A heavy object can move more slowly than a light object and still have the
same kinetic energy. <

Consider the kinetic energy of a person whose mass is 59.0 kg and whose speed
is 26.8 m/s. (This is equivalent to a person with a mass of 130 b traveling in an auto-
mobile going 60 miles per hour.) You substitute the mass and speed into the formula.

E, =1 X (59.0kg) X (26.8 m/s)* = 2.12 X 10" kg:m?/s*

Note that the unit of energy comes out of the calculation. Because you substituted SI
units of mass and speed, you obtain the SI unit of energy. The SI unit of energy,
kg-m*/s*, is given the name joule (J) (pronounced “jewl”) after the English physicist
James Prescott Joule (1818-1889), who studied the energy concept. You see that a
person weighing 130 Ib and traveling 60 miles per hour has a kinetic energy equal to
2.12 X 10* J, or 21.2 kJ (21.2 kilojoules).

The joule is an extremely small unit. To appreciate its size, note that the watt
is a measure of the quantity of energy used per unit time and equals 1 joule per
second. A 100-watt bulb, for example, uses 100 joules of energy every second. A
kilowatt-hour, the unit by which electric energy is sold, equals 3600 kilowatt-seconds
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(there are 3600 seconds in 1 hour), or 3.6 million joules. A household might use
something like 1000 kilowatt-hours (3.6 billion joules) of electricity in a month.

The calorie (cal) is a non-SI unit of energy commonly used by chemists, originally
defined as the amount of energy required to raise the temperature of one gram of
water by one degree Celsius. This is only an approximate definition, however, because
we now know that the energy needed to heat water depends slightly on the tempera-
ture of the water. In 1925 the calorie was defined in terms of the joule:

lcal =4.184] (exact definition)

A person weighing 130 1b and traveling 60 miles per hour has a kinetic energy of

1 cal
212 X 10%T X — = =507 X 10° cal (5.07 keal)
41847

Example 6.1 Calculating Kinetic Energy

A good pitcher can throw a baseball so that it travels
between 60 and 90 miles per hour (although speeds in
excess of 100 miles per hour have been recorded). A reg-
ulation baseball weighing 143 g (0.143 kg) travels
75 miles per hour (33.5 m/s). What is the kinetic energy
of this baseball in joules? in calories?

Problem Strategy Kinetic energy is defined by the
formula E; = %mvz. You simply substitute into this for-

Using the conversion factor 1 cal/4.184 J we obtain

1 cal

80.24 X = 19.2 cal

Answer Check Make sure that the values for m and
v are in the same units; SI units are generally appropri-
ate. The SI unit of mass is kg, and the SI unit of speed
is m/s. The answer then comes out in SI units (joules in

this case).

P Exercise 6.1 | An electron, whose mass is 9.11

X 1073! kg, is accelerated by a positive charge to a
speed of 5.0 X 10° m/s. What is the kinetic energy of
the electron in joules? in calories?

mula, making certain that m and v are expressed in the
same system of units.

Solution Substitute into the defining equation for the
kinetic energy, using SI units.

E, =1 % 0.143 kg X (33.5m/s)*> = 80.2 ]

M See Problems 6.43, 6.44, 6.45, and 6.46.

Potential Energy

Potential energy is the energy an object has by virtue of its position in a field of
force. For example, water at the top of a dam has potential energy (in addition to
whatever kinetic energy it may possess), because the water is at a relatively high
position in the gravitational force field of the earth. You can calculate this potential
energy of the water from the formula E, = mgh. Here E, is the potential energy of
a quantity of water at the top of the dam, m is the mass of the water, g is the con-
stant acceleration of gravity, and 4 is the height of the water measured from some
standard level. The choice of this standard level is arbitrary, because only differences
of potential energy are important in any physical situation. It is convenient to choose
the standard level to be the surface of the earth. As a quantity of water falls over the
dam, its potential energy decreases from mgh at the top of the dam to zero at the
earth’s surface.
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Potential energy and kinetic energy
Water at the top of the dam has potential
energy. As the water falls over the dam,
this potential energy is converted to
kinetic energy.

6.2

6.2 Heat of Reaction 227

The potential energy of the water at the top of the dam is converted to kinetic
energy when the water falls to a lower level. As the water falls, it moves more
quickly. The potential energy decreases and the kinetic energy increases. Figure 6.3
shows the potential energy of water being converted to kinetic energy as the water
falls over a dam.

Internal Energy

Consider the total energy of a quantity of water as it moves over the dam. This water
as a whole has kinetic energy and potential energy. However, we know that water is
made up of molecules, which are made up of smaller particles, electrons and nuclei.
Each of these particles also has kinetic energy and potential energy. The sum of the
kinetic and potential energies of the particles making up a substance is referred to as
the internal energy, U, of the substance. Therefore, the total energy, E,,;, of a quan-
tity of water equals the sum of its kinetic and potential energies as a whole (£ + E,)
plus its internal energy.

E, = E+ E, +U

Normally when you study a substance in the laboratory, the substance is at rest
in a vessel. Its kinetic energy as a whole is zero. Moreover, its potential energy as a
whole is constant, and you can take it to be zero. In this case, the total energy of the
substance equals its internal energy, U.

Law of Conservation of Energy

We have discussed situations in which one form of energy can be converted into
another form of energy. For example, when water falls over a dam, potential energy
is converted into kinetic energy. Some of the kinetic energy of the water may also
be converted into random molecular motion—that is, into internal energy of the
water. The total energy, E,,, of the water, however, remains constant, equal to the
sum of the kinetic energy, E, the potential energy, E,, and the internal energy, U,
of the water.

This result can be stated more generally as the law of conservation of energy:
energy may be converted from one form to another, but the total quantity of energy
remains constant.

Concept Check 6.1

A 'solar-powered water pump has photovoltaic cells that protrude from top panels.
These cells collect energy from sunlight, storing it momentarily in a battery, which
later runs an electric motor that pumps water up to a storage tank on a hill.
‘What energy conversions are involved in using sunlight to pump water into the
storage tank?

Heat of Reaction

In the chapter opening, we mentioned chemical reactions (such as the burning of coal)
that evolve, or release, heat. We also described a reaction that absorbs heat. Both types
of reaction involve a heat of reaction. To understand this concept, you need to know
what is meant by a thermodynamic system and its surroundings and to have a precise
definition of the term heat.

Suppose that you are interested in studying the change of a thermodynamic prop-
erty (such as internal energy) during a physical or chemical change. The substance or
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lllustration of a thermodynamic system
The system consists of the portion of the
universe that we choose to study; in this
case, it is a solution of Ba(OH), and
NH,NOs. Everything else, including the
reaction vessel, constitutes the surroundings.
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A kinetic-theory explanation of heat

The vessel on the left contains oxygen mole-
cules at a higher temperature than the oxygen
molecules on the right. Molecules collide with
the vessel walls, thereby losing or gaining
energy. The faster molecules tend to slow
down, and the slower molecules tend to speed
up. The net result is that energy is transferred
through the vessel walls from the hot gas to
the cold gas. We call this energy transfer heat

mixture of substances under study in which a change occurs is called the thermody-
namic system (or simply system). The surroundings are everything in the vicinity of
the thermodynamic system (Figure 6.4).

Definition of Heat

Heat is defined as the energy that flows into or out of a system because of a differ-
ence in temperature between the thermodynamic system and its surroundings. As long
as a system and its surroundings are in thermal contact (that is, they are not thermally
insulated from one another), energy (heat) flows between them to establish tempera-
ture equality, or thermal equilibrium. Heat flows from a region of higher temperature
to one of lower temperature; once the temperatures become equal, heat flow stops.
Note that once heat flows into a system, it appears in the system as an increase in its
internal energy. You would not say that the system has heat, because heat is only an
energy flow.

We can explain this flow of energy between two regions of different temperatures
in terms of kinetic-molecular theory. Imagine two vessels in contact, each containing
oxygen gas and the one on the left being hotter (Figure 6.5). According to kinetic the-
ory, the average speed of molecules in the hotter gas is greater than that of molecules
in the colder gas. But as the molecules in their random motions collide with the ves-
sel walls, they lose energy to or gain energy from the walls. The faster molecules tend
to slow down, while the slower molecules tend to speed up. Eventually, the average
speeds of the molecules in the two vessels (and therefore the temperatures of the two
gases) become equal. The net result is that energy is transferred through the vessel
walls from the hot gas to the cold gas; that is, heat has flowed from the hotter vessel
to the cooler one.

Heat and temperature are sometimes confused. The distinction is clear in the
kinetic picture of a gas. According to kinetic theory, the absolute temperature of a
gas is directly proportional to the average kinetic energy of the molecules. When
you add heat to a gas, you increase its internal energy—and therefore its total
kinetic energy. This increase in kinetic energy will be distributed over the mole-
cules in the sample. Therefore, the increase in average kinetic energy per molecule
(and thus the increase in temperature) depends on the size of the gas sample. A
given quantity of heat will raise the temperature of a sample more if the sample
is small.

Heat is denoted by the symbol g. The algebraic sign of g is chosen to be pos-
itive if heat is absorbed by the system and negative if heat is evolved. The sign of
g can be remembered this way: when heat is absorbed by a system, energy is added
to it; ¢ is assigned a positive quantity. On the other hand, when heat is evolved by
a system, energy is subtracted from it; g is assigned a negative number.

Heat of Reaction

Consider a system in which a chemical reaction occurs. Before the reaction, the
system and surroundings are at the same temperature, say 25°C. When the reaction
starts, however, the temperature changes.

Suppose the temperature of the system falls. In that case, heat flows from the
surroundings into the system. When the reaction stops, heat continues to flow until
the system returns to the temperature of its surroundings (at 25°C). Heat has flowed
into the system; that is, the system has absorbed heat and ¢ is positive.

Suppose, on the other hand, that the temperature of the system rises. In this
case, heat flows from the system to the surroundings. When the reaction stops, heat
continues to flow until the system returns to the temperature of its surroundings (at
25°C). In this case, heat has flowed out of the system; that is, the system has evolved
heat and ¢ is negative.
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An exothermic process

Left: The test tube contains anhydrous
copper(1l) sulfate (white crystals) and

a thermometer that registers 26.1°C.

The graduated cylinder contains water.
Right: Water from the graduated cylinder
has been added to the test tube, where the
copper(ll) sulfate forms hydrated copper(il)
ion (blue color). The thermometer now
registers 90.2°C, because the hydration
process is exothermic.

eat

eat

oxide, NO.

6.2 Heat of Reaction

The heat of reaction (at a given temperature) is the value of q required to return
a system to the given temperature at the completion of the reaction.

Chemical reactions or physical changes are classified as exothermic or endother-
mic. An exothermic process is a chemical reaction or a physical change in which heat
is evolved (q is negative); see Figure 6.6. An endothermic process is a chemical
reaction or a physical change in which heat is absorbed (q is positive). Experimen-
tally, you note that in the exothermic reaction, the reaction flask initially warms; in
the endothermic reaction, the reaction flask initially cools. We can summarize as
follows:

Type of Experimental
Reaction Effect Noted Result on System  Sign of q
Endothermic Reaction vessel cools Energy added +
(heat is absorbed)
Exothermic Reaction vessel warms  Energy subtracted -

(heat is evolved)

Suppose that in an experiment 1 mol of methane burns in oxygen and evolves 890 kJ
of heat: CHy(g) + 20,(g) — COx(g) + 2H,0O(l). The reaction is exothermic. There-
fore the heat of reaction, ¢, is —890 kJ.

Or consider the reaction described in the chapter opening, in which crystals of
barium hydroxide octahydrate, Ba(OH),:8H,O, react with crystals of ammonium
nitrate, NH,;NO;.

Ba(OH),-8H,0(s) + 2NH,NO;(s) — 2NH;(g) + 10H,0(/) + Ba(NOs)s(aq)

When 1 mol Ba(OH),-8H,O0 reacts with 2 mol NH4NO;, the reaction mixture absorbs
170.8 kJ of heat. The reaction is endothermic. Therefore the heat of reaction, g, is
+170.8 kJ.

Ammonia burns in the presence of a platinum catalyst to give nitric

4NHs(g) + 50,(g) —= 4NO(g) + 6H,0(!)

In an experiment, 4 mol NHj is burned and evolves 1170 kJ of heat. Is the reaction endother-
mic or exothermic? What is the value of ¢?

B See Problems 6.47, 6.48, 6.49, and 6.50.
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6.3

FIGURE 6.7 »

An analogy to illustrate a state function
The two campsites differ by 3600 ft in
altitude. This difference in altitude is
independent of the path taken between

the campsites. The distance traveled and the
things encountered along the way, however,
do depend on the path taken. Altitude here
is analogous to a thermodynamic state
function.

Enthalpy and Enthalpy Change

The heat absorbed or evolved by a reaction depends on the conditions under which
the reaction occurs. Usually, a reaction takes place in a vessel open to the atmosphere
and therefore at the constant pressure of the atmosphere. We will assume that this is
the case and write the heat of reaction as g,,, the subscript p indicating that the process
occurs at constant pressure.

Enthalpy

There is a property of substances called enthalpy (en’-thal-py) that is related to the
heat of reaction g,,. Enthalpy (denoted H) is an extensive property of a substance that
can be used to obtain the heat absorbed or evolved in a chemical reaction. (An exten-
sive property is a property that depends on the amount of substance. Other examples
of extensive properties are mass and volume.)

Enthalpy is a state function. A state function is a property of a system that depends
only on its present state, which is determined by variables such as temperature and
pressure, and is independent of any previous history of the system. This means that a
change in enthalpy does not depend on how the change was made, but only on the
initial state and final state of the system. An analogy may clarify the point. Suppose
you are hiking in mountainous terrain. You start walking from campsite A, which is
at an altitude of 1200 ft above sea level according to your pocket altimeter, and you
take the curving, graded path upward to campsite B (Figure 6.7). Alternatively, you
could have taken a more direct, but more difficult, route to campsite B. The distances
traveled are different; the distance by the graded path is longer than by the more direct
route. However, the altitude (height above sea level) of campsite B is independent of
how you got there (independent of any history). If you find the altitude of campsite
B to be 4800 ft after arriving by the graded path, the altitude will be 4800 ft by any
other path (assuming your altimeter is accurate, of course). Moreover, the difference
in altitude of the two campsites is independent of the route you take from one to the
other. Altitude is analogous to a state function, whereas distance traveled is not.

Enthalpy of Reaction

Consider a chemical reaction system. At first, the enthalpy of the system is that of
the reactants. But as the reaction proceeds, the enthalpy changes and finally becomes




2 mol Na(s) + 2 mol H,O(/)
1 —

AH =-368.6 kJ
(368.6 kJ of heat
is released)

Enthalpy, H (kJ]) ——

Y

2 mol NaOH(ag) + 1 mol H,(g)

FIGURE 6.8

An enthalpy diagram

When 2 mol Na(s) and 2 mol H,O(/)
react to give 2 mol NaOH(ag) and 1 mol
H,(9), 368.6 kI of heat is released, and
the enthalpy of the system decreases by
368.6 k.
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equal to that of the products. The change in enthalpy for a reaction at a given tem-
perature and pressure (called the enthalpy of reaction) is obtained by subtracting the
enthalpy of the reactants from the enthalpy of the products. We will use the symbol
A (meaning “change in”) and write the change in enthalpy as AH. You apply the A
notation by taking the final value and subtracting the initial value. Thus AH = Hj,,; —
H,,isi- Since you start from reactants and end with products, the enthalpy of re-
action is

AH = H(products) — H(reactants)

Because H is a state function, the value of AH is independent of the details of the
reaction. It depends only on the initial state (the reactants) and the final state (the
products).

The key relation in this chapter is that between enthalpy change and heat of reaction:

AH =g,

The enthalpy of reaction equals the heat of reaction at constant pressure.

To illustrate the concepts we have introduced, consider the reaction at 25°C of
sodium metal and water, carried out in a beaker open to the atmosphere at 1.00 atm
pressure.

2Na(s) + 2H,O(l) — 2NaOH(aq) + Ha(g)

The metal and water react vigorously and heat evolves. Experiment shows that 2 mol
of sodium metal reacts with 2 mol of water to evolve 368.6 kJ of heat. Because heat
evolves, the reaction is exothermic, and you write g, = —368.6 kJ. Therefore, the
enthalpy of reaction, or change of enthalpy for the reaction, is AH = —368.6 kJ.
Figure 6.8 shows an enthalpy diagram for this reaction.

Enthalpy and Internal Energy

In the preceding discussion, we noted that the enthalpy change equals the heat of reac-
tion at constant pressure. This will be sufficient for the purpose of this chapter, which
is to introduce the concepts of heat of reaction and enthalpy change. Later we will
look at thermodynamics in more detail. Still, it is useful at this point to note briefly
the relationship of enthalpy to internal energy.

The enthalpy, H, is defined precisely as the internal energy, U, plus pressure, P,
times volume, V.

H=U+ PV

To obtain some understanding of this equation, consider a reaction system at constant
pressure P. We will label the initial quantities (those for reactants) with a subscript i
and the final quantities (those for products) with a subscript f. Then

Collecting the internal-energy terms and the pressure—volume terms, you can rewrite
this as

AH = (U — U) + P(V, — V) = AU + PAV
We write AU for Uy — U; and AV for V; — V; and rearrange this as follows:
AU = AH — PAV

The last term in this equation (—PAV) is the energy required by the system to change
volume against the constant pressure of the atmosphere. (The minus sign means that
energy is required to increase the volume of the system.) This required energy is called
the pressure—volume work. Thus, the equation says that the internal energy of the
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FIGURE 6.9

Pressure-volume work

In this experiment, we replace the pressure
of the atmosphere by a piston-and-weight
assembly of equal pressure. As sodium
metal reacts with water, the hydrogen gas
evolved pushes the piston and weight
upward (compare before and after). It
requires work to raise the piston and
weight upward in a gravitational field.

6.4

Weight
Heat =—-368.6 kJ

Piston

NaOH(aq)

Before After

system changes in two ways. It changes because energy leaves or enters the system
as heat (AH), and it changes because the system increases or decreases in volume
against the constant pressure of the atmosphere (which requires energy —PAV).

Consider a specific reaction. When 2 mol of sodium metal and 2 mol of water
react in a beaker, 1 mol of hydrogen gas forms and heat evolves. If you measured
this heat, you would find it to be —368.6 kJ, indicating that 368.6 kJ of energy has
left the system in the form of heat.

Because hydrogen gas forms during the reaction, the volume of the system
increases. To expand, the system must push back the atmosphere, and this requires
energy equal to the pressure—volume work. It may be easier to see this pressure—
volume work if you replace the constant pressure of the atmosphere by an equiv-
alent pressure from a piston-and-weight assembly, as in Figure 6.9. When hydrogen
gas is released during the reaction, it pushes upward on the piston and raises the
weight. It requires energy to lift a weight upward in a gravitational field. If you
calculate this pressure—volume work at 25°C and 1.00 atm pressure, you find that
itis —PAV = —2.5 kJ.

In the sodium—water reaction, the internal energy changes by —368.6 kJ because
heat evolves and changes by —2.5 kJ because pressure—volume work is done. The
total change of internal energy is

AU = AH — PAV = —368.6kJ] — 2.5k = —371.1kJ

As you can see, AU does not differ a great deal from AH. This is the case in most
reactions, so the heat of reaction at constant pressure is approximately equal to the
change of internal energy.

Thermochemical Equations

We will often find it convenient to write the enthalpy of reaction, AH, with the chem-
ical equation. A thermochemical equation is the chemical equation for a reaction
(including phase labels) in which the equation is given a molar interpretation, and
the enthalpy of reaction for these molar amounts is written directly after the equa-
tion. For the reaction of sodium and water, you would write

2Na(s) + 2H,0(l) — 2NaOH(aq) + H,(g); AH = —368.6 kJ

This equation says that 2 mol of sodium reacts with 2 mol of water to produce 2 mol
of sodium hydroxide and 1 mol of hydrogen gas, and 368.6 kJ of heat evolves.

Note that the thermochemical equation includes phase labels. This is because the
enthalpy change, AH, depends on the phase of the substances. Consider the reaction
of hydrogen and oxygen to produce water. If the product is water vapor, 2 mol of H,
burn to release 483.7 kJ of heat.

2H,(g) + Ox(g) —— 2H,0(g); AH = —483.7kJ
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On the other hand, if the product is liquid water, the heat released is 571.7 kJ.

2H + 0 — 2H,0(l); AH = —571.7kJ
It takes 44.0 kJ of heat to vaporize 28) 28) 00

1 mol of liquid water at 25°C. In this case, additional heat is released when water vapor condenses to liquid. <

Example 6.2 Writing Thermochemical Equations

Aqueous sodium hydrogen carbonate solution (baking soda solution) reacts with hydrochlo-
ric acid to produce aqueous sodium chloride, water, and carbon dioxide gas. The reaction
absorbs 12.7 kJ of heat at constant pressure for each mole of sodium hydrogen carbonate.
Write the thermochemical equation for the reaction.

Problem Strategy Remember that the thermochemical equation is the balanced equa-
tion for the reaction, given a molar interpretation, with the enthalpy of reaction written
directly after it. You need to translate the names of substances given in the problem state-
ment into their formulas and then balance the equation. (This is an acid—base reaction; refer
to Section 4.4 for a discussion.) The problem statement gives you the quantity of heat
absorbed (heat is added to the system), so the enthalpy change is a positive quantity. Note
too that this is the heat absorbed for each mole of sodium hydrogen carbonate.

Solution You first write the balanced chemical equation.
NaHCOs3(ag) + HCl(ag) — NaCl(ag) + H,O() + CO(g)

The equation is for 1 mol NaHCOj;, with the absorption of 12.7 kJ of heat. The correspond-
ing AH is +12.7 kJ. The thermochemical equation is

NaHCOs(aq) + HCl(ag) — NaCl(ag) + H,O() + CO(g); AH = +12.7kJ

Answer Check Check that the formulas of the substances in the equation are correct
and that the equation is balanced. Also check that the enthalpy of reaction has the correct

sign and that its value is for the correct amount of reactant given in the problem statement
(1 mol NaHCO5).

P Exercise 6.3 | A propellant for rockets is obtained by mixing the liquids hydrazine,
N,H,, and dinitrogen tetroxide, N>O,. These compounds react to give gaseous nitrogen, N,,
and water vapor, evolving 1049 kJ of heat at constant pressure when 1 mol N,O, reacts.
Write the thermochemical equation for this reaction.

M See Problems 6.51 and 6.52.

The following are two important rules for manipulating thermochemical equations:

1. When a thermochemical equation is multiplied by any factor, the value of
AH for the new equation is obtained by multiplying the value of AH in the
original equation by that same factor.

2. When a chemical equation is reversed, the value of AH is reversed in sign.

Consider the thermochemical equation for the synthesis of ammonia.

Na(g) + 3Hy(g) — 2NHi(g); AH = —91.8kJ
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If you use the molar interpretation
of a chemical equation, there is
nothing unreasonable about using
such coefficients as 3 and 3.

Suppose you want the thermochemical equation to show what happens when twice as
many moles of nitrogen and hydrogen react to produce ammonia. Because double the
amounts of substances are present, the enthalpy of reaction is doubled (enthalpy is an
extensive quantity). Doubling the previous equation, you obtain

2N,(g) + 6H,(g) —— 4NH;(g); AH = —184KkJ

Suppose you reverse the first equation we wrote for the synthesis of ammonia. Then
the reaction is the dissociation of 2 mol of ammonia into its elements. The thermo-
chemical equation is

2NHs(g) — Ny(g) + 3Hs(g); AH = +91.8kJ

If you want to express this in terms of 1 mol of ammonia, you simply multiply this
equation by a factor of 1. <

The next example further illustrates the use of these rules of thermochemical
equations.

Example 6.3 Manipulating Thermochemical Equations

When 2 mol H,(g) and 1 mol O,(g) react to give liquid

water, 572 kJ of heat evolves.

2H,(g) + 0,(g) — 2H,0(0);

Reversing the equation, you get

H,0() — H,(g) + 30,(2); AH = +286 kJ

AH = —572K]
Answer Check If you multiply an equation by a fac-

Write this equation for 1 mol of liquid water. Give the
reverse equation, in which 1 mol of liquid water disso-
ciates into hydrogen and oxygen.

Problem Strategy Recall the rules for manipulating
thermochemical equations. When you multiply an equa-
tion by a factor, you also multiply AH by the same factor.
When you reverse an equation, you multiply AH by —1.

Solution You multiply the coefficients and AH by :
Hy(g) + 30,(g) — H,0(); AH = —286 k]

Concept Check 6.2

tor, check that every formula and AH have been multi-
plied by that factor.

a. Write the thermochemical
equation for the reaction described in Exercise 6.3 for
the case involving 1 mol N,H,. b. Write the thermo-
chemical equation for the reverse of the reaction
described in Exercise 6.3.

B See Problems 6.53, 6.54, 6.55, and 6.56.

Natural gas consists primarily of methane, CH,. It is used in a process called steam
reforming to prepare a gaseous mixture of carbon monoxide and hydrogen for

industrial use.

CH,(g) + H,0(g) — CO(g) + 3H,(g); AH = 206 kI

The reverse reaction, the reaction of carbon monoxide and hydrogen, has been
explored as a way to prepare methane (synthetic natural gas). Which of the
following are exothermic? Of these, which one is the most exothermic?

a. CHy(g) + HyO(g) — CO(g) + 3H,(g)
b. 2CHyu(g) + 2H,0(g) — 2CO(g) + 6H,(g)
¢. CO(g) + 3Hx(g) — CHy(g) + Hy0(g)
d. 2CO(g) + 6H»(g) —— 2CHy4(g) + 2H,0(g)
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Samuel Jones, an En-
glishman, patented one
of the first kinds of
matches in 1828. It
consisted of a glass
bead containing sulfu-
ric acid surrounded by
a coating of sugar with
an oxidizing agent. You
ignited the match by
breaking the bead using a pair of pliers or, if you were more
daring, your teeth. This action released the acid, which ig-
nited an exothermic reaction in the surrounding com-
bustible materials.

Later Jones began to market a friction match discov-
ered, but not patented, by John Walker. Walker, who had
been experimenting with explosives, discovered this
match one day when he tried to remove a small glob of a
dried mixture of antimony sulfide and potassium chlorate
from a stick. He rubbed the stick on the floor and was sur-
prised when it burst into flame. Jones called his matches
“Lucifers.” They were well named; when lighted, they gave
off a shower of sparks and smoky fumes with the acrid
odor of sulfur dioxide. Jones had every box inscribed with
the warning “Persons whose lungs are delicate should by
no means use Lucifers.”

A few years later, a Frenchman, Charles Sauria, in-
vented the white phosphorus match, which became an im-
mediate success. When rubbed on a rough surface, the
match lighted easily, without hazardous sparks, and
smelled better than Lucifers. The match head contained
white phosphorus, an oxidizing agent, and glue. White
phosphorus is a yellowish-white, waxy substance, often
sold in the form of sticks looking something like fat
crayons. Unlike crayons, though, white phosphorus ignites
spontaneously in air (so it is generally stored under water).

6.5

Lucifers and Other Matches

The glue in the match mixture had two purposes: it
protected the white phosphorus from air, and it held the
match mixture firmly together. The white phosphorus
match had one serious drawback. White phosphorus is
quite poisonous. Workers in match factories often began to
show the agonizing symptoms of “phossy jaw,” from white
phosphorus poisoning, in which the jawbone disintegrates.
The manufacture of white phosphorus matches was out-
lawed in the early 1900s.

The head of the “strike-anywhere” match, which you
can buy today at any grocery store, contains the relatively
nontoxic tetraphosphorus trisulfide, P,S;, and potassium
chlorate, KClO5 (Figure 6.10). By rubbing the match head
against a surface, you create enough heat by friction to
ignite the match material. Tetraphosphorus trisulfide
then burns in air in a very exothermic reaction.

P,S;3(s) + 80,(g) — P4O4(s) + 3SO4(g);
AH = —3676 kJ

Safety matches have a head containing mostly an oxidiz-
ing agent and require a striking surface containing nonpoi-
sonous red phosphorus.

FIGURE 6.10 A

Strike-anywhere matches

Left: The head of the match contains
tetraphosphorus trisulfide and potassium chlorate.
Right: The substances in the match head react when
frictional heat ignites the mixture.

B See Problems 6.121 and 6.122.

Applying Stoichiometry to Heats of Reaction

As you might expect, the quantity of heat obtained from a reaction will depend on
the amount of reactants. We can extend the method used to solve stoichiometry prob-
lems, described in Chapter 3, to problems involving the quantity of heat.

Consider the reaction of methane, CH, (the principal constituent of natural gas),
burning in oxygen at constant pressure. How much heat could you obtain from 10.0 g
of methane, assuming you had an excess of oxygen? You can answer this question if

235
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FIGURE 6.11 . : ; ;

. . rams of A Conversion factor: Conversion factor: -
Calculating t!le heat obtained (reactantor | X g A tomol A x B0l A to kJ y ffll}?é:tlﬂes
from a reaction (using molar mass) (using enthalpy of reaction)

| product)
Convert the grams of a reactant or A

product to moles (using the molar
mass). Then convert these moles to
kilojoules of heat (using the enthalpy
of reaction). you know the enthalpy change for the reaction of 1 mol of methane. The thermo-
chemical equation is

CHy(g) + 20,(g) — COy(g) + 2H,O(l); AH = —890.3kJ

The calculation involves the following conversions:

If you wanted the result in Grams of CH; —— moles of CH; —— kilojoules of heat
kilocalories, you could convert this | mob€H;  —890.3kJ
answer as follows: 10.0 g CH; X = —556kJ

X
lkeal 155 Feat 160 gCH; 1 mel€H,
4.184%) Figure 6.11 illustrates the general calculation. <

Example 6.4 Calculating the Heat of Reaction from the Stoichiometry
!

How much heat is evolved when 9.07 X 10° g of ammonia is produced according to the
following equation? (Assume that the reaction occurs at constant pressure.)

Ny(g) + 3H,(g) — 2NH3(g); AH = —91.8KkJ

556 RF X

Problem Strategy The calculation involves converting grams of NH; to moles of NH;
and then to kilojoules of heat.

Grams of NH; —— moles of NH; —— kilojoules of heat

You obtain the conversion factor for the second step from the thermochemical equation,
which says that the production of 2 mol NH; is accompanied by g, = —91.8 kJ.

1 mobNH;  —91.8KJ
17.0 g NH; 2 mekNH;

Thus, 2.45 X 10° kJ of heat evolves.

Solution  9.07 X 10° g NH; X = —245 X 10°kJ

Answer Check Make sure that the units in the calculation cancel to give the units of
heat. Also note the sign of AH to decide whether heat is evolved or absorbed.

P Exercise 6.5 | How much heat evolves when 10.0 g of hydrazine reacts according
to the reaction described in Exercise 6.3?

B See Problems 6.57, 6.58, 6.59, and 6.60.

6.6 | Measuring Heats of Reaction

So far we have introduced the concept of heat of reaction and have related it to the
enthalpy change. We also showed how to display the enthalpy change in a thermo-
chemical equation, and from this equation how to calculate the heat of reaction for
any given amount of substance. Now that you have a firm idea of what heats of reac-
tion are, how would you measure them?



The heat capacity will depend on
whether the process is constant-
pressure or constant-volume. We
will assume a constant-pressure
process unless otherwise stated.
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First, we need to look at the heat required to raise the temperature of a substance,
because a thermochemical measurement is based on the relationship between heat and
temperature change. The heat required to raise the temperature of a substance is called
its heat capacity.

Heat Capacity and Specific Heat

Heat is required to raise the temperature of a given amount of substance, and the
quantity of heat depends on the temperature change. The heat capacity (C) of a
sample of substance is the quantity of heat needed to raise the temperature of the
sample of substance one degree Celsius (or one kelvin). Changing the temperature
of the sample from an initial temperature #; to a final temperature f, requires heat
equal to

q = CAt

where At is the change of temperature and equals 7, — #;. <

Suppose a piece of iron requires 6.70 J of heat to raise the temperature by one
degree Celsius. Its heat capacity is therefore 6.70 J/°C. The quantity of heat required
to raise the temperature of the piece of iron from 25.0°C to 35.0°C is

q = CAt = (6.70]/°C) X (35.0°C — 25.0°C) = 67.0]

Heat capacity is directly proportional to the amount of substance. Often heat
capacities are listed for molar amounts of substances. The molar heat capacity of a
substance is its heat capacity for one mole of substance.

Heat capacities are also compared for one-gram amounts of sub-
stances. The specific heat capacity (or simply specific heat) is the
TABLE 6.1 Specific Heats and P pacity ( Py sp )

Molar Heat Capacities
of Some Substances*

quantity of heat required to raise the temperature of one gram of a
substance by one degree Celsius (or one kelvin) at constant pressure.
To find the heat g required to raise the temperature of a sample, you

Molar Heat multiply the specific heat of the substance, s, by the mass in grams,
Specific Heat Capacity m, and the temperature change, At.
Substance J/(g-°C) J/(mol-°C)
=5 XmX At

Aluminum, Al 0.901 24.3 7
Copper, Cu 0.384 244 The specific heats and molar heat capacities of a few substances are
Ethanol, C;HsOH 243 112.2 listed in Table 6.1. Values depend somewhat on temperature, and those
Iron, Fe 0.449 25.1 listed are for 25°C. Water has a specific heat of 4.18 J/(g-°C)—that
Water, H,O 4.18 753 is, 4.18 joules per gram per degree Celsius. In terms of calories, the

*Values are for 25°C.

specific heat of water is 1.00 cal/(g-°C). Example 6.5 illustrates the
use of the preceding equation.

Example 6.5 Relating Heat and Specific Heat
!

Calculate the heat absorbed by 15.0 g of water to raise its temperature from 20.0°C to 50.0°C
(at constant pressure). The specific heat of water is 4.18 J/(g-°C).

Problem Strategy Note that specific heat is the heat needed to raise the temperature of
one gram of substance one degree Celsius. To get the total heat, multiply specific heat by
the grams of substance and by the change in degrees Celsius.

(continued)
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(continued)

Thermochemistry

Solution You substitute into the equation

The temperature change is

qg=sXmX At

At =t — t; = 50.0°C — 20.0°C = +30.0°C

Therefore,

g = 4.18 J/(g-°C) X 15.0 g X (+30.0°C) = 1.88 x 10°J

Answer Check Be sure to put units on quantities in your calculation and to note whether

units cancel to give units of heat.

Iron metal has a specific heat of 0.449 J/(g-°C). How much heat is

transferred to a 5.00-g piece of iron, initially at 20.0°C, when it is placed in a pot of boil-
ing water? Assume that the temperature of the water is 100.0°C and that the water remains
at this temperature, which is the final temperature of the iron.

At the end of Section 6.3, we noted
that AH = AU + PAV. The heat at
constant volume equals AU. To ob-
tain AH, you must add a correction,
PAV. The change in volume is sig-
nificant only if there are changes in
gas volumes. From the ideal gas
law, the molar volume of a gas is
RT/P. If the moles of gas that have
reacted is n; and the moles of gas
produced is ng, then PAV equals es-
sentially RT X (nf — n;), or RTAn,
where An refers to the change of
moles of gas. To obtain the correc-
tion in joules, we use R = 8.31 J/(K-
mol). Thus, RT at 25°C (298 K) is
8.31 J/(K-mol) X 298 K = 2.48 X
10 J/mol. The final result is AH =
AU + (2.48 kJ) X An.

B See Problems 6.63 and 6.64.

Measurement of Heat of Reaction

You measure the heat of reaction in a calorimeter, a device used to measure the
heat absorbed or evolved during a physical or chemical change. The device can
be as simple as the apparatus sketched in Figure 6.12, which consists of an insu-
lated container (for example, a pair of polystyrene coffee cups) with a thermome-
ter. More elaborate calorimeters are employed when precise measurements are
needed for research, although the basic idea remains the same—to measure tem-
perature changes under controlled circumstances and relate these temperature
changes to heat.

The coffee-cup calorimeter shown in Figure 6.12 is a constant-pressure calorime-
ter. The heat of the reaction is calculated from the temperature change caused by the
reaction, and since this is a constant-pressure process, the heat can be directly related
to the enthalpy change, AH. Research versions of a constant-pressure calorimeter are
available, and these are used when gases are not involved.

For reactions involving gases, a bomb calorimeter is generally used (Figure 6.13).
Consider the heat of combustion of graphite, the form of carbon used in the “lead”
of a pencil. To measure the heat released when graphite burns in oxygen, a sample
of graphite is placed in a small cup in the calorimeter. The graphite is surrounded by
oxygen, and the graphite and oxygen are sealed in a steel vessel, or bomb. An elec-
trical circuit is activated to start the burning of the graphite. The bomb is surrounded
by water in an insulated container, and the heat of reaction is calculated from the tem-
perature change of the calorimeter caused by the reaction.

Because the reaction in a bomb calorimeter occurs in a closed vessel, the pres-
sure does not generally remain constant. Rather the volume remains constant, and
under these conditions the heat of reaction does not in general equal AH; a small
correction is usually needed. However, this correction is negligible when the reac-
tion does not involve gases or when the number of moles of reactant gas equals
the number of moles of product gas, as in the combustion of graphite to carbon
dioxide. <

The next example describes the calculations needed to obtain AH from calorimet-
ric measurements.
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/ Thermometer

Current for
ignition coil

o I + .
. Q B u — Stirring motor
e ' i
- . | 'f ! {
/ \ f — Cutaway of
Thermometer HCl(aq) insulated jacket
d >2 polystyrene
) coffee cups
NaOH(aq)
— — Cutaway of
steel bomb
FIGURE 6.12 :
- - \ -
A simple coffee-cup calorimeter Ignition  Graphite
This calorimeter is made of two nested coil sample

polystyrene coffee cups. The outer cup
helps to insulate the reaction mixture from
its surroundings. After the reactants are
added to the inner cup, the calorimeter is
covered to reduce heat loss by evaporation
and convection. The heat of reaction is
determined by noting the temperature rise
or fall.

FIGURE 6.13
A bomb calorimeter
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This type of calorimeter can be used to determine the heat of combustion of a substance. The figure
shows a sample of graphite being burned in oxygen within a vessel called the bomb. An electric current
passing through the ignition coil starts the graphite burning. The temperature of the water surrounding the
bomb rises as heat flows from the exothermic reaction of graphite and oxygen. Example 6.6 illustrates the
calculations involved in determining the heat of combustion in such an experiment.

Example 6.6 Calculating AH from Calorimetric Data
|

Suppose 0.562 g of graphite is placed in a calorimeter with an excess of oxygen at 25.00°C
and 1 atm pressure (Figure 6.13). Excess O, ensures that all carbon burns to form CO,.
The graphite is ignited, and it burns according to the equation

C(graphite) + O,(g) — CO,(g)

On reaction, the calorimeter temperature rises from 25.00°C to 25.89°C. The heat capacity
of the calorimeter and its contents was determined in a separate experiment to be 20.7 kJ/°C.
What is the heat of reaction at 25.00°C and 1 atm pressure? Express the answer as a
thermochemical equation.

Problem Strategy First, you need to obtain the heat absorbed by the calorimeter when
the sample burns, using the calorimeter’s temperature rise and its heat capacity. Note that
the heat released by reaction of the sample (a negative quantity) equals the heat absorbed
by the calorimeter (a positive quantity), except for this sign change. Then, you need to con-
vert this heat to the heat released per mole to obtain AH.

Step 1: To obtain heat absorbed by the calorimeter, you reason as follows. The heat released
by the reaction is absorbed by the calorimeter and its contents. Let ¢,.,, be the quan-
tity of heat from the reaction mixture, and let C., be the heat capacity of the
calorimeter and contents. The quantity of heat absorbed by the calorimeter is C,,At.

This will have the same magnitude as g,.,, but the opposite sign: g,.,, = —C., At

(continued)
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(continued)

Substituting values of C.,; and At, you obtain the heat ¢,,,, from the sample of C
(0.562 g). The factor (g,,,/0.562 g C) converts

Grams C —— KkJ heat

Step 2:  What is the heat released from 1 mol C (equal to AH)? Convert this amount of
C (mathematically) to grams C. Then convert this to kJ heat, using the conver-
sion factor you obtained in Step 1 (g,,,/0.562 g C). The conversion steps are

Moles C —— grams C —— kJ heat (AH)

Solution
Step 1: The heat from the graphite sample is
Grin = —CeqAt = —20.7 kJ/°C X (25.89°C — 25.00°C)
= —20.7kJ/°C X 0.89°C = —18.4kJ
An extra figure is retained in g,., for further computation. The negative sign indi-

cates the reaction is exothermic, as expected for a combustion. The factor to con-
vert grams C to kJ heat is —18.4 kJ/0.562 g C.

Step 2: The conversion of 1 mol C to kJ heat for 1 mol (AH) is

12g€  —184K
1 metC 0.562 g€

1 met€ X = -39X 10°K

(The final answer has been rounded to two significant figures.) When 1 mol of

carbon burns, 3.9 X 10? kJ of heat is released. You can summarize the results by
the thermochemical equation:

C(graphite) + O,(g) — COs(g); AH = —3.9 x 10 kJ

Answer Check Go over your calculations carefully. Check that the units within each
step cancel properly. Also check that you have the right sign for AH; an exothermic reac-
tion will have a negative sign.

Suppose 33 mL of 1.20 M HCl is added to 42 mL of a solution con-
taining excess sodium hydroxide, NaOH, in a coffee-cup calorimeter. The solution temper-
ature, originally 25.0°C, rises to 31.8°C. Give the enthalpy change, AH, for the reaction

HCl(aq) + NaOH(aq) —— NaCl(ag) + H,0(l)

Express the answer as a thermochemical equation. For simplicity, assume that the heat
capacity and the density of the final solution in the cup are those of water. (In more accu-
rate work, these values must be determined.) Also assume that the total volume of the solu-
tion equals the sum of the volumes of HCl(ag) and NaOH(aq).

M See Problems 6.67, 6.68, 6.69, and 6.70.

Using Heats of Reaction

In the first part of this chapter, we looked at the basic properties of the heat of reaction
and how to measure it. Now we want to find how heats of reaction can be used. We will
see that the AH for one reaction can be obtained from the AH’s of other reactions. This
means that we can tabulate a small number of values and use them to calculate others.
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Hess’s Law

Enthalpy, you may recall, is a state function (Section 6.3). This means that the
enthalpy change for a chemical reaction is independent of the path by which the prod-
ucts are obtained. In 1840, the Russian chemist Germain Henri Hess, a professor at
the University of St. Petersburg, discovered this result by experiment. Hess’s law of
heat summation states that for a chemical equation that can be written as the sum of
two or more steps, the enthalpy change for the overall equation equals the sum of the
enthalpy changes for the individual steps. In other words, no matter how you go from
given reactants to products (whether in one step or several), the enthalpy change for
the overall chemical change is the same.

To understand Hess’s law fully and to see how you can use it, consider a simple
example. Suppose you would like to find the enthalpy change for the combustion of
graphite (carbon) to carbon monoxide.

2C(graphite) + O,(g) — 2CO(g)

The direct determination of this enthalpy change is very difficult, because once
carbon monoxide forms it reacts further with oxygen to yield carbon dioxide. If
you do the experiment in an excess of oxygen, you obtain only carbon dioxide,
and the enthalpy change is the heat of complete combustion of graphite. On
the other hand, if you do the experiment in a limited quantity of oxygen, you
obtain a mixture of carbon monoxide and carbon dioxide, and the heat of reaction
is a value appropriate for a mixture of these products. How can you obtain the
enthalpy change for the preparation of pure carbon monoxide from graphite and
oxygen?

The answer is to apply Hess’s law. To do this, imagine that the combustion of
graphite to carbon monoxide takes place in two separate steps:

2C(graphite) + 20,(g) — 2CO(g) (first step)
2C05(g) — 2CO(g) + Os(g) (second step)

In the first step, you burn 2 mol of graphite in 2 mol of oxygen to produce 2 mol of
carbon dioxide. In the second step, you decompose this carbon dioxide to give 2 mol
of carbon monoxide and 1 mol of oxygen. The net result is the combustion of 2 mol
of graphite in 1 mol of oxygen to give 2 mol of carbon monoxide. You can obtain
this result by adding the two steps, canceling out 2 mol CO, and 1 mol O, on both
sides of the equation.

2C(graphite) + Z04(g) — 2COxtgy

2COxg) — 2C0(g) + Oz
2C(graphite) + O,(g) —— 2CO(g)

According to Hess’s law, the enthalpy change for the overall equation (which is the
equation you want) equals the sum of the enthalpy changes for the two steps. Now
you need to determine the enthalpy changes for the separate steps.

You can determine the enthalpy change for the first step by simply burning
graphite in an excess of oxygen, as described in Example 6.6. The result is AH =
—393.5 kJ per mole of CO, formed. For 2 mol CO,, you multiply by 2.

2C(graphite) + 20,(g) — 2CO04(g); AH = (—393.5KkJ) X (2)

The second step, the decomposition of carbon dioxide, is not an easy experiment.
However, the reverse of this decomposition is simply the combustion of carbon
monoxide. You could determine the AH for that combustion by burning carbon
monoxide in an excess of oxygen. The experiment is similar to the one for the com-
bustion of graphite to carbon dioxide.

2C0(g) + 0,(g) — 2CO,(g); AH = —566.0 kJ
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We have followed common conven-
tion in writing S for the formula

of sulfur in Equations 1 and 3,
although the molecular formula

is Sg. Doing this gives much simpler
equations. You might try to do the
calculations again, rewriting the
equations using Sg for sulfur.
Remember to multiply the value

of AH in each case by 8.

FIGURE 6.14

Enthalpy diagram illustrating Hess's law
The diagram shows two different ways to
go from graphite and oxygen (reactants) to
carbon monoxide (products). Going by way
of reactions 1 and 2 is equivalent to the
direct reaction 3.

Thermochemistry

From the properties of thermochemical equations (Section 6.4), you know that the
enthalpy change for the reverse reaction is simply (—1) times the original reaction.

2C0,(g) — 2CO(g) + Ou(g); AH = (—566.0kJ) X (—1)

If you now add these two steps and add their enthalpy changes, you obtain the
chemical equation and the enthalpy change for the combustion of carbon monoxide,
which is what you wanted.

2C(graphite) + 20,(g) — 2COx(g)

2C0O4(g) — 2C0(g) + Ox(9) AH, =
2C(graphite) + Ox(g) —— 2CO(yg) AH;

AH, = (=393.5K)) X (2)
(—566.0 kJ) X (—1)
—221.0KkJ

You see that the combustion of 2 mol of graphite to give 2 mol of carbon monoxide
has an enthalpy change of —221.0 kJ. Figure 6.14 gives an enthalpy diagram show-
ing the relationship among the enthalpy changes for this calculation.

This calculation illustrates how you can use Hess’s law to obtain the enthalpy
change for a reaction that is difficult to determine by direct experiment. Hess’s law
is more generally useful, however, in that it allows you to calculate the enthalpy
change for one reaction from the values for others, whatever their source. Suppose
you are given the following data: <

S(s) + Oa(g) — SO,(g); AH = —297 kJ 1

2S05(g) — 2S0,(g) + Ox(g); AH = 198 kJ )

How could you use these data to obtain the enthalpy change for the following equation?
28(s) + 304(g) — 2S0s(g) 3)

You need to multiply Equations 1 and 2 by factors (perhaps reversing one or both
equations) so that when you add them together you obtain Equation 3. You can usu-
ally guess what you need to do to the first two equations to obtain the third one. Note
that Equation 3 has a coefficient of 2 for S(s). This suggests that you should multi-
ply Equation 1 by 2 (and multiply the AH by 2). Note also that SO5(g) in Equation 3 is
on the right-hand side. This suggests that you should reverse Equation 2 (and multiply
the AH by —1). Here is the calculation:

2S(s) + 20,(g) — 2SO(g)

2805tg) + O5(g) — 2503(g)
2S(s) + 305(g) — 2S0s(g)

AH = (=297 kJ) X (2)
AH = (198 kJ) X (—1)
AH = —792kJ

The next example gives another illustration of how Hess’s law can be used to calcu-
late the enthalpy change for a reaction from the enthalpy values for other reactions. In

Reactants:
2 mol C (graphite) +
2 mol O,(g)

|| AH;=-221.0kJ

Products:
2 mol CO(g) + 1 mol O,(g)

D[ | AH,=-787.0kJ

Q)| AH,=+566.0kJ

Enthalpy, H (kJ)

2 mol CO,(g)
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this case, the problem involves three equations from which we obtain a fourth. Although
this problem is somewhat more complicated than the one we just did, the basic proce-
dure is the same: Compare the coefficients in the equations. See what factors you need
to multiply the equations whose AH’s you know to obtain the equation you want. Check
your results to be sure that the equations (and the AH’s) add up properly.

Example 6.7 Applying Hess’s Law
|

What is the enthalpy of reaction, AH, for the formation of tungsten carbide, WC, from the
elements? (Tungsten carbide is very hard and is used to make cutting tools and rock drills.)

W(s) + C(graphite) — WC(s)

The enthalpy change for this reaction is difficult to measure directly, because the reaction
occurs at 1400°C. However, the heats of combustion of the elements and of tungsten car-
bide can be measured easily:

2W(s) + 30,(g) —> 2WOs(s); AH = —1685.8 kJ 1)
C(graphite) + O,(g) —— CO,(g); AH = —393.5 kJ @)
2WC(s) + 50,(g) — 2WOs(s) + 2CO,(g); AH = —2391.8 kJ A3)

Problem Strategy Note that Equations 1, 2, and 3 involve the reactants and products
for the desired reaction (as well as their enthalpy changes). You apply Hess’s law to these
equations, perhaps reversing an equation or multiplying it by a factor, so that when you add
all of them together, you obtain the desired equation.

First, look to see whether any equation needs to be reversed to get a reactant or prod-
uct on the correct side. If you do reverse an equation, remember to change the sign of its
AH. Second, to obtain the multiplicative factor for each equation, compare that equation
with the desired one. For instance, note that Equation 1 has 2W(s) on the left side, whereas
the desired equation has W(s) on the left. Therefore, you divide Equation 1 (and its AH)
by 2, or multiply by the factor 1.

Solution Do any equations need to be reversed? Note that you want to end up with W(s)
and C(graphite) on the left side and with WC(s) on the right side of the final equation (the
formation of WC from its elements). Equation 1 has W(s) on the left, as required after the
addition of the equations. Similarly, Equation 2 has C(graphite) on the left, as required.
However, Equation 3 has WC(s) on the left, but it should be on the right. Therefore, you
reverse Equation 3 (and multiply its AH by —1).

2WO5(s) + 2C0,(g) — 2WC(s) + 50,(g); AH = 2391.8 kJ 3

To obtain the multiplicative factor for each equation, you compare Equations 1, 2, and 3’,
in turn, with the desired equation. We did this earlier (at the end of the Problem Strategy)
for Equation 1. Multiplying it by 4, you obtain

W(s) + 30,(g) — WO5(s); AH = 1 X (—1685.8 kI) = —842.9 kJ

Compare Equation 2 with the desired equation. Both have C(graphite) on the left side; there-
fore, you leave Equation 2 as it is.

C(graphite) + O,(g) —— CO,(g); AH = —393.5 kJ

Now, compare Equation 3" with the desired equation. Equation 3" has 2WC(s) on the right
side, whereas the desired equation has WC(s) on the right side. Therefore, you multiply
Equation 3’ (and its AH) by 1.

WO5(s) + CO(g) — WC(s) + 30,(g); AH = X (2391.8 kJ) = 1195.9 kJ

(continued)
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(continued)

Now add these last three equations and their corresponding AH’s.

W(s) + 30562y — WOstsT AH = —842.9KkJ
C(graphite) + O-tgy — CO5(g)~ AH = —393.5k]J
WOstsT+ COstgy  —— WC(s) +304¢7  AH = 11959kJ
W(s) + C(graphite) —— WC(s) AH = —40.5k]J

Answer Check Check that when you add the three equations substances that do not
appear in the final one cancel correctly. For example, note that 30,(g) and O5(g) on the left
sides of the equations cancel %Oz(g) on the right side. Then check that the final equation is

the one asked for.

Exercise 6.8 Manganese metal can be obtained by reaction of manganese diox-

ide with aluminum.

4Al(s) + 3MnO,(s) — 2ALOs(s) + 3Mn(s)

What is AH for this reaction? Use the following data:

2Al(s) + 20,(g) — ALOs(s); AH = —1676 kJ

Mn(s) + O,(g) — MnO(s); AH = —520 kJ

6.8

The International Union of Pure and
Applied Chemistry (IUPAC) recom-
mends that the standard pressure
be 1 bar (1 X 10° Pa). Thermody-
namic tables are becoming available
for 1 bar pressure, and in the future
such tables will probably replace
those for 1 atm.

M See Problems 6.71, 6.72, 6.73, and 6.74.

Concept Check 6.3

The heat of fusion (also called heat of melting), AHy,,, of ice is the enthalpy change
for

H,0(s) — HyO()); AHp,,

Similarly, the heat of vaporization, AH,,,, of liquid water is the enthalpy change
for

HO() — H0(g); AH,,,

How is the heat of sublimation, AH,,,, the enthalpy change for the reaction
H,0(s) — H,0(8); AHy,,

related to AH,; and AH,,,,?

Standard Enthalpies of Formation

Because Hess’s law relates the enthalpy changes of some reactions to the enthalpy
changes of others, we only need to tabulate the enthalpy changes of certain types of
reactions. We also generally list enthalpy changes only for certain standard thermo-
dynamic conditions (which are not identical to the standard conditions for gases, STP).

The term standard state refers to the standard thermodynamic conditions chosen
for substances when listing or comparing thermodynamic data: 1 atm pressure and
the specified temperature (usually 25°C). < These standard conditions are indicated
by a superscript degree sign (°). The enthalpy change for a reaction in which reac-
tants in their standard states yield products in their standard states is denoted AH°
(“delta H degree,” but often read as “delta H zero”). The quantity AH° is called the

standard enthalpy of reaction.
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FIGURE 6.15

Allotropes of sulfur

Left: An evaporating dish contains rhombic
sulfur, the stable form of the element at
room temperature. Right: When this sulfur is
melted, then cooled, it forms long needles
of monoclinic sulfur, another allotrope. At
room temperature, monoclinic sulfur will
slowly change back to rhombic sulfur. Both
forms contain the molecule Sg, depicted by
the model.

As we will show, it is sufficient to tabulate just the enthalpy changes for forma-
tion reactions—that is, for reactions in which compounds are formed from their ele-
ments. To specify the formation reaction precisely, however, we must specify the exact
form of each element.

Some elements exist in the same physical state (gas, liquid, or solid) in two or
more distinct forms. For example, oxygen in any of the physical states occurs both
as dioxygen (commonly called simply oxygen), with O, molecules, and as ozone,
with O3 molecules. Dioxygen gas is odorless; ozone gas has a characteristic pun-
gent odor. Solid carbon has two principal crystalline forms: graphite and diamond.
Graphite is a soft, black, crystalline substance; diamond is a hard, usually colorless
crystal. The elements oxygen and carbon are said to exist in different allotropic
forms. An allotrope is one of two or more distinct forms of an element in the same
physical state (Figure 6.15).

The reference form of an element for the purpose of specifying the formation reac-
tion is usually the stablest form (physical state and allotrope) of the element under
standard thermodynamic conditions. The reference form of oxygen at 25°C is O,(g);

Although the reference form is the reference form of carbon at 25°C is graphite. <
usually the stablest allotrope of an Table 6.2 lists standard enthalpies of formation of substances and ions (a longer
element, the choice is essentially table is given in Appendix C). The standard enthalpy of formation (also called the

arbitrary as long as one is

. standard heat of formation) of a substance, denoted AHj, is the enthalpy change for
consistent. ;

the formation of one mole of the substance in its standard state from its elements in
their reference form and in their standard states.

To understand this definition, consider the standard enthalpy of formation of lig-
uid water. Note that the stablest forms of hydrogen and oxygen at 1 atm and 25°C
are H,(g) and O,(g), respectively. These are therefore the reference forms of the ele-
ments. You write the formation reaction for 1 mol of liquid water as follows:

Hy(g) + 304(g) — H,O()

The standard enthalpy change for this reaction is —285.8 kJ per mole of H,O. There-
fore, the thermochemical equation is

Hy(g) + 105(g) — H,0(); AH} = —285.8 KJ

The values of standard enthalpies of formation listed in Table 6.2 and in other
tables are determined by direct measurement in some cases and by applying Hess’s
law in others. Oxides, such as water, can often be determined by direct calorimetric
measurement of the combustion reaction. If you look back at Example 6.7, you will
see an illustration of how Hess’s law can be used to obtain the enthalpy of formation
of tungsten carbide, WC.

Note that the standard enthalpy of formation of an element will depend on the
form of the element. For example, the AH} for diamond equals the enthalpy change
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TABLE 6.2 Standard Enthalpies of Formation (at 25°C)*

Substance or lon AH (kJ/mol) Substance or lon AH (kJ/mol) Substance or lon AH (kJ/mol)
e (9) 0 CH;CHO(g) —166.1 NO»(g) 33.10
Bromine CH;CHO()) —191.8 HNOs(aq) —207.4
Br(g) 111.9 Chlorine Oxygen

Br (aq) —121.5 Cl(g) 121.3 O(g) 249.2
Br (g) —219.0 Cl™ (aq) —167.2 0,(g) 0
Bry(g) 30.91 Cl (g) —234.0 05(g) 142.7
Br,(1) 0 Cly(g) 0 OH (aq) —230.0
HBr(g) —36.44 HCl(g) —92.31 H,0(g) —241.8
Calcium Fluorine H,0() —285.8
Ca(s) 0 F(g) 79.39 Silicon

Ca**(aq) —542.8 F (g) —255.1 Si(s) 0
CaCOx(s, calcite) —1206.9 F (aq) —332.6 SiCl4(l) —687.0
CaO(s) —635.1 Fx(g) 0 SiF,(g) —1614.9
Carbon HF(g) —272.5 SiO,(s, quartz) —-910.9
C(g) 716.7 Hydrogen Silver

C(s, diamond) 1.897 H(g) 218.0 Ag(s) 0
C(s, graphite) 0 H(aq) 0 Ag*(aq) 105.6
CClyu(g) —95.98 H"(g) 1536.2 AgBr(s) —100.4
CCly(D) —1354 Ha(g) 0 AgCl(s) —127.1
CO(g) —110.5 lodine AgF(s) —204.6
CO»(g) —393.5 I(g) 106.8 Agl(s) —61.84
CO;* (aq) —677.1 I (aq) —55.19 Sodium

CS,(g) 116.9 I (g) —194.6 Na(g) 107.3
CS,(D) 89.70 Ly(s) 0 Na(s) 0
HCN(g) 135.1 HI(g) 26.36 Na*(aq) —240.1
HCN(/) 108.9 Lead Na*(g) 609.3
HCO5 (aq) —692.0 Pb(s) 0 Na,COs5(s) —1130.8
Hydrocarbons Pb2+(aq) 17 NaCl(s) —411.1
CH.(g) —74.87 PbO(s) —2194 NaHCOs(s) —950.8
CoHa(g) 5247 PbS(s) —98.32 Sulfur

C,He(g) —84.68 Nitrogen S(g) 277.0
CeHe()) 49.0 N(g) 472.7 S(s, monoclinic) 0.360
Alcohols Na(g) 0 S(s, rhombic) 0
CH;OH() —238.7 NHa(g) —45.90 Sa(g) 128.6
CHsOH() —2777 NH,* (ag) —132.5 SOs(8) ~296.8
Aldehydes NO(2) 90.29 H,S(g) —20.50
HCHO(g) ~117 <

*See Appendix C for additional values.
from the stablest form of carbon (graphite) to diamond. The thermochemical equa-
tion is
C(graphite) — C(diamond); AH? = 1.9kJ

On the other hand, the AH7 for graphite equals zero. Note the values of AH} for the
elements listed in Table 6.2; the reference forms have zero values.
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Now let us see how to use standard enthalpies of formation (listed in Table 6.2)
to find the standard enthalpy change for a reaction. We will first look at this problem
from the point of view of Hess’s law. But when we are finished, we will note a pat-
tern in the result, which will allow us to state a simple formula for solving this type
of problem.

Consider the equation

CH,(g) + 4Cly(g) — CCly(l) + 4HCl(g); AH® = ?

From Table 6.2 you find the enthalpies of formation for CHy(g), CCly(/), and HCl(g).
You can then write the following thermochemical equations:

C(graphite) + 2Ha(g) — CHy(g); AH? = —74.9 kJ 1)
C(graphite) + 2Cly(g) — CCly(); AH} = —135.4 kJ )
THa(g) + 3Cla(g) — HCl(g); AH? = —923 kJ 3

You now apply Hess’s law. Since you want CH, to appear on the left, and CCl, and
4HCI on the right, you reverse Equation 1 and add Equation 2 and 4 X Equation 3.

CHy(g) — Clgraphite) + 2Hstg)  (—74.9KkI) X (= 1)

Cographite) + 2Cly(g) — CClu(/) (—135.4KkJ) X (1)
2H5(g) + 2Cl,(g) — 4HCl(g) (—92.3KkJ) X (4)
CHy(g) + 4Cly(g) — CClLy(/) + 4HCI(g) AH® = —429.7kJ

The setup of this calculation can be greatly simplified once you closely examine
what you are doing. Note that the AH} for each compound is multiplied by its coef-
ficient in the chemical equation whose AH® you are calculating. Moreover, the AHj
for each reactant is multiplied by a negative sign. You can symbolize the enthalpy of
formation of a substance by writing the formula in parentheses following AH}. Then
your calculation can be written as follows:

AH® = [AHX(CCl,) + 4 AH(HCI)] — [AH3(CHy) + 4 AH3(Cl,)]
= [(—135.4) + 4(—92.3)] kJ — [(—74.9) + 4(0)] kJ = —429.7 KJ

In general, you can calculate the AH® for a reaction by the equation
AH® = X n AH?(products) — X m AH}(reactants)

Here X is the mathematical symbol meaning “the sum of,” and m and n are the coef-
ficients of the substances in the chemical equation.

The next two examples illustrate the calculation of enthalpies of reaction from
standard enthalpies of formation.

Example 6.8 Calculating the Heat of Phase Transition from Standard Enthalpies of Formation

Use values of AH? to calculate the heat of vaporization, AHY,,,, of carbon disulfide at 25°C.
The vaporization process is

CS>() — CSx(g)

Problem Strategy The vaporization process can be treated like a chemical reaction, with
the liquid as the “reactant” and the vapor as the “product.” It is convenient to record the
values of AH} under the formulas in the equation, multiplying them by the coefficients in the
equation. You calculate AHY,, by subtracting values for the “reactant” from values for the
“product.” (continued)
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(continued)

Solution Here is the equation for the vaporization, with values of AH7 multiplied by coef-
ficients (here, all 1’s).

CSy(l) — CSy(9)
1(89.7) 1(116.9) (k)

The calculation is
AHS,, = 3 n AHp(products) — 3 m AH}(reactants) CS,
= AHF[CSx(9)] — AHF[CS,()]
= (1169 — 89.7) k] = 27.2 k]

Answer Check Review your arithmetic carefully. Note that vaporization requires adding
heat, so the enthalpy change should be positive.

Calculate the heat of vaporization, AHS,,, of water, using standard
enthalpies of formation (Table 6.2).

M See Problems 6.77 and 6.78.

Example 6.9 Calculating the Enthalpy of Reaction from Standard Enthalpies of Formation
!

Large quantities of ammonia are used to prepare nitric acid. The first step consists of the
catalytic oxidation of ammonia to nitric oxide, NO.

4ANH,(g) + 50,(g) —— 4NO(g) + 6H,0(g)

What is the standard enthalpy change for this reaction? Use Table 6.2 for data.

Problem Strategy You record the values of AH} under the formulas in the equation,
multiplying them by the coefficients in the equation. You calculate AH® by subtracting val-
ues for the reactants from values for the products.

Solution Here is the equation with the AH}'s recorded beneath it:

4NH;(g) + 504(g) — 4NO(g) + 6H,0(g)
4(—45.9) 5(0) 4903)  6(-241.8) (k)

The calculation is
AH°® = 3 n AH}(products) — % m AH(reactants)
= [4 AH?(NO) + 6 AH$(H,0)] — [4 AH}(NH3) + 5 AHZ(0,)]

[4(90.3) + 6(—241.8)] kJ — [4(—45.9) + 5(0)] kJ
—906 kJ

Answer Check Be very careful of arithmetical signs—they are a likely source of mis-
takes. Also pay particular attention to the state of each substance. Here, for example, you
must use the AH} for H,O(g), not for H,O(/).

Exercise 6.10 Calculate the enthalpy change for the following reaction:
3NO,(g) + H,O(l) — 2HNOs(ag) + NO(g)

Use standard enthalpies of formation.

B See Problems 6.79, 6.80, 6.81, and 6.82.
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Enthalpies of formation can also be defined for ions. It is not possible to make
thermal measurements on individual ions, so we must arbitrarily define the standard
enthalpy of formation of one ion as zero. Then values for all other ions can be deduced
from calorimetric data. The standard enthalpy of formation of H* (ag) is taken as zero.
Values of AH; for some ions are given in Table 6.2.

Exercise 6.11 Calculate the standard enthalpy change for the reaction of an aqueous solution of barium
hydroxide, Ba(OH),, with an aqueous solution of ammonium nitrate, NH,NO3, at 25°C. (Figure 6.1 illustrated this
reaction using solids instead of solutions.) The complete ionic equation is

Ba’>"(ag) + 20H (aq) + 2NH,"(ag) + 2NO; (ag) — 2NHs(g) + 2H,O()) + Ba>"(aq) + 2NO; (aq)

6.9

The human body requires about as
much energy in a day as does a
100-watt lightbulb.

In the popular literature of nutrition,
the kilocalorie is referred to as the
Calorie (capital C). Thus, these
values are given as 4.0 Calories

and 9.0 Calories.

B See Problems 6.83 and 6.84.

Fuels—Foods, Commercial Fuels, and Rocket Fuels

A fuel is any substance that is burned or similarly reacted to provide heat and other
forms of energy. The earliest use of fuels for heat came with the control of fire, which
was achieved about 750,000 years ago. This major advance allowed the human species
to migrate from tropical savannas and eventually to inhabit most of the earth. Through
cooking, fire also increased the variety of edible food supplies and provided some
protection of the food from bacterial decay. During the mid-eighteenth century, the
discovery of the steam engine, which converts the chemical energy latent in fuels to
mechanical energy, ushered in the Industrial Revolution. Today fuels not only heat
our homes and move our cars but are absolutely necessary for every facet of modern
technology. For example, fuels generate the electricity required for our modern com-
puting and communications technologies, and they propel the rocket engines that make
possible our explorations of outer space. In this section we will look at foods as fuels;
at fossil fuels (which include gas, oil, and coal); at coal gasification and liquefaction;
and at rocket fuels.

Foods as Fuels

Foods fill three needs of the body: they supply substances for the growth and repair
of tissue, they supply substances for the synthesis of compounds used in the regula-
tion of body processes, and they supply energy. About 80% of the energy we need is
for heat. The rest is used for muscular action, chemical processes, and other body
processes. <

The body generates energy from food by the same overall process as combustion,
so the overall enthalpy change is the same as the heat of combustion, which can be
determined in a calorimeter. You can get some idea of the energy available from car-
bohydrate foods by looking at a typical one, glucose (CgH,Og). The thermochemi-
cal equation for the combustion of glucose is

CGHIQO(,(S) + 602(g) — 6C02(g) + 6H20(Z), AH® = —2803 kJ

One gram of glucose yields 15.6 kJ (3.73 kcal) of heat when burned.
A representative fat is glyceryl trimyristate, C45sHggOg. The equation for its com-
bustion is

CasHgsOq(s) + 220,(g) — 45C04(g) + 43H,0(]); AH® = —27,820 k]

One gram of this fat yields 38.5 kJ (9.20 kcal) of heat when burned. The average val-
ues quoted for carbohydrates and fats are 4.0 kcal/g and 9.0 kcal/g, respectively. < Note
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that fats contain more than twice the fuel value per gram as do
carbohydrates. Thus, by storing its fuel as fat, the body can store
more fuel for a given mass of body tissue.

Fossil Fuels

All of the fossil fuels in existence today were created millions
of years ago when aquatic plants and animals were buried and
compressed by layers of sediment at the bottoms of swamps
and seas. Over time this organic matter was converted by bac-
terial decay and pressure to petroleum (oil), gas, and coal. Fig-
ure 6.16 gives the percentages of the total energy consumed in
the United States from various sources. Fossil fuels account for
over 80% of the total.

Anthracite, or hard coal, the oldest variety of coal, was laid
down as long as 250 million years ago and may contain over
80% carbon. Bituminous coal, a younger variety of coal, has
between 45% and 65% carbon. Fuel values of coals are rated
in Btu’s (British thermal units) per pound, which are essentially
heats of combustion per pound of coal. A typical value is
13,200 Btu/lb. A Btu equals 1054 J, so 1 Btu/lb equals 2.32 J/g. Therefore, the com-
bustion of coal in oxygen yields about 30.6 kJ/g. You can compare this value with the
heat of combustion of pure carbon (graphite).

C(graphite) + O,(g) — CO,(g); AH° = —393.5kJ

The value given in the equation is for 1 mol (12.0 g) of carbon. Per gram, you get
32.8 kJ/g, which is comparable with the values obtained for coal.

Natural gas and petroleum together account for nearly three-quarters of the fossil
fuels consumed per year. They are very convenient fluid fuels, being easily transportable
and having no ash. Purified natural gas is primarily methane, CH,, but it also contains
small amounts of ethane, C,Hg; propane, CsHg; and butane, C4H;o,. We would expect
the fuel values of natural gas to be close to that for the heat of combustion of methane:

CHa(g) + 205(8) — COx(g) + 2H,0(g); AH® = —802KkJ

This value of AH° is equivalent to 50.1 kJ per gram of fuel.

Petroleum is a very complicated mixture of compounds. Gasoline, which is
obtained from petroleum by chemical and physical processes, contains many differ-
ent hydrocarbons (compounds of carbon and hydrogen). One such hydrocarbon is
octane, CgH,g. The combustion of octane evolves 5074 kJ of heat per mole.

CgH5(!) + %Oz(g) — 8CO,(g) + 9H,0(g); AH® = —5074kJ

This value of AH° is equivalent to 44.4 kJ/g. These combustion values indicate another
reason why the fluid fossil fuels are popular: they release more heat per gram than
coal does.

Coal Gasification and Liquefaction

The major problem with petroleum and natural gas as fuels is their relative short sup-
ply. It has been estimated that petroleum supplies will be 80% depleted by about the
year 2030. Natural-gas supplies may be depleted even sooner.

Coal supplies, on the other hand, are sufficient to last several more centuries. This
abundance has spurred much research into developing commercial methods for convert-
ing coal to the more easily handled liquid and gaseous fuels. Most of these methods begin
by converting coal to carbon monoxide, CO. One way involves the water—gas reaction.

C(s) + H,O(g) — CO(g) + Ha(g)
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In this reaction, steam is passed over hot coal. Once a mixture of carbon monoxide
and hydrogen is obtained, it can be transformed by various reactions into useful
products. For example, in the methanation reaction (discussed at length in Chapter 14),
this mixture is reacted over a catalyst to give methane.

CO(g) + 3Hy(g) — CHu(g) + HyO(g)

Different catalysts and different reaction conditions result in liquid fuels. An added
advantage of coal gasification and coal liquefaction is that sulfur, normally present in
fossil fuels, can be removed during the process. The burning of sulfur-containing coal
is a major source of air pollution and acid rain.

Rocket Fuels

Rockets are self-contained missiles propelled by the ejection of gases from an orifice.
Usually these are hot gases propelled from the rocket by the reaction of a fuel with
an oxidizer. Rockets are believed to have originated with the Chinese—perhaps before
the thirteenth century, which is when they began to appear in Europe. However, it was
not until the twentieth century that rocket propulsion began to be studied seriously,
and since World War II rockets have become major weapons. Space exploration with
satellites propelled by rocket engines began in 1957 with the Russian satellite Sputnik I.
Today weather and communications satellites are regularly put into orbit about the
earth using rocket engines.

One of the factors determining which fuel and oxidizer to use is the mass of the
fuel and oxidizer required. We have already seen that natural gas and gasoline have
higher fuel values per gram than does coal. The difference is caused by the higher
hydrogen content of natural gas and gasoline. Hydrogen is the element of lowest den-
sity, and at the same time it reacts exothermically with oxygen to give water. You
might expect hydrogen and oxygen to be an ideal fuel-oxidizer combination. The ther-
mochemical equation for the combustion of hydrogen is

Hy(g) + 302(g) — Hy0(g); AH® = —242K)

This value of AH° is equivalent to 120 kJ/g of fuel (H,) compared with 50 kJ/g of
methane. The second and third stages of the Saturn V launch vehicle that sent a three-
man Apollo crew to the moon used a hydrogen/oxygen system. The launch vehicle
contained liquid hydrogen (boiling at —253°C) and liquid oxygen, or LOX (boiling
at —183°C).

The first stage of liftoff used kerosene and oxygen, and an unbelievable 550 metric
tons (550 X 10 kg) of kerosene were burned in 2.5 minutes! It is interesting to
calculate the average rate of energy production in this 2.5-minute interval. Kerosene
is approximately C;,H,¢s. The thermochemical equation is

CiHae(1) + 30, (g) — 12CO4(g) + 13H,0(g); AH® = —7513kJ

This value of AH® is equivalent to 44.1 kJ/g. Thus, 550 X 10° g of fuel generated
243 X 10" kJ in 150 s (2.5 min). Each second, the average energy produced was
1.62 X 10'' J. This is equivalent to 1.62 X 10" watts, or 217 million horsepower
(1 horsepower equals 745.7 watts, or J/s).

The landing module for the Apollo mission used a fuel made of hydrazine, N,Hy,
and a derivative of hydrazine. The oxidizer was dinitrogen tetroxide, N,O,. These sub-
stances are normally liquids and are therefore easier to store than liquid hydrogen and
oxygen. The reaction of the oxidizer with hydrazine is

ONLHL (1) + N,O4(1) —> 3Na(g) + 4H,0(g); AH® = —1049 kJ

Solid propellants are also used as rocket fuels. The mixture used in the booster
rockets of the space shuttles (Figure 6.17) is a fuel containing aluminum metal pow-
der. An oxidizer of ammonium perchlorate, NH,ClO,, is mixed with the fuel.
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A Checklist for Review

Important Terms

energy (6.1)

kinetic energy (6.1)

joule (J) (6.1)

calorie (cal) (6.1)

potential energy (6.1)

internal energy (6.1)

law of conservation of
energy (6.1)

thermodynamic system
(or system) (6.2)

heat (6.2)

enthalpy (6.3)

Key Equations

surroundings (6.2)

heat of reaction (6.2)
exothermic process (6.2)
endothermic process (6.2)

state function (6.3)

enthalpy of reaction (6.3)
thermochemical equation (6.4)
heat capacity (6.6)

specific heat capacity
(specific heat) (6.6)

calorimeter (6.6)

Hess's law of heat summation (6.7)

standard state (6.8)

allotrope (6.8)

reference form (6.8)

standard enthalpy of formation
(standard heat of formation) (6.8)

E; = tmv? qg=CAt
lcal =4.1847J g=sXmXxAt
AH = g, AH® = 2 n AH}(products) — 2 m AH$(reactants)

Summary of Facts and Concepts

Energy exists in various forms, including kinetic energy and
potential energy. The SI unit of energy is the joule (1 calorie =
4.184 joules). The internal energy of a substance is the sum
of the kinetic energies and potential energies of the
particles making up the substance. According to the law of
conservation of energy, the total quantity of energy remains
constant.

Reactions absorb or evolve definite quantities of heat un-
der given conditions. At constant pressure, this heat of reac-
tion is the enthalpy of reaction, AH. The chemical equation
plus AH for molar amounts of reactants is referred to as the
thermochemical equation. With it, you can calculate the heat

Media Summary

for any amount of substance by applying stoichiometry to
heats of reaction. One measures the heat of reaction in a
calorimeter. Direct calorimetric determination of the heat of
reaction requires a reaction that goes to completion without
other reactions occurring at the same time. Otherwise, the heat
or enthalpy of reaction is determined indirectly from other en-
thalpies of reaction by using Hess’s law of heat summation.
Thermochemical data are conveniently tabulated as enthalpies
of formation. If you know the values for each substance in an
equation, you can easily compute the enthalpy of reaction. As
an application of thermochemistry, the last section of the
chapter discusses fuels.

Visit the student website at college.hmco.com/pic/ebbing9e to help prepare for class, study for quizzes and exams, understand
core concepts, and visualize molecular-level interactions. The following media activities are available for this chapter:

@ Prepare for Class

Video Lessons Mini lectures from chemistry experts

The Nature of Energy
Energy, Calories, and Nutrition

CIA Demonstration: Cool Fire
Constant-Pressure Calorimetry

Bomb Calorimetry (Constant Volume)
Hess’s Law

Enthalpies of Formation



@ Improve Your Grade

Visualizations Molecular-level animations and lab
demonstration videos

Hess’s Law

Tutorials Animated examples and interactive activities
Hess’s Law
Work, Heat, and Energy Flow

Flashcards Key terms and definitions
Online Flashcards

Learning Objectives 253

Self-Assessment Questions Additional questions with
full worked-out solutions

6 Self-Assessment Questions

ACE the Test

Multiple-choice quizzes
3 ACE Practice Tests

Access these resources using the passkey available free with new texts or for purchase separately.

Learning Objectives

6.1 Energy and Its Units

B Define energy, kinetic energy, potential energy, and internal
energy.

H Define the SI unit of energy joule, as well as the common
unit of energy calorie.

| Calculate the kinetic energy of a moving object.
Example 6.1

| State the law of conservation of energy.

6.2 Heat of Reaction

m Define a thermodynamic system and its surroundings.

m Define heat and heat of reaction.

m Distinguish between an exothermic process and an
endothermic process.

6.3 Enthalpy and Enthalpy Change

m Define enthalpy and enthalpy of reaction.

m Explain how the terms enthalpy of reaction and heat of
reaction are related.

m Explain how enthalpy and internal energy are related.

6.4 Thermochemical Equations

m Define a thermochemical equation.

B Write a thermochemical equation given pertinent
information. Example 6.2

B Learn the two rules for manipulating (reversing and
multiplying) thermochemical equations.

B Manipulate a thermochemical equation using these rules.
Example 6.3

6.5 Applying Stoichiometry to Heats of Reaction

B Calculate the heat absorbed or evolved from a reaction given
its enthalpy of reaction and the mass of a reactant or product.
Example 6.4

6.6 Measuring Heats of Reaction

m Define heat capacity and specific heat.
| Relate the heat absorbed or evolved to the specific heat,
mass, and temperature change.

m Calculate using this relation between heat and specific heat.
Example 6.5

B Define calorimeter.

B Calculate the enthalpy of reaction from calorimetric data (its
temperature change and heat capacity). Example 6.6

6.7 Hess’s Law

| State Hess’s law of heat summation.

H Apply Hess’s law to obtain the enthalpy change for one
reaction from the enthalpy changes of a number of other
reactions. Example 6.7

6.8 Standard Enthalpies of Formation

m Define standard state and reference form.

B Define standard enthalpy of formation.

B Calculate the heat of a phase transition using standard
enthalpies of formation for the different phases.
Example 6.8

m Calculate the heat (enthalpy) of reaction from the standard
enthalpies of formation of the substances in the reaction.
Example 6.9

6.9 Fuels—Foods, Commercial Fuels,
and Rocket Fuels

H Define fuel.

H Describe the three needs of the body that are fulfilled by
foods.

B Give the approximate average values quoted (per gram) for
the heat values (heats of combustion) for fats and for
carbohydrates.

m List the three major fossil fuels.

m Describe the processes of coal gasification and coal
liquefaction.

H Describe some fuel-oxidizer systems used in rockets.
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Self-Assessment and Review Questions

6.1 Define energy, kinetic energy, potential energy, and inter-
nal energy.

6.2 Define the joule in terms of SI base units.

6.3 What is the original definition of the calorie? What is the
present definition?

6.4 Describe the interconversions of potential and kinetic en-
ergy in a moving pendulum. A moving pendulum eventually
comes to rest. Has the energy been lost? If not, what has hap-
pened to it?

6.5 Suppose heat flows into a vessel containing a gas. As the
heat flows into the gas, what happens to the gas molecules? What
happens to the internal energy of the gas?

6.6 Define an exothermic reaction and an endothermic reac-
tion. Give an example of each.

6.7 The internal energy of a substance is a state function. What
does this mean?

6.8 Under what condition is the enthalpy change equal to the
heat of reaction?

6.9 How does the enthalpy change for an endothermic reaction
occurring at constant pressure?

6.10 Why is it important to give the states of the reactants and
products when giving an equation for AH?

6.11 If an equation for a reaction is doubled and then reversed,
how is the value of AH changed?

6.12 Consider the reaction of methane, CH,, with oxygen, O,,
discussed in Section 6.5. How would you set up the calculation
if the problem had been to compute the heat if 10.0 g H,O were
produced (instead of 10.0 g CH, reacted)?

6.13 Define the heat capacity of a substance. Define the specific
heat of a substance.

6.14 Describe a simple calorimeter. What measurements are
needed to determine the heat of reaction?

6.15 What property of enthalpy provides the basis of Hess’s
law? Explain.

6.16 You discover that you cannot carry out a particular reac-
tion for which you would like the enthalpy change. Does this
mean that you will be unable to obtain this enthalpy change?
Explain.

6.17 What is meant by the thermodynamic standard state?

6.18 What is meant by the reference form of an element? What
is the standard enthalpy of formation of an element in its refer-
ence form?

6.19 What is meant by the standard enthalpy of formation of a
substance?

6.20 Write the chemical equation for the formation reaction of
H,S(g).

6.21 Is the following reaction the appropriate one to use in de-
termining the enthalpy of formation of methane, CH4(g)? Why
or why not?

C(g) + 4H(g) — CHa(g)

6.22 What is a fuel? What are the fossil fuels?

6.23 Give chemical equations for the conversion of carbon in
coal to methane, CH,.

6.24 List some rocket fuels and corresponding oxidizers. Give
thermochemical equations for the exothermic reactions of these
fuels with the oxidizers.

6.25 The equation for the combustion of 2 mol of butane can be
written

2C4H;(g) + Ox(g) — 8CO4(g) + 10H,0(g); AH <O

Which of the following produces the least heat?
a. Burning 1 mol of butane.
b. Reacting 1 mol of oxygen with excess butane.
¢. Burning enough butane to produce 1 mol of carbon
dioxide.
d. Burning enough butane to produce 1 mol of water.
e. All of the above reactions (a, b, ¢, and d) produce the same
amount of heat.
6.26 A 5.0-g sample of water starting at 60.0°C loses 418 J of
energy in the form of heat. What is the final temperature of the
water after this heat loss?
a. 20.°C
b. 40.°C
¢. 50.°C
d. 60.°C
e. 80.°C
6.27 Hypothetical elements A, and B, react according to the
following equation, forming the compound AB.

As(aq) + Br(ag) — 2AB(aq); AH° = +271 kJ/mol

If solutions A,(aq) and B,(ag), starting at the same tempera-
ture, are mixed in a coffee-cup calorimeter, the reaction that
occurs is
a. exothermic, and the temperature of the resulting solution
rises.
b. endothermic, and the temperature of the resulting solution
rises.
¢. endothermic, and the temperature of the resulting solution
falls.
d. exothermic, and the temperature of the resulting solution
falls.
e. exothermic or endothermic, depending on the original and
final temperatures.
6.28 Consider the following specific heats of metals.

Metal Specific Heat
copper 0.385 J/(g-°C)
magnesium 1.02 J/(g-°C)

mercury 0.138 J/(g-°C)
silver 0.237 J/(g-°C)

Four 25-g samples, one of each metal, and four insulated con-

tainers with identical water volumes, all start out at room tem-

perature. Now suppose you add exactly the same quantity of heat

to each metal sample. Then you place the hot metal samples in

different containers of water (that all have the same volume of

water). Which of the answers below is true?

. The water with the copper will be the hottest.

. The water with the magnesium will be the hottest.

. The water with the mercury will be the hottest.

. The water with the silver will be the hottest.

. The temperature of the water will be the same in all the
cups.

o aan o



Concept Explorations

6.29 Thermal Interactions

Part 1: In an insulated container, you mix 200. g of water at 80°C
with 100. g of water at 20°C. After mixing, the temperature of
the water is 60°C.

a. How much did the temperature of the hot water change?
How much did the temperature of the cold water change?
Compare the magnitudes (positive values) of these changes.

b. During the mixing, how did the heat transfer occur: from
hot water to cold, or from cold water to hot?

¢. What quantity of heat was transferred from one sample to
the other?

d. How does the quantity of heat transferred to or from the
hot-water sample compare with the quantity of heat trans-
ferred to or from the cold-water sample?

e. Knowing these relative quantities of heat, why is the tem-
perature change of the cold water greater than the magni-
tude of the temperature change of the hot water.

f. A sample of hot water is mixed with a sample of cold wa-
ter that has twice its mass. Predict the temperature change
of each of the samples.

g- You mix two samples of water, and one increases by 20°C,
while the other drops by 60°C. Which of the samples has less
mass? How do the masses of the two water samples compare?

h. A 7-g sample of hot water is mixed with a 3-g sample of
cold water. How do the temperature changes of the two
water samples compare?

Part 2: A sample of water is heated from 10°C to 50°C. Can you
calculate the amount of heat added to the water sample that

Conceptual Problems

6.31 A small car is traveling at twice the speed of a larger car,
which has twice the mass of the smaller car. Which car has the
greater kinetic energy? (Or do they both have the same kinetic
energy?)

6.32 The equation for the combustion of butane, C4H, is

C,Hio(g) + 504(g) — 4CO4(g) + 5H,0(g)

Which one of the following generates the least heat? Why?
a. burning one mole of butane
b. reacting one mole of oxygen with excess butane
¢. producing one mole of carbon dioxide by burning butane
d. producing one mole of water by burning butane
6.33 A 250-g sample of water at 20.0°C is placed in a freezer
that is held at a constant temperature of —20.0°C. Considering
the water as the “system,” answer the following questions:
a. what is the sign of gy, for the water after it is placed in the
freezer?
b. After a few hours, what will be the state of the water?
¢. How will the initial enthalpy for the water compare with
the final enthalpy of the water after it has spent several
hours in the freezer?
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caused this temperature change? If not, what information do you
need to perform this calculation?

Part 3: Two samples of water are heated from 20°C to 60°C. One
of the samples requires twice as much heat to bring about this
temperature change as the other. How do the masses of the two
water samples compare? Explain your reasoning.

6.30 Enthalpy

a. A 100.-g sample of water is placed in an insulated container
and allowed to come to room temperature at 21°C. To heat
the water sample to 41°C, how much heat must you add to it?

b. Consider the hypothetical reaction,
2X(aq) +Y(I) — X, Y(aq)

being run in an insulated container that contains 100. g of so-
lution. If the temperature of the solution changes from 21°C
to 31°C, how much heat does the chemical reaction pro-
duce? How does this answer compare with that in part a?
(You can assume that this solution is so dilute that it has the
same heat capacity as pure water.)

¢. If you wanted the temperature of 100. g of this solution to
increase from 21°C to 51°C, how much heat would you
have to add to it? (Try to answer this question without
using a formula.)

d. If you had added 0.02 mol of X and 0.01 mol of Y to form the
solution in part b, how many moles of X and Y would you
need to bring about the temperature change described in part c.

e. Judging on the basis of your answers so far, what is the
enthalpy of the reaction 2X(aq) + Y(I) — X,Y(aq)?

d. What will the temperature of the water be after several
hours in the freezer?
6.34 A 20.0-g block of iron at 50.0°C and a 20.0 g block of
aluminum at 45°C are placed in contact with each other. Assume
that heat is only transferred between the two blocks.

Fe Al

a. Draw an arrow indicating the heat flow between the blocks.
b. What is the sign of g,y for the aluminum when the blocks
first come into contact?
¢. What will you observe when g,y for the iron is zero?
d. Estimate the temperature of the Al and Fe blocks when gy
of the iron equals gy of the aluminum.
6.35 What is the enthalpy change for the preparation of one
mole of liquid water from the elements, given the following
equations?

Hy(g) + 302(g) — H,0(g); AH
H2O(l) E— HZO(g)a AI_Ivap
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6.36 A block of aluminum and a block of iron, both having the
same mass, are removed from a freezer and placed outside on a
warm day. When the same quantity of heat has flowed into each
block, which block will be warmer? Assume that neither block
has yet reached the outside temperature. (See Table 6.1 for the
specific heats of the metals.)

6.37 You have two samples of different metals, metal A and
metal B, each having the same mass. You heat both metals to
95°C and then place each one into separate beakers containing
the same quantity of water at 25°C.

a. You measure the temperatures of the water in the two
beakers when each metal has cooled by 10°C and find that
the temperature of the water with metal A is higher than the
temperature of the water with metal B. Which metal has the
greater specific heat? Explain.

b. After waiting a period of time, the temperature of the water
in each beaker rises to a maximum value. In which beaker
does the water rise to the higher value, the one with metal A
or the one with metal B? Explain.

Practice Problems

Energy and Its Units

6.41 Methane, CHy, is a major component of marsh gas. When
0.5000 mol methane burns to produce carbon dioxide and liquid
water, —445.1 kJ of heat is released. What is this heat in
kilocalories?

6.42 Hydrogen sulfide, H,S, is produced during decomposition
of organic matter. When 0.5500 mol H,S burns to produce
SO,(g) and H,O(/), —309.1 kJ of heat is released. What is this
heat in kilocalories?

6.43 A car whose mass is 4.85 X 10° Ib is traveling at a speed
of 57 miles per hour. What is the kinetic energy of the car in
joules? in calories? See Table 1.4 for conversion factors.

6.44 A bullet weighing 245 grains is moving at a speed of
2.52 X 10* ft/s. Calculate the kinetic energy of the bullet in
joules and in calories. One grain equals 0.0648 g.

6.45 Chlorine dioxide, ClO,, is a reddish yellow gas used in
bleaching paper pulp. The average speed of a C1O, molecule at
25°C is 306 m/s. What is the kinetic energy (in joules) of a C10,
molecule moving at this speed?

6.46 Nitrous oxide, N,O, has been used as a dental anesthetic.
The average speed of an N,O molecule at 25°C is 379 m/s.
Calculate the kinetic energy (in joules) of an N,O molecule
traveling at this speed.

Heat of Reaction

6.47 The process of dissolving ammonium nitrate, NH4,NO3, in
water is an endothermic process. What is the sign of ¢? If you
were to add some ammonium nitrate to water in a flask, would
you expect the flask to feel warm or cool?

6.48 The decomposition of ozone, O3, to oxygen, O,, is an
exothermic reaction. What is the sign of ¢? If you were to touch

6.38 Consider the reactions of silver metal, Ag(s), with each
of the halogens: fluorine, F,(g), chlorine, Cl,(g), and bromine,
Br,(/). What chapter data could you use to decide which reaction
is most exothermic? Which reaction is that?

6.39 Tetraphosphorus trisulfide, P4S3, burns in excess oxygen
to give tetraphosphorus decoxide, P,O(, and sulfur dioxide,
SO,. Suppose you have measured the enthalpy change for this
reaction. How could you use it to obtain the enthalpy of forma-
tion of P4,S;? What other data do you need?

6.40 A soluble salt, MX,, is added to water in a beaker. The
equation for the dissolving of the salt is:

MX,(s) — M*"(ag) + 2X (aq); AH >0

a. Immediately after the salt dissolves, is the solution warmer
or colder?

b. Indicate the direction of heat flow, in or out of the beaker,
while the salt dissolves.

¢. After the salt dissolves and the water returns to room tem-
perature, what is the value of ¢ for the system?

a flask in which ozone is decomposing to oxygen, would you
expect the flask to feel warm or cool?

6.49 Nitric acid, a source of many nitrogen compounds, is
produced from nitrogen dioxide. An old process for making
nitrogen dioxide employed nitrogen and oxygen.

Na(g) + 205(g) — 2NOx(g)

The reaction absorbs 66.2 kJ of heat per 2 mol NO, produced. Is
the reaction endothermic or exothermic? What is the value of ¢?

6.50 Hydrogen cyanide is used in the manufacture of clear
plastics such as Lucite and Plexiglas. It is prepared from ammo-
nia and natural gas (CHy,).

2NH;(g) + 30,(g) + 2CH4(g) — 2HCN(g) + 6H,0(g)

The reaction evolves 939 kJ of heat per 2 mol HCN formed.
Is the reaction endothermic or exothermic? What is the value
of ¢?

Thermochemical Equations

6.51  When 1 mol of iron metal reacts with hydrochloric acid at
constant temperature and pressure to produce hydrogen gas and
aqueous iron(Il) chloride, 89.1 kJ of heat evolves. Write a ther-
mochemical equation for this reaction.

6.52 When 2 mol of potassium chlorate crystals decompose to
potassium chloride crystals and oxygen gas at constant tempera-
ture and pressure, 78.0 kJ of heat is given off. Write a thermo-
chemical equation for this reaction.

6.53 When white phosphorus burns in air, it produces phospho-
rus(V) oxide.

P4(s) + 505(g) — P40y¢(s); AH = —3010 kJ
What is AH for the following equation?
P4O10(s) — Pu(s) + 50(g)



P,
6.54 Carbon disulfide burns in air, producing carbon dioxide
and sulfur dioxide.
CS5(D) + 30,(g) — CO,(g) + 2SO,(g); AH = —1077 kJ
What is AH for the following equation?
%Csz(l) + %Oz(g) - %COz(g) + S0,(g)

Cs,

6.55 Phosphoric acid, H;POy, can be prepared by the reaction
of phosphorus(V) oxide, P,O,q, with water.

%P4010(s) + %HzO(l) —— H3POy4(aq); AH = —96.2kJ
What is AH for the reaction involving 1 mol of P4O,(?
P4010(s) + 6H,O(/) — 4H3PO4(aq)

6.56 With a platinum catalyst, ammonia will burn in oxygen to
give nitric oxide, NO.

4NH;(g) + 502(8) — 4NO(g) + 6H,0(g);
AH = —906 kJ

What is the enthalpy change for the following reaction?
NO(g) + 3H,0(g) — NHs(g) + 0x()

Stoichiometry of Reaction Heats

6.57 Colorless nitric oxide, NO, combines with oxygen to form
nitrogen dioxide, NO,, a brown gas.

2NO(g) + Os(g) — 2NO»(g); AH = —114kJ
What is the enthalpy change per gram of nitric oxide?

6.58 Hydrogen, H,, is used as a rocket fuel. The hydrogen is
burned in oxygen to produce water vapor.

2H,(g) + 0x(g) — 2H,0(g); AH = —484 kJ
What is the enthalpy change per gram of hydrogen?

6.59 Ammonia burns in the presence of a copper catalyst to
form nitrogen gas.

4NH;(g) + 304(g) — 2Ns(g) + 6H,0(g);
AH = —1267kJ

What is the enthalpy change to burn 35.8 g of ammonia?

6.60 Hydrogen sulfide, H,S, is a foul-smelling gas. It burns to
form sulfur dioxide.

2H,S(g) + 301(g) — 250,(g) + 2H,0(g);
AH = —1036 kJ

Calculate the enthalpy change to burn 28.5 g of hydrogen sulfide.
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6.61 Propane, C3Hg, is a common fuel gas. Use the following
to calculate the grams of propane you would need to provide
369 kJ of heat.

C5Hg(g) + 502(g) — 3COx(g) + 4H0(g);
AH = —2043kJ

6.62 Ethanol, C,HsOH, is mixed with gasoline and sold as
gasohol. Use the following to calculate the grams of ethanol
needed to provide 358 kJ of heat.
C,H5OH()) + 30,(g) — 2COx(g) + 3H,0(g);
AH = —1235KkJ

Heat Capacity and Calorimetry

6.63 You wish to heat water to make coffee. How much heat (in
joules) must be used to raise the temperature of 0.180 kg of tap
water (enough for one cup of coffee) from 19°C to 96°C (near the
ideal brewing temperature)? Assume the specific heat is that of
pure water, 4.18 J/(g-°C).

6.64 An iron skillet weighing 1.28 kg is heated on a stove to
178°C. Suppose the skillet is cooled to room temperature, 21°C.
How much heat energy (in joules) must be removed to effect this
cooling? The specific heat of iron is 0.449 J/(g-°C).

6.65 When steam condenses to liquid water, 2.26 kJ of heat is
released per gram. The heat from 168 g of steam is used to heat
a room containing 6.44 X 10* g of air (20 ft X 12 ft X 8 ft). The
specific heat of air at normal pressure is 1.015 J/(g-°C). What is
the change in air temperature, assuming the heat from the steam
is all absorbed by air?

6.66 When ice at 0°C melts to liquid water at 0°C, it absorbs
0.334 kJ of heat per gram. Suppose the heat needed to melt 31.5 g
of ice is absorbed from the water contained in a glass. If this
water has a mass of 0.210 kg and a temperature of 21.0°C, what
is the final temperature of the water? (Note that you will also
have 31.5 g of water at 0°C from the ice.)

6.67 When 15.3 g of sodium nitrate, NaNOs3, was dissolved in
water in a calorimeter, the temperature fell from 25.00°C to
21.56°C. If the heat capacity of the solution and the calorimeter
is 1071 J/°C, what is the enthalpy change when 1 mol of sodium
nitrate dissolves in water? The solution process is

NaNO;(s) — Na*(ag) + NO3 (ag); AH = ?

6.68 When 23.6 g of calcium chloride, CaCl,, was dissolved in
water in a calorimeter, the temperature rose from 25.0°C to
38.7°C. If the heat capacity of the solution and the calorimeter
is 1258 J/°C, what is the enthalpy change when 1.20 mol of
calcium chloride dissolves in water? The solution process is

CaCl,(s) — Ca**(ag) + 2C1 (aq)

6.69 A sample of ethanol, C,HsOH, weighing 2.84 g was
burned in an excess of oxygen in a bomb calorimeter. The tem-
perature of the calorimeter rose from 25.00°C to 33.73°C. If the
heat capacity of the calorimeter and contents was 9.63 kJ/°C,
what is the value of ¢ for burning 1 mol of ethanol at constant
volume and 25.00°C? The reaction is

C,HsOH(I) + 30,(g) — 2CO4(g) + 3H,0())
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6.70 A sample of benzene, C¢Hg, weighing 3.51 g was burned
in an excess of oxygen in a bomb calorimeter. The temperature
of the calorimeter rose from 25.00°C to 37.18°C. If the heat
capacity of the calorimeter and contents was 12.05 kJ/°C, what is
the value of ¢ for burning 1.25 mol of benzene at constant
volume and 25.00°C? The reaction is

CeHe(1) + 505(g) — 6CO,(g) + 3H,0()

Hess’s Law

6.71 Hydrazine, N,Hy, is a colorless liquid used as a rocket
fuel. What is the enthalpy change for the process in which
hydrazine is formed from its elements?
Ny(g) + 2H,(g) — NyH4 (/)
Use the following reactions and enthalpy changes:
NoH4(1) + Os(g) — Ni(g) + 2H,O0(1); AH = —622.2kJ
Hy(g) + 10,(g) — H,O(I); AH = —285.8 kJ
6.72 Hydrogen peroxide, H,O,, is a colorless liquid whose
solutions are used as a bleach and an antiseptic. H,O, can be
prepared in a process whose overall change is
Hj(g) + Ox(g) — H,0,(/)
Calculate the enthalpy change using the following data:
2H,0,(l) — 2H,0(l) + O,(g); AH = —196.0 kJ
Ha,(g) + 10,(g) — H,O(1); AH = —285.8 kJ

6.73 Ammonia will burn in the presence of a platinum catalyst
to produce nitric oxide, NO.

4NH;(g) + 505(g) — 4NO(g) + 6H,0(g)
What is the heat of reaction at constant pressure? Use the fol-
lowing thermochemical equations:
N,(g) + O5(g) — 2NO(g); AH = 180.6 kJ
N,(g) + 3H,(g) — 2NHs(g); AH = —91.8kJ
2H,(g) + O,(g) — 2H,0(g); AH = —483.7kJ
6.74 Hydrogen cyanide is a highly poisonous, volatile liquid. It
can be prepared by the reaction
CHy(g) + NH;(g) — HCN(g) + 3Hx(g)
What is the heat of reaction at constant pressure? Use the fol-
lowing thermochemical equations:
N»(g) + 3H,(g) — 2NH;(g); AH = —91.8kJ
C(graphite) + 2H,(g) — CHy(g); AH = =749kl

H»(g) + 2C(graphite) + N,(g) — 2HCN(g);
AH = 270.3kJ

6.75 Compounds with carbon—carbon double bonds, such
as ethylene, C,H,, add hydrogen in a reaction called hydro-
genation.

CoHa(g) + Ha(g) — CoHe(g)
Calculate the enthalpy change for this reaction, using the follow-
ing combustion data:

C,Hu(g) + 305(g) — 2CO4(g) + 2H,0(0);
AH = —1411kJ

C>He(g) + 20,(g) — 2C0O,(g) + 3H,0(0);
AH = —1560 kJ

Ha(g) + 30,(g) — H,0(); AH = —286 kJ

6.76 Acetic acid, CH;COOH, is contained in vinegar. Suppose
acetic acid was formed from its elements, according to the
following equation:

2C(graphite) + 2Ha(g) + Oa(g) — CH;COOH(7)

Find the enthalpy change, AH, for this reaction, using the
following data:

CH;COOH(!) + 20,(g) — 2C0,(g) + 2H,0(!);
AH = —874k]

C(graphite) + O,(g) — CO(g); AH = —394 kJ
H,(g) + 105(g) — H,O(); AH = —286 k]

Standard Enthalpies of Formation

6.77 The cooling effect of alcohol on the skin is due to its evap-
oration. Calculate the heat of vaporization of ethanol (ethyl
alcohol), C,HsOH.

C,HsOH(l) — C,HsOH(g); AH® = ?

The standard enthalpy of formation of C,HsOH(l) is —277.7
kJ/mol and that of C,HsOH(g) is —235.4 kJ/mol.

6.78 Carbon tetrachloride, CCly, is a liquid used as an indus-
trial solvent and in the preparation of fluorocarbons. What is the
heat of vaporization of carbon tetrachloride?

CCly(l) — CCly(g); AH® = ?
Use standard enthalpies of formation (Table 6.2).

6.79 Hydrogen sulfide gas is a poisonous gas with the odor of
rotten eggs. It occurs in natural gas and is produced during the
decay of organic matter, which contains sulfur. The gas burns in
oxygen as follows:

2H,S(g) + 30,(g) — 2H,0(1) + 2S0,(g)
Calculate the standard enthalpy change for this reaction using
standard enthalpies of formation.

6.80 Carbon disulfide is a colorless liquid. When pure, it is
nearly odorless, but the commercial product smells vile. Carbon
disulfide is used in the manufacture of rayon and cellophane.
The liquid burns as follows:

CSy(I) + 305(g) — COx(g) + 2504(g)

Calculate the standard enthalpy change for this reaction using
standard enthalpies of formation.

6.81 TIron is obtained from iron ore by reduction with carbon
monoxide. The overall reaction is

Fe,05(s) + 3CO(g) — 2Fe(s) + 3CO4(g)

Calculate the standard enthalpy change for this equation. See
Appendix C for data.

6.82 The first step in the preparation of lead from its ore
(galena, PbS) consists of roasting the ore.

2PbS(s) + 30,(g) — 2SO,(g) + 2PbO(s)

Calculate the standard enthalpy change for this reaction, using
enthalpies of formation (see Appendix C).



6.83 Hydrogen chloride gas dissolves in water to form
hydrochloric acid (an ionic solution).

HCl(g) —2% H*(aq) + C1 (aq)

Find AH" for the above reaction. The data are given in Table 6.2.

6.84 Carbon dioxide from the atmosphere “weathers,” or dis-
solves, limestone (CaCO3) by the reaction

CaCO;(s) + CO,(g) + HO(l) —>
Ca’"(aq) + 2HCO; (aq)

Obtain AH° for this reaction. See Table 6.2 for the data.

General Prohlems

6.87 The energy, E, needed to move an object a distance d by
applying a force F is E = F X d. What must be the SI unit of
force if this equation is to be consistent with the ST unit of energy
for E?

6.88 The potential energy of an object in the gravitational
field of the earth is E, = mgh. What must be the SI unit of g
if this equation is to be consistent with the SI unit of energy
for E,?

6.89 Liquid hydrogen peroxide has been used as a propellant
for rockets. Hydrogen peroxide decomposes into oxygen and
water, giving off heat energy equal to 686 Btu per pound of
propellant. What is this energy in joules per gram of hydrogen
peroxide? (1 Btu = 252 cal; see also Table 1.4.)

6.90 Hydrogen is an ideal fuel in many respects; for example,
the product of its combustion, water, is nonpolluting. The heat
given off in burning hydrogen to gaseous water is 5.16 X 10* Btu
per pound. What is this heat energy in joules per gram? (1 Btu =
252 cal; see also Table 1.4.)

6.91 Niagara Falls has a height of 167 ft (American Falls).
What is the potential energy in joules of 1.00 Ib of water at the
top of the falls if we take water at the bottom to have a potential
energy of zero? What would be the speed of this water at the
bottom of the falls if we neglect friction during the descent of
the water?

6.92 Any object, be it a space satellite or a molecule, must
attain an initial upward velocity of at least 11.2 km/s in order to
escape the gravitational attraction of the earth. What would be
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6.85 The Group IIA carbonates decompose when heated. For
example,

MgCO;(s) — MgO(s) + COx(g)
Use enthalpies of formation (see Appendix C) and calculate the
heat required to decompose 10.0 g of magnesium carbonate.
6.86 The Group IIA carbonates decompose when heated. For
example,

BaCO;(s) — BaO(s) + CO,(g)

Use enthalpies of formation (see Appendix C) and calculate the
heat required to decompose 10.0 g of barium carbonate.

the kinetic energy in joules of a satellite weighing 2354 Ib that
has the speed equal to this escape velocity of 11.2 km/s?

6.93 When calcium carbonate, CaCO; (the major constituent
of limestone and seashells), is heated, it decomposes to calcium
oxide (quicklime).

CaCO4(s) — CaO(s) + COx(g); AH = 177.9KJ

How much heat is required to decompose 21.3 g of calcium
carbonate?

6.94 Calcium oxide (quicklime) reacts with water to produce
calcium hydroxide (slaked lime).

CaO(s) + H,O(l) — Ca(OH),(s); AH = —65.2kJ

The heat released by this reaction is sufficient to ignite paper.
How much heat is released when 24.5 g of calcium oxide reacts?

6.95 Formic acid, HCHO,, was first discovered in ants
(formica is Latin for “ant”). In an experiment, 5.48 g of formic
acid was burned at constant pressure.

2HCHO,(1) + O,(g) — 2CO»(g) + 2H,0(I)
If 30.3 kJ of heat evolved, what is AH per mole of formic acid?

6.96 Acetic acid, HC,H30,, is the sour constituent of vinegar
(acetum is Latin for “vinegar”). In an experiment, 3.58 g of
acetic acid was burned.

HC,H30,(1) + 20,(g) — 2CO»(g) + 2H,0(])
If 52.0 kJ of heat evolved, what is AH per mole of acetic acid?
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6.97 Suppose you mix 21.0 g of water at 52.7°C with 54.9 g of
water at 31.5°C in an insulated cup. What is the maximum tem-
perature of the solution after mixing?

6.98 Suppose you mix 20.5 g of water at 66.2°C with 45.4 g of
water at 35.7°C in an insulated cup. What is the maximum tem-
perature of the solution after mixing?

6.99 A piece of lead of mass 121.6 g was heated by an electri-
cal coil. From the resistance of the coil, the current, and the time
the current flowed, it was calculated that 235 J of heat was added
to the lead. The temperature of the lead rose from 20.4°C to
35.5°C. What is the specific heat of the lead?

6.100 The specific heat of copper metal was determined by put-
ting a piece of the metal weighing 35.4 g in hot water. The quan-
tity of heat absorbed by the metal was calculated to be 47.0 J
from the temperature drop of the water. What was the specific
heat of the metal if the temperature of the metal rose 3.45°C?

6.101 A 50.0-g sample of water at 100.00°C was placed in an
insulated cup. Then 25.3 g of zinc metal at 25.00°C was added to
the water. The temperature of the water dropped to 96.68°C.
What is the specific heat of zinc?

6.102 A 19.6-g sample of a metal was heated to 61.67°C. When
the metal was placed into 26.7 g of water in a calorimeter, the
temperature of the water increased from 25.00°C to 30.00°C.
What is the specific heat of the metal?

6.103 A 14.1-mL sample of 0.996 M NaOH is mixed with
32.3mL of 0.905 M HCl in a coffee-cup calorimeter (see Section
6.6 of your text for a description of a coffee-cup calorimeter).
The enthalpy of the reaction, written with the lowest whole-
number coefficients, is —55.8 kJ. Both solutions are at 21.6°C
prior to mixing and reacting. What is the final temperature of the
reaction mixture? When solving this problem, assume that no
heat is lost from the calorimeter to the surroundings, the density
of all solutions is 1.00 g/mL, the specific heat of all solutions is
the same as that of water, and volumes are additive.

6.104 A 29.1-mL sample of 1.05 M KOH is mixed with
20.9 mL of 1.07 M HBr in a coffee-cup calorimeter (see Section
6.6 of your text for a description of a coffee-cup calorimeter).
The enthalpy of the reaction, written with the lowest whole-
number coefficients, is —55.8 kJ. Both solutions are at 21.8°C
prior to mixing and reacting. What is the final temperature of the
reaction mixture? When solving this problem, assume that no
heat is lost from the calorimeter to the surroundings, the density
of all solutions is 1.00 g/mL, and volumes are additive.

6.105 In a calorimetric experiment, 6.48 g of lithium hydrox-
ide, LiOH, was dissolved in water. The temperature of the
calorimeter rose from 25.00°C to 36.66°C. What is AH for the
solution process?

LiOH(s) — Li* (ag) + OH (aq)
The heat capacity of the calorimeter and its contents is
547 J/°C.

6.106 When 21.45 g of potassium nitrate, KNOs, was dissolved
in water in a calorimeter, the temperature fell from 25.00°C to
14.14°C. What is the AH for the solution process?

KNO;(s) — K" (ag) + NO3 (aq)

The heat capacity of the calorimeter and its contents is
682 J/°C.

6.107 A 10.00-g sample of acetic acid, HC,H50,, was burned
in a bomb calorimeter in an excess of oxygen.

The temperature of the calorimeter rose from 25.00°C to
35.84°C. If the heat capacity of the calorimeter and its contents
is 13.43 kJ/°C, what is the enthalpy change for the reaction?

6.108 The sugar arabinose, CsH;,Os, is burned completely in
oxygen in a calorimeter.
CsH;0O0s(s) + 505(g) — 5CO,(g) + 5H,0(!)

Burning a 0.548-g sample caused the temperature to rise from
20.00°C to 20.54°C. The heat capacity of the calorimeter and its
contents is 15.8 kJ/°C. Calculate AH for the combustion reaction
per mole of arabinose.

6.109 Hydrogen sulfide, H,S, is a poisonous gas with the odor
of rotten eggs. The reaction for the formation of H,S from the
elements is

H,(g) + §Sg(thombic) — H,S(g)
Use Hess’s law to obtain the enthalpy change for this reaction
from the following enthalpy changes:

H,S(g) + 304(8) — Hy0(g) + SOx(g); AH = =518 kJ
Hy(g) + 30(g) — H,0(g); AH = —242KJ
Sg(rthombic) + O,(g) — SO,(g); AH = —297 kJ
6.110 Ethylene glycol, HOCH,CH,OH, is used as antifreeze. It

is produced from ethylene oxide, C,H4O, by the reaction
C,H,0(g) + H,O(l) — HOCH,CH,OH(/)

Use Hess’s law to obtain the enthalpy change for this reaction

from the following enthalpy changes:

2C,H40(g) + 50,(g) — 4CO,(g) + 4H,0(1);
AH = —2612.2KJ
HOCH,CH,OH(I) + 30,(g) —> 2C04(g) + 3H,0(]);
AH = —1189.8kJ

6.111 Hydrogen, H,, is prepared by steam reforming, in which
hydrocarbons are reacted with steam. For CHy,

CH,(g) + H,O(g) — CO(g) + 3H,(g)

Calculate the enthalpy change AH® for this reaction, using stan-
dard enthalpies of formation.
6.112 Hydrogen is prepared from natural gas (mainly methane,
CH,) by partial oxidation.

2CH4(g) + Oa(g) — 2CO(g) + 4Ha(g)

Calculate the enthalpy change AH® for this reaction, using stan-
dard enthalpies of formation.

6.113 Calcium oxide, CaO, is prepared by heating calcium car-
bonate (from limestone and seashells).

CaCO;(s) — CaO(s) + CO,(g)

Calculate the standard enthalpy of reaction, using enthalpies of
formation. The AH} of CaO(s) is —635 kJ/mol. Other values are
given in Table 6.2.



6.114 Sodium carbonate, Na,COg, is used to manufacture glass.
It is obtained from sodium hydrogen carbonate, NaHCO;, by
heating.

2NaHCO;(s) — Na,COs(s) + H,O(g) + CO,(g)

Calculate the standard enthalpy of reaction, using enthalpies of
formation (Table 6.2).

6.115 Calculate the heat released when 2.000 L O, with a den-
sity of 1.11 g/L at 25°C reacts with an excess of hydrogen to
form liquid water at 25°C.

6.116 Calculate the heat released when 4.000 L Cl, with a den-
sity of 2.46 g/L at 25°C reacts with an excess of sodium metal to
form solid sodium chloride at 25°C.

6.117 Sucrose, C;,H»,01, is common table sugar. The enthalpy
change at 25°C and 1 atm for the complete burning of 1 mol
of sucrose in oxygen to give CO,(g) and H,O(J) is —5641 kJ.
From this and from data given in Table 6.2, calculate the standard
enthalpy of formation of sucrose.

6.118 Acetone, CH;COCHs3;, is a liquid solvent. The enthalpy
change at 25°C and 1 atm for the complete burning of 1 mol of
acetone in oxygen to give CO,(g) and H,O(/) is —1791 kJ. From

Strategy Problems

6.123 How fast (in meters per second) must an iron ball with a
mass of 56.6 g be traveling in order to have a kinetic energy of
15.75 J? The density of iron is 7.87 g/cm”.

6.124 Sulfur dioxide gas reacts with oxygen, O,(g), to produce
SO;(g). This reaction releases 99.0 kJ of heat (at constant pres-
sure) for each mole of sulfur dioxide that reacts. Write the ther-
mochemical equation for the reaction of 2 mol of sulfur dioxide,
and then also for the decomposition of 3 mol of sulfur trioxide
gas into oxygen gas and sulfur dioxide gas. Do you need any
other information to answer either question?

6.125 When solid iron burns in oxygen gas (at constant pres-
sure) to produce Fe,O5(s), 1651 kJ of heat is released for every
4 mol of iron burned. How much heat is released when 10.3 g
Fe,O5(s) is produced (at constant pressure)? What additional in-
formation would you need to calculate the heat released to pro-
duce this much Fe,Oj3(s) if you burned iron in ozone gas, Oz(g),
instead of O,(g)?

6.126 How many grams of oxygen gas are required to produce
7.60 kJ of heat when hydrogen gas burns at constant pressure to
produce gaseous water?

2H,(g) + O,(g) — 2H,0(g); AH = —484 k]

Liquid water has a heat of vaporization of 44.0 kJ per mole at 25°C.
6.127 Hydrogen is burned in oxygen to release heat. How many
grams of hydrogen gas must be burned to release enough heat to
warm a 50.0-g block of iron, giving 2 mol of water?

2H,(g) + O,(g) — 2H,0(g); AH = —484 kJ

Iron has a specific heat of 0.449 J/(g-°C).

6.128 A piece of iron was heated to 95.4°C and dropped into a
constant-pressure calorimeter containing 284 g of water at
32.2°C. The final temperature of the water and iron was 51.9°C.
Assuming that the calorimeter itself absorbs a negligible amount
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this and from data given in Table 6.2, calculate the standard
enthalpy of formation of acetone.

6.119 Ammonium nitrate is an oxidizing agent and can give rise
to explosive mixtures. A mixture of 2.00 mol of powdered
aluminum and 3.00 mol of ammonium nitrate crystals reacts
exothermically, yielding nitrogen gas, water vapor, and alu-
minum oxide. How many grams of the mixture are required to
provide 245 kJ of heat? See Appendix C for data.

6.120 The thermite reaction is a very exothermic reaction; it has
been used to produce liquid iron for welding. A mixture of 2 mol
of powdered aluminum metal and 1 mol of iron(III) oxide yields
liquid iron and solid aluminum oxide. How many grams of the
mixture are needed to produce 348 kJ of heat? See Appendix C
for data.

6.121 Describe the physical characteristics of white phospho-
rus. Is it found in any modern matches? Why or why not?

6.122 What is the phosphorus compound used in “strike any-
where” matches. What is the chemical equation for the burning
of this compound in air?

of heat, what was the mass (in grams) of the piece of iron? The
specific heat of iron is 0.449 J/(g-°C), and the specific heat of
water is 4.18 J/(g-°C).

6.129 The enthalpy of combustion, AH, for benzoic acid,
C¢HsCOOH, is —3226 kJ/mol. When a sample of benzoic acid
was burned in a calorimeter (at constant pressure), the tempera-
ture of the calorimeter and contents rose from 23.44°C to
27.65°C. The heat capacity of the calorimeter and contents was
12.41 kJ/°C. What mass of benzoic acid was burned?

6.130 Given the following (hypothetical) thermochemical
equations:

A+B—2C;AH = —447KJ
A + 3D — 2E; AH = —484 kJ
2D + B — 2F; AH = —429kJ
Calculate AH, in kJ, for the equation
4E + 5B — 4C + 6F

6.131 The head of a “strike anywhere” match contains tetra-
phosphorus trisulfide, P4S;. In an experiment, a student burned
this compound in an excess of oxygen and found that it evolved
3651 kJ of heat per mole of P,S5 at a constant pressure of 1 atm.
She wrote the following thermochemical equation:

P,S3(s) + 804(g) — P,0,(s) + 3S04(g); AH® = —3651 kJ

Calculate the standard enthalpy of formation of P4S3, using this
student’s result and the following standard enthalpies of forma-
tion: P,O;4(s), —3009.9 kJ/mol; SO,(g), —296.8 kJ/mol. How
does this value compare with the value given in Appendix C?
6.132 Toluene, C¢HsCH3, has an enthalpy of combustion of
—3908 kJ/mol. Using data from Appendix C, calculate the en-
thalpy of formation of toluene.
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Cumulative-Skills Prohlems

6.133 What will be the final temperature of a mixture made
from 25.0 g of water at 15.0°C, from 45.0 g of water at 50.0°C,
and from 15.0 g of water at 37.0°C?

6.134 What will be the final temperature of a mixture made
from equal masses of the following: water at 25.0°C, ethanol at
35.5°C, and iron at 95°C?

6.135 Graphite is burned in oxygen to give carbon monoxide
and carbon dioxide. If the product mixture is 33% CO and 67%
CO, by mass, what is the heat from the combustion of 1.00 g of
graphite?

6.136 A sample of natural gas is 80.0% CH, and 20.0% C,Hg¢
by mass. What is the heat from the combustion of 1.00 g of this
mixture? Assume the products are CO,(g) and H,O(l).

Thermochemistry

6.137 A sample containing 2.00 mol of graphite reacts com-
pletely with a limited quantity of oxygen at 25°C and 1.0 atm
pressure, producing 481 kJ of heat and a mixture of CO and
CO,. Calculate the masses of CO and CO, produced.

6.138 A 10.0-g sample of a mixture of CH, and C,H, reacts
with oxygen at 25°C and 1 atm to produce CO,(g) and H,O(J). If
the reaction produces 520 kJ of heat, what is the mass percentage
of CH, in the mixture?

6.139 How much heat is released when a mixture containing
10.0 g NH; and 20.0 g O, reacts by the following equation?

4NH;(g) + 50,(8) — 4NO(g) + 6H,0(g);
AH° = —906 kJ

6.140 How much heat is released when a mixture containing
10.0 g CS; and 10.0 g Cl, reacts by the following equation?

CS1(g) + 3Clx(g) — S:Clx(g) + CCla(g);
AH® = —230KkJ

6.141 Consider the Haber process:
N,(g) + 3H,(g) — 2NHs(g); AH® = —91.8 kJ

The density of ammonia at 25°C and 1.00 atm is 0.696 g/L. The
density of nitrogen, N, is 1.145 g/L, and the molar heat capac-
ity is 29.12 J/(mol-°C). (a) How much heat is evolved in the
production of 1.00 L of ammonia at 25°C and 1.00 atm? (b) What
percentage of this heat is required to heat the nitrogen required

for this reaction (0.500 L) from 25°C to 400°C, the temperature
at which the Haber process is run?

6.142 An industrial process for manufacturing sulfuric acid,
H,SO,, uses hydrogen sulfide, H,S, from the purification of nat-
ural gas. In the first step of this process, the hydrogen sulfide is
burned to obtain sulfur dioxide, SO,.

2H>8(g) + 302(g) — 2H;0() + 250,(g);
AH° = —1124KJ

The density of sulfur dioxide at 25°C and 1.00 atm is 2.62 g/L,
and the molar heat capacity is 30.2 J/(mol-°C). (a) How much
heat would be evolved in producing 1.00 L of SO, at 25°C and
1.00 atm? (b) Suppose heat from this reaction is used to heat
1.00 L of SO, from 25°C and 1.00 atm to 500°C for its use in the
next step of the process. What percentage of the heat evolved is
required for this?

6.143 The carbon dioxide exhaled in the breath of astronauts
is often removed from the spacecraft by reaction with lithium
hydroxide.

2LiOH(s) + CO,(g) — Li,COs(s) + H,O(!)

Estimate the grams of lithium hydroxide required per astronaut
per day. Assume that each astronaut requires 2.50 X 107 kcal of
energy per day. Further assume that this energy can be equated to
the heat of combustion of a quantity of glucose, CcH;,0g, to
CO,(g) and H,O(/). From the amount of glucose required to give
2.50 X 10> kcal of heat, calculate the amount of CO, produced
and hence the amount of LiOH required. The AH Y for glucose(s)
is —1273 kJ/mol.

6.144 A rebreathing gas mask contains potassium superoxide,
KO,, which reacts with moisture in the breath to give oxygen.

4KO,(s) + 2H,0(I) — 4KOH(s) + 30,(g)

Estimate the grams of potassium superoxide required to supply a
person’s oxygen needs for one hour. Assume a person requires
1.00 X 107 keal of energy for this time period. Further assume
that this energy can be equated to the heat of combustion of a
quantity of glucose, C¢H;,Og, to CO,(g) and H,O(/). From the
amount of glucose required to give 1.00 X 10> kcal of heat, cal-
culate the amount of oxygen consumed and hence the amount of
KO, required. The AH} for glucose(s) is —1273 kJ/mol.
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Colored flames from several metal
compounds; the visible light is
emitted from the metal atoms.
The yellow emission from sodium

atoms is used in sodium street lamps.

Part Two Atomic and Molecular Structure

Light Waves, Photons, and the Bohr Theory
7.1 The Wave Nature of Light

7.2 Quantum Effects and Photons

7.3  The Bohr Theory of the Hydrogen Atom

To understand the formation of chemical bonds,
you need to know something about the electronic
structure of atoms. Because light gives us informa-
tion about this structure, we begin by discussing
the nature of light. Then we look at the Bohr
theory of the simplest atom, hydrogen.

Quantum Mechanics and Quantum Numbers

7.4 Quantum Mechanics

7.5 Quantum Numbers and Atomic
Orbitals

The Bohr theory firmly establishes the concept of
energy levels but fails to account for the details
of atomic structure. Here we discuss some basic
notions of quantum mechanics, which is the
theory currently applied to extremely small
particles, such as electrons in atoms.
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ccording to Rutherford’s

model (Section 2.2), an

atom consists of a nucleus
many times smaller than the atom
itself, with electrons occupying the
remaining space. How are the elec-
trons distributed in this space? Or,
we might ask, what are the elec-
trons doing in the atom?

The answer was to come
from an unexpected area: the
study of colored flames. When
metal compounds burn in a flame,
they emit bright colors (Figure 7.1). FIGURE 7.1
The spectacular colors of fireworks  pjame tests of Groups IA and IIA elements
are due to the burning of metal A wire loop containing a sample of a metal compound is placed in a flame. Left to right: flames
compounds. Lithium and strontium of lithium (red), sodium (yellow), strontium (red), and calcium (orange).
compounds give a deep red color;
barium compounds, a green color;
and copper compounds, a bluish green color.

Although the red flames of lithium and strontium appear similar, the light from
each can be resolved (separated) by means of a prism into distinctly different colors. This
resolution easily distinguishes the two elements. A prism disperses the colors of white
light just as small raindrops spread the colors of sunlight into a rainbow or spectrum.

But the light from a flame, when passed through a prism, reveals something other than
a rainbow. Instead of the continuous range of color from red to yellow to violet, the
spectrum from a strontium flame, for example, shows a cluster of red lines and blue
lines against a black background. The spectrum of lithium is different, showing a red
line, a yellow line, and two blue lines against a black background. (See Figure 7.2.)

Each element, in fact, has a characteristic line spectrum because of the
emission of light from atoms in the hot gas. The spectra can be used to identify
elements. How is it that each atom emits particular colors of light? What does a line
spectrum tell us about the structure of an atom? If you know something about the
structures of atoms, can you explain the formation of ions and

See pages 286-287 for molecules? We will answer these questions in this and the next
the Media Summary. few chapters.

Light Waves, Photons, and the Bohr Theory

In Chapter 2 we looked at the basic structure of atoms and we introduced the con-
cept of a chemical bond. To understand the formation of a chemical bond between
atoms, however, you need to know something about the electronic structure of atoms.
The present theory of the electronic structure of atoms started with an explanation of
the colored light produced in hot gases and flames. Before we can discuss this, we
need to describe the nature of light.



FIGURE 7.2

Emission (line) spectra of some elements
The lines correspond to visible light emitted
by atoms. (Wavelengths of lines are given
in nanometers.)

7.1

FIGURE 7.3

Water wave (ripple)

The wavelength (1) is the distance
between any two adjacent identical points
of a wave, such as two adjacent peaks or
two adjacent troughs.
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7.1 The Wave Nature of Light

The Wave Nature of Light

If you drop a stone into one end of a quiet pond, the impact of the stone with the
water starts an up-and-down motion of the water surface. This up-and-down motion
travels outward from where the stone hit; it is a familiar example of a wave. A wave
is a continuously repeating change or oscillation in matter or in a physical field.
Light is also a wave. It consists of oscillations in electric and magnetic fields that
can travel through space. Visible light, x rays, and radio waves are all forms of elec-
tromagnetic radiation.

You characterize a wave by its wavelength and frequency. The wavelength, denoted
by the Greek letter A (lambda), is the distance between any two adjacent identical
points of a wave. Thus, the wavelength is the distance between two adjacent peaks or
troughs of a wave. Figure 7.3 shows a cross section of a water wave at a given moment,
with the wavelength (1) identified. Radio waves have wavelengths from approximately
100 mm to several hundred meters. Visible light has much shorter wavelengths, about
10~° m. Wavelengths of visible light are often given in nanometers (1 nm = 10~ m).
For example, light of wavelength 5.55 X 10~ m, the greenish yellow light to which
the human eye is most sensitive, equals 555 nm.

The frequency of a wave is the number of wavelengths of that wave that pass a
fixed point in one unit of time (usually one second). For example, imagine you are
anchored in a small boat on a pond when a stone is dropped into the water. Waves
travel outward from this point and move past your boat. The number of wavelengths
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FIGURE 7.4

Relation between wavelength

and frequency

Both waves are traveling at the same speed.
The top wave has a wavelength twice that of
the bottom wave. The bottom wave, however,
has twice the frequency of the top wave.

To understand how fast the speed of
light is, it might help to realize that
it takes only 2.5 s for radar waves
(which travel at the speed of light)
to leave Earth, bounce off the moon,

Quantum Theory of the Atom

that pass you in one second is the frequency of that wave. Frequency is denoted by
the Greek letter v (nu, pronounced “new”). The unit of frequency is /s, or s ', also
called the hertz (Hz).

The wavelength and frequency of a wave are related to each other. Figure 7.4
shows two waves, each traveling from left to right at the same speed; that is, each
wave moves the same total length in 1s. The top wave, however, has a wavelength
twice that of the bottom wave. In s, two complete wavelengths of the top wave
move left to right from the origin. It has a frequency of 2/s, or 2 Hz. In the same
time, four complete wavelengths of the bottom wave move left to right from the
origin. It has a frequency of 4/s, or 4 Hz. Note that for two waves traveling with
a given speed, wavelength and frequency are inversely related: the greater the
wavelength, the lower the frequency, and vice versa. In general, with a wave of
frequency v and wavelength A, there are v wavelengths, each of length A, that pass
a fixed point every second. The product vA is the total length of the wave that has
passed the point in 1s. This length of wave per second is the speed of the wave.
For light of speed c,

c=vA

The speed of light waves in a vacuum is a constant and is independent of wave-
length or frequency. This speed is 3.00 X 10% m/s, which is the value for ¢ that we
use in the following examples. <

and return—a total distance of
478,000 miles.

Example 7.1 Obtaining the Wavelength of Light from Its Frequency

What is the wavelength of the yellow sodium emission, which has a frequency of 5.09 X 10'%/s?

Problem Strategy Note that frequency and wavelength are related (their product equals
the speed of light). Write this as an equation, and then rearrange it to give the wavelength
on the left and the frequency and speed of light on the right.

Solution The frequency and wavelength are related by the formula ¢ = vA. You rearrange
this formula to give

in which c is the speed of light (3.00 X 10® m/s). Substituting yields

3.00 X 10°® m/z _
A=—"—"—————=589X10""m, or 589 nm
5.09 X 10'/s

Answer Check Make sure you use the same units for ¢ and v (we used SI units in the
solution). Check that the units cancel on the right to give the units of wavelength. As a
check on your arithmetic, note that the wavelength for the answer should be in the visible
range (400 nm to 800 nm).

The frequency of the strong red line in the spectrum of potassium
is 3.91 X 10'%s. What is the wavelength of this light in nanometers?

M See Problems 7.35 and 7.36.
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Example 7.2 Obtaining the Frequency of Light from Its Wavelength
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What is the frequency of violet light with a wavelength of 408 nm?

Problem Strategy Rearrange the equation relating frequency and wavelength so that
the frequency is on the left and the wavelength and speed of light are on the right.

Solution You rearrange the equation relating frequency and wavelength to give

V==

A
Substituting for A (408 nm = 408 X 10~? m) gives

~3.00 X 10° m/s

v="o———— =735 x10"s
408 X 10" ar

Answer Check Use the same units for wavelength and speed of light; then check that the
units cancel after substituting to give the units of frequency. We have used SI units here.

The element cesium was discovered in 1860 by Robert Bunsen and
Gustav Kirchhoff, who found two bright blue lines in the spectrum of a substance isolated
from a mineral water. One of the spectral lines of cesium has a wavelength of 456 nm.
What is its frequency? >

In 1854, Kirchhoff found
that each element has a
unique spectrum. Later,
Bunsen and Kirchhoff
developed the prism
spectroscope and used it
to confirm their discouv-
ery of two new elements,
cesium (in 1860) and
rubidium (in 1861).

FIGURE 7.5

The electromagnetic spectrum
Divisions between regions are not
defined precisely.

M See Problems 7.37 and 7.38.

The range of frequencies or wavelengths of electromagnetic radiation is called the
electromagnetic spectrum, shown in Figure 7.5. Visible light extends from the violet
end of the spectrum, which has a wavelength of about 400 nm, to the red end, with
a wavelength of less than 800 nm. Beyond these extremes, electromagnetic radiation
is not visible to the human eye. Infrared radiation has wavelengths greater than 800 nm
(greater than the wavelength of red light), and ultraviolet radiation has wavelengths
less than 400 nm (less than the wavelength of violet light).
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7.2

Max Planck was professor of
physics at the University of Berlin
when he did this research. He
received the Nobel Prize in physics
foritin 1918.

Radiation emitted from the human
body and warm objects is mostly
infrared, which is detected by burglar
alarms, military night-vision scopes,
and similar equipment.

Concept Check 7.1

Laser light of a specific frequency falls on a crystal that converts this light into
one with double the original frequency. How is the wavelength of this frequency-
doubled light related to the wavelength of the original laser light? Suppose the
original laser light was red. In which region of the spectrum would the frequency-
doubled light be? (If this is in the visible region, what color is the light?)

Quantum Effects and Photons

Isaac Newton, who studied the properties of light in the seventeenth century, believed
that light consisted of a beam of particles. In 1801, however, British physicist Thomas
Young showed that light, like waves, could be diffracted. Diffraction is a property of
waves in which the waves spread out when they encounter an obstruction or small
hole about the size of the wavelength. You can observe diffraction by viewing a light
source through a hole—for example, a streetlight through a mesh curtain. The image
of the streetlight is blurred by diffraction.

By the early part of the twentieth century, the wave theory of light appeared to
be well entrenched. But in 1905 the German physicist Albert Einstein (1879—-1955;
emigrated to the United States in 1933) discovered that he could explain a phenom-
enon known as the photoelectric effect by postulating that light had both wave and
particle properties. Einstein based this idea on the work of the German physicist Max
Planck (1858-1947).

Planck’s Quantization of Energy

In 1900 Max Planck found a theoretical formula that exactly describes the intensity
of light of various frequencies emitted by a hot solid at different temperatures. <
Earlier, others had shown experimentally that the light of maximum intensity from a
hot solid varies in a definite way with temperature. A solid glows red at 750°C, then
white as the temperature increases to 1200°C. At the lower temperature, chiefly red
light is emitted. As the temperature increases, more yellow and blue light become
mixed with the red, giving white light. <

According to Planck, the atoms of the solid oscillate, or vibrate, with a definite
frequency v, depending on the solid. But in order to reproduce the results of experi-
ments on glowing solids, he found it necessary to accept a strange idea. An atom
could have only certain energies of vibration, E, those allowed by the formula

E = nhv, n=1,2,3...

where h is a constant, now called Planck’s constant, a physical constant relating
energy and frequency, having the value 6.63 X 10~°* J-s. The value of n must be 1
or 2 or some other whole number. Thus, the only energies a vibrating atom can have
are hv, 2hv, 3hv, and so forth.

The numbers symbolized by n are called quantum numbers. The vibrational ener-
gies of the atoms are said to be quantized; that is, the possible energies are limited
to certain values.

The quantization of energy seems contradicted by everyday experience. Con-
sider the potential energy of an object, such as a tennis ball. Its potential energy
depends on its height above the surface of the earth: the greater the upward height,
the greater the potential energy. (Recall the discussion of potential energy in Sec-
tion 6.1.) We have no problem in placing the tennis ball at any height, so it can
have any energy. Imagine, however, that you could only place the tennis ball on the
steps of a stairway. In that case, you could only put the tennis ball on one of the
steps, so the potential energy of the tennis ball could have only certain values; its
energy would be quantized. Of course, this restriction of the tennis ball is artificial;



Albert Einstein obtained his Ph.D. in
1905. In the same year he published
five ground breaking research
papers: one on the photoelectric
effect (for which he received the
Nobel Prize in physics in 1921); two
on special relativity; a paper on the
determination of molecular size;
and one on Brownian motion

(which led to experiments that
tested kinetic-molecular theory and
ended remaining doubts about the
existence of atoms and molecules).
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FIGURE 7.6

The photoelectric effect

Light shines on a metal surface, knocking
out electrons. The metal surface is contained
in an evacuated tube, which allows the
ejected electrons to be accelerated to a
positively charged plate. As long as light of
sufficient frequency shines on the metal, free
electrons are produced and a current flows
through the tube. (The current is measured
by an ammeter.) When the light is turned
off, the current stops flowing.
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in fact, a tennis ball can have a range of energies, not just particular values. As we
will see, quantum effects depend on the mass of the object: the smaller the mass,
the more likely you will see quantum effects. Atoms, and particularly electrons, have
small enough masses to exhibit quantization of energy; tennis balls do not.

Photoelectric Effect

Planck himself was uneasy with the quantization assumption and tried unsuccessfully
to eliminate it from his theory. Albert Einstein, on the other hand, boldly extended
Planck’s work to include the structure of light itself. Einstein reasoned that if a vibrat-
ing atom changed energy, say from 3Av to 2hv, it would decrease in energy by hv, and
this energy would be emitted as a bit (or quantum) of light energy. He therefore pos-
tulated that light consists of quanta (now called photons), or particles of electromag-
netic energy, with energy E proportional to the observed frequency of the light: <

E = hv

In 1905 Einstein used this photon concept to explain the photoelectric effect.

The photoelectric effect is the ejection of electrons from the surface of a metal or
from another material when light shines on it (see Figure 7.6). Electrons are ejected,
however, only when the frequency of light exceeds a certain threshold value charac-
teristic of the particular metal. For example, although violet light will cause potas-
sium metal to eject electrons, no amount of red light (which has a lower frequency)
has any effect.

To explain this dependence of the photoelectric effect on the frequency, Einstein
assumed that an electron is ejected from a metal when it is struck by a single photon.
Therefore, this photon must have at least enough energy to remove the electron from
the attractive forces of the metal. No matter how many photons strike the metal, if no
single one has sufficient energy, an electron cannot be ejected. A photon of red light
has insufficient energy to remove an electron from potassium. But a photon correspon-
ding to the threshold frequency has just enough energy, and at higher frequencies it has
more than enough energy. When the photon hits the metal, its energy hv is taken up by
the electron. The photon ceases to exist as a particle; it is said to be absorbed.

The wave and particle pictures of light should be regarded as complementary
views of the same physical entity. This is called the wave—particle duality of light.
The equation E = hv displays this duality; E is the energy of a light particle or pho-
ton, and v is the frequency of the associated wave. Neither the wave nor the particle
view alone is a complete description of light.

Example 7.3 Calculating the Energy of a Photon
|

The red spectral line of lithium occurs at 671 nm (6.71 X 10”7 m). Calculate the energy

of one photon of this light.

Problem Strategy Note that the energy of a photon is related to its corresponding
frequency. Therefore, you will first need to obtain this frequency from the wavelength of

the spectral line.

Solution The frequency of this light is

¢ 3.00 X 10° ps
A 671 X107 " m

=447 X 10's

(continued)



A Chemist Looks at. . .

In 1993 in Seattle,
Washington, four chil-
dren died and hundreds
of people became sick
from food poisoning
when they ate un-
dercooked hamburgers
containing a danger-
ous strain of a normally harmless bacterium, Escherichia
coli. A similar bout of food poisoning from hamburgers con-
taining the dangerous strain of E. coli occurred in the sum-
mer of 1997; 17 people became ill. This time the tainted
hamburger was traced to a meat processor in Nebraska,
which immediately recalled 25 million pounds of ground
beef. Within months, the U.S. Food and Drug Administra-
tion approved the irradiation of red meat by gamma rays to
kill harmful bacteria. Gamma rays are a form of electro-
magnetic radiation similar to x rays, but the photons of
gamma rays have higher energy.

The idea of using high-energy radiation to disinfect
foods is not new (Figure 7.7). It has been known for about
50 years that high-energy radiation kills bacteria and
molds in foods, prolonging their shelf life. Gamma rays kill
organisms by breaking up the DNA molecules within their
cells. This DNA holds the information for producing vital
cell proteins.

Currently, the gamma rays used in food irradiation
come from the radioactive decay of cobalt-60. It is perhaps

daily life

(continued)

Hence, the energy of one photon is

Zapping Hamburger with
Gamma Rays

this association with radioactivity that has slowed the ac-
ceptance of irradiation as a food disinfectant. However,
food is not made radioactive by irradiating it with gamma
rays. The two major concerns about food irradiation—
whether a food’s nutritional value might be significantly
diminished and whether decomposition products might
cause cancer—appear to be without foundation. Irradiation
of foods with gamma rays may soon join pasteurization as
a way to protect our food supply from harmful bacteria.

IE——— 0
ERRIES
Y TREATED BY RRADIAT \/

“ RS fie':f%u \

-v

IRRADIATION FOR
FRESHNESS AND HEALTH

FIGURE 7.7 A

Gamma irradiation of foods

Here, fresh produce has been irradiated to reduce
spoilage and to ensure that the produce does not
contain harmful bacteria. Now, meat can also be

irradiated.

B See Problems 7.91 and 7.92.

E=hy=6.63X10*J- 58X 447 X 105 =296 x 10~ J

Answer Check Be sure to use the same systems of units for the wavelength, the speed of
light, and Planck’s constant. Check that units cancel to give the proper units for energy in the

final answer.

The following are representative wavelengths in the infrared, ultra-

violet, and x-ray regions of the electromagnetic spectrum, respectively: 1.0 X 10~ °m, 1.0 X
107® m, and 1.0 X 10 ' m. What is the energy of a photon of each radiation? Which has
the greatest amount of energy per photon? Which has the least?

270

M See Problems 7.43, 7.44, 7.45, and 7.46.



FIGURE 7.8

Niels Bohr (1885-1962)

After Bohr developed his quantum theory
of the hydrogen atom, he used his ideas
to explain the periodic behavior of the
elements. Later, when the new quantum
mechanics was discovered by Schrodinger
and Heisenberg, Bohr spent much of his
time developing its philosophical basis. He

received the Nobel Prize in physics in 1922.

FIGURE 7.9

Dispersion of white light by a prism
White light, entering at the left, strikes a
prism, which disperses the light into a
continuous spectrum of wavelengths.
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The Bohr Theory of the Hydrogen Atom

According to Rutherford’s nuclear model, the atom consists of a nucleus with most
of the mass of the atom and a positive charge, around which move enough electrons
to make the atom electrically neutral. But this model, offered in 1911, posed a
dilemma. Using the then-current theory, one could show that an electrically charged
particle (such as an electron) that revolves around a center would continuously lose
energy as electromagnetic radiation. As an electron in an atom lost energy, it would
spiral into the nucleus (in about 10~'° s, according to available theory). The stability
of the atom could not be explained.

A solution to this theoretical dilemma was found in 1913 by Niels Bohr
(1885-1962), a Danish physicist, who at the time was working with Rutherford
(see Figure 7.8). Using the work of Planck and Einstein, Bohr applied a new theory
to the simplest atom, hydrogen. Before we look at Bohr’s theory, we need to
consider the line spectra of atoms, which we looked at briefly in the chapter
opening.

Atomic Line Spectra

As described in the previous section, a heated solid emits light. A heated tungsten fil-
ament in an ordinary lightbulb is a typical example. With a prism we can spread out
the light from a bulb to give a continuous spectrum—that is, a spectrum containing
light of all wavelengths, like that of a rainbow (see Figure 7.9). The light emitted by
a heated gas, however, yields different results. Rather than a continuous spectrum,
with all colors of the rainbow, we obtain a line spectrum—a spectrum showing only
certain colors or specific wavelengths of light. When the light from a hydrogen gas
discharge tube (in which an electrical discharge heats hydrogen gas) is separated into
its components by a prism, it gives a spectrum of lines, each line corresponding to
light of a given wavelength. The light produced in the discharge tube is emitted by
hydrogen atoms. Figure 7.2 shows the line spectrum of the hydrogen atom, as well
as line spectra of other atoms.

The line spectrum of the hydrogen atom is especially simple. In the visible region,
it consists of only four lines (a red, a blue-green, a blue, and a violet), although others
appear in the infrared and ultraviolet regions. In 1885 J. J. Balmer showed that the
wavelengths A in the visible spectrum of hydrogen could be reproduced by a simple
formula:

1 5 (1 1
i 1.097 X 10 /m( —)

22 2P
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The energies have negative values
because the energy of the separated
nucleus and electron is taken to be
zero. As the nucleus and electron
come together to form a stable state
of the atom, energy is released and
the energy becomes less than zero,
or negative.

0, n=oco
Ryfm — — — — — — — — ‘n=6
—Ry/25 n=>5
_RH/] 6 n=4

~Ry/9 n=3
—Ry/4 i n=2
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=

m
—Ry n=1

FIGURE 7.10

Energy-level diagram for the

electron in the hydrogen atom

Energy is plotted on the vertical axis

(in fractional multiples of Ry;). The arrow
represents an electron transition (discussed
in Postulate 2) from level n = 4 to

level n = 2. Light of wavelength 486 nm
(blue-green) is emitted. (See Example 7.4
for the calculation of this wavelength.)

Quantum Theory of the Atom

Here n is some whole number (integer) greater than 2. By substituting n = 3, for
example, and calculating 1/A and then A, one finds A = 6.56 X 1077 m, or 656 nm,
a wavelength corresponding to red light. The wavelengths of the other lines in the
hydrogen atom visible spectrum are obtained by successively substituting n = 4,
n=>5andn = 6.

Bohr’s Postulates

Bohr set down the following postulates to account for (1) the stability of the hydro-
gen atom (that the atom exists and its electron does not continuously radiate energy
and spiral into the nucleus) and (2) the line spectrum of the atom.

1. Energy-level Postulate An electron can have only specific energy values in
an atom, which are called its energy levels. Therefore, the atom itself can have only
specific total energy values.

Bohr borrowed the idea of quantization of energy from Planck. Bohr, however,
devised a rule for this quantization that could be applied to the motion of an electron
in an atom. From this he derived the following formula for the energy levels of the
electron in the hydrogen atom:

R
E=-= n=123,.. .0
n

(for H atom)

where Ry is a constant (expressed in energy units) with the value 2.179 X 10~ '8 J.
Different values of the possible energies of the electron are obtained by putting in
different values of n, which can have only the integral values 1, 2, 3, and so forth
(up to infinity, «). Here n is called the principal quantum number. The diagram in
Figure 7.10 shows the energy levels of the electron in the H atom. <

2. Transitions Between Energy Levels An electron in an atom can change energy
only by going from one energy level to another energy level. By so doing, the elec-
tron undergoes a transition.

By using only these two postulates, Bohr was able to explain Balmer’s formula
for the wavelengths in the spectrum of the hydrogen atom. According to Bohr, the
emission of light from an atom occurs as follows. An electron in a higher energy level
(initial energy level, E;) undergoes a transition to a lower energy level (final energy
level, Ey) (see Figure 7.10). In this process, the electron loses energy, which is emit-
ted as a photon. Balmer’s formula follows by this reasoning: The energy lost by the
hydrogen atom is AE = E, — E;. If we write n; for the principal quantum number of
the initial energy level, and n, for the principal quantum number of the final energy
level, then from Postulate 1,

Ry Ry

SO

)= )= -mby - o)
AE=|-28) o |n Mo el
( nfz niz an2 I’liz

For example, if the electron undergoes a transition from n; = 4 to ny = 2,

1 1

>z~ F) = —4.086 X 107"77J

AE = —2179 X 107 %] (

The sign of the energy change is negative. This means that energy equal to
4.086 X 107" I is lost by the atom in the form of a photon.
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v In general, the energy of the emitted photon, hv, equals the positive energy lost
s by the atom (—AE):

T
¥ v vPaschen series

- =S Energy of emitted photon = hy = —AE = —(E; — E))
almer se