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To the Professor

With this edition of Chemistry, students and instructors
alike will experience a truly integrated learning program. The
textbook’s strong emphasis on conceptual learning and prob-
lem solving is extended through the numerous online media as-
signments and activities. It was our mission to create a media
program that embodies the spirit of the textbook so that, when
instructors and students look online for either study aids or on-
line homework, that each resource supports the goals of the
textbook—a strong emphasis on models, real-world applica-
tions, and visual learning.

We have gone over every page in the sixth edition thor-
oughly, fine-tuning in some cases and rewriting in others. In
doing so, we have incorporated numerous constructive sugges-
tions from instructors who used the previous edition. Based on
this feedback new content has been added, such as the treat-
ment of real gases in Chapter 5, which has been expanded to
include a discussion of specific gases, and also coverage of pho-
toelectric effect has been added to Chapter 7. In addition, the
Sample Exercises in Chapter 2 have been revised to cover the
naming of compounds given the formula and the opposite
process of writing the formula from the name. To help students
review key concepts, the For Review section of each chapter
has been reorganized to provide an easy-to-read bulleted sum-
mary; this section includes new review questions. The art pro-
gram has been enhanced to include electrostatic potential maps
to show a more accurate distribution of charge in molecules.

In the media program instructors will find a variety of re-
sources to assign additional practice, study, and quiz mater-
ial. ChemWork interactive assignments, end-of-chapter online
homework, HM Testing, and classroom response system ap-
plications allow you to assess students in multiple ways. The
Online Study Center promotes self-study with animations,
video demonstrations, and practice exercises.

Important Features of Chemistry

® Chemistry contains numerous discussions, illustrations,
and exercises aimed at overcoming common misconcep-
tions. It has become increasingly clear from our own teach-
ing experience that students often struggle with chemistry
because they misunderstand many of the fundamental con-
cepts. In this text, we have gone to great lengths to pro-
vide illustrations and explanations aimed at giving students
more accurate pictures of the fundamental ideas of chem-
istry. In particular, we have attempted to represent the
microscopic world of chemistry so that students have a pic-
ture in their minds of “what the atoms and molecules are

doing.” The art program along with animations emphasize
this goal. Also, we have placed a larger emphasis on the
qualitative understanding of concepts before quantitative
problems are considered. Because using an algorithm to
correctly solve a problem often masks misunderstanding—
students assume they understand the material because they
got the right “answer”—it is important to probe their
understanding in other ways. In this vein the text includes
a number of Active Learning Questions (previously called
In-Class Discussion Questions) at the end of each chapter
that are intended for group discussion. It is our experience
that students often learn the most when they teach each
other. Students are forced to recognize their own lack of
conceptual understanding when they try and fail to explain
a concept to a colleague.

With a strong problem-solving orientation, this text talks to
the student about how to approach and solve chemical prob-
lems. We have made a strong pitch to students for using a
thoughtful and logical approach rather than simply memo-
rizing procedures. In particular, an innovative method is
given for dealing with acid—base equilibria, the material the
typical student finds most difficult and frustrating. The key
to this approach involves first deciding what species are pre-
sent in solution, then thinking about the chemical properties
of these species. This method provides a general framework
for approaching all types of solution equilibria.

The text contains almost 300 sample exercises, with many
more examples given in the discussions leading to sample
exercises or used to illustrate general strategies. When a spe-
cific strategy is presented, it is summarized, and the sample
exercise that follows it reinforces the step-by-step attack on
the problem. In general, in approaching problem solving we
emphasize understanding rather than an algorithm-based
approach.

We have presented a thorough treatment of reactions that
occur in solution, including acid—base reactions. This mate-
rial appears in Chapter 4, directly after the chapter on chem-
ical stoichiometry, to emphasize the connection between
solution reactions and chemical reactions in general. The
early presentation of this material provides an opportunity
to cover some interesting descriptive chemistry and also sup-
ports the lab, which typically involves a great deal of aque-
ous chemistry. Chapter 4 also includes oxidation—reduction
reactions, because a large number of interesting and impor-
tant chemical reactions involve redox processes. However,
coverage of oxidation—reduction is optional at this point and
depends on the needs of a specific course.
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To the Professor

Descriptive chemistry and chemical principles are thor-
oughly integrated in this text. Chemical models may appear
sterile and confusing without the observations that stimu-
lated their invention. On the other hand, facts without orga-
nizing principles may seem overwhelming. A combination
of observations and models can make chemistry both inter-
esting and understandable. In addition, in those chapters that
deal with the chemistry of the elements systematically, we
have made a continuous effort to show how properties and
models correlate. Descriptive chemistry is presented in a va-
riety of ways—as applications of the principles in separate
sections, in Sample Exercises and exercise sets, in pho-
tographs, and in Chemical Impact features.

Throughout the book a strong emphasis on models prevails.
Coverage includes how they are constructed, how they are
tested, and what we learn when they inevitably fail. Mod-
els are developed naturally, with pertinent observations
always presented first to show why a particular model was
invented.

Everyday-life applications of chemistry that should be of
interest to students taking general chemistry appear
throughout the text. For example, the Chemical Impact
“Pearly Whites” illustrates the procedures for keeping teeth
white, and “Thin is In” discusses the new technology being
used to produce plasma flat-panel displays. Many industrial
applications have also been incorporated into the text.

A double-helix icon in the Instructor’s Annotated Edition
highlights organic and biological examples of applications
that are integrated throughout the text, in end-of-chapter
problems, in exercises, or in-text discussions or examples.
This feature allows instructors to quickly locate material that
will be of particular interest to students in pre-medicine,
biology, or other health-related fields.

Judging from the favorable comments of instructors and
students who have used the sixth edition, the text seemed
to work very well in a variety of courses. We were espe-
cially pleased that readability was cited as a key strength
when students were asked to assess the text. Thus, although
the text has been fine-tuned in many areas, we have en-
deavored to build on the basic descriptions, strategies,
analogies, and explanations that were successful in the pre-
vious editions.

New to the Seventh Edition

The seventh edition of Chemistry incorporates many significant
improvements and is accompanied by new and enhanced me-
dia products and support services.

® Electrostatic potential maps have been added to Chapter 8

to show a more accurate distribution of charge in molecules.
These maps are based on ab initio molecular modeling
calculations and provide a convenient method for better
student understanding of bond and molecular polarity.

® Additional topics have been added to the text, which include

a treatment of real gases in Chapter 5 and coverage of
photoelectric effect to Chapter 7. In addition, the Sample
Exercises in Chapter 2 have been revised to cover the nam-
ing of compounds given the formula and the opposite
process of writing the formula from the name.

The end-of-chapter exercises and problems have been
revised, providing approximately 20% new problems, in-
cluding some that feature molecular art. End-of-chapter
problems include: Active Learning Questions to test
students’ conceptual grasp of the material; Questions to help
review important facts; Exercises that are paired and
organized by topic; Additional Exercises, which are not
keyed by topic; Challenge Problems, which require students
to combine skills and problems; and Marathon Problems,
which are the most comprehensive and challenging type
of problem. New to the seventh edition are Integrative
Problems that require students to understand multiple
concepts across chapters.

The For Review section, at the beginning of the end-of-
chapter exercises, has been reorganized to help students
more easily identify key concepts and test themselves on
these concepts with review questions.

A large number of new Chemical Impacts have been in-
cluded in the seventh edition to continue the emphasis on
up-to-date application of chemistry in the real world. These
essays feature intriguing topics such as “Faux Snow,” and
“Closest Packing of M&M’s®.”

To support the use of active learning in chemical education,
we have created new PowerPoint presentations—Active
Learning PowerPoints with Lecture Outlines. These Power-
Point presentations feature in-class discussion questions
called Reacts, chemical demonstrations, animations, and fig-
ures from the text. This material is designed to help in-
structors present chemistry using an interactive teaching
style, which we believe is most effective in promoting stu-
dent learning. An Active Learning Guide includes the dis-
cussion questions and supporting information in a workbook
format. The questions are repeated in the workbook (with
space to record answers) so that students can focus on par-
ticipation in class sessions. This guide can then be used ef-
fectively for independent student review outside of class.
The Online Study Center has been enhanced to include a
variety of tools to support visual learning and to give stu-
dents extra practice. A For Review section summarizes the
key topics of each chapter and helps students visualize the
concepts with animations and video demonstrations. Visu-
alization quiz questions allow students to test their knowl-
edge of the concepts presented through the animations and
video demonstrations. ACE practice tests allow students to
practice problems on their own, and get immediate feed-
back. Additional resources include a molecule library, in-
teractive periodic table, and flashcards to help students study
key terms.



® A very important feature accompanying the seventh edition
is the online homework in the Eduspace® online learning
tool. In addition to new algorithmic end-of-chapter ques-
tions, Eduspace also includes ChemWork™ interactive on-
line homework. ChemWork is structured to help students
learn chemistry in a conceptual way and is a series of text-
based assignments. The system is modeled on a one-to-one
teacher- student problem session. When a student cannot an-
swer a given question, instead of giving him/her the correct
answer, a system of interactive hints is available to help them
think through each problem. Often the hints are in the form
of a question on which the student receives feedback. Links
to text material are also available for reference to key con-
cepts at points of learning. The philosophy behind the home-
work is to help students understand the material so that they
can arrive at the correct answer by their own efforts, sup-
ported by the kind of help an instructor would provide in a
one-to-one tutoring session.

Another important feature of this homework system is
that each student, even in a very large course, receives a
unique set of tasks for each homework assignment, which
is accomplished using random number—generation and sim-
ilar versions of algorithmic problems. Each student’s work
is assessed by the system, and the score for each task in the
assignment is recorded in the electronic gradebook for im-
mediate access by both student and instructor. The system
also encourages increased student responsibility by setting
firm deadlines for assignments. From the instructor’s per-
spective, Eduspace encourages student study without the
burden of tracking student efforts through grading. Our ex-
perience with a similar system at the University of Illinois
convinces us that this interactive homework represents an
important breakthrough in helping students learn chemistry.

Flexibility of Topic Order

The order of topics in the text was chosen because it is pre-
ferred by the majority of instructors. However, we consciously
constructed the book so that many other orders are possible.
During our tenure at the University of Illinois, for a two-chapter
sequence, we used the chapters in this order: 1-6, 13-15, 7-9,
18, 21, 12, 10, 11, 16, 17, and parts of 22. Sections of Chap-
ters 19, 20, and parts of 22 are used throughout the two se-
mesters as appropriate. This order, chosen because of the way
the laboratory is organized, is not necessarily recommended,
but it illustrates the flexibility of order built into the text.
Some specific points about topic order:

® About half of chemistry courses present kinetics before equi-
libria; the other half present equilibria first. This text is writ-
ten to accommodate either order.

® The introductory aspects of thermodynamics are presented
relatively early (in Chapter 6) because of the importance of
energy in various chemical processes and models, but the
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more subtle thermodynamic concepts are left until later
(Chapter 16). These two chapters may be used together if
desired.

® To make the book more flexible, the derivation of the ideal
gas law from the kinetic molecular theory and quantitative
analysis using spectroscopy are presented in the appendixes.
Although mainstream general chemistry courses typically do
not cover this material, some courses may find it appropriate.
By using the optional material in the appendixes and by as-
signing the more difficult end-of-chapter exercises (from the
additional exercises section), an instructor will find the level
of the text appropriate for many majors courses or for other
courses requiring a more extensive coverage of these topics.

® Because some courses cover bonding using only a Lewis
structure approach, orbitals are not presented in the intro-
ductory chapter on bonding (Chapter 8). In Chapter 9 both
hybridization and the molecular orbital model are covered,
but either or both of these topics may be omitted if desired.

@ Chapter 4 can be tailored to fit the specific course involved.
Used in its entirety where it stands in the book, it provides
interesting examples of descriptive chemistry and supports
the laboratory program. Material in this chapter can also be
skipped entirely or covered at some later point, whenever
appropriate. For example, the sections on oxidation and
reduction can be taught with electrochemistry. Although
many instructors prefer early introduction of this concept,
these sections can be omitted without complication since the
next few chapters do not depend on this material.

Supplements

An extensive teaching and learning package has been designed
to make this book more useful to both instructors and students.

Technology: For Instructors

Chemistry is accompanied by a complete suite of teaching and
learning tools, including the customizable media resources be-
low. Whether online or via CD, these integrated resources are
designed to save you time and help make class preparation, pre-
sentation, assessment, and course management more efficient
and effective.

® Media Integration Guide for Instructors is your portal to
the digital assets for this text. It includes the CDs described
below as well as a user name and password to the Online
Teaching Center, giving you instant access to text-related
materials.

HM ClassPrep™ CD includes everything an instructor needs
to develop lectures: Active Learning PowerPoints with Lec-
ture Outlines; virtually all text figures, tables, and photos in
PowerPoint slides and as JPEGs; the Instructor’s Resource
Guide in Word; Word files of the printed 7est Bank; and Word
files of the Complete Solutions Manual.
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HM Testing™ (powered by Diploma®) is Houghton Mifflin’s
new version of HM Testing. It significantly improves on
functionality and ease of use by offering instructors all the
tools they will need to create, author, deliver, and customize
multiple types of tests—including authoring and editing
algorithmic questions. New content includes 150 new Con-
ceptual Questions, skill-level coding, and preprogrammed,
algorithmic questions. HM Testing combines a flexible
test-editing program with a comprehensive gradebook func-
tion for easy administration and tracking. It enables in-
structors to administer tests via print, network server, or the
web. The HM Testing database contains a wealth of ques-
tions and can produce multiple-choice, true/false, fill-in-
the-blank, and essay tests. Questions can be customized
based on the chapter being covered, the question format,
level of difficulty, and specific topics. Available on the
HM ClassPrep CD.

HM ClassPresent™ 2006: General Chemistry features
new animations and video demonstrations. HM ClassPre-
sent provides a library of high-quality, scaleable lab demon-
strations and animations covering core chemistry concepts
arranged by chapter and topic. The resources within it can
be browsed by thumbnail and description or searched by
chapter, title, or keyword. Instructors can export the anima-
tions and videos into a variety of presentation formats or use
for presentation directly from the CD. Full transcripts ac-
company all audio commentary to reinforce visual presen-
tations and to cater to different learning styles.

Online Teaching Center includes classroom presentation
and preparation materials. Animations; videos; virtually all
figures, tables, and photos from the text are available in
JPEG and PowerPoint format; the Transition Guide from the
sixth to seventh edition; Active Learning PowerPoints with
Lecture Outlines; and classroom response system content
are all available online.

Eduspace (powered by Blackboard™), Houghton Mifflin’s
complete course-management solution, features algorith-
mic, end-of-chapter questions along with ChemWork in-
teractive online homework. Both types of homework prob-
lems include links to relevant pages from the text. These
integrated resources allow students to reference core con-
cepts at the point of learning. ChemWork assignments help
students learn the process of thinking like a chemist: as
students work through unique, text-based assignments, a
system of interactive hints is available to help them think
through each problem. Eduspace includes all of Black-
board’s powerful features for teaching and learning, and
comes preloaded with course materials including videos
and animations, and a link to SMARTHINKING™ live
online tutoring. Customized functions allow instructors to
tailor these materials to their specific needs, select, create
and post homework assignments and tests, communicate

with students in a variety of different ways, track student
progress, and manage their portfolio of course work in the
gradebook. To help instructors best utilize the media that
accompanies the textbook, lesson plans have been created
based on the sections of the book. Each section correlates
the relevant ChemWork assignments, Visualization (ani-
mations and videos), and online end-of-chapter questions.
Please note: instructors who want their students to use
Eduspace must request a Getting Started Guide for Stu-
dents which will be bundled free with new copies of the
text. Instructors who adopt Eduspace will receive a
separate Getting Started Guide for Instructors for the
program with a passkey to set up their course.
Classroom Response System (CRS) compatible content on
the Online Teaching Center, HM ClassPrep CD, and in Edu-
space allows professors to perform “on-the-spot” assess-
ments, deliver quick quizzes, gauge students’ understanding
of a particular question or concept, and take their class ros-
ter easily. Students get immediate feedback on how well they
know the content and where they need to improve. Two sets
of questions are available in PowerPoint slides: one based
on Test Bank content and the other with unique, conceptual
questions. Both question types are correlated to sections in
the textbook. The conceptual questions are also correlated
to relevant media and art from the book.

TeamUP Integration Services
http://teamup.college.hmco.com

Houghton Mifflin aims to provide customers with quality
textbooks, technology, and superior training and implemen-
tation services. TeamUP, our integration program, offers
flexible, personalized training and consultative services by
phone, online, or on campus. Experienced faculty advisors
and media specialists will assist you and your department
in using our products most effectively.
Course-Management Software is available through WebCT
and Blackboard. These two distributed learning systems al-
low instructors to create a virtual classroom without any
knowledge of HTML. Features include: assessment tools, a
gradebook, online file exchange between instructors and stu-
dents, online syllabi, and course descriptions. The customized
Chemistry cartridges feature Test Bank questions, lecture
materials, and study aids related to the text.

Print Supplements: For Instructors

Complete Solutions Guide, by Thomas J. Hummel, Susan
Arena Zumdahl, and Steven S. Zumdahl, presents detailed
solutions for all of the end-of-chapter exercises in the text
for the convenience of faculty and staff involved in instruc-
tion and for instructors who wish their students to have so-
lutions for all exercises. Departmental approval is required
for the sale of the Complete Solutions Guide to students.
Instructor’s Resource Guide, by Donald J. DeCoste, in-
cludes suggestions for alternative orders of topics, suggested
responses to the Active Learning Questions, amplification



of strategies used in various chapters, lesson plans of media
resources correlated to section, answers to Reacts, and a sec-
tion on notes for teaching assistants.

® Lecture Demonstration Guide, by Fred Jurgens of the Uni-
versity of Wisconsin—Madison, lists the sources for over
750 classroom demonstrations that can be used in general
chemistry courses. Icons in the margins of the Instructor’s
Annotated Edition of the text key the demonstrations to their
corresponding text discussions.

® [nstructor’s Resource Guide for Experimental Chemistry,
Seventh Edition, by James F. Hall, contains tips including
hints on running experiments, approximate times for each
experiment, and answers to all prelab and postlab questions
posed in the laboratory guide.

® Bibliobase (www.bibliobase.com) allows instructors to cre-
ate a completely customized lab manual by mixing and
matching from 88 general chemistry labs—including all
the labs from Experimental Chemistry—and 56 labs for the
course in general, organic, and biochemistry. At the On-
line Teaching Center, instructors search through the data-
base of labs, make their selections, organize the sequence
of the manual, and submit their order via the Internet. Cus-
tomized, printed, and bound lab manuals are delivered to
the bookstore within weeks.

® Test Item File, by Steven S. Zumdahl, Susan Arena Zum-
dahl, and Gretchen Adams (available to adopters), offers a
printed version of more than 2000 exam questions, 10 per-
cent of which are new to this edition, referenced to the
appropriate text section. Questions are in multiple-choice,
open-ended, and true-false formats.

® Transparencies, in a full-color set of 255, are available to
adopters of the seventh edition of the text.

Technology: For Students

Chemistry is supported by an array of learning tools designed
to help students succeed in their chemistry course. It includes
the following media resources:

A passkey to the Online Study Center is bound into the
front of the textbook. From the Online Study Center, students
have access to practice, visualization, and self-study aids. Visu-
alization animations and video demonstrations help students see
key concepts, and each Visualization is accompanied by quiz
questions for students’ review. A For Review section helps
students review key topics at a glance and includes video demon-
strations and animations for additional reinforcement. Flash-
cards and ACE practice tests help students study key concepts
and problem-solve. A molecule library, glossary, and interactive
periodic table are also available for support. A Student CD, with
many of these Online Study Center resources, is available upon
request for students who do not have Internet access.

Eduspace (powered by Blackboard), Houghton Mifflin’s
complete course-management solution, features algorithmic
end-of-chapter questions along with ChemWork interactive
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online homework. Through Eduspace, students can also access
the Online Study Center and SMARTHINKING live, online
tutoring. Instructors who adopt Eduspace will receive a sepa-
rate user guide for the program with a passkey to set up their
course. Students using Eduspace will also receive a separate
user guide and passkey.

SMARTHINKING live, online tutoring is also available
free with new books upon instructor request. Students may also
purchase stand-alone access to it. SMARTHINKING provides
personalized, text-specific tutoring and is available during peak
study hours when students need it most. Limits apply; terms
and hours of SMARTHINKING service are subject to change.

Print Supplements: For Students

® Study Guide, by Paul B. Kelter of the University of Illinois—
Urbana. Written to be a self-study aid for students, this guide
includes alternate strategies for solving problems, supple-
mental explanations for the most difficult material, and self-
tests. There are approximately 500 worked examples and
1200 practice problems (with answers), designed to give stu-
dents mastery and confidence.

® Student Solutions Manual, by Thomas J. Hummel, Susan
Arena Zumdahl, and Steven S. Zumdahl, all of the Univer-
sity of Illinois, Urbana, provides detailed solutions for half
of the end-of-chapter exercises (designated by the blue ques-
tion numbers) using the strategies emphasized in the text.
To ensure the accuracy of the solutions, this supplement and
the Complete Solutions Guide were checked independently
by several instructors.

® Active Learning Guide, by Donald J. DeCoste. This printed
workbook can be used in lecture or recitation in conjunc-
tion with the instructor PowerPoint slides. It provides a com-
plete set of React questions with space for student answers.
Students can use the workbook as a self-study aid outside
of class.

® Solving Equilibrium Problems with Applications to Qual-
itative Analysis, by Steven S. Zumdahl. Successfully used
by thousands of students, this book offers thorough, step-
by-step procedures for solving problems related to equi-
libria taking place both in the gas phase and in solution.
Containing hundreds of sample exercises, test exercises
with complete solutions, and end-of-chapter exercises
with answers, the text utilizes the same problem-solving
methods found in Chemistry and is an excellent source of
additional drill-type problems. The last chapter presents
an exploratory qualitative analysis experiment with ex-
planations based on the principles of aqueous equilibria.

® Experimental Chemistry, Seventh Edition, by James F. Hall
of the University of Massachusetts—Lowell, provides an ex-
tensively revised laboratory program compatible with the
text. The 48 experiments present a wide variety of chem-
istry, and many experiments offer choices of procedures.
Safety is strongly emphasized throughout the program.



Xiv To the Professor

Acknowledgments: This book represents the efforts of
many talented and dedicated people. We particularly want to
thank Richard Stratton, Executive Editor, for his vision and
oversight of this project. Richard’s knowledge, judgment, and
enthusiasm have contributed immeasurably to the success of
this text. He is not only an outstanding editor but also one of
the nicest people in the business.

We also want to thank Cathy Brooks, Senior Project Edi-
tor, who did a miraculous job of coordinating the production
of an incredibly complex project with grace and good humor.
We also especially appreciate the excellent work of Rebecca
Berardy Schwartz, Developmental Editor, who managed the re-
vision process in a very supportive and organized manner.

We are especially grateful to Tom Hummel, who managed
the revision of the end-of-chapter problems and the solutions
manuals. Tom’s extensive experience teaching general chem-
istry and his high standards of accuracy and clarity have
resulted in great improvements in the quality of the problems
and the solutions in this edition. In addition, we very much ap-
preciate the contributions of Don DeCoste, who has helped us
comprehend more clearly the difficulties students have with
conceptual understanding and who contributed the Challenge
Problems.

We also extend our thanks to Jason Overby, who rendered
the electrostatic potential maps and who contributed the
Integrative Problems. Our thanks and love also go to Leslie,
Steve, Whitney, Scott, Tyler, Sunshine, and Tony for their con-
tinuing support.

Thanks to the others at Houghton Mifflin who supplied
valuable assistance on this revision: Jill Haber, Senior Art/Design
Coordinator; Sharon Donahue, Photo Researcher; Katherine
Greig, Senior Marketing Manager; Naveen Hariprasad, Mar-
keting Assistant; and Susan Miscio, Editorial Assistant.

Special thanks go to the following people who helped
shape this edition by offering suggestions for its improvement:

Dawood Afzal, Truman State (media reviewer); Carol
Anderson, University of Connecticut—Avery Point (media
reviewer); Jeffrey R. Appling, Clemson University (media
reviewer); Dave Blackburn, University of Minnesota;
Robert S. Boikess, Rutgers University; Ken Carter, Truman
State (media reviewer); Bette Davidowitz, University of
Cape Town; Natalie Foster, Lehigh University; Tracy A.

Halmi, Penn State Erie, The Behrend College; Carl A.
Hoeger, UC—San Diego; Ahmad Kabbani, Lebanese
American University; Arthur Mar, University of Alberta;
Jim McCormick, Truman State (media reviewer); Richard
Orwell, Blue Ridge Community College (media reviewer);
Jason S. Overby, College of Charleston; Robert D. Pike,
The College of William and Mary; Daniel Raftery, Purdue
University; Jimmy Rogers, University of Texas—Arlington
(media reviewer); Raymond Scott, Mary Washington
College; Alan Stolzenberg, West Virginia University;
Rashmi Venkateswaran, University of Ottawa. AP
reviewers: Annis Hapkiewicz, Okemos High School; Tina
Ohn-Sabatello, Maine Township HS East. Interactive
Course Guide Reviewers: Lynne C. Cary, Ph.D., Bethel
College; Craig C. Martens, University of California—
Irvine; Jeffrey P. Osborne, Manchester College; Donald W.
Shive, Muhlenberg College; Craig Sockwell, Northwest
Shoals Community College; Richard Pennington, College
of St. Mary. Accuracy reviewers: Linda Bush (textbook
reviewer), Jon Booze (media reviewer)

Reviewers of the sixth edition:

Ramesh D. Arasasingham, University of California—Irvine;
Stanley A. Bajue, Medgar Evans College, CUNY; V.G.
Berner, New Mexico Junior College; Dave Blackburn,
University of Minnesota; Steven R. Boone, Central Missouri
State University; Gary S. Buckley, Cameron University;
Lara L. Chappell, SUNY College at Oswego; David Cramb,
University of Calgary; Philip W. Crawford, Southeast
Missouri State University; Philip Davis, University of
Tennessee; Michael P. Garoutte, Missouri Southern State
College; Daniel Graham, Loyola University; David R.
Hawkes, Lambuth University; Dale Hawley, Kansas State
University; Thomas B. Higgins, Harold Washington College;
John C. Hogan, Louisiana State University; Donald P. Land,
University of California—Davis; Michael P. Masingale,
LeMoyne College; Julie T. Millard, Colby College; Robert H.
Paine, Rochester Institute of Technology; Brenda Ross,
Cottey College; Jay S. Shore, South Dakota State University;
Richard T. Toomey, Northwest Missouri State University;
Robert Zoellner, Humboldt State University.



To the Student

The major purpose of this book, of course, is to help you
learn chemistry. However, this main thrust is closely linked to
two other goals: to show how important and how interesting
the subject is, and to show how to think like a chemist. To solve
complicated problems the chemist uses logic, trial and error,
intuition, and, above all, patience. A chemist is used to being
wrong. The important thing is to learn from a mistake, recheck
assumptions, and try again. A chemist thrives on puzzles that
seem to defy solutions.

Many of you using this text do not plan to be practicing
chemists. However, the nonchemist can benefit from the
chemist’s attitude. Problem solving is important in all profes-
sions and in all walks of life. The techniques you will learn
from this book will serve you well in any career you choose.
Thus, we believe that the study of chemistry has much to offer
the nonmajor, including an understanding of many fascinating
and important phenomena and a chance to hone problem-
solving skills.

This book attempts to present chemistry in a manner that
is sensible to the novice. Chemistry is not the result of an in-
spired vision. It is the product of countless observations and
many attempts, using logic and trial and error, to account for
these observations. In this book the concepts are developed in
a natural way: The observations come first and then models are
constructed to explain the observed behavior.

Models are a major focus in this book. The uses and lim-
itations of models are emphasized, and science is treated as a
human activity, subject to all the normal human foibles. Mis-
takes are discussed as well as successes.

A central theme of this book is a thoughtful, systematic
approach to problem solving. Learning encompasses much
more than simply memorizing facts. Truly educated people use
their factual knowledge as a starting point—a base for creative
approaches to solving problems.

Read through the material in the text carefully. For most
concepts, illustrations or photos will help you visualize what
is going on. To further help you visualize concepts by using
animations and videos, we have included Visualization exer-
cises on the Online Study Center or on an optional free CD.
Icons in the text margin signal that there is companion mater-
ial available on the CD.

Often a given type of problem is “walked through” in the
text before the corresponding Sample Exercises appear. Strate-
gies for solving problems are given throughout the text.

Thoroughly examine the Sample Exercises and the prob-
lem-solving strategies. The strategies summarize the approach
taken in the text; the Sample Exercises follow the strategies
step-by-step. Schematics in Chapter 15 also illustrate the
logical pathways to solving aqueous equilibrium problems.

Throughout the text, we have used margin notes to high-
light key points, to comment on an application of the text
material, or to reference material in other parts of the book.
Chemical Impact, the boxed feature that appears frequently
throughout the text, discusses especially interesting applica-
tions of chemistry to the everyday world.

Each chapter has a summary and key terms list for review,
and the glossary gives a quick reference for definitions.

Learning chemistry requires working the end-of-chapter
exercises assigned by your professor. Answers to exercises
denoted by blue question numbers are in the back of the
book, and complete solutions to those exercises are in the
Fartial Solutions Guide. To help you assess your level of
proficiency, the Online Study Center (college.hmco.com/PIC/
zumdahl7e) offers quizzes and electronic homework assign-
ments that feature instant feedback.

The Study Guide contains extra practice problems and
many worked examples. The supplement, Solving Equilibrium
Problems with Applications to Qualitative Analysis, reinforces
in great detail the text’s step-by-step approach to solving
equilibrium problems and contains many worked examples and
self-quiz questions.

It is very important to use the exercises and electronic
homework assignments to your best advantage. Your main goal
should not be to simply get the correct answer but to under-
stand the process for getting the answer. Memorizing the so-
lutions for specific problems is not a very good way to prepare
for an exam. There are too many pigeonholes required to cover
every possible problem type. Look within the problem for the
solution. Use the concepts you have learned along with a sys-
tematic, logical approach to find the solution. Learn to trust
yourself to think it out. You will make mistakes, but the im-
portant thing is to learn from these errors. The only way to gain
confidence is to do lots of practice problems and use these to
diagnose your weaknesses.

Be patient and thoughtful and work hard to understand
rather than simply memorize. We wish you an interesting and
satisfying year.
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Conceptual Understandin

has the Lewis structure

8.13 Molecular Structure: The VSEPR Model

The structures of molecules play a very important role in determining their chemical prop-
erties. As we will see later, this is particularly important for biological molecules; a slight
change in the structure of a large biomolecule can completely destroy its usefulness to a
cell or may even change the cell from a normal one to a cancerous one.

Many accurate methods now exist for determining molecular structure, the three-
dimensional arrangement of the atoms in a molecule. These methods must be used if
precise information about structure is required. However, it is often useful to be able to
predict the approximate molecular structure of a molecule. In this section we consider a
simple model that allows us to do this. This model, called the valence shell electron-pair
repulsion (VSEPR) model, is useful in predicting the geometries of molecules formed
from nonmetals. The main postulate of this model is that the structure around a given
atom is determined principally by minimizing electron-pair repulsions. The idea here is
that the bonding and nonbonding pairs around a given atom will be positioned as far apart
as possible. To see how this model works, we will first consider the molecule BeCl,, which

and Problem Solvin

:C1—Be—Cl:

The authors’ emphasis on

modeling (or chemical theories) |
throughout the text addresses the
problem of rote memorization by
helping students better
understand and appreciate the
process of scientific thinking.

By stressing the
limitations and uses of
scientific models, the
authors show students
how chemists think
and work.

ight Bonding: General Concepts

Fundamental Properties of Models

o Models are human inventions, always based on an incomplete understanding of how
nature works. A model does not equal reality.

o Models are often wrong. This property derives from the first property. Models are based
on speculation and are always oversimplifications.

o Models tend to become more complicated as they age. As flaws are discovered in our
models, we “patch” them and thus add more detail.

o Itisvery i to und d the inherent in a particular model be-
fore you use it to interpret observations or to make predictions. Simple models usu-
ally involve very restrictive assumptions and can be expected to yield only qualitative
information. Asking for a sophisticated explanation from a simple model is like
expecting to get an accurate mass for a diamond using a bathroom scale.

For a model to be used effectively, we must understand its strengths and weak-
nesses and ask only i i An il ion of this point is the simple
aufbau principle used to account for the electron configurations of the elements. Al-
though this model correctly predicts the configuration for most atoms, chromium and
copper, for example, do not agree with the predictions. Detailed studies show that the
configurations of chromium and copper result from complex electron interactions that
are not taken into account in the simple model. However, this does not mean that we
should discard the simple model that is so useful for most atoms. Instead, we must
apply it with caution and not expect it to be correct in every case.

When a model is wrong, we often learn much more than when it is right. If a model
makes a wrong prediction, it usually means we do not understand some fundamen-
tal characteristics of nature. We often learn by making mistakes. (Try to remember
this when you get back your next chemistry test.)

8.8 Covalent Bond Energies and Chemical Reactions

In this section we will consider the energies associated with various types of bonds and
see how the bonding concept is useful in dealing with the energies of chemical reactions.
One important consideration is to establish the sensitivity of a particular type of bond

Avogadro’s law also can be written as

h_h

nom

FIGURE 5.10

These balloons each hold 1.0 L of das at
25°C and 1 atm. Each balloon contains
0.041 mol of gas, or 2.5 X 10% molecules.

Avogadro’s Law

Suppose we have a 12.2-L sample containing 0.50 mol oxygen gas (O,) at a pressure of
1 atm and a temperature of 25°C. If all this O, were converted to ozone (O5) at the same
temperature and pressure, what would be the volume of the ozone?

Solution

The balanced equation for the reaction is
305(g) — 205(g)

To calculate the moles of O; produced, we must use the appropriate mole ratio:

2 mol O;

0.50 metO; X 3 o = 0.33 mol O
Avogadro’s law states that V = an, which can be rearranged to give
|4
A,
n

Since a is a constant, an alternative representation is

Vi _ W
=2

its molecular environment. For example, consider the stepwise decomposition of

thane:
Process Energy Required (k)/mol)
CHy(g) — CHy(g) + H(g) 435
CHy(g) — CHy(g) + H(g) 453
CHay(g) — CH(g) + H(g) 425
CH(g) — C(g) + H(g) 3%
Total = 1652
Average = 71?2 = 413

n n
where V; is the volume of n; moles of O, gas and V; is the volume of 1, moles of O; gal
In this case we have
n, = 0.50 mol ny = 0.33 mol
Vi =122L Vy=2?

Solving for V, gives
ny 0.33 mc‘l)
V,=(—|V,=(——=)122L=8.IL
? (n,) ' (o.somr

Reality Check: Note that the volume decreases, as it should, since fewer moles of g
molecules will be present after O, is converted to Oj.

See Exercises 5.35 and 5.3

Sample Exercises model a step-by-step approach
to solving problems. Cross-references to similar
end-of-chapter exercises are provided at the end of
each Sample Exercise. Reality Checks appear after
the solutions in selected exercises, helping
students evaluate their answers to ensure that they
are reasonable.




Connections

Each chapter begins with
an engaging introduction
that demonstrates how
chemistry is related to
everyday life.

M uch of the chemistry that affects each of us occurs among substances dissolved
in water. For example, virtually all the chemistry that makes life possible occurs in an
aqueous environment. Also, various medical tests involve aqueous reactions, depending
heavily on analyses of blood and other body fluids. In addition to the common tests for
sugar, cholesterol, and iron, analyses for specific chemical markers allow detection of
many diseases before obvious symptoms occur.

Aqueous chemistry is also important in our environment. In recent years, contami-
nation of the groundwater by substances such as chloroform and nitrates has been widely
publicized. Water is essential for life, and the maintenance of an ample supply of clean
water is crucial to all civilization.

To understand the chemistry that occurs in such diverse places as the human body,
the atmosphere, the groundwater, the oceans, the local water treatment plant, your hair as
you shampoo it, and so on, we must understand how substances dissolved in water react
with each other.

However, before we can understand solution reactions, we need to discuss the nature
of solutions in which water is the dissolving medium, or solvent. These solutions are called
aqueous solutions. In this chapter we will study the nature of materials after they are dis-
solved in water and various types of reactions that occur among these substances. You
will see that the procedures developed in Chapter 3 to deal with chemical reactions work
very well for reactions that take place in aqueous solutions. To understand the types of
reactions that occur in aqueous solutions, we must first explore the types of species present.
This requires an understanding of the nature of water.

4.1 water, the Common Solvent

‘Water is one of the most important substances on earth. It is essential for sustaining the
reactions that keep us alive, but it also affects our lives in many indirect ways. Water
helps moderate the earth’s temperature; it cools automobile engines, nuclear power
plants, and many industrial processes; it provides a means of transportation on the
earth’s surface and a medium for the growth of a myriad of creatures we use as food;
and much more.

One of the most valuable properties of water is its ability to dissolve many different
substances. For example, salt “disappears” when you sprinkle it into the water used to
cook vegetables, as does sugar when you add it to your iced tea. In each case the “dis-
appearing” substance is obviously still present—you can taste it. What happens when a
solid dissol To understand this process, we need to consider the nature of water. Liquid
water consists of a collection of H,O molecules. An individual H,O molecule is “bent”
or V-shaped, with an H—O—H angle of approximately 105 degrees:

105°

H H
<o

The O—H bonds in the water molecule are covalent bonds formed by electron shar-
ing between the oxygen and hydrogen atoms. However, the electrons of the bond are not
shared equally between these atoms. For reasons we will discuss in later chapters, oxy-
gen has a greater attraction for electrons than does hydrogen. If the electrons were shared
equally between the two atoms, both would be electrically neutral because, on average,
the number of electrons around each would equal the number of protons in that nucleus.
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| ost experts agree that air bags represent a very impor-
tant advance in automobile safety. These bags, which
are stored in the auto’s steering wheel or dash, are designed
to inflate rapidly (within about 40 ms) in the event of a crash,
cushioning the front-seat occupants against impact. The bags
then deflate immediately to allow vision and movement af-
ter the crash. Air bags are activated when a severe deceler-
ation (an impact) causes a steel ball to compress a spring
and electrically ignite a detonator cap, which, in turn, causes
sodium azide (NaN;) to decompose explosively, forming
sodium and nitrogen gas:

2NaN;(s) —> 2Na(s) + 3N,(g)

This system works very well and requires a relatively small
amount of sodium azide (100 g yields 56 L N,(g) at 25°C
and 1.0 atm).

When a vehicle containing air bags reaches the end of
its useful life, the sodium azide present in the activators must
be given proper disposal. Sodium azide, besides being ex-
plosive, has a toxicity roughly equal to that of sodium

CHEMICAL IMPACT

cyanide. It also forms hydrazoic acid (HNj3), a to: of ChemlStfy- These SP9C13|'
explosive liquid, when treated with acid.

The air bag represents an application of chemis
has already saved thousands of lives.

Inflated air bags.

Chemical Impact boxes
describe current applications

interest boxes cover such
topics as preserving works of
art, molecules as a means of
communication, and the heat
of chili peppers.




Visualization

346 Ch

Electrostatic potential maps help
students visualize the distribution of
charge in molecules.

Since the equation for lattice energy con-
tains the product Q,Q,, the lattice energy
for a solid with 2+ and 2— ions should
be four times that for a solid with 1+
and 1~ ions. That is,

+2(-2)
coen

For Mg0 and NaF, the observed ratio of
lattice energies (see Fig. 8.11) is

(a)

(b)

FIGURE 8.12

The three possible types of bonds: (a) a
covalent bond formed between identical F
atoms; (b) the polar covalent bond of HF,
with both ionic and covalent components;
and (c) an ionic bond with no electron
sharing.

(©)

more negative than that for combining gaseous Na” and F~ ions to form NaF(s). Thus the]
energy released in forming a solid containing Mg** and O~ ions rather than Mg"* and
O™ ions more than compensates for the energies required for the processes that produce|

the Mg®* and O ions.

Solutions are mixed

FIGURE 4.17

Photos and accompanying molecularlevel representations illustrating the reaction of KCl(ag) with AgNO,(ag) to form AgCI(s). Note that it is not
possible to have a photo of the mixed solution before the reaction occurs, because it is an imaginary step that we use to help visualize the
reaction. Actually, the reaction occurs immediately when the two solutions are mixed.

If there is so much lattice energy to be gained in going from singly charged to
doubly charged ions in the case of magnesium oxide, why then does solid sodium
fluoride contain Na* and F~ ions rather than Na®* and F*~ ions? We can answer this
question by recognizing that both Na* and F~ ions have the neon electron configura-
tion. Removal of an electron from Na™ requires an extremely large quantity of energy
(4560 kJ/mol) because a 2p electron must be removed. Conversely, the addition of an
electron to F~ would require use of the relatively high-energy 3s orbital, which is also
an unfavorable process. Thus we can say that for sodium fluoride the extra energy
required to form the doubly charged ions is greater than the gain in lattice energy that
would result.

This discussion of the energies involved in the formation of solid ionic compounds
illustrates that a variety of factors operate to determine the composition and structure of
these compounds. The most important of these factors involve the balancing of the ener-
gies required to form highly charged ions and the energy released when highly charged
ions combine to form the solid.

8.6 Partial lonic Character of Covalent Bonds

Recall that when atoms with different electronegativities react to form molecules, the elec-
trons are not shared equally. The possible result is a polar covalent bond or, in the case
of a large electronegativity difference, a complete transfer of one or more electrons to
form ions. The cases are summarized in Fig. 8.12.

How well can we tell the difference between an ionic bond and a polar covalent bond?
The only honest answer to this question is that there are probably no totally ionic bonds
between discrete pairs of atoms. The evidence for this statement comes from calculations
of the percent ionic character for the bonds of various binary compounds in the gas phase.
These calculations are based on comparisons of the measured dipole moments for mole-
cules of the type X—Y with the calculated dipole moments for the completely ionic case,
X*Y". The percent ionic character of a bond can be defined as

measured dipole moment of X—Y
calculated dipole moment of XY™

Percent ionic character of a bond = ( ) X 100%
Application of this definition to various compounds (in the gas phase) gives the results
shown in Fig. 8.13, where percent ionic character is plotted versus the difference in the
electronegativity values of X and Y. Note from this plot that ionic character increases with
electronegativity difference, as expected. However, none of the bonds reaches 100% ionic
character, even though compounds with the maximum possible electronegativity differ-
ences are considered. Thus, according to this definition, no individual bonds are com-
pletely ionic. This conclusion is in contrast to the usual classification of many of these
compounds (as ionic solids). All the compounds shown in Fig. 8.13 with more than 50%
ionic character are normally considered to be ionic solids. Recall, however, the results in
Fig. 8.13 are for the gas pl i . .
not necessarily be assume =
vored by the multiple ion
Another complicatiol]
contain polyatomic ions. H
contains Na® and SO,>~
by covalent bonds. Thus,)
ambiguous.

The art program
emphasizes molecular-
level interactions that
help students visualize
the “micro-macro”
connection.

Visualization animations and video
demonstrations help students
further understand and visualize
chemical concepts. Animations and
videos (Visualizations) are found
via the Online Study Center and
Online Teaching Center, and HM
ClassPresent instructor CD.
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Key Terms

Section 5.1
barometer
manometer

mm Hg

torr

standard atmosphere
pascal

Section 5.2

Boyle’s law
Active Learning g
Questions are designed Moo

Section 5.

to promote discussion wiverl

ideal gas law

among groups of Secton 5.4

molar volume

constant

Section 5.5

. standa P s .
Stud ents in d ass. standard temperature and pressure (STP) + Tdeal gas I
.

partial pressure
mole fraction

L

As you increase the temperature Section 5.6

a. As you push down on the syringe, how does the membrane
covering the test tube change?

b. You stop pushing the syringe but continue to hold it down.
In a few seconds, what happens to the membrane?

opening. and lift the straw out of
the straw. Explain.

7. A chemistry student relates the
tires were a bit low and went to tl

Dalton’s law of partial pressures

r Review

State of a gas

For Review 215

o The state of a gas can be described completely by specifying its pressure (P), volume
(V). temperature (7) and the amount (moles) of gas present (n)

® Pressure
+ Common units

1torr = | mm Hg
1 atm = 760 torr

« SI unit: pascal
Latm = 101,325 Pa

Gas laws
o Discovered by observing the properties of gases
 Boyle’s law: PV = k
o Charles’s law: V = bT'
Avogadro’s law: V = an
B nRT
Dalton’s law of partial pressures: Py = Py + Py
the partial pressure of component 1 in a mixture

Kinetic molecular theory (KMT)

Each chapter has a For
Review section to
reinforce key concepts,
and includes review
questions. Key Terms are
printed in bold type and
are defined where they
first appear. They are also
grouped at the end of the
chapter and in the
Glossary at the back of

interactions and particle volumes

REVIEW QUESTIONS

1. Explain how a barometer and a manometer work to measure the pressure of the
atmosphere or the pressure of a gas in a container.

Active Learning Questions © Model that accounts for ideal gas behavior
tainer, what happens to the densit kinetic molecular theory (KMT) o Postulates of the KMT:
These questions are designed to be used by groups of students in class. The be the same if you did the same foot mean square velocity + Volume of gas particles is zero
sl ks sl g s o son ot prese? 5o " No i o
and peer teaching. The realvalue of these questions s the learning 5. A diagram in a chemistry book Section 5.7 P 1 . o
that occurs while students talk to each other about chemical concepts. sran Y ection 5. « Particles are in constant motion, colliding with|
flask of air as follows: diffusion i
1. Consider the following apparatus: a test tube covered with a non- effusion - .
" s " " « The average kinetic energy of the gas particle:
permeable elastic membrane inside a container that s closed with Graham's law of effusion ; -
a cork. A syringe goes through the cork. Section 5.8 LTI o (2 s i i
T real gas Gas properties.
1 van der Waals equation o The particles in any gas sample have a range of v th e text
Syringe Section 5.10 © The root mean square (rms) velocity for a gas reprf o
atmosphere of the particle velocities
air pollution RT
photochemical smog
acid rain M
What do you suppose is between o Diffusion: the mixing of two or more gases
Membrane molecules)? o Effusion: the process in which a gas passes through a small hole into an empty chamber
a. air
b. dust Real gas behavior
c. pollutants o Real gases behave ideally only at high temperatures and low pressures
d. oxygen  Understanding how the ideal gas equation must be modified to account for real gas
e. nothing behavior helps us understand how gases behave on a molecular level
6. If you put a drinking straw in waj ® Van der Waals found that to describe real gas behavior we must consider particle

2. Figure 52 shows a pieure of  barometer: Which of the following he ties, 1 thought about the kinel
staterents is the best exhplan;unn of how this barometer works’ iend the oo becae the voltn
a. A pressure outside the tube causes the mercury (o move n the 1 was. increasing both the press|
tube uniil the air pressure inside and outside the tube is cqual. “Hmmm? 1 thought, “that goes a
b. Air pressure inside the tube causes the mercury to move in the
tube until the air pressure inside and outside the tube s cqual.
¢..Air pressure outside the tube counterbalances the weight of in ths situation? Explain why wel
. 2‘“ ereury 10 ‘“z::“» " ) be inversely related (draw p -
. Capillary action of the mercury causes the mercury (o go u : -
b Y o goup 8. Chemicals X and ¥ (both gases) react to form the gas XY, buit
b " ) ) takes a bit of time for the reaction to oceur. Both X and ¥
e. The vacuum that is formed at the top of the tube holds up the
mercury placed in a container with a piston (free to move), and you n
Justify your choice, and for the choices you did not pick, explain the volume. As the reaction occurs, what happens to the volu
: ‘ 4 of the container? (See Fig. 5.18.)
what is wrong with them. Pictures help! ! : ‘ )
3. The barometer below shows the level of mercury at a given at- 9. Which statement best explains why a hot-air balloon rises wk

the air in the balloon is heated?
. According to Charles’s law, the temperature of a gas
directly related to its volume. Thus the volume of the ball

increases, making the density smaller. This lifts the ballo
Hot air rises inside the balloon, and this lifts the balloon.
The temperature of a gas is directly related to its pressul
The pressure therefore increases, and this lifts the ballo
Some of the gas escapes from the bottom of the balloon, t
decreasing the mass of gas in the balloon. This decreases

density of the gas in the balloon, which lifts the balloon.

Temperature is related to the root mean square velocity of
gas molecules. Thus the molecules are moving faster, hitti
the balloon more, and thus lifting the balloon.

mospheric pressure. Fill all the other barometers with mercury
for that same atmospheric pressure. Explain your answer.

F

&

3

226 Chapter Five Gases

25°C. The air has a mole fraction of nitrogen of 0.790, the rest

being oxygen.

a. Explain why the balloon would float when heated. Make sure ¢
to discuss which factors change and which remain constant,

and why this matters. Be complete.

Above what temperature would you heat the balloon so that

it would float?

L4

You have a helium balloon at 1.00 atm and 25°C. You want to
make a hot-air balloon with the same volume and same lift as
the helium balloon. Assume air is 79.0% nitrogen, 21.0% oxygen
by volume. The “lift” of a balloon is given by the difference be-
tween the mass of air displaced by the balloon and the mass of
gas inside the balloon.

Questions give students an
opportunity to review key
concepts; Exercises (paired and
organized by topic) reinforce
students’ understanding of each
section; Additional Exercises
require students to identify and
apply the appropriate concepts
themselves; Challenge Problems
take students one step further
and challenge students more
rigorously than Additional
Exercises; Integrative Problems
combine concepts from multiple
chapters; Marathon Problems
also combine concepts from
multiple chapters, and they are
the most challenging problems in
the end-of-chapter material.

a. Will the temperature in the hot-air balloon have to be higher

or lower than 25°C? Explain. 129.
Calculate the temperature of the air required for the hot-air
balloon to provide the same lift as the helium balloon at 1.00

atm and 25°C. Assume atmospheric conditions are 1.00 atm

and 25°C.

4. We state that the ideal gas law tends o hold best at low pres- 13
sures and high temperatures. Show how the van der Waals
tion simplifies to the ideal gas law under these conditions.
Atmospheric scientists often use mixing ratios to express the con-
centrations of trace compounds in air. Mixing ratios are often
expressed as ppmv (parts per million volume)

&

Z
=

oy _volofXaSTP
PPV oL = ol vol. of air at STP

in the air in downtown Denver, Colorado, reached 3.0 X 10*
ppmv. The atmospheric pressure at that time was 628 torr, and
the temperature was 0°C.
a. What was the partial pressure of CO?
b. What was the concentration of CO in molecules per cubic ~ 131.
centimeter?
6. Nitrogen gas (N,) reacts with hydrogen gas (H,) to form am-
monia gas (NH,). You have nitrogen and hydrogen gases in a
15.0-L container fitted with a movable piston (the piston allows
the container volume to change so as to keep the pressure con-
stant inside the container). Initially the partial pressure of each
reactant gas is 1.00 atm. Assume the temperature is constant and
that the reaction goes to completion.
lculate the partial pressure of ammonia in the container af-
ter the reaction has reached completion.
b. Calculate the volume of the container after the reaction has
reached completion.

htegrative Problems

ese problems require the integration of multiple concepts to find the
utions.

7. In the presence of nitric acid, UO?* undergoes a redox process
It is converted to UO,** and nitric oxide (NO) gas is produced

No.
NO; (ag) + UO**(ag) — NO(g) + UO;

. Silane, SiH,, is the

1f 255 X 10° mL of NO(g) is isolated at 29°C and 1.5 atm, what
amount (moles) of UO*" was used in the reaction?

It is

icon analogue of methane, CH,.
cording to the following equations:

prepared industrially

Si(s) + 3HCI(g) — HSICL(1) + Hy(g)
4HSICLy(1) — SiH,(g) + 3SiCl(1)

a. If 156 mL of HSICl, (d = 1.34 g/mL) is isolated when 15.0 L
of HCl at 10.0 atm and 35°C is used, what is the percent yield
of HSICL,?

b. When 156 mL of HSICl; is heated, what volume of SiH, at
10.0 atm and 35°C will be obtained if the percent yield of the
reaction is 93.1%?

Solid thorium(IV) fluoride has a boiling point of 1680°C. What

s the density of a sample of gaseous thorium(IV) fluoride at its

boiling point under a pressure of 2.5 atm in a 1.7-L container?

Which gas will effuse faster at 1680°C. thorium(IV) fluoride or

uranium(I1T) fluoride? How much faster?

Natural gas is a mixture of hydrocarbons, primarily methane
(CH,) and ethane (C;H,). A typical mixture might have
Xethane = 0.915 and Xeqpune = 0.085. What are the partial pres-
sures of the two gases in a 15.00-L container of natural gas at
20.°C and 1.4 atm? Assuming complete combustion of both
gases in the natural gas sample, what is the total mass of water
formed?

.
On a recent autumn day, the concentration of carbon monoxide ~ Marathon Problem

This problem is designed to incorporate several concepts and techniques
into one situation. Marathon Problems can be used in class by groups of
students to help fz

litate problem-sol

ng skills.

Use the following information to identify element A and com-
pound B, then answer questions a and b.

An empty glass container has a mass of 658.572 g. It has a
mass of 639.452 g after it has been filled with nitrogen gas at a
pressure of 790. torr and a temperature of 15°C. When the con-
tainer is evacuated and refilled with a certain element (A) at a
pressure of 745 torr and a temperature of 26°C. it has a mass of
66059 ¢.

Compound B, a gaseous organic compound that consists of
85.6% carbon and 14.4% hydrogen by mass, is placed in a stain-
less steel vessel (10.68 L) with excess oxygen gas. The vessel is
placed in a constant-temperature bath at 22°C. The pressure in
the vessel is 11.98 atm. In the bottom of the vessel s a container
that is packed with Ascarite and a desiccant. Ascarite is asbestos
impregnated with sodium hydroxide: it quantitatively absorbs
carbon dioxide:

2NaOH(s) + CO,(g) —> Na,CO(s) + H,0(l)

according o the following unbalanced equation: *Used with permission from the Journal of Chemical Education, Vol. 68,
11, 1991, pp. 919-922; copyright © 1991, Division of Cher
Education, Inc.
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Media Resources for Instructors

HM ClassPrep with HM Testing (powered by Diploma) CD is a
cross-platform CD that contains extensive text-specific resources
for instructors to incorporate into their lecture presentations.
These customizable assets include PowerPoint slides, Word files
of the printed Test Bank and Solutions Manual, figures from the
text, the Instructor’s Resource Guide and more. HM Testing
(powered by Diploma) is Houghton Mifflin’s new flexible test-
editing program, which features algorithmically generated ques-
tions, conceptual questions, and factual questions coded by level —
of difficulty to allow B fheoech s
you to more easily . ) ’

choose appropriate test Let’s Think About It

items. Select from 2400
test items designed to
measure the concepts
and principles covered Draw molecular-level pictures showing
in the seventh edition. each solution. Think about relativs
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further understand and visualize chemical concepts. Animations
and videos can be projected directly from the CD, exported
to your computer, and also come embedded in PowerPoint
files.
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highest pressure of the four. When all four are changed to a common

lecture preparation materials; PowerPoint prese"tation label (use conversion factors found on page 192 and dimensional
resources; JPEGs of virtually all text illustrations, tables, and analysis) 3.42 atm is a higher pressure than the others.

photos; video demonstrations and animations; molecule
library with CHIME; as well as service and support. Also
included on the Online Teaching Center, you will find
classroom response-system slides. These slides allow you
to det on-the-spot feedback on how well your students are
grasping key concepts. : — &
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Male Monarch butterflies use the pheromones produced by a gland on their wings to make
themselves attractive to females.



hen you start your car, do you think about chemistry? Probably not, but you
should. The power to start your car is furnished by a lead storage battery. How does this
battery work, and what does it contain? When a battery goes dead, what does that mean?
If you use a friend’s car to “jump start” your car, did you know that your battery could
explode? How can you avoid such an unpleasant possibility? What is in the gasoline that
you put in your tank, and how does it furnish the energy to drive to school? What is the
vapor that comes out of the exhaust pipe, and why does it cause air pollution? Your car’s
air conditioner might have a substance in it that is leading to the destruction of the ozone
layer in the upper atmosphere. What are we doing about that? And why is the ozone layer
important anyway?

All these questions can be answered by understanding some chemistry. In fact, we’ll
consider the answers to all these questions in this text.

Chemistry is around you all the time. You are able to read and understand this sen-
tence because chemical reactions are occurring in your brain. The food you ate for break-
fast or lunch is now furnishing energy through chemical reactions. Trees and grass grow
because of chemical changes.

Chemistry also crops up in some unexpected places. When archaeologist Luis Alvarez
was studying in college, he probably didn’t realize that the chemical elements iridium and
niobium would make him very famous when they helped him solve the problem of the
disappearing dinosaurs. For decades scientists had wrestled with the mystery of why the
dinosaurs, after ruling the earth for millions of years, suddenly became extinct 65 million
years ago. In studying core samples of rocks dating back to that period, Alvarez and his
coworkers recognized unusual levels of iridium and niobium in these samples—Ievels
much more characteristic of extraterrestrial bodies than of the earth. Based on these
observations, Alvarez hypothesized that a large meteor hit the earth 65 million years ago,
changing atmospheric conditions so much that the dinosaurs’ food couldn’t grow, and they
died—almost instantly in the geologic timeframe.

Chemistry is also important to historians. Did you realize that lead poisoning proba-
bly was a significant contributing factor to the decline of the Roman Empire? The Romans
had high exposure to lead from lead-glazed pottery, lead water pipes, and a sweetening
syrup called sapa that was prepared by boiling down grape juice in lead-lined vessels. It
turns out that one reason for sapa’s sweetness was lead acetate (“sugar of lead”) that
formed as the juice was cooked down. Lead poisoning with its symptoms of lethargy and
mental malfunctions certainly could have contributed to the demise of the Roman society.

Chemistry is also apparently very important in determining a person’s behavior.
Various studies have shown that many personality disorders can be linked directly to
imbalances of trace elements in the body. For example, studies on the inmates at Stat-
eville Prison in Illinois have linked low cobalt levels with violent behavior. Lithium salts
have been shown to be very effective in controlling the effects of manic depressive dis-
ease, and you’ve probably at some time in your life felt a special “‘chemistry” for another
person. Studies suggest there is literally chemistry going on between two people who are
attracted to each other. “Falling in love” apparently causes changes in the chemistry of
the brain; chemicals are produced that give that “high” associated with a new relation-
ship. Unfortunately, these chemical effects seem to wear off over time, even if the rela-
tionship persists and grows.

The importance of chemistry in the interactions of people should not really surprise
us, since we know that insects communicate by emitting and receiving chemical signals via
molecules called pheromones. For example, ants have a very complicated set of chemical
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FIGURE 1.1

(a) The surface of a single grain of table
salt. (b) An oxygen atom (indicated by
arrow) on a gallium arsenide surface.

(€) Scanning tunneling microscope image
showing rows of ring-shaped clusters of
benzene molecules on a rhodium surface.
Each “doughnut”-shaped image represents
a benzene molecule.

signals to signify food sources, danger, and so forth. Also, various female sex attractants
have been isolated and used to lure males into traps to control insect populations. It would
not be surprising if humans also emitted chemical signals that we were not aware of on
a conscious level. Thus chemistry is pretty interesting and pretty important. The main goal
of this text is to help you understand the concepts of chemistry so that you can better ap-
preciate the world around you and can be more effective in whatever career you choose.

1.1 Chemistry: An Overview

Since the time of the ancient Greeks, people have wondered about the answer to the ques-
tion: What is matter made of? For a long time humans have believed that matter is com-
posed of atoms, and in the previous three centuries we have collected much indirect
evidence to support this belief. Very recently, something exciting has happened—for the
first time we can “see” individual atoms. Of course, we cannot see atoms with the naked
eye but must use a special microscope called a scanning tunneling microscope (STM).
Although we will not consider the details of its operation here, the STM uses an electron
current from a tiny needle to probe the surface of a substance. The STM pictures of several
substances are shown in Fig. 1.1. Notice how the atoms are connected to one another by
“bridges,” which, as we will see, represent the electrons that interconnect atoms.

In addition to “seeing” the atoms in solids such as salt, we have learned how to iso-
late and view a single atom. For example, the tiny white dot in the center of Fig. 1.2 is a
single mercury atom that is held in a special trap.

So, at this point, we are fairly sure that matter consists of individual atoms. The na-
ture of these atoms is quite complex, and the components of atoms don’t behave much
like the objects we see in the world of our experience. We call this world the macroscopic
world—the world of cars, tables, baseballs, rocks, oceans, and so forth. One of the main
jobs of a scientist is to delve into the macroscopic world and discover its “parts.” For
example, when you view a beach from a distance, it looks like a continuous solid substance.
As you get closer, you see that the beach is really made up of individual grains of sand.

(a) (b)

(©



FIGURE 1.2

A charged mercury atom shows up as a
tiny white dot (indicated by the arrow).

FIGURE 1.3
Sand on a beach looks uniform from a
distance, but up close the irregular sand

grains are visible, and each grain is com-

posed of tiny atoms.

1.1 Chemistry: An Overview 3

As we examine these grains of sand, we find they are composed of silicon and oxygen
atoms connected to each other to form intricate shapes (see Fig. 1.3). One of the main
challenges of chemistry is to understand the connection between the macroscopic world
that we experience and the microscopic world of atoms and molecules. To truly under-
stand chemistry you must learn to think on the atomic level. We will spend much time in
this text helping you learn to do that.

One of the amazing things about our universe is that the tremendous variety of sub-
stances we find there results from only about 100 different kinds of atoms. You can think
of these approximately 100 atoms as the letters in an alphabet out of which all the “words”
in the universe are made. It is the way the atoms are organized in a given substance that
determines the properties of that substance. For example, water, one of the most common
and important substances on earth, is composed of two types of atoms: hydrogen and
oxygen. There are two hydrogen atoms and one oxygen atom bound together to form the
water molecule:

oxygen atom
0 e q water molecule

hydrogen atom

When an electric current passes through it, water is decomposed to hydrogen and oxygen.
These chemical elements themselves exist naturally as diatomic (two-atom) molecules:

oxygen molecule m written O,

hydrogen molecule written H,

We can represent the decomposition of water to its component elements, hydrogen and
oxygen, as follows:

q m one oxygen molecule

two water ) written O,
molecules electric
; current
written 2H,0 q two hydrogen molecules
written 2H,

Notice that it takes two molecules of water to furnish the right number of oxygen and hy-
drogen atoms to allow for the formation of the two-atom molecules. This reaction explains
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e importance of chemistry can show up in some unusual
places. For example, a knowledge of chemistry is crucial
to authenticating, preserving, and restoring art objects. The
J. Paul Getty Museum in Los Angeles has a state-of-the-art
chemical laboratory that costs many millions of dollars and
employs many scientists. The National Gallery of Art (NGA)
in Washington, D.C., also operates a highly sophisticated
laboratory that employs 10 people: five chemists, a botanist,
an art historian, a technician with a chemistry degree, and
two fellows (interns).

One of the chemists at NGA is Barbara Berrie, who spe-
cializes in identifying paint pigments. One of her duties is to
analyze a painting to see whether the paint pigments are ap-
propriate for the time the picture was supposedly painted and
consistent with the pigments known to be used by the artist
given credit for the painting. This analysis is one way in which
paintings can be authenticated. One of Berrie’s recent projects
was to analyze the 1617 oil painting St. Cecilia and an Angel.
Her results showed the painting was the work of two artists
of the time, Orazio Gentileschi and Giovanni Lanfranco.
Originally the work was thought to be by Gentileschi alone.

Berrie is also working to define the range of colors used
by water colorist Winslow Homer (the NGA has 30 Homer
paintings in its collection) and to show how his color palette
changed over his career. In addition, she is exploring how
acidity affects the decomposition of a particular deep green
transparent pigment (called copper resinate) used by Italian
Renaissance artists so that paintings using this pigment can
be better preserved.

Berrie says, “The chemistry I do is not hot-dog chem-
istry, just good old-fashioned general chemistry.”

CHEMICAL IMPACT

The Chemistry of Art

Dr. Barbara Berrie of the National Gallery of Art is shown
analyzing the glue used in the wooden supports for a
14th century altar piece.

why the battery in your car can explode if you jump start it improperly. When you hook up
the jumper cables, current flows through the dead battery, which contains water (and other
things), and causes hydrogen and oxygen to form by decomposition of some of the water.
A spark can cause this accumulated hydrogen and oxygen to explode, forming water again.

&

2H,0

e

This example illustrates two of the fundamental concepts of chemistry: (1) matter is com-
posed of various types of atoms, and (2) one substance changes to another by reorganiz-
ing the way the atoms are attached to each other.

These are core ideas of chemistry, and we will have much more to say about them.

2H,
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Hypothesis

Experiment

,—> Theory (model)

Theory
modified Prediction
as needed
I— Experiment
FIGURE 1.4

The fundamental steps of the scientific
method.

1.2 The Scientific Method 5

Science: A Process for Understanding Nature and Its Changes

How do you tackle the problems that confront you in real life? Think about your trip to
school. If you live in a city, traffic is undoubtedly a problem you confront daily. How do
you decide the best way to drive to school? If you are new in town, you first get a map
and look at the possible ways to make the trip. Then you might collect information from
people who know the area about the advantages and disadvantages of various routes. Based
on this information, you probably try to predict the best route. However, you can find
the best route only by trying several of them and comparing the results. After a few
experiments with the various possibilities, you probably will be able to select the best
way. What you are doing in solving this everyday problem is applying the same process
that scientists use to study nature. The first thing you did was collect relevant data. Then
you made a prediction, and then you tested it by trying it out. This process contains the
fundamental elements of science.

1. Making observations (collecting data)
2. Making a prediction (formulating a hypothesis)
3. Doing experiments to test the prediction (testing the hypothesis)

Scientists call this process the scientific method. We will discuss it in more detail in
the next section. One of life’s most important activities is solving problems—not “plug
and chug” exercises, but real problems—problems that have new facets to them, that
involve things you may have never confronted before. The more creative you are at
solving these problems, the more effective you will be in your career and your per-
sonal life. Part of the reason for learning chemistry, therefore, is to become a better
problem solver. Chemists are usually excellent problem solvers, because to master
chemistry, you have to master the scientific approach. Chemical problems are frequently
very complicated—there is usually no neat and tidy solution. Often it is difficult to
know where to begin.

1.2 The Scientific Method

Science is a framework for gaining and organizing knowledge. Science is not simply a
set of facts but also a plan of action—a procedure for processing and understanding cer-
tain types of information. Scientific thinking is useful in all aspects of life, but in this text
we will use it to understand how the chemical world operates. As we have said in our pre-
vious discussion, the process that lies at the center of scientific inquiry is called the
scientific method. There are actually many scientific methods, depending on the nature
of the specific problem under study and on the particular investigator involved. However,
it is useful to consider the following general framework for a generic scientific method
(see Fig. 1.4):

Steps in the Scientific Method

> 1 Making observations. Observations may be qualitative (the sky is blue; water
is a liquid) or quantitative (water boils at 100°C; a certain chemistry book
weighs 2 kilograms). A qualitative observation does not involve a number.
A quantitative observation (called a measurement) involves both a number
and a unit.

> 2 Formulating hypotheses. A hypothesis is a possible explanation for an observation.

"> 3 Performing experiments. An experiment is carried out to test a hypothesis. This
involves gathering new information that enables a scientist to decide whether
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the hypothesis is valid—that is, whether it is supported by the new information
learned from the experiment. Experiments always produce new observations,
and this brings the process back to the beginning again.

To understand a given phenomenon, these steps are repeated many times, gradually ac-
cumulating the knowledge necessary to provide a possible explanation of the phenomenon.

Scientific Models

Once a set of hypotheses that agrees with the various observations is obtained, the hy-
potheses are assembled into a theory. A theory, which is often called a model, is a set of
tested hypotheses that gives an overall explanation of some natural phenomenon.

It is very important to distinguish between observations and theories. An observation
is something that is witnessed and can be recorded. A theory is an interpretation—a

Observation possible explanation of why nature behaves in a particular way. Theories inevitably change
as more information becomes available. For example, the motions of the sun and stars
Hypothesis have remained virtually the same over the thousands of years during which humans have

been observing them, but our explanations—our theories—for these motions have changed

Prediction greatly since ancient times. (See the Chemical Impact on Observations, Theories, and the

Planets on the Web site.)
1 1 The point is that scientists do not stop asking questions just because a given the-
Theory ory seems to account satisfactorily for some aspect of natural behavior. They continue
(model) | ™ doing experiments to refine or replace the existing theories. This is generally done by
using the currently accepted theory to make a prediction and then performing an
Tirzss l experiment (making a new observation) to see whether the results bear out this

modified Prediction prediction.
as needed Always remember that theories (models) are human inventions. They represent at-
tempts to explain observed natural behavior in terms of human experiences. A theory is
Experiment actually an educated guess. We must continue to do experiments and to refine our theo-
ries (making them consistent with new knowledge) if we hope to approach a more nearly
FIGURE 1.5 complete understanding of nature.

As scientists observe nature, they often see that the same observation applies to many
different systems. For example, studies of innumerable chemical changes have shown that
the total observed mass of the materials involved is the same before and after the change.
Such generally observed behavior is formulated into a statement called a natural law. For
example, the observation that the total mass of materials is not affected by a chemical
change in those materials is called the law of conservation of mass.

Note the difference between a natural law and a theory. A natural law is a summary
of observed (measurable) behavior, whereas a theory is an explanation of behavior. A law
summarizes what happens, a theory (model) is an attempt to explain why it happens.

In this section we have described the scientific method as it might ideally be applied
(see Fig. 1.5). However, it is important to remember that science does not always progress
smoothly and efficiently. For one thing, hypotheses and observations are not totally inde-
pendent of each other, as we have assumed in the description of the idealized scientific

The various parts of the scientific method.

Robert Boyle (1627-1691) was born in Ireland. He became especially interested in experiments involving
air and developed an air pump with which he produced evacuated cylinders. He used these cylinders to
show that a feather and a lump of lead fall at the same rate in the absence of air resistance and that
sound cannot be produced in a vacuum. His most famous experiments involved careful measurements of
the volume of a gas as a function of pressure. In his book The Skeptical Chymist, Boyle urged that the
ancient view of elements as mystical substances should be abandoned and that an element should in-
stead be defined as anything that cannot be broken down into simpler substances. This conception was
an important step in the development of modern chemistry.




ost-it Notes, a product of the 3M Corporation, revolu-
tionized casual written communications and personal
reminders. Introduced in the United States in 1980, these
sticky-but-not-too-sticky notes have now found countless
uses in offices, cars, and homes throughout the world.

The invention of sticky notes occurred over a period of
about 10 years and involved a great deal of serendipity. The
adhesive for Post-it Notes was discovered by Dr. Spencer F.
Silver of 3M in 1968. Silver found that when an acrylate
polymer material was made in a particular way, it formed
cross-linked microspheres. When suspended in a solvent and
sprayed on a sheet of paper, this substance formed a “sparse
monolayer” of adhesive after the solvent evaporated. Scan-
ning electron microscope images of the adhesive show that
it has an irregular surface, a little like the surface of a gravel
road. In contrast, the adhesive on cellophane tape looks
smooth and uniform, like a superhighway. The bumpy sur-
face of Silver’s adhesive caused it to be sticky but not so
sticky to produce permanent adhesion, because the number
of contact points between the binding surfaces was limited.

When he invented this adhesive, Silver had no specific
ideas for its use, so he spread the word of his discovery to
his fellow employees at 3M to see if anyone had an appli-
cation for it. In addition, over the next several years devel-
opment was carried out to improve the adhesive’s proper-
ties. It was not until 1974 that the idea for Post-it Notes
popped up. One Sunday Art Fry, a chemical engineer for

CHEMICAL IMPACT

A Note-able Achievement

1.2 The Scientific Method

3M, was singing in his church choir when he became an-
noyed that the bookmark in his hymnal kept falling out. He
thought to himself that it would be nice if the bookmark
were sticky enough to stay in place but not so sticky that it
couldn’t be moved. Luckily, he remembered Silver’s glue—
and the Post-it Note was born.

For the next three years Fry worked to overcome the
manufacturing obstacles associated with the product. By
1977 enough Post-it Notes were being produced to supply
3M’s corporate headquarters, where the employees quickly
became addicted to their many uses. Post-it Notes are now
available in 62 colors and 25 shapes.

In the years since their introduction, 3M has heard some
remarkable stories connected to the use of these notes. For
example, a Post-it Note was applied to the nose of a corpo-
rate jet, where it was intended to be read by the plane’s Las
Vegas ground crew. Someone forgot to remove it, however.
The note was still on the nose of the plane when it landed
in Minneapolis, having survived a take-off and landing and
speeds of 500 miles per hour at temperatures as low as
—56°F. Stories on the 3M Web site also describe how a Post-
it Note on the front door of a home survived the 140 mile
per hour winds of Hurricane Hugo and how a foreign official
accepted Post-it Notes in lieu of cash when a small bribe
was needed to cut through bureaucratic hassles.

Post-it Notes have definitely changed the way we com-
municate and remember things.

method. The coupling of observations and hypotheses occurs because once we begin to
proceed down a given theoretical path, our hypotheses are unavoidably couched in the
language of that theory. In other words, we tend to see what we expect to see and often
fail to notice things that we do not expect. Thus the theory we are testing helps us be-
cause it focuses our questions. However, at the very same time, this focusing process may
limit our ability to see other possible explanations.

It is also important to keep in mind that scientists are human. They have prejudices;
they misinterpret data; they become emotionally attached to their theories and thus lose
objectivity; and they play politics. Science is affected by profit motives, budgets, fads,
wars, and religious beliefs. Galileo, for example, was forced to recant his astronomical
observations in the face of strong religious resistance. Lavoisier, the father of modern
chemistry, was beheaded because of his political affiliations. Great progress in the chem-
istry of nitrogen fertilizers resulted from the desire to produce explosives to fight wars.
The progress of science is often affected more by the frailties of humans and their
institutions than by the limitations of scientific measuring devices. The scientific meth-
ods are only as effective as the humans using them. They do not automatically lead
to progress.
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CHEMICAL IMPACT

. Critical Units!

['jj ow important are conversions from one unit to another?
If you ask the National Aeronautics and Space Admin-
istration (NASA), very important! In 1999 NASA lost a $125

Units can be very important. In fact, they can mean the
difference between life and death on some occasions. In 1983,
for example, a Canadian jetliner almost ran out of fuel when

million Mars Climate Orbiter because of a failure to convert
from English to metric units.

The problem arose because two teams working on the
Mars mission were using different sets of units. NASA’s sci-
entists at the Jet Propulsion Laboratory in Pasadena, Cali-
fornia, assumed that the thrust data for the rockets on the
Orbiter they received from Lockheed Martin Astronautics in
Denver, which built the spacecraft, were in metric units. In
reality, the units were English. As a result the Orbiter dipped
100 kilometers lower into the Mars atmosphere than planned
and the friction from the atmosphere caused the craft to
burn up.

NASA'’s mistake refueled the controversy over whether
Congress should require the United States to switch to the
metric system. About 95% of the world now uses the met-
ric system, and the United States is slowly switching from
English to metric. For example, the automobile industry has
adopted metric fasteners and we buy our soda in two-liter
bottles.

someone pumped 22,300 pounds of fuel into the aircraft in-
stead of 22,300 kilograms. Remember to watch your units!

Artist’s conception of the lost Mars Climate Orbiter.

1.3 Units of Measurement

Making observations is fundamental to all science. A quantitative observation, or mea-
surement, always consists of two parts: a number and a scale (called a unit). Both parts
must be present for the measurement to be meaningful.

In this textbook we will use measurements of mass, length, time, temperature, elec-
tric current, and the amount of a substance, among others. Scientists recognized long ago
that standard systems of units had to be adopted if measurements were to be useful. If
every scientist had a different set of units, complete chaos would result. Unfortunately,
different standards were adopted in different parts of the world. The two major systems
are the English system used in the United States and the metric system used by most of
the rest of the industrialized world. This duality causes a good deal of trouble; for exam-
ple, parts as simple as bolts are not interchangeable between machines built using the two
systems. As a result, the United States has begun to adopt the metric system.

Most scientists in all countries have for many years used the metric system. In 1960,
an international agreement set up a system of units called the International System (le
Systeme International in French), or the SI system. This system is based on the metric
system and units derived from the metric system. The fundamental SI units are listed in
Table 1.1. We will discuss how to manipulate these units later in this chapter.

Because the fundamental units are not always convenient (expressing the mass of a
pin in kilograms is awkward), prefixes are used to change the size of the unit. These are
listed in Table 1.2. Some common objects and their measurements in SI units are listed
in Table 1.3.

Soda is commonly sold in 2-liter bottles—
an example of the use of SI units in every-
day life.
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FIGURE 1.6

The largest cube has sides 1 m in length
and a volume of 1 m>. The middle-sized
cube has sides 1 dm in length and a vol-
ume of 1 dm?, or 1 L. The smallest cube
has sides 1 cm in length and a volume of
1 cm?, or 1 mL.

TABLE 1.2 The Prefixes Used in the SI System (Those most commonly
encountered are shown in blue.)
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TABLE 1.1 The Fundamental SI Units
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\\\\\\ Physical Quantity Name of Unit Abbreviation

|| N Mass kilogram kg
L T~ Length meter m
] Time second S
ERpea Temperature kelvin K
LT Electric current ampere A

W Amount of substance mole mol

— Luminous intensity candela cd

One physical quantity that is very important in chemistry is volume, which is not a fun-
damental SI unit but is derived from length. A cube that measures 1 meter (m) on each edge
is represented in Fig. 1.6. This cube has a volume of (1 m)* = 1 m’. Recognizing that there
are 10 decimeters (dm) in a meter, the volume of this cube is (I m)* = (10 dm)® = 1000
dm®. A cubic decimeter, that is (I dm)?, is commonly called a liter (L), which is a unit of
volume slightly larger than a quart. As shown in Fig. 1.6, 1000 liters are contained in a cube
with a volume of 1 cubic meter. Similarly, since 1 decimeter equals 10 centimeters (cm),
the liter can be divided into 1000 cubes each with a volume of 1 cubic centimeter:

1 liter = (1 dm)® = (10 cm)® = 1000 cm®
Also, since 1 cm® = 1 milliliter (mL),
1 liter = 1000 cm® = 1000 mL

Thus 1 liter contains 1000 cubic centimeters, or 1000 milliliters.
Chemical laboratory work frequently requires measurement of the volumes of liquids.
Several devices for the accurate determination of liquid volume are shown in Fig. 1.7.
An important point concerning measurements is the relationship between mass and
weight. Although these terms are sometimes used interchangeably, they are not the same.

TABLE 1.3 Some Examples of
Commonly Used Units

Exponential Length A dime is 1 mm thick.

Prefix Meaning Notation* A quarter is 2.5 cm in
diameter.

exa E 1,000,000,000,000,000,000 10" The average height of an
peta P 1,000,000,000,000,000 10" adult man is 1.8 m.
tera T 1,000,000,000,000 o™
giga G 1.000,000,000 10° Mass A nickel has a mass of
mega M 1,000,000 10° ool 3
il k 1,000 10 A 120-1b person has a
hecto h 100 102 mass of about 55 kg.
deka da 10 10! Volume A 12-0z can of soda
— — 1 10° has a volume of about
deci d 0.1 10! 360 mL.
centi c 0.01 1072
milli m 0.001 1073
micro M 0.000001 1076
nano n 0.000000001 107°
pico p 0.000000000001 ="
femto f 0.000000000000001 1071
atto a 0.000000000000000001 10718

*See Appendix 1.1 if you need a review of exponential notation.
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graduated cylinder volumetric flask FIGURE 1.8
An electronic analytical balance.

FIGURE 1.7

Common types of laboratory equipment used to measure liquid volume.

FIGURE 1.9

Measurement of volume using a buret. The
volume is read at the bottom of the liquid
curve (called the meniscus).

Mass is a measure of the resistance of an object to a change in its state of motion. Mass
is measured by the force necessary to give an object a certain acceleration. On earth we
use the force that gravity exerts on an object to measure its mass. We call this force the
object’s weight. Since weight is the response of mass to gravity, it varies with the strength
of the gravitational field. Therefore, your body mass is the same on the earth or on the
moon, but your weight would be much less on the moon than on earth because of the
moon’s smaller gravitational field.

Because weighing something on a chemical balance (see Fig. 1.8) involves compar-
ing the mass of that object to a standard mass, the terms weight and mass are sometimes
used interchangeably, although this is incorrect.

14 Uncertainty in Measurement

The number associated with a measurement is obtained using some measuring device. For
example, consider the measurement of the volume of a liquid using a buret (shown in Fig. 1.9
with the scale greatly magnified). Notice that the meniscus of the liquid occurs at about
20.15 milliliters. This means that about 20.15 mL of liquid has been delivered from the bu-
ret (if the initial position of the liquid meniscus was 0.00 mL). Note that we must estimate
the last number of the volume reading by interpolating between the 0.1-mL marks. Since
the last number is estimated, its value may be different if another person makes the same
measurement. If five different people read the same volume, the results might be as follows:

Person Results of Measurement
1 20.15 mL
2 20.14 mL
3 20.16 mL
4 20.17 mL
5 20.16 mL



A measurement always has some degree
of uncertainty.

Uncertainty in measurement is discussed
in more detail in Appendix 1.5.

Sample Exercise 1.1

1.4 Uncertainty in Measurement 11

These results show that the first three numbers (20.1) remain the same regardless of who
makes the measurement; these are called certain digits. However, the digit to the right of
the 1 must be estimated and therefore varies; it is called an uncertain digit. We custom-
arily report a measurement by recording all the certain digits plus the first uncertain digit.
In our example it would not make any sense to try to record the volume of thousandths
of a milliliter because the value for hundredths of a milliliter must be estimated when
using the buret.

It is very important to realize that a measurement always has some degree of uncer-
tainty. The uncertainty of a measurement depends on the precision of the measuring de-
vice. For example, using a bathroom scale, you might estimate the mass of a grapefruit
to be approximately 1.5 pounds. Weighing the same grapefruit on a highly precise bal-
ance might produce a result of 1.476 pounds. In the first case, the uncertainty occurs in
the tenths of a pound place; in the second case, the uncertainty occurs in the thousandths
of a pound place. Suppose we weigh two similar grapefruits on the two devices and obtain
the following results:

Bathroom Scale Balance
Grapefruit 1 1.51b 1.476 1b
Grapefruit 2 1.51b 1.518 1b

Do the two grapefruits have the same mass? The answer depends on which set of results
you consider. Thus a conclusion based on a series of measurements depends on the cer-
tainty of those measurements. For this reason, it is important to indicate the uncertainty
in any measurement. This is done by always recording the certain digits and the first un-
certain digit (the estimated number). These numbers are called the significant figures of
a measurement.

The convention of significant figures automatically indicates something about the un-
certainty in a measurement. The uncertainty in the last number (the estimated number)
is usually assumed to be =1 unless otherwise indicated. For example, the measurement
1.86 kilograms can be taken to mean 1.86 * 0.01 kilograms.

Uncertainty in Measurement

In analyzing a sample of polluted water, a chemist measured out a 25.00-mL water sample
with a pipet (see Fig. 1.7). At another point in the analysis, the chemist used a graduated
cylinder (see Fig. 1.7) to measure 25 mL of a solution. What is the difference between
the measurements 25.00 mL and 25 mL?

Solution

Even though the two volume measurements appear to be equal, they really convey
different information. The quantity 25 mL means that the volume is between 24 mL and
26 mL, whereas the quantity 25.00 mL means that the volume is between 24.99 mL and
25.01 mL. The pipet measures volume with much greater precision than does the grad-
uated cylinder.

See Question 1.8.

When making a measurement, it is important to record the results to the appropriate
number of significant figures. For example, if a certain buret can be read to =0.01 mL,
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FIGURE 1.10

The results of several dart throws show the
difference between precise and accurate.

(a) Neither accurate nor precise (large ran-
dom errors). (b) Precise but not accurate
(small random errors, large systematic error).
(c) Bull’s-eye! Both precise and accurate
(small random errors, no systematic error).

Sample Exercise 1.2

you should record a reading of twenty-five milliliters as 25.00 mL, not 25 mL. This way
at some later time when you are using your results to do calculations, the uncertainty in
the measurement will be known to you.

Precision and Accuracy

Two terms often used to describe the reliability of measurements are precision and accu-
racy. Although these words are frequently used interchangeably in everyday life, they have
different meanings in the scientific context. Accuracy refers to the agreement of a par-
ticular value with the true value. Precision refers to the degree of agreement among sev-
eral measurements of the same quantity. Precision reflects the reproducibility of a given
type of measurement. The difference between these terms is illustrated by the results of
three different dart throws shown in Fig. 1.10.

Two different types of errors are illustrated in Fig. 1.10. A random error (also called
an indeterminate error) means that a measurement has an equal probability of being high
or low. This type of error occurs in estimating the value of the last digit of a measure-
ment. The second type of error is called systematic error (or determinate error). This
type of error occurs in the same direction each time; it is either always high or always
low. Figure 1.10(a) indicates large random errors (poor technique). Figure 1.10(b) indi-
cates small random errors but a large systematic error, and Figure 1.10(c) indicates small
random errors and no systematic error.

In quantitative work, precision is often used as an indication of accuracy; we assume
that the average of a series of precise measurements (which should “average out” the ran-
dom errors because of their equal probability of being high or low) is accurate, or close
to the “true” value. However, this assumption is valid only if systematic errors are absent.
Suppose we weigh a piece of brass five times on a very precise balance and obtain the
following results:

Weighing Result
1 2486 ¢
2 2487 g
3 2485¢
4 2484 ¢
5 2488 g

Normally, we would assume that the true mass of the piece of brass is very close to
2.486 grams, which is the average of the five results:

2486 g + 2487 g + 2485 g + 2484 g + 2.488 ¢
5

= 2486 ¢

However, if the balance has a defect causing it to give a result that is consistently 1.000 gram
too high (a systematic error of +1.000 gram), then the measured value of 2.486 grams
would be seriously in error. The point here is that high precision among several mea-
surements is an indication of accuracy only if systematic errors are absent.

Precision and Accuracy

To check the accuracy of a graduated cylinder, a student filled the cylinder to the 25-mL
mark using water delivered from a buret (see Fig. 1.7) and then read the volume deliv-
ered. Following are the results of five trials:



Precision is an indication of accuracy
only if there are no systematic errors.

Leading zeros are never significant
figures.

Captive zeros are always significant
figures.

Trailing zeros are sometimes significant
figures.

Exact numbers never limit the number of
significant figures in a calculation.

Exponential notation is reviewed in
Appendix 1.1.
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Volume Shown by Volume Shown
Trial Graduated Cylinder by the Buret
1 25 mL 26.54 mL
2 25 mL 26.51 mL
3 25 mL 26.60 mL
4 25 mL 26.49 mL
5 25 mL 26.57 mL
Average 25 mL 26.54 mL

Is the graduated cylinder accurate?
Solution

The results of the trials show very good precision (for a graduated cylinder). The student
has good technique. However, note that the average value measured using the buret is sig-
nificantly different from 25 mL. Thus this graduated cylinder is not very accurate. It pro-
duces a systematic error (in this case, the indicated result is low for each measurement).

See Question 1.11.

1.5 Significant Figures and Calculations

Calculating the final result for an experiment usually involves adding, subtracting, multi-
plying, or dividing the results of various types of measurements. Since it is very impor-
tant that the uncertainty in the final result is known correctly, we have developed rules for
counting the significant figures in each number and for determining the correct number
of significant figures in the final result.

Rules for Counting Significant Figures
1. Nonzero integers. Nonzero integers always count as significant figures.

2. Zeros. There are three classes of zeros:

a. Leading zeros are zeros that precede all the nonzero digits. These do not count as
significant figures. In the number 0.0025, the three zeros simply indicate the po-
sition of the decimal point. This number has only two significant figures.

b. Captive zeros are zeros between nonzero digits. These always count as significant
figures. The number 1.008 has four significant figures.

c. Trailing zeros are zeros at the right end of the number. They are significant only if
the number contains a decimal point. The number 100 has only one significant
figure, whereas the number 1.00 X 10? has three significant figures. The number
one hundred written as 100. also has three significant figures.

3. Exact numbers. Many times calculations involve numbers that were not obtained us-
ing measuring devices but were determined by counting: 10 experiments, 3 apples,
8 molecules. Such numbers are called exact numbers. They can be assumed to have
an infinite number of significant figures. Other examples of exact numbers are the
2 in 27rr (the circumference of a circle) and the 4 and the 3 in 7r? (the volume of
a sphere). Exact numbers also can arise from definitions. For example, one inch is
defined as exactly 2.54 centimeters. Thus, in the statement 1 in = 2.54 cm, neither
the 2.54 nor the 1 limits the number of significant figures when used in a calculation.

Note that the number 1.00 X 107 above is written in exponential notation. This type
of notation has at least two advantages: the number of significant figures can be easily
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Sample Exercise 1.3

indicated, and fewer zeros are needed to write a very large or very small number. For
example, the number 0.000060 is much more conveniently represented as 6.0 X 10%. (The
number has two significant figures.)

Significant Figures

Give the number of significant figures for each of the following results.

a. A student’s extraction procedure on tea yields 0.0105 g of caffeine.
b. A chemist records a mass of 0.050080 g in an analysis.
c. In an experiment a span of time is determined to be 8.050 X 107 % s.

Solution

a. The number contains three significant figures. The zeros to the left of the 1 are lead-
ing zeros and are not significant, but the remaining zero (a captive zero) is significant.
b. The number contains five significant figures. The leading zeros (to the left of the 5) are
not significant. The captive zeros between the 5 and the 8 are significant, and the trail-
ing zero to the right of the 8 is significant because the number contains a decimal point.
c. This number has four significant figures. Both zeros are significant.

See Exercises 1.25 through 1.28.

To this point we have learned to count the significant figures in a given number. Next,
we must consider how uncertainty accumulates as calculations are carried out. The detailed
analysis of the accumulation of uncertainties depends on the type of calculation involved
and can be complex. However, in this textbook we will employ the following simple rules
that have been developed for determining the appropriate number of significant figures in
the result of a calculation.

Rules for Significant Figures in Mathematical Operations*

1. For multiplication or division, the number of significant figures in the result is the
same as the number in the least precise measurement used in the calculation. For
example, consider the calculation

456 X 1.4 = 638 _Corected, 6.4
T T
Limiting term has Two significant
two significant figures
figures

The product should have only two significant figures, since 1.4 has two significant figures.

2. For addition or subtraction, the result has the same number of decimal places as the
least precise measurement used in the calculation. For example, consider the sum

12.11

18.0 < Limiting term has one decimal place
1.013

31.123 _Comedted, 399

One decimal place

The correct result is 31.1, since 18.0 has only one decimal place.

*Although these simple rules work well for most cases, they can give misleading results in certain cases.
For more information, see L. M. Schwartz, “Propagation of Significant Figures,” J. Chem. Ed. 62 (1985):
693; and H. Bradford Thompson, “Is 8°C equal to 50°F?” J. Chem. Ed. 68 (1991): 400.



Rule 2 is consistent with the operation of
electronic calculators.

Do not round sequentially. The number
6.8347 rounded to three significant
figures is 6.83, not 6.84.

Sample Exercise 1.4
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Note that for multiplication and division, significant figures are counted. For addition
and subtraction, the decimal places are counted.

In most calculations you will need to round numbers to obtain the correct number of
significant figures. The following rules should be applied when rounding.

Rules for Rounding
1. In aseries of calculations, carry the extra digits through to the final result, then round.

2. If the digit to be removed
a. is less than 5, the preceding digit stays the same. For example, 1.33 rounds to 1.3.
b. is equal to or greater than 5, the preceding digit is increased by 1. For example,
1.36 rounds to 1.4.

Although rounding is generally straightforward, one point requires special emphasis.
As an illustration, suppose that the number 4.348 needs to be rounded to two significant
figures. In doing this, we look only at the first number to the right of the 3:

4.348

Look at this number to
round to two significant figures.

The number is rounded to 4.3 because 4 is less than 5. It is incorrect to round sequentially.
For example, do not round the 4 to 5 to give 4.35 and then round the 3 to 4 to give 4.4.

When rounding, use only the first number to the right of the last significant figure.

It is important to note that Rule 1 above usually will not be followed in the Sam-
ple Exercises in this text because we want to show the correct number of significant
figures in each step of a problem. This same practice is followed for the detailed
solutions given in the Solutions Guide. However, as stated in Rule 1, the best proce-
dure is to carry extra digits throughout a series of calculations and round to the correct
number of significant figures only at the end. This is the practice you should follow.
The fact that your rounding procedures are different from those used in this text must
be taken into account when you check your answer with the one given at the end of
the book or in the Solutions Guide. Your answer (based on rounding only at the end
of a calculation) may differ in the last place from that given here as the “correct”
answer because we have rounded after each step. To help you understand the differ-
ence between these rounding procedures, we will consider them further in Sample
Exercise 1.4.

Significant Figures in Mathematical Operations

Carry out the following mathematical operations, and give each result with the correct
number of significant figures.

a. 1.05 X 1073 + 6.135

b. 21 — 13.8

c. As part of a lab assignment to determine the value of the gas constant (R), a student
measured the pressure (P), volume (V), and temperature (7') for a sample of gas, where

_ PV
T

R

The following values were obtained: P = 2.560, T = 275.15, and V = 8.8. (Gases will be
discussed in detail in Chapter 5; we will not be concerned at this time about the units for
these quantities.) Calculate R to the correct number of significant figures.
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This number must be rounded to two

significant figures.

TABLE 1.4 English-Metric

Equivalents

Length
Mass

Volume

1 m = 1.094 yd
254 cm = 1in
1 kg = 2.205 Ib
4536 g=11b
1L = 1.06 qt
1f =2832L

Chemical Foundations

Solution

a. The result is 1.71 X 10™* which has three significant figures because the term with
the least precision (1.05 X 107°) has three significant figures.
b. The result is 7 with no decimal point because the number with the least number of
decimal places (21) has none.
R= PV (2.560)(8.8)
T 27515

The correct procedure for obtaining the final result can be represented as follows:

(2.560)(8.8) 22528

275.15  275.15
=0082=82X102=R

= 0.0818753

The final result must be rounded to two significant figures because 8.8 (the least precise
measurement) has two significant figures. To show the effects of rounding at intermedi-
ate steps, we will carry out the calculation as follows:

Rounded to two
significant figures
)
(2.560)(8.8) 22528 23

27515 27515  275.15

Now we proceed with the next calculation:

23
275.15

= 0.0835908

Rounded to two significant figures, this result is
0.084 = 8.4 X 1072

Note that intermediate rounding gives a significantly different result than was obtained by
rounding only at the end. Again, we must reemphasize that in your calculations you should
round only at the end. However, because rounding is carried out at intermediate steps in
this text (to always show the correct number of significant figures), the final answer given
in the text may differ slightly from the one you obtain (rounding only at the end).

See Exercises 1.31 through 1.34.

There is a useful lesson to be learned from part ¢ of Sample Exercise 1.4. The stu-
dent measured the pressure and temperature to greater precision than the volume. A more
precise value of R (one with more significant figures) could have been obtained if a more
precise measurement of V had been made. As it is, the efforts expended to measure P and
T very precisely were wasted. Remember that a series of measurements to obtain some
final result should all be done to about the same precision.

1.6 Dimensional Analysis

It is often necessary to convert a given result from one system of units to another. The
best way to do this is by a method called the unit factor method, or more commonly
dimensional analysis. To illustrate the use of this method, we will consider several unit
conversions. Some equivalents in the English and metric systems are listed in Table 1.4.
A more complete list of conversion factors given to more significant figures appears in
Appendix 6.
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Consider a pin measuring 2.85 centimeters in length. What is its length in inches? To
accomplish this conversion, we must use the equivalence statement

254cm = lin
If we divide both sides of this equation by 2.54 centimeters, we get
| — 1in
2.54 cm

This expression is called a unit factor. Since 1 inch and 2.54 centimeters are exactly equiv-
alent, multiplying any expression by this unit factor will not change its value.

The pin has a length of 2.85 centimeters. Multiplying this length by the appropriate
unit factor gives
lin 285,

——in = 1.12in

2.85 et X =
254cem 254

Note that the centimeter units cancel to give inches for the result. This is exactly what we
wanted to accomplish. Note also that the result has three significant figures, as required
by the number 2.85. Recall that the 1 and 2.54 in the conversion factor are exact numbers
by definition.

Unit Conversions |

Consider the direction of the required
change to select the correct unit factor.

A pencil is 7.00 in long. What is its length in centimeters?
Solution

In this case we want to convert from inches to centimeters. Therefore, we must use the
reciprocal of the unit factor used above to do the opposite conversion:

2.54 cm

7.00 it X = (7.00)(2.54) cm = 17.8 cm

Here the inch units cancel, leaving centimeters, as requested.

See Exercises 1.37 and 1.38.

Note that two unit factors can be derived from each equivalence statement. For
example, from the equivalence statement 2.54 cm = 1 in, the two unit factors are
2.54 cm 1in

an
1in 2.54 cm

How do you choose which one to use in a given situation? Simply look at the direction
of the required change. To change from inches to centimeters, the inches must cancel.
Thus the factor 2.54 cm/1 in is used. To change from centimeters to inches, centimeters
must cancel, and the factor 1 in/2.54 cm is appropriate.

Converting from One Unit to Another

e To convert from one unit to another, use the equivalence statement that relates the
two units.

e Derive the appropriate unit factor by looking at the direction of the required change
(to cancel the unwanted units).

e Multiply the quantity to be converted by the unit factor to give the quantity with the
desired units.
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Sample Exercise 1.6

Unit Conversions Il

Sample Exercise 1.7

You want to order a bicycle with a 25.5-in frame, but the sizes in the catalog are given
only in centimeters. What size should you order?

Solution
You need to go from inches to centimeters, so 2.54 cm = 1 in is appropriate:

2.54 cm

25.5 11 X = 64.8 cm

See Exercises 1.37 and 1.38.

To ensure that the conversion procedure is clear, a multistep problem is considered
in Sample Exercise 1.7.

Unit Conversions IlI

Normally we round to the correct number
of significant figures after each step.
However, you should round only at the
end.

A student has entered a 10.0-km run. How long is the run in miles?
Solution

This conversion can be accomplished in several different ways. Since we have the equiv-
alence statement 1 m = 1.094 yd, we will proceed by a path that uses this fact. Before
we start any calculations, let us consider our strategy. We have kilometers, which we want
to change to miles. We can do this by the following route:

kilometers ——> meters ——> yards —> miles

To proceed in this way, we need the following equivalence statements:

1 km = 1000 m
Im = 1.094yd
1760 yd = 1 mi

To make sure the process is clear, we will proceed step by step:

Kilometers to Meters:

10.0 km X = 1.00 X 10*m

1000 m
1 km
Meters to Yards:

1.094 yd

1.00 X 10*a X = 1.094 X 10* yd

Note that we should have only three significant figures in the result. Since this is an interme-
diate result, however, we will carry the extra digit. Remember, round off only the final result.
Yards to Miles:

1 mi
1760 yd

1.094 X 10* yd X = 6.216 mi
Note in this case that 1 mi equals exactly 1760 yd by designation. Thus 1760 is an exact
number.

Since the distance was originally given as 10.0 km, the result can have only three sig-
nificant figures and should be rounded to 6.22 mi. Thus

10.0 km = 6.22 mi
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Alternatively, we can combine the steps:

1 1.094 '
10,0 Jerrt x 1000 AT yd oo Imi o mi
| ket | o 1760 yd

See Exercises 1.37 and 1.38.

In using dimensional analysis, your verification that everything has been done cor-
rectly is that you end up with the correct units. In doing chemistry problems, you should
always include the units for the quantities used. Always check to see that the units cancel
to give the correct units for the final result. This provides a very valuable check, espe-
cially for complicated problems.

Study the procedures for unit conversions in the following Sample Exercises.

Unit Conversion IV

Sample Exercise 1.9

The speed limit on many highways in the United States is 55 mi/h. What number would
be posted in kilometers per hour?

Solution Result obtained by
rounding only at the
end of the calculation

55mi 1760 yd 1t 1 km
h 1 prd 1.094yd 1000 md

= 88 km/h

Note that all units cancel except the desired kilometers per hour.

See Exercises 1.43 through 1.45.

Unit Conversions V

A Japanese car is advertised as having a gas mileage of 15 km/L. Convert this rating to
miles per gallon.

Solution Result obtained by

rounding only at the
end of the calculation

15kt 1000 1.094 yd 1 mi 1K 4qt
X X X X X
v 1 kami 1 o 1760 yd =~ 1.06 gt = 1 gal

$
= 35 mi/gal

See Exercise 1.46.

1.7 Temperature

Three systems for measuring temperature are widely used: the Celsius scale, the Kelvin
scale, and the Fahrenheit scale. The first two temperature systems are used in the physi-
cal sciences, and the third is used in many of the engineering sciences. Our purpose here
is to define the three temperature scales and show how conversions from one scale to
another can be performed. Although these conversions can be carried out routinely on
most calculators, we will consider the process in some detail here to illustrate methods of
problem solving.

The three temperature scales are defined and compared in Fig. 1.11. Note that the
size of the temperature unit (the degree) is the same for the Kelvin and Celsius scales.
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FIGURE 1.11

The three major temperature scales.

T = To + 273.15

Fahrenheit Celsius Kelvin

Boiling m m m
point

of water L 212°F 100°C Fm— 373.15K

180 100
Fahrenheit Celsius 100
degrees — degrees— kelvins —

Freezing
point
of water 1 32°F HH0°C————— 1 273.15K

L 40P —————HH 400 —————— 11233105 K

[

The fundamental difference between these two temperature scales is in their zero points.
Conversion between these two scales simply requires an adjustment for the different zero
points.

Temperature (Kelvin) = temperature (Celsius) + 273.15
or
Temperature (Celsius) = temperature (Kelvin) — 273.15
For example, to convert 300.00 K to the Celsius scale, we do the following calculation:
300.00 — 273.15 = 26.85°C

Note that in expressing temperature in Celsius units, the designation °C is used.
The degree symbol is not used when writing temperature in terms of the Kelvin
scale. The unit of temperature on this scale is called a kelvin and is symbolized by the
letter K.

Converting between the Fahrenheit and Celsius scales is somewhat more complicated
because both the degree sizes and the zero points are different. Thus we need to consider
two adjustments: one for degree size and one for the zero point. First, we must account
for the difference in degree size. This can be done by reconsidering Fig. 1.11. Notice that
since 212°F = 100°C and 32°F = 0°C,

212 — 32 = 180 Fahrenheit degrees = 100 — 0 = 100 Celsius degrees

Thus 180° on the Fahrenheit scale is equivalent to 100° on the Celsius scale, and the unit
factor is

180°F 9°F
r

100°c " s°C

or the reciprocal, depending on the direction in which we need to go.
Next, we must consider the different zero points. Since 32°F = 0°C, we obtain the cor-
responding Celsius temperature by first subtracting 32 from the Fahrenheit temperature



Understand the process of converting
from one temperature scale to another;
do not simply memorize the equations.

Sample Exercise 1.10
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to account for the different zero points. Then the unit factor is applied to adjust for the
difference in the degree size. This process is summarized by the equation

5°C
=T 1.1
oop e (1.1)

(Ty — 32°F)

where Tr and 7 represent a given temperature on the Fahrenheit and Celsius scales,
respectively. In the opposite conversion, we first correct for degree size and then correct for
the different zero point. This process can be summarized in the following general equation:

(e}

F
+ 32°F (1.2)

Te = Te X
F 707 50

Equations (1.1) and (1.2) are really the same equation in different forms. See if you can
obtain Equation (1.2) by starting with Equation (1.1) and rearranging.

At this point it is worthwhile to weigh the two alternatives for learning to do tem-
perature conversions: You can simply memorize the equations, or you can take the time
to learn the differences between the temperature scales and to understand the processes
involved in converting from one scale to another. The latter approach may take a little
more effort, but the understanding you gain will stick with you much longer than the mem-
orized formulas. This choice also will apply to many of the other chemical concepts. Try
to think things through!

Temperature Conversions |

A physician taking the temperature of a
patient.

FIGURE 1.12
Normal body temperature on the Fahren-
heit, Celsius, and Kelvin scales.

Normal body temperature is 98.6°F. Convert this temperature to the Celsius and Kelvin
scales.

Solution

Rather than simply using the formulas to solve this problem, we will proceed by think-
ing it through. The situation is diagramed in Fig. 1.12. First, we want to convert 98.6°F
to the Celsius scale. The number of Fahrenheit degrees between 32.0°F and 98.6°F is
66.6°F. We must convert this difference to Celsius degrees:

O,

66.6°F X = 37.0°C

o

Fahrenheit Celsius Kelvin

A 2 A

1\ 98.6°F ————— [t 2°C F\? K
66.6°F 66.6°F x ;g = 37.0°C 37.0 + 273.15K =3102K

s 3201: —_— L1l OoC H447273.15 K

o4 o <
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Faux Snow

1ing is challenging and fun, but it is also big business.
w¥Both skiers and ski operators want the season to last as
long as possible. The major factor in maximizing the
length of the ski season and in salvaging dry periods dur-
ing the winter is the ability to “make snow.” Machine-
made snow is now a required part of maintaining ideal
conditions at major ski areas such as Aspen, Breckenridge,
and Taos.

Snow is relatively easy to make if the air is cold enough.
To manufacture snow, water is cooled to just above 0°C and
then pumped at high pressure through a “gun” that produces
a fine mist of water droplets that freeze before dropping to
the ground. As might be expected, atmospheric conditions
are critical when making snow. With an air temperature of
—8°C (18°F) or less, untreated water can be used in the
snow guns. However, the ideal type of snow for skiing is
“powder”—Afluffy snow made up of small, individual crys-
tals. To achieve powdery snow requires sufficient nucleation

CHEMICAL IMPACT

sites—that is, sites where crystal growth is initiated. This
condition can be achieved by “doping” the water with ions
such as calcium or magnesium or with fine particles of clay.
Also, when the air temperature is between 0°C and —8°C,
materials such as silver iodide, detergents, and organic ma-
terials may be added to the water to seed the snow.

A discovery at the University of Wisconsin in the 1970s
led to the additive most commonly used for snow making.
The Wisconsin scientists found that a bacterium (Pseudo-
manas syringae) commonly found in nature makes a pro-
tein that acts as a very effective nucleation site for ice for-
mation. In fact, this discovery helped to explain why ice
forms at 0°C on the blossoms of fruit trees instead of the
water supercooling below 0°C, as pure water does when the
temperature is lowered slowly below the freezing point. To
help protect fruit blossoms from freeze damage, this bac-
terium has been genetically modified to remove the ice
nucleation protein. As a result, fruit blossoms can survive

Thus 98.6°F corresponds to 37.0°C.
Now we can convert to the Kelvin scale:

TK:

Tc + 273.15 = 37.0 + 273.15 = 310.2 K

Note that the final answer has only one decimal place (37.0 is limiting).

See Exercises 1.49, 1.51, and 1.52.

Sample Exercise 1.11

Temperature Conversions 11

One interesting feature of the Celsius and Fahrenheit scales is that —40°C and —40°F

represent the same temperature, as shown in Fig. 1.11. Verify that this is true.

Solution

The difference between 32°F and —40°F is 72°F. The difference between 0°C and —40°C

is 40°C. The ratio of these is

72°F 8 X 9°F _ 9°F
40°C 8 X 5°C  5°C

as required. Thus —40°C is equivalent to —40°F.
See Challenge Problem 1.86.

Since, as shown in Sample Exercise 1.11, —40° on both the Fahrenheit and Celsius
scales represents the same temperature, this point can be used as a reference point (like
0°C and 32°F) for a relationship between the two scales:

Number of Fahrenheit degrees  Tp —
=7

(—40)  9°F
(—40)  5°C

Number of Celsius degrees
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intact even if the temperature briefly falls below 0°C. (See
the Chemical Impact on Organisms and Ice Formation on
page 516.) For snow-making purposes, this protein forms
the basis for Snowmax (prepared and sold by York Snow
of Victor, New York), which is the most popular additive
for snow making.

Obviously, snow cannot be made in the summer, so
what is a skiing fanatic to do during the warm months?
The answer is “dryslope” skiing. Although materials for
dryslopes can be manufactured in a variety of ways, poly-
mers are most commonly used for this application. One
company that makes a multilayer polymer for artificial ski
slopes is Briton Engineering Developments (Yorkshire,
England), the producer of Snowflex. Snowflex consists of
a slippery polymer fiber placed on top of a shock-absorbing
base and lubricated by misting water through holes in its
surface. Of course, this virtual skiing is not much like the
real thing but it does provide some relief for summer ski
withdrawal.

As artificial and synthetic snow amply demonstrate, A freestyle ski area at Sheffield Ski Village, in England, uses Snowflex

chemistry makes life more fun. “virtual snow” for year-round fun.
T + 40  9°F
or LA (1.3)
To +40 5°C

where Ti and T represent the same temperature (but not the same number). This equation
can be used to convert Fahrenheit temperatures to Celsius, and vice versa, and may be
easier to remember than Equations (1.1) and (1.2).

s CeaRPl Temperature Conversions 111

Liquid nitrogen, which is often used as a coolant for low-temperature experiments, has a
boiling point of 77 K. What is this temperature on the Fahrenheit scale?

Solution
We will first convert 77 K to the Celsius scale:
Te = Ty — 273.15 =77 — 273.15 = —196°C

To convert to the Fahrenheit scale, we will use Equation (1.3):

Tp +40  O°F
Te +40  5°C
Ty +40 Ty +40  O°F

—196°C + 40 —156°C  5°C

(e}

Tz + 40 = ) F(—156"C) = —281°F
| - ’ 5°C
Liquid nitrogen is so cold that water T = —281°F — 40 = —321°F

condenses out of the surrounding air, .
forming a cloud as the nitrogen is poured. See Exercises 1.49, 1.51, and 1.52.
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Sample Exercise 1.13

1.8 Density

A property of matter that is often used by chemists as an “identification tag” for a sub-
stance is density, the mass of substance per unit volume of the substance:

mass

Density =
volume

The density of a liquid can be determined easily by weighing an accurately known volume
of liquid. This procedure is illustrated in Sample Exercise 1.13.

Determining Density

There are two ways of indicating units
that occur in the denominator. For
example, we can write g/cm® or g cm 2.
Although we will use the former system
here, the other system is widely used.

A chemist, trying to identify the main component of a compact disc cleaning fluid, finds
that 25.00 cm?® of the substance has a mass of 19.625 g at 20°C. The following are the
names and densities of the compounds that might be the main component:

Compound Density in g/cm? at 20°C
Chloroform 1.492
Diethyl ether 0.714
Ethanol 0.789
Isopropyl alcohol 0.785
Toluene 0.867

Which of these compounds is the most likely to be the main component of the compact
disc cleaner?

Solution

To identify the unknown substance, we must determine its density. This can be done by
using the definition of density:

mass _ 19.625g
volume  25.00 cm?

Density = = 0.7850 g/cm’®

This density corresponds exactly to that of isopropyl alcohol, which is therefore the most
likely main component of the cleaner. However, note that the density of ethanol is also
very close. To be sure that the compound is isopropyl alcohol, we should run several more
density experiments. (In the modern laboratory, many other types of tests could be done
to distinguish between these two liquids.)

See Exercises 1.55 and 1.56.

Besides being a tool for the identification of substances, density has many other uses.
For example, the liquid in your car’s lead storage battery (a solution of sulfuric acid)
changes density because the sulfuric acid is consumed as the battery discharges. In a fully
charged battery, the density of the solution is about 1.30 g/cm’. If the density falls below
1.20 g/cm?, the battery will have to be recharged. Density measurement is also used to
determine the amount of antifreeze, and thus the level of protection against freezing, in
the cooling system of a car.

The densities of various common substances are given in Table 1.5.
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TABLE 1.5 Densities of Various Common Substances* at 20°C

Substance Physical State Density (¢/cm?)
Oxygen Gas 0.00133
Hydrogen Gas 0.000084
Ethanol Liquid 0.789
Benzene Liquid 0.880
Water Liquid 0.9982
Magnesium Solid 1.74

Salt (sodium chloride) Solid 2.16
Aluminum Solid 2.70

Iron Solid 7.87
Copper Solid 8.96
Silver Solid 10.5

Lead Solid 11.34
Mercury Liquid 13.6

Gold Solid 19.32

*At 1 atmosphere pressure

1.9 Classification of Matter

Before we can hope to understand the changes we see going on around us—the growth
of plants, the rusting of steel, the aging of people, rain becoming more acidic—we must
find out how matter is organized. Matter, best defined as anything occupying space and
having mass, is the material of the universe. Matter is complex and has many levels of
organization. In this section we introduce basic ideas about the structure of matter and its
behavior.

We will start by considering the definitions of the fundamental properties of matter.
Matter exists in three states: solid, liquid, and gas. A solid is rigid; it has a fixed volume
and shape. A liquid has a definite volume but no specific shape; it assumes the shape of
its container. A gas has no fixed volume or shape; it takes on the shape and volume of its
container. In contrast to liquids and solids, which are only slightly compressible, gases
are highly compressible; it is relatively easy to decrease the volume of a gas. Molecular-
level pictures of the three states of water are given in Fig. 1.13. The different properties
of ice, liquid water, and steam are determined by the different arrangements of the mol-
ecules in these substances. Table 1.5 gives the states of some common substances at 20°C
and 1 atmosphere of pressure.

Most of the matter around us consists of mixtures of pure substances. Wood, gaso-
line, wine, soil, and air are all mixtures. The main characteristic of a mixture is that it has
variable composition. For example, wood is a mixture of many substances, the propor-
tions of which vary depending on the type of wood and where it grows. Mixtures can be
classified as homogeneous (having visibly indistinguishable parts) or heterogeneous
(having visibly distinguishable parts).

A homogeneous mixture is called a solution. Air is a solution consisting of a mix-
ture of gases. Wine is a complex liquid solution. Brass is a solid solution of copper
and zinc. Sand in water and iced tea with ice cubes are examples of heterogeneous
mixtures. Heterogeneous mixtures usually can be separated into two or more homo-
geneous mixtures or pure substances (for example, the ice cubes can be separated from
the tea).

Mixtures can be separated into pure substances by physical methods. A pure sub-
stance is one with constant composition. Water is a good illustration of these ideas.
As we will discuss in detail later, pure water is composed solely of H,O molecules,
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FIGURE 1.13

The three states of water (where red
spheres represent oxygen atoms and

blue spheres represent hydrogen atoms).
(a) Solid: the water molecules are locked
into rigid positions and are close together.
(b) Liquid: the water molecules are still
close together but can move around to
some extent. (c) Gas: the water molecules
are far apart and move randomly.

The term volatile refers to the ease with
which a substance can be changed to its
vapor.

Solid (Ice) Liquid (Water) Gas (Steam)
(@) (b) (©)

but the water found in nature (groundwater or the water in a lake or ocean) is really a
mixture. Seawater, for example, contains large amounts of dissolved minerals. Boiling
seawater produces steam, which can be condensed to pure water, leaving the minerals
behind as solids. The dissolved minerals in seawater also can be separated out by freez-
ing the mixture, since pure water freezes out. The processes of boiling and freezing
are physical changes: When water freezes or boils, it changes its state but remains
water; it is still composed of H,O molecules. A physical change is a change in the
form of a substance, not in its chemical composition. A physical change can be used
to separate a mixture into pure compounds, but it will not break compounds into
elements.

One of the most important methods for separating the components of a mixture is
distillation, a process that depends on differences in the volatility (how readily substances
become gases) of the components. In simple distillation, a mixture is heated in a device
such as that shown in Fig. 1.14. The most volatile component vaporizes at the lowest tem-
perature, and the vapor passes through a cooled tube (a condenser), where it condenses
back into its liquid state.

The simple, one-stage distillation apparatus shown in Fig. 1.14 works very well when
only one component of the mixture is volatile. For example, a mixture of water and sand
is easily separated by boiling off the water. Water containing dissolved minerals behaves
in much the same way. As the water is boiled off, the minerals remain behind as nonvolatile
solids. Simple distillation of seawater using the sun as the heat source is an excellent way
to desalinate (remove the minerals from) seawater.

However, when a mixture contains several volatile components, the one-step distilla-
tion does not give a pure substance in the receiving flask, and more elaborate methods are
required.

Another method of separation is simple filtration, which is used when a mixture con-
sists of a solid and a liquid. The mixture is poured onto a mesh, such as filter paper, which
passes the liquid and leaves the solid behind.
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Thermometer
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Condenser

Distilling
flask

0=

water in

Simple laboratory distillation apparatus. Cool water circulates through the outer portion of the condenser, causing vapors from the distilling flask to
condense into a liquid. The nonvolatile component of the mixture remains in the distilling flask.

A third method of separation is called chromatography. Chromatography is the gen-
eral name applied to a series of methods that employ a system with two phases (states)
of matter: a mobile phase and a stationary phase. The stationary phase is a solid, and
the mobile phase is either a liquid or a gas. The separation process occurs because the com-
ponents of the mixture have different affinities for the two phases and thus move through
the system at different rates. A component with a high affinity for the mobile phase moves
relatively quickly through the chromatographic system, whereas one with a high affinity
for the solid phase moves more slowly.

One simple type of chromatography, paper chromatography, employs a strip of
porous paper, such as filter paper, for the stationary phase. A drop of the mixture to be
separated is placed on the paper, which is then dipped into a liquid (the mobile phase)
that travels up the paper as though it were a wick (see Fig. 1.15). This method of separat-
ing a mixture is often used by biochemists, who study the chemistry of living systems.

It should be noted that when a mixture is separated, the absolute purity of the separated
components is an ideal. Because water, for example, inevitably comes into contact with other
materials when it is synthesized or separated from a mixture, it is never absolutely pure.
With great care, however, substances can be obtained in very nearly pure form.

Pure substances contain compounds (combinations of elements) or free elements. A
compound is a substance with constant composition that can be broken down into elements
by chemical processes. An example of a chemical process is the electrolysis of water, in
which an electric current is passed through water to break it down into the free elements
hydrogen and oxygen. This process produces a chemical change because the water
molecules have been broken down. The water is gone, and in its place we have the
free elements hydrogen and oxygen. A chemical change is one in which a given sub-
stance becomes a new substance or substances with different properties and different
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FIGURE 1.15

Paper chromatography of ink. (a) A line of
the mixture to be separated is placed at
one end of a sheet of porous paper. (b) The
paper acts as a wick to draw up the liquid.

&>
(c) The component with the weakest attrac-

tion for the paper travels faster than the

components that cling to the paper. (a) (b) (©

composition. Elements are substances that cannot be decomposed into simpler substances
by chemical or physical means.

) We have seen that the matter around us has various levels of organization. The most
fundamental substances we have discussed so far are elements. As we will see in later
2 y chapters, elements also have structure: They are composed of atoms, which in turn are

composed of nuclei and electrons. Even the nucleus has structure: It is composed of pro-
tons and neutrons. And even these can be broken down further, into elementary particles
called quarks. However, we need not concern ourselves with such details at this point.
Figure 1.16 summarizes our discussion of the organization of matter.

The element mercury (top left) combines
with the element iodine (top right) to form

the compound mercuric iodide (bottom). Matter
This is an example of a chemical change. j_|_
Physical
Heterogeneous methods Homogeneous
mixtures mixtures (solutions)
Physical
methods

Pure substances

Chemical
methods

L —1_E““’;

| Protons | Neutrons

FIGURE 1.16 | Quarks | Quarks
The organization of matter.
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For Review

Scientific method

e Make observations

e Formulate hypotheses
e Perform experiments

Models (theories) are explanation of why nature behaves in a particular way.
e They are subject to modification over time and sometimes fail.

Quantitative observations are called measurements.
e Consist of a number and a unit
e Involve some uncertainty
e Uncertainty is indicated by using significant figures
* Rules to determine significant figures
e Calculations using significant figures
e Preferred system is SI

Temperature conversions
o Ty = To + 273

5°C
([ ] TC = (TF - 32°F)< 9°F)

5°F
Tg = Te\| —= | + 32°F
® [p C<9°C>
Density
mass
e Density = ——
volume
Matter can exist in three states:
e Solid
e Liquid
e Gas

Mixtures can be separated by methods involving only physical changes:
e Distillation

e Filtration

e Chromatography

Compounds can be decomposed to elements only through chemical changes.

REVIEW QUESTIONS

1. Define and explain the differences between the following terms.
a. law and theory
b. theory and experiment
c. qualitative and quantitative
d. hypothesis and theory
2. Is the scientific method suitable for solving problems only in the sciences? Explain.
3. Which of the following statements (hypotheses) could be tested by quantitative
measurement?
a. Ty Cobb was a better hitter than Pete Rose.
b. Ivory soap is 99155% pure.
c. Rolaids consumes 47 times its weight in excess stomach acid.
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4. For each of the following pieces of glassware, provide a sample measurement
and discuss the number of significant figures and uncertainty.

S~

11

10

b.

Ty

5. A student performed an analysis of a sample for its calcium content and got the

following results:

14.92%

14.91% 14.88% 14.91%

The actual amount of calcium in the sample is 15.70%. What conclusions can
you draw about the accuracy and precision of these results?

6. Compare and contrast the multiplication/division significant figure rule to the
significant figure rule applied for addition/subtraction mathematical operations.

7. Explain how density can be used as a conversion factor to convert the volume
of an object to the mass of the object, and vice versa.

8. On which temperature scale (°F, °C, or K) does 1 degree represent the smallest

change in temperature?

9. Distinguish between physical changes and chemical changes.
10. Why is the separation of mixtures into pure or relatively pure substances so im-
portant when performing a chemical analysis?

Active Learning Questions

These questions are designed to be used by groups of students in class. The
questions allow students to explore their understanding of concepts through
discussion and peer teaching. The real value of these questions is the learning
that occurs while students talk to each other about chemical concepts.

1. a. There are 365 days per year, 24 hours per day, 12 months per
year, and 60 minutes per hour. Use these data to determine how
many minutes are in a month.

b. Now use the following data to calculate the number of min-
utes in a month: 24 hours per day, 60 minutes per hour, 7 days
per week, and 4 weeks per month.

c. Why are these answers different? Which (if any) is more
correct? Why?

2. You go to a convenience store to buy candy and find the owner
to be rather odd. He allows you to buy pieces in multiples of four,
and to buy four, you need $0.23. He only allows you to do this
by using 3 pennies and 2 dimes. You have a bunch of pennies and
dimes, and instead of counting them, you decide to weigh them.

You have 636.3 g of pennies, and each penny weighs 3.03 g. Each
dime weighs 2.29 g. Each piece of candy weighs 10.23 g.

a.

b
c.
d

-0

How many pennies do you have?

. How many dimes do you need to buy as much candy as possible?

How much should all these dimes weigh?

. How many pieces of candy could you buy? (number of dimes

from part b)

. How much would this candy weigh?

How many pieces of candy could you buy with twice as many
dimes?

. When a marble is dropped into a beaker of water, it sinks to the

bottom. Which of the following is the best explanation?

a.

The surface area of the marble is not large enough to be held
up by the surface tension of the water.

b. The mass of the marble is greater than that of the water.

[c]

. The marble weighs more than an equivalent volume of the water.
. The force from dropping the marble breaks the surface tension

of the water.

. The marble has greater mass and volume than the water.



Justify your choice, and for choices you did not pick, explain
what is wrong about them.

4. You have two beakers, one filled to the 100-mL mark with sugar

(the sugar has a mass of 180.0 g) and the other filled to the 100-mL
mark with water (the water has a mass of 100.0 g). You pour all
the sugar and all the water together in a bigger beaker and stir
until the sugar is completely dissolved.
a. Which of the following is true about the mass of the solution?
Explain.
i. It is much greater than 280.0 g.
ii. It is somewhat greater than 280.0 g.
iii. It is exactly 280.0 g.
iv. It is somewhat less than 280.0 g.
v. It is much less than 280.0 g.
b. Which of the following is true about the volume of the solu-
tion? Explain.
i. It is much greater than 200.0 mL.
ii. It is somewhat greater than 200.0 mL.
iii. It is exactly 200.0 mL.
iv. It is somewhat less than 200.0 mL.
v. It is much less than 200.0 mL.

5. You may have noticed that when water boils, you can see bubbles

that rise to the surface of the water.
a. What is inside these bubbles?
i. air
ii. hydrogen and oxygen gas
iii. oxygen gas
iv. water vapor
v. carbon dioxide gas
b. Is the boiling of water a chemical or physical change? Explain.

6. If you place a glass rod over a burning candle, the glass appears

to turn black. What is happening to each of the following (phys-
ical change, chemical change, both, or neither) as the candle
burns? Explain each answer.

a. the wax b. the wick c. the glass rod

7. Which characteristics of a solid, a liquid, and a gas are exhibited

by each of the following substances? How would you classify each
substance?

a. a bowl of pudding b. a bucketful of sand

8. You have water in each graduated cylinder shown:

5 - 1
4 — | 155 |
30— =
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2 1 Sl =1
. =
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10.

11.

12.

13.

14.

15.

16.
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You then add both samples to a beaker. How would you write the
number describing the total volume? What limits the precision of
this number?

. Paracelsus, a sixteenth-century alchemist and healer, adopted as

his slogan: “The patients are your textbook, the sickbed is your
study.” Is this view consistent with using the scientific method?

What is wrong with the following statement?

“The results of the experiment do not agree with the theory. Some-
thing must be wrong with the experiment.”

Why is it incorrect to say that the results of a measurement were
accurate but not precise?

What data would you need to estimate the money you would spend
on gasoline to drive your car from New York to Chicago? Pro-
vide estimates of values and a sample calculation.

Sketch two pieces of glassware: one that can measure volume to
the thousandths place and one that can measure volume only to
the ones place.

You have a 1.0-cm? sample of lead and a 1.0-cm® sample of glass.
You drop each in separate beakers of water. How do the volumes
of water displaced by each sample compare? Explain.

Sketch a magnified view (showing atoms/molecules) of each of
the following and explain:

a. a heterogeneous mixture of two different compounds

b. a homogeneous mixture of an element and a compound

You are driving 65 mi/h and take your eyes off the road for “just
a second.” What distance (in feet) do you travel in this time?

A blue question or exercise number indicates that the answer to that
question or exercise appears at the back of this book and a solution appears
in the Solutions Guide.

Questions

17.

18.
19.

20.

21.

The difference between a law and a theory is the difference
between what and why. Explain.

Explain the fundamental steps of the scientific method.

A measurement is a quantitative observation involving both a
number and a unit. What is a qualitative observation? What are
the SI units for mass, length, and volume? What is the assumed
uncertainty in a number (unless stated otherwise)? The uncertainty
of a measurement depends on the precision of the measuring
device. Explain.

To determine the volume of a cube, a student measured one of
the dimensions of the cube several times. If the true dimension of
the cube is 10.62 cm, give an example of four sets of measure-
ments that would illustrate the following.
a. imprecise and inaccurate data
b. precise but inaccurate data
c¢. precise and accurate data

Give a possible explanation as to why data can be imprecise
or inaccurate. What is wrong with saying a set of measurements
is imprecise but accurate?
What are significant figures? Show how to indicate the number
one thousand to 1 significant figure, 2 significant figures, 3
significant figures, and 4 significant figures. Why is the answer, to
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the correct number of significant figures, not 1.0 for the following
calculation?

1.5-10
050

22. What is the volume per unit mass equal to? What unit conversion
would the volume per unit mass be useful for?

23. When the temperature in degrees Fahrenheit (7%) is plotted ver-
sus the temperature in degrees Celsius (7¢), a straight line plot re-
sults. A straight line plot also results when 7 is plotted versus Ty
(the temperature in degrees Kelvin). Reference Appendix Al.3
and determine the slope and y-intercept of each of these two plots.

24. Give four examples illustrating each of the following terms.

a. homogeneous mixture d. element
b. heterogeneous mixture e. physical change
¢. compound f. chemical change

Exercises

In this section similar exercises are paired.

Significant Figures and Unit Conversions

25. Which of the following are exact numbers?
a. There are /00 cm in 1 m.
b. One meter equals /.094 yard.
c. We can use the equation

°F = 3°C + 32

to convert from Celsius to Fahrenheit temperature. Are the
numbers % and 32 exact or inexact?
d. 7= 3.1415927.

26. Indicate the number of significant figures in each of the following:
a. This book contains more than 1000 pages.
b. A mile is about 5300 ft.
c. A liter is equivalent to 1.059 qt.
d. The population of the United States is approaching 3.0 X 107
million.
e. A kilogram is 1000 g.
f. The Boeing 747 cruises at around 600 mi/h.

27. How many significant figures are there in each of the following

values?
a. 6.07 X 1079 e. 463.8052
b. 0.003840 f. 300
c. 17.00 g. 301
d. 8 X 10° h. 300.
28. How many significant figures are in each of the following?
a. 100 e. 0.0048
b. 1.0 X 10° f. 0.00480
c. 1.00 x 10° g 480 x 1073
d. 100. h. 4.800 X 1073

29. Round off each of the following numbers to the indicated num-
ber of significant digits and write the answer in standard scien-
tific notation.

a. 0.00034159 to three digits

. 103.351 X 107 to four digits

17.9915 to five digits

. 3.365 X 10° to three digits

ao =

30. Use exponential notation to express the number 480 to
a. one significant figure
b. two significant figures
c. three significant figures
d. four significant figures

31. Evaluate each of the following and write the answer to the ap-
propriate number of significant figures.

. 2122 + 26.7 + 402.09

. 1.0028 + 0.221 + 0.10337

. 52.331 + 26.01 — 0.9981

. 2.01 X 10* + 3.014 x 10°

. 7.255 — 6.8350

32. Perform the following mathematical operations, and express each
result to the correct number of significant figures.
0.102 X 0.0821 x 273
1.01
b. 0.14 X 6.022 X 10%
c. 4.0 X 10* X 5.021 X 107° X 7.34993 X 10?
2.00 X 10°

©3.00 X 1077

cCan T

33. Perform the following mathematical operations and express the
result to the correct number of significant figures.
2.526 N 0.470 ~ 80.705
3.1 0.623  0.4326
. (6.404 X 2.91)/(18.7 — 17.1)
. 6.071 X 107> — 8.2 X 107® — 0.521 x 107*
.(3.8 X 1072+ 4.0 X 107 /(4 X 102 + 6.3 X 10"
95 + 4.1 + 2.8 + 3.175
4
(Assume that this operation is taking the average of four num-
bers. Thus 4 in the denominator is exact.)

8.925 — 8.905
. X
f 8.925 100

(This type of calculation is done many times in calculating a
percentage error. Assume that this example is such a calcula-
tion; thus 100 can be considered to be an exact number.)

®

[~ =

34. Perform the following mathematical operations, and express the
result to the correct number of significant figures.
a. 6.022 X 10* X 1.05 X 10?
p,, 6:6262 X 10 x 2.998 x 10°
) 2.54 X 107°
1.285 X 1072 + 1.24 X 107 + 1.879 X 107!
L1285 X 1072 — 1.24 X 1073
(1.00866 — 1.00728)

6.02205 % 107
9.875 X 10% — 9.795 x 10?

9.875 X 102
. 9.42 X 10? + 8.234 X 10? + 1.625 X 10°
’ 3

o

X 100 (100 is exact)

(3 is exact)

35. Perform each of the following conversions.
a. 8.43 cm to millimeters
b. 2.41 X 10 cm to meters
c. 294.5 nm to centimeters
d. 1.445 X 10* m to kilometers



36.

37. Perform the following unit conversions.

38.

39.

40.

41.

. 235.3 m to millimeters

903.3 nm to micrometers

How many kilograms are in one teragram?

. How many nanometers are in 6.50 X 10* terameters?
How many kilograms are in 25 femtograms?

. How many liters are in 8.0 cubic decimeters?

. How many microliters are in one milliliter?

How many picograms are in one microgram?

mo RN TP Mo

a. Congratulations! You and your spouse are the proud parents of
a new baby, born while you are studying in a country that uses
the metric system. The nurse has informed you that the baby
weighs 3.91 kg and measures 51.4 cm. Convert your baby’s
weight to pounds and ounces and her length to inches (rounded
to the nearest quarter inch).

b. The circumference of the earth is 25,000 mi at the equator.
What is the circumference in kilometers? in meters?

¢. A rectangular solid measures 1.0 m by 5.6 cm by 2.1 dm. Ex-
press its volume in cubic meters, liters, cubic inches, and cu-
bic feet.

Perform the following unit conversions.

a. 908 oz to kilograms
b. 12.8 L to gallons
¢. 125 mL to quarts
d. 2.89 gal to milliliters
e. 4.48 1b to grams
f. 550 mL to quarts
Use the following exact conversion factors to perform the stated
calculations:
5% yards = 1 rod
40 rods = 1 furlong
8 furlongs = 1 mile

a. The Kentucky Derby race is 1.25 miles. How long is the race
in rods, furlongs, meters, and kilometers?

b. A marathon race is 26 miles, 385 yards. What is this distance
in rods, furlongs, meters, and kilometers?

Although the preferred SI unit of area is the square meter, land is

often measured in the metric system in hectares (ha). One hectare

is equal to 10,000 m”. In the English system, land is often mea-

sured in acres (1 acre = 160 rod?). Use the exact conversions and

those given in Exercise 39 to calculate the following.

a. l ha = km?,

b. The area of a 5.5-acre plot of land in hectares, square meters,
and square kilometers.

c. A lot with dimensions 120 ft by 75 ft is to be sold for $6500.
What is the price per acre? What is the price per hectare?

Precious metals and gems are measured in troy weights in the
English system:

24 grains = 1 pennyweight (exact)
20 pennyweight = 1 troy ounce (exact)
12 troy ounces = 1 troy pound (exact)
1 grain = 0.0648 gram
1 carat = 0.200 gram

a. The most common English unit of mass is the pound avoirdu-
pois. What is one troy pound in kilograms and in pounds?

42.

43. Science fiction often uses nautical analogies to describe space

44.

45. Would a car traveling at a constant speed of 65 km/h violate a

46.

47. If you put 8.21 gallons of gas in your car and it cost you a total

48.

33

Exercises

b. What is the mass of a troy ounce of gold in grams and in carats?

c. The density of gold is 19.3 g/cm®. What is the volume of a troy
pound of gold?

Apothecaries (druggists) use the following set of measures in the

English system:

20 grains ap = 1 scruple (exact)
3 scruples = 1 dram ap (exact)
8 dram ap = 1 oz ap (exact)
I dramap = 3.888 g

a. Is an apothecary grain the same as a troy grain? (See Exer-
cise 41.)

b. 1 ozap = 0z troy.

¢. An aspirin tablet contains 5.00 X 10> mg of active ingredient.
What mass in grains ap of active ingredient does it contain?
What mass in scruples?

d. What is the mass of 1 scruple in grams?

travel. If the starship U.S.S. Enterprise is traveling at warp factor
1.71, what is its speed in knots and in miles per hour? (Warp 1.71 =
5.00 times the speed of light; speed of light = 3.00 X 10® m/s;
1 knot = 2000 yd/h, exactly.)

The world record for the hundred meter dash is 9.77 s. What is the
corresponding average speed in units of m/s, km/h, ft/s, and mi/h?
At this speed, how long would it take to run 1.00 X 107 yards?

40. mi/h speed limit?

You pass a road sign saying “New York 112 km.” If you drive at
a constant speed of 65 mi/h, how long should it take you to reach
New York? If your car gets 28 miles to the gallon, how many liters
of gasoline are necessary to travel 112 km?

of $17.25, what is the cost of gas per liter in Canadian dollars?
Assume 0.82 dollar U.S. = 1.00 dollar Canadian.

A children’s pain relief elixir contains 80. mg acetaminophen per
0.50 teaspoon. The dosage recommended for a child who weighs
between 24 and 35 1b is 1.5 teaspoons. What is the range of
acetaminophen dosages, expressed in mg acetaminophen/kg body
weight, for children who weigh between 24 and 35 1b?

Temperature

49.

50.

Convert the following Fahrenheit temperatures to the Celsius and

Kelvin scales.

a. —459°F, an extremely low temperature

b. —40.°F, the answer to a trivia question

c. 68°F, room temperature

d. 7 X 107 °F, temperature required to initiate fusion reactions in
the sun

A thermometer gives a reading of 96.1°F = 0.2°F. What is the

temperature in °C? What is the uncertainty?

. Convert the following Celsius temperatures to Kelvin and to

Fahrenheit degrees.

a. the temperature of someone with a fever, 39.2°C

b. a cold wintery day, —25°C

¢. the lowest possible temperature, —273°C

d. the melting-point temperature of sodium chloride, 801°C
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52. Convert the following Kelvin temperatures to Celsius and Fahren-

heit degrees.

a. the temperature that registers the same value on both the
Fahrenheit and Celsius scales, 233 K

b. the boiling point of helium, 4 K

c. the temperature at which many chemical quantities are deter-
mined, 298 K

d. the melting point of tungsten, 3680 K

Density

53. A material will float on the surface of a liquid if the material has
a density less than that of the liquid. Given that the density of wa-
ter is approximately 1.0 g/mL, will a block of material having a
volume of 1.2 X 10* in® and weighing 350 Ib float or sink when
placed in a reservoir of water?

54. For a material to float on the surface of water, the material must
have a density less than that of water (1.0 g/mL) and must not re-
act with the water or dissolve in it. A spherical ball has a radius
of 0.50 cm and weighs 2.0 g. Will this ball float or sink when
placed in water? (Note: Volume of a sphere = %7r7°.)

55. A star is estimated to have a mass of 2 X 10 kg. Assuming it to
be a sphere of average radius 7.0 X 10° km, calculate the aver-
age density of the star in units of grams per cubic centimeter.

56. A rectangular block has dimensions 2.9 cm X 3.5 cm X 10.0 cm.
The mass of the block is 615.0 g. What are the volume and den-
sity of the block?

57. Diamonds are measured in carats, and 1 carat = 0.200 g. The den-
sity of diamond is 3.51 g/cm®. What is the volume of a 5.0-carat
diamond?

58. The volume of a diamond is found to be 2.8 mL. What is the mass
of the diamond in carats? (See Exercise 57.)

59. A sample containing 33.42 g of metal pellets is poured into a grad-
uated cylinder initially containing 12.7 mL of water, causing the
water level in the cylinder to rise to 21.6 mL. Calculate the den-
sity of the metal.

60. The density of pure silver is 10.5 g/lcm® at 20°C. If 5.25 g of pure
silver pellets is added to a graduated cylinder containing 11.2 mL
of water, to what volume level will the water in the cylinder rise?

61. In each of the following pairs, which has the greater mass? (See
Table 1.5.)
a. 1.0 kg of feathers or 1.0 kg of lead
b. 1.0 mL of mercury or 1.0 mL of water
¢. 19.3 mL of water or 1.00 mL of gold
d. 75 mL of copper or 1.0 L of benzene

62. Mercury poisoning is a debilitating disease that is often fatal. In
the human body, mercury reacts with essential enzymes leading
to irreversible inactivity of these enzymes. If the amount of mer-
cury in a polluted lake is 0.4 wg Hg/mL, what is the total mass
in kilograms of mercury in the lake? (The lake has a surface area
of 100 mi” and an average depth of 20 ft.)

63. In each of the following pairs, which has the greater volume?
a. 1.0 kg of feathers or 1.0 kg of lead
b. 100 g of gold or 100 g of water
c. 1.0 L of copper or 1.0 L of mercury

64.

65. The density of osmium (the densest metal) is 22.57 g/cm’. If a

66.

Using Table 1.5, calculate the volume of 25.0 g of each of the fol-
lowing substances at 1 atm.

a. hydrogen gas

b. water

c¢. iron

Chapter 5 discusses the properties of gases. One property unique
to gases is that they contain mostly empty space. Explain using
the results of your calculations.

1.00-kg rectangular block of osmium has two dimensions of
4.00 cm X 4.00 cm, calculate the third dimension of the block.
A copper wire (density = 8.96 g/cm®) has a diameter of 0.25 mm.
If a sample of this copper wire has a mass of 22 g, how long is
the wire?

Classification and Separation of Matter

67.

68.

69. What is the difference between homogeneous and heteroge-

70.

Match each description below with the following microscopic pic-
tures. More than one picture may fit each description. A picture
may be used more than once or not used at all.
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a. a gaseous compound
b. a mixture of two gaseous elements
c¢. a solid element
d. a mixture of a gaseous element and a gaseous compound

Define the following terms: solid, liquid, gas, pure substance, el-
ement, compound, homogeneous mixture, heterogeneous mixture,
solution, chemical change, physical change.

neous matter? Classify each of the following as homogeneous or
heterogeneous.

. a door

. the air you breathe

. a cup of coffee (black)

. the water you drink

salsa

your lab partner

meRn T

Classify each of the following as a mixture or a pure substance.

a. water f. uranium

b. blood g. wine

c. the oceans h. leather

d. iron i. table salt (NaCl)
e. brass

Of the pure substances, which are elements and which are
compounds?



71. Classify following as physical or chemical changes.

72.

a. Moth balls gradually vaporize in a closet.

b. Hydrofluoric acid attacks glass, and is used to etch calibration
marks on glass laboratory utensils.

¢. A French chef making a sauce with brandy is able to burn off
the alcohol from the brandy, leaving just the brandy flavoring.

d. Chemistry majors sometimes get holes in the cotton jeans they
wear to lab because of acid spills.

The properties of a mixture are typically averages of the proper-

ties of its components. The properties of a compound may differ

dramatically from the properties of the elements that combine to

produce the compound. For each process described below, state

whether the material being discussed is most likely a mixture or

a compound, and state whether the process is a chemical change

or a physical change.

a. An orange liquid is distilled, resulting in the collection of a
yellow liquid and a red solid.

b. A colorless, crystalline solid is decomposed, yielding a pale
yellow-green gas and a soft, shiny metal.

c. A cup of tea becomes sweeter as sugar is added to it.

Additional Exercises

73.

74.

76.

77.

78.

For a pharmacist dispensing pills or capsules, it is often easier to
weigh the medication to be dispensed rather than to count the in-
dividual pills. If a single antibiotic capsule weighs 0.65 g, and a
pharmacist weighs out 15.6 g of capsules, how many capsules
have been dispensed?

In Shakespeare’s Richard 111, the First Murderer says:

“Take that, and that! [Stabs Clarence]
If that is not enough, I'll drown you in a malmsey butt within!”

Given that 1 butt = 126 gal, in how many liters of malmsey (a
foul brew similar to mead) was the unfortunate Clarence about to
be drowned?

. The contents of one 40. 1b bag of topsoil will cover 10. square

feet of ground to a depth of 1.0 inch. What number of bags are
needed to cover a plot that measures 200. by 300. m to a depth
of 4.0 cm?

In the opening scenes of the movie Raiders of the Lost Ark,

Indiana Jones tries to remove a gold idol from a booby-trapped

pedestal. He replaces the idol with a bag of sand of approxi-

mately equal volume. (Density of gold = 19.32 g/cm?; density of
sand =~ 2 g/cm®.)

a. Did he have a reasonable chance of not activating the mass-
sensitive booby trap?

b. In a later scene he and an unscrupulous guide play catch with
the idol. Assume that the volume of the idol is about 1.0 L. If
it were solid gold, what mass would the idol have? Is playing
catch with it plausible?

A column of liquid is found to expand linearly on heating 5.25 cm

for a 10.0°F rise in temperature. If the initial temperature of the

liquid is 98.6°F, what will the final temperature be in °C if the
liquid has expanded by 18.5 cm?

A 25.00-g sample of a solid is placed in a graduated cylinder and

then the cylinder is filled to the 50.0 mL mark with benzene. The

mass of benzene and solid together is 58.80 g. Assuming that the

79.

80.

81.

Challenge Problems 35

solid is insoluble in benzene and that the density of benzene is
0.880 g/cm’, calculate the density of the solid.

For each of the following, decide which block is more dense: the
orange block, the blue block, or it cannot be determined. Explain
your answers.

According to the Official Rules of Baseball, a baseball must have
a circumference not more than 9.25 in or less than 9.00 in and a
mass not more than 5.25 oz or less than 5.00 oz. What range of
densities can a baseball be expected to have? Express this range
as a single number with an accompanying uncertainty limit.

The density of an irregularly shaped object was determined as
follows. The mass of the object was found to be 28.90 g = 0.03 g.
A graduated cylinder was partially filled with water. The reading of
the level of the water was 6.4 cm® + 0.1 cm?. The object was dropped
in the cylinder, and the level of the water rose to 9.8 cm® = 0.1 cm®.
What is the density of the object with appropriate error limits? (See
Appendix 1.5.)

Challenge Problems

82.

83.

Draw a picture showing the markings (graduations) on glassware
that would allow you to make each of the following volume meas-
urements of water and explain your answers (the numbers given
are as precise as possible).

a. 128.7 mL b. 18 mL c. 23.45 mL

If you made the measurements of three samples of water and then
poured all of the water together in one container, what total vol-
ume of water should you report? Support your answer.

Many times errors are expressed in terms of percentage. The per-
cent error is the absolute value of the difference of the true value
and the experimental value, divided by the true value, and multi-
plied by 100.

|true value — experimental value|
Percent error = X 100
true value
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84.

85.

86.

87.

Chapter One Chemical Foundations

Calculate the percent error for the following measurements.

a. The density of an aluminum block determined in an experi-
ment was 2.64 g/cm’. (True value 2.70 g/cm?.)

b. The experimental determination of iron in iron ore was 16.48%.
(True value 16.12%.)

c. A balance measured the mass of a 1.000-g standard as 0.9981 g.

A person weighed 15 pennies on a balance and recorded the fol-
lowing masses:

3.112¢g 3.109 g 3.059 g
2467 g 3.079¢g 2518 ¢g
3129¢g 2545¢g 3.050 g
3053 ¢g 3.054 g 3.072¢g
3.081¢g 3.131g 3.064 g

Curious about the results, he looked at the dates on each penny.

Two of the light pennies were minted in 1983 and one in 1982. The

dates on the 12 heavier pennies ranged from 1970 to 1982. Two

of the 12 heavier pennies were minted in 1982.

a. Do you think the Bureau of the Mint changed the way it made
pennies? Explain.

b. The person calculated the average mass of the 12 heavy pen-
nies. He expressed this average as 3.0828 g = 0.0482 g. What
is wrong with the numbers in this result, and how should the
value be expressed?

On October 21, 1982, the Bureau of the Mint changed the com-
position of pennies (see Exercise 84). Instead of an alloy of 95%
Cu and 5% Zn by mass, a core of 99.2% Zn and 0.8% Cu with a
thin shell of copper was adopted. The overall composition of the
new penny was 97.6% Zn and 2.4% Cu by mass. Does this ac-
count for the difference in mass among the pennies in Exercise
847 Assume the volume of the individual metals that make up
each penny can be added together to give the overall volume of
the penny, and assume each penny is the same size. (Density of
Cu = 8.96 g/cm?®; density of Zn = 7.14 g/cm?.)
Ethylene glycol is the main component in automobile antifreeze.
To monitor the temperature of an auto cooling system, you intend
to use a meter that reads from O to 100. You devise a new tem-
perature scale based on the approximate melting and boiling points
of a typical antifreeze solution (—45°C and 115°C). You wish these
points to correspond to 0°A and 100°A, respectively.
a. Derive an expression for converting between °A and °C.
b. Derive an expression for converting between °F and °A.
c. At what temperature would your thermometer and a Celsius
thermometer give the same numerical reading?
d. Your thermometer reads 86°A. What is the temperature in °C
and in °F?
e. What is a temperature of 45°C in °A?
Sterling silver is a solid solution of silver and copper. If a piece
of a sterling silver necklace has a mass of 105.0 g and a volume
of 10.12 mL, calculate the mass percent of copper in the piece of
necklace. Assume that the volume of silver present plus the vol-
ume of copper present equals the total volume. Refer to Table 1.5.

mass of copper
Mass percent of copper = ———— X 100

total mass

88.

89.

90.

Use molecular-level (microscopic) drawings for each of the fol-

lowing.

a. Show the differences between a gaseous mixture that is a ho-
mogeneous mixture of two different compounds, and a gaseous
mixture that is a homogeneous mixture of a compound and an
element.

b. Show the differences among a gaseous element, a liquid ele-
ment, and a solid element.

Confronted with the box shown in the diagram, you wish to dis-
cover something about its internal workings. You have no tools
and cannot open the box. You pull on rope B, and it moves rather
freely. When you pull on rope A, rope C appears to be pulled
slightly into the box. When you pull on rope C, rope A almost
disappears into the box.*

a. Based on these observations, construct a model for the interior
mechanism of the box.
b. What further experiments could you do to refine your model?

An experiment was performed in which an empty 100-mL grad-
uated cylinder was weighed. It was weighed once again after it
had been filled to the 10.0-mL mark with dry sand. A 10-mL pipet
was used to transfer 10.00 mL of methanol to the cylinder. The
sand-methanol mixture was stirred until bubbles no longer
emerged from the mixture and the sand looked uniformly wet.
The cylinder was then weighed again. Use the data obtained from
this experiment (and displayed at the end of this problem) to find
the density of the dry sand, the density of methanol, and the den-
sity of sand particles. Does the bubbling that occurs when the
methanol is added to the dry sand indicate that the sand and
methanol are reacting?

Mass of cylinder plus wet sand 452613 g
Mass of cylinder plus dry sand 37.3488 g
Mass of empty cylinder 228317 g
Volume of dry sand 10.0 mL
Volume of sand + methanol 17.6 mL
Volume of methanol 10.00 mL

*From Yoder, Suydam, and Snavely, Chemistry (New York: Harcourt Brace
Jovanovich, 1975), pp. 9-11.



Integrative Problems

These problems require the integration of multiple concepts to find the
solutions.

91.

92.

93.

The U.S. trade deficit at the beginning of 2005 was $475,000,000.
If the wealthiest 1.00 percent of the U.S. population (297,000,000)
contributed an equal amount of money to bring the trade deficit
to $0, how many dollars would each person contribute? If one of
these people were to pay their share in nickels only, how many
nickels are needed? Another person living abroad at the time decides
to pay in pounds sterling (£). How many pounds sterling does this
person contribute (assume a conversion rate of 1 £ = $ 1.869)?

The density of osmium is reported by one source to be 22610
kg/m®. What is this density in g/cm®? What is the mass of a block
of osmium measuring 10.0 cm X 8.0 cm X 9.0 cm?

At the Amundsen-Scott South Pole base station in Antarctica,
when the temperature is —100.0°F, researchers who live there can
join the “300 Club” by stepping into a sauna heated to 200.0°F
then quickly running outside and around the pole that marks the
South Pole. What are these temperatures in °C? What are these
temperatures in K? If you measured the temperatures only in °C
and K, can you become a member of the “300 Club” (that is, is
there a 300.-degree difference between the temperature extremes
when measured in °C and K?)

Marathon Problem 37

Marathon Problem*

This problem is designed to incorporate several concepts and techniques
into one situation. Marathon Problems can be used in class by groups of
students to help facilitate problem-solving skills.

94. A cylindrical bar of gold that is 1.5 in high and 0.25 in in diam-
eter has a mass of 23.1984 g, as determined on an analytical bal-
ance. An empty graduated cylinder is weighed on a triple-beam
balance and has a mass of 73.47 g. After pouring a small amount
of a liquid into the graduated cylinder, the mass is 79.16 g. When
the gold cylinder is placed in the graduated cylinder (the liquid
covers the top of the gold cylinder), the volume indicated on the
graduated cylinder is 8.5 mL. Assume that the temperature of the
gold bar and the liquid are 86°F. If the density of the liquid de-
creases by 1.0% for each 10.°C rise in temperature (over the range
0 to 50°C), determine
a. the density of the gold at 86°F.

b. the density of the liquid at 40.°F.

Note: Parts a and b can be answered independently.

Wi,  Get help understanding core concepts and visualizing

C‘i'{% molecular-level interactions, and practice problem solving,

\! by visiting the Online Study Center at college.hmco.com/
PIC/zumdahl7e.

*Used with permission from the Journal of Chemical Education, Vol. 68,
No. 11, 1991, pp. 919-922; copyright © 1991, Division of Chemical
Education, Inc.
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here does one start in learning chemistry? Clearly we must consider some es-
sential vocabulary and something about the origins of the science before we can proceed
very far. Thus, while Chapter 1 provided background on the fundamental ideas and pro-
cedures of science in general, Chapter 2 covers the specific chemical background necessary
for understanding the material in the next few chapters. The coverage of these topics is
necessarily brief at this point. We will develop these ideas more fully as it becomes
appropriate to do so. A major goal of this chapter is to present the systems for naming
chemical compounds to provide you with the vocabulary necessary to understand this book
and to pursue your laboratory studies.

Because chemistry is concerned first and foremost with chemical changes, we will
proceed as quickly as possible to a study of chemical reactions (Chapters 3 and 4). How-
ever, before we can discuss reactions, we must consider some fundamental ideas about
atoms and how they combine.

2.1 The Early History of Chemistry

Chemistry has been important since ancient times. The processing of natural ores to
produce metals for ornaments and weapons and the use of embalming fluids are just two
applications of chemical phenomena that were utilized prior to 1000 B.C.

The Greeks were the first to try to explain why chemical changes occur. By about
400 B.c. they had proposed that all matter was composed of four fundamental substances:
fire, earth, water, and air. The Greeks also considered the question of whether matter is
continuous, and thus infinitely divisible into smaller pieces, or composed of small, indi-
visible particles. Supporters of the latter position were Demokritos* of Abdera (c. 460—c.
370 B.C.) and Leucippos, who used the term atomos (which later became atoms) to de-
scribe these ultimate particles. However, because the Greeks had no experiments to test
their ideas, no definitive conclusion could be reached about the divisibility of matter.

The next 2000 years of chemical history were dominated by a pseudoscience called
alchemy. Some alchemists were mystics and fakes who were obsessed with the idea of
turning cheap metals into gold. However, many alchemists were serious scientists, and
this period saw important advances: The alchemists discovered several elements and
learned to prepare the mineral acids.

The foundations of modern chemistry were laid in the sixteenth century with the devel-
opment of systematic metallurgy (extraction of metals from ores) by a German, Georg Bauer
(1494-1555), and the medicinal application of minerals by a Swiss alchemist/physician known
as Paracelsus (full name: Philippus Theophrastus Bombastus von Hohenheim [1493—-1541]).

The first “chemist” to perform truly quantitative experiments was Robert Boyle
(1627-1691), who carefully measured the relationship between the pressure and volume of
air. When Boyle published his book The Skeptical Chymist in 1661, the quantitative
sciences of physics and chemistry were born. In addition to his results on the quantitative
behavior of gases, Boyle’s other major contribution to chemistry consisted of his ideas
about the chemical elements. Boyle held no preconceived notion about the number of
elements. In his view, a substance was an element unless it could be broken down into
two or more simpler substances. As Boyle’s experimental definition of an element became
generally accepted, the list of known elements began to grow, and the Greek system of

*Democritus is an alternate spelling.
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old has always held a strong allure. For example, the al-
chemists were obsessed with finding a way to transform
cheap metals into gold. Also, when gold was discovered in
California in 1849, a frantic rush occurred to that area
and other areas in the west. Although gold is still valuable,
most of the high-grade gold ores have been exhausted. This
leaves the low-grade ores—ores with low concentrations of

CHEMICAL IMPACT

There’s Gold in Them There Plants!

the soil with ammonium thiocyanate (NH,SCN). The thio-
cyanate, which reacts with the gold, making it more avail-
able to the plants, subsequently breaks down in the soil and
therefore poses no environmental hazard.

Thus plants seem to hold great promise as gold min-
ers. They are efficient and reliable and will never go on
strike.

gold that are expensive to process relative to the amount of
gold finally obtained.

Now two scientists have come across a novel way to con-
centrate the gold from low-grade ores. Christopher Anderson
and Robert Brooks of Massey University in Palmerston North,
New Zealand, have found plants that accumulate gold atoms
as they grow in soil containing gold ore [Nature 395 (1998):
553]. The plants brassica (of the mustard family) and chicory
seem especially effective as botanical “gold miners.” When
these plants are dried and burned (after having grown in gold-
rich soil), the resulting ash contains approximately 150 ppm
(parts per million) of gold. (1 ppm gold represents 1 g of gold
in 10° g of sample.)

The New Zealand scientists were able to double the
amount of gold taken from the soil by the plants by treating

This plant from the mustard family is a newly
discovered source of gold.

four elements finally died. Although Boyle was an excellent scientist, he was not always
right. For example, he clung to the alchemists’ views that metals were not true elements
and that a way would eventually be found to change one metal into another.

The phenomenon of combustion evoked intense interest in the seventeenth and eigh-
teenth centuries. The German chemist Georg Stahl (1660—1734) suggested that a substance
he called “phlogiston” flowed out of the burning material. Stahl postulated that a substance
burning in a closed container eventually stopped burning because the air in the container
became saturated with phlogiston. Oxygen gas, discovered by Joseph Priestley (1733—-1804),*
an English clergyman and scientist (Fig. 2.1), was found to support vigorous combustion
and was thus supposed to be low in phlogiston. In fact, oxygen was originally called
“dephlogisticated air.”

FIGURE 2.1
The Priestley Medal is the highest honor given by the American Chemical Society. It is named for Joseph
Priestley, who was born in England on March 13, 1733. He performed many important scientific experi-
ments, among them the discovery that a gas later identified as carbon dioxide could be dissolved in water to
produce seltzer. Also, as a result of meeting Benjamin Franklin in London in 1766, Priestley became inter-
ested in electricity and was the first to observe that graphite was an electrical conductor. However, his great-
est discovery occurred in 1774 when he isolated oxygen by heating mercuric oxide.

Because of his nonconformist political views, Priestley was forced to leave England. He died in the
United States in 1804.

*Oxygen gas was actually first observed by the Swedish chemist Karl W. Scheele (1742-1786), but because
his results were published after Priestley’s, the latter is commonly credited with the discovery of oxygen.



Oxygen is from the French oxygene,
meaning “generator of acid,” because it
was initially considered to be an integral
part of all acids.
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2.2 Fundamental Chemical Laws

By the late eighteenth century, combustion had been studied extensively; the gases car-
bon dioxide, nitrogen, hydrogen, and oxygen had been discovered; and the list of elements
continued to grow. However, it was Antoine Lavoisier (1743-1794), a French chemist
(Fig. 2.2), who finally explained the true nature of combustion, thus clearing the way
for the tremendous progress that was made near the end of the eighteenth century.
Lavoisier, like Boyle, regarded measurement as the essential operation of chemistry. His
experiments, in which he carefully weighed the reactants and products of various reactions,
suggested that mass is neither created nor destroyed. Lavoisier’s verification of this law of
conservation of mass was the basis for the developments in chemistry in the nineteenth
century.

Lavoisier’s quantitative experiments showed that combustion involved oxygen (which
Lavoisier named), not phlogiston. He also discovered that life was supported by a process
that also involved oxygen and was similar in many ways to combustion. In 1789 Lavoisier
published the first modern chemistry textbook, Elementary Treatise on Chemistry, in which
he presented a unified picture of the chemical knowledge assembled up to that time.
Unfortunately, in the same year the text was published, the French Revolution broke out.
Lavoisier, who had been associated with collecting taxes for the government, was executed
on the guillotine as an enemy of the people in 1794.

After 1800, chemistry was dominated by scientists who, following Lavoisier’s lead,
performed careful weighing experiments to study the course of chemical reactions and to
determine the composition of various chemical compounds. One of these chemists, a
Frenchman, Joseph Proust (1754-1826), showed that a given compound always contains
exactly the same proportion of elements by mass. For example, Proust found that the sub-
stance copper carbonate is always 5.3 parts copper to 4 parts oxygen to 1 part carbon (by
mass). The principle of the constant composition of compounds, originally called “Proust’s
law,” is now known as the law of definite proportion.

Proust’s discovery stimulated John Dalton (1766-1844), an English schoolteacher
(Fig. 2.3), to think about atoms as the particles that might compose elements. Dalton
reasoned that if elements were composed of tiny individual particles, a given compound
should always contain the same combination of these atoms. This concept explained why
the same relative masses of elements were always found in a given compound.
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Sample Exercise 2.1
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But Dalton discovered another principle that convinced him even more of the ex-
istence of atoms. He noted, for example, that carbon and oxygen form two different
compounds that contain different relative amounts of carbon and oxygen, as shown by
the following data:

Mass of Oxygen That Combines
with 1 ¢ of Carbon

Compound | 133 ¢

Compound Il 2.66 g

Dalton noted that compound II contains twice as much oxygen per gram of carbon as com-
pound I, a fact that could easily be explained in terms of atoms. Compound I might be CO,
and compound II might be CO,.* This principle, which was found to apply to compounds
of other elements as well, became known as the law of multiple proportions: When two
elements form a series of compounds, the ratios of the masses of the second element that
combine with 1 gram of the first element can always be reduced to small whole numbers.

To make sure the significance of this observation is clear, in Sample Exercise 2.1 we
will consider data for a series of compounds consisting of nitrogen and oxygen.

lllustrating the Law of Multiple Proportions

The following data were collected for several compounds of nitrogen and oxygen:

Mass of Nitrogen That Combines
with 1 g of Oxygen

Compound A 1.750 g
Compound B 0.8750 g
Compound C 04375 g

Show how these data illustrate the law of multiple proportions.
Solution

For the law of multiple proportions to hold, the ratios of the masses of nitrogen combin-
ing with 1 gram of oxygen in each pair of compounds should be small whole numbers.
We therefore compute the ratios as follows:

A _ 1750 _ 2
B 0875 |1
B 0875 2
C 04375 1
A 1750 4
C 04375 1

These results support the law of multiple proportions.

See Exercises 2.27 and 2.28.

*Subscripts are used to show the numbers of atoms present. The number 1 is understood (not written).
The symbols for the elements and the writing of chemical formulas will be illustrated further in Sections
2.6 and 2.7.



These statements are a modern
paraphrase of Dalton’s ideas.
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The significance of the data in Sample Exercise 2.1 is that compound A contains twice
as much nitrogen (N) per gram of oxygen (O) as does compound B and that compound
B contains twice as much nitrogen per gram of oxygen as does compound C.

These data can be explained readily if the substances are composed of molecules
made up of nitrogen atoms and oxygen atoms. For example, one set of possibilities for
compounds A, B, and C is

Now we can see that compound A contains two atoms of N for every atom of O, whereas

compound B contains one atom of N per atom of O. That is, compound A contains twice

as much nitrogen per given amount of oxygen as does compound B. Similarly, since com-

pound B contains one N per O and compound C contains one N per two O’s, the nitro-

gen content of compound C per given amount of oxygen is half that of compound B.
Another set of compounds that fits the data in Sample Exercise 2.1 is

- 3D - 33D 0%
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Verify for yourself that these compounds satisfy the requirements.
Still another set that works is
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]
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See if you can come up with still another set of compounds that satisfies the data in Sam-
ple Exercise 2.1. How many more possibilities are there?

In fact, an infinite number of other possibilities exists. Dalton could not deduce ab-
solute formulas from the available data on relative masses. However, the data on the com-
position of compounds in terms of the relative masses of the elements supported his
hypothesis that each element consisted of a certain type of atom and that compounds were
formed from specific combinations of atoms.

2.3 Dalton’s Atomic Theory

In 1808 Dalton published A New System of Chemical Philosophy, in which he presented
his theory of atoms:

1. Each element is made up of tiny particles called atoms.

2. The atoms of a given element are identical; the atoms of different elements are different
in some fundamental way or ways.

3. Chemical compounds are formed when atoms of different elements combine with each
other. A given compound always has the same relative numbers and types of atoms.

4. Chemical reactions involve reorganization of the atoms—changes in the way they are
bound together. The atoms themselves are not changed in a chemical reaction.
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FIGURE 2.4

A representation of some of Gay-Lussac’s
experimental results on combining gas
volumes.

Lt

Joseph Louis Gay-Lussac, a French physicist
and chemist, was remarkably versatile.
Although he is now known primarily for his
studies on the combining of volumes of
dases, Gay-Lussac was instrumental in the
studies of many of the other properties of
gases. Some of Gay-Lussac’s motivation to
learn about gases arose from his passion
for ballooning. In fact, he made ascents to
heights of over 4 miles to collect air sam-
ples, setting altitude records that stood for
about 50 years. Gay-Lussac also was the
codiscoverer of boron and the developer
of a process for manufacturing sulfuric
acid. As chief assayer of the French mint,
Gay-Lussac developed many techniques for
chemical analysis and invented many types
of glassware now used routinely in labs.
Gay-Lussac spent his last 20 years as a
lawmaker in the French government.

+ —

2 volumes hydrogen combines with 1 volume oxygen toform 2 volumes gaseous water

+ —>

1 volume hydrogen combines with 1 volume chlorine to form 2 volumes hydrogen chloride

It is instructive to consider Dalton’s reasoning on the relative masses of the atoms of
the various elements. In Dalton’s time water was known to be composed of the elements
hydrogen and oxygen, with 8 grams of oxygen present for every 1 gram of hydrogen. If
the formula for water were OH, an oxygen atom would have to have 8 times the mass of
a hydrogen atom. However, if the formula for water were H,O (two atoms of hydrogen
for every oxygen atom), this would mean that each atom of oxygen is 16 times as mas-
sive as each atom of hydrogen (since the ratio of the mass of one oxygen to that of rwo
hydrogens is 8 to 1). Because the formula for water was not then known, Dalton could
not specify the relative masses of oxygen and hydrogen unambiguously. To solve the prob-
lem, Dalton made a fundamental assumption: He decided that nature would be as simple
as possible. This assumption led him to conclude that the formula for water should be
OH. He thus assigned hydrogen a mass of 1 and oxygen a mass of 8.

Using similar reasoning for other compounds, Dalton prepared the first table of atomic
masses (sometimes called atomic weights by chemists, since mass is often determined by
comparison to a standard mass—a process called weighing). Many of the masses were later
proved to be wrong because of Dalton’s incorrect assumptions about the formulas of cer-
tain compounds, but the construction of a table of masses was an important step forward.

Although not recognized as such for many years, the keys to determining absolute
formulas for compounds were provided in the experimental work of the French chemist
Joseph Gay-Lussac (1778-1850) and by the hypothesis of an Italian chemist named
Amadeo Avogadro (1776-1856). In 1809 Gay-Lussac performed experiments in which he
measured (under the same conditions of temperature and pressure) the volumes of gases
that reacted with each other. For example, Gay-Lussac found that 2 volumes of hydrogen
react with 1 volume of oxygen to form 2 volumes of gaseous water and that 1 volume of
hydrogen reacts with 1 volume of chlorine to form 2 volumes of hydrogen chloride. These
results are represented schematically in Fig. 2.4.

In 1811 Avogadro interpreted these results by proposing that at the same temperature
and pressure, equal volumes of different gases contain the same number of particles. This
assumption (called Avogadro’s hypothesis) makes sense if the distances between the par-
ticles in a gas are very great compared with the sizes of the particles. Under these condi-
tions, the volume of a gas is determined by the number of molecules present, not by the
size of the individual particles.

If Avogadro’s hypothesis is correct, Gay-Lussac’s result,

2 volumes of hydrogen react with 1 volume of oxygen ——> 2 volumes of water vapor
can be expressed as follows:

2 molecules* of hydrogen react with 1 molecule of oxygen ——> 2 molecules of water

*A molecule is a collection of atoms (see Section 2.6).



FIGURE 2.5

A representation of combining gases at the
molecular level. The spheres represent
atoms in the molecules.

The ltalian chemist Stanislao Cannizzaro
(1826—1910) cleared up the confusion in
1860 by doing a series of molar mass
determinations that convinced the scien-
tific community that the correct atomic
mass of carbon is 12. For more informa-
tion, see From Caveman to Chemist by
Hugh Salzberg (American Chemical
Society, 1991), p. 223.
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These observations can best be explained by assuming that gaseous hydrogen, oxygen,
and chlorine are all composed of diatomic (two-atom) molecules: H,, O,, and Cl,,
respectively. Gay-Lussac’s results can then be represented as shown in Fig. 2.5. (Note that
this reasoning suggests that the formula for water is H,O, not OH as Dalton believed.)

Unfortunately, Avogadro’s interpretations were not accepted by most chemists, and a
half-century of confusion followed, in which many different assumptions were made about
formulas and atomic masses.

During the nineteenth century, painstaking measurements were made of the masses
of various elements that combined to form compounds. From these experiments a list of
relative atomic masses could be determined. One of the chemists involved in contributing
to this list was a Swede named Jons Jakob Berzelius (1779-1848), who discovered the
elements cerium, selenium, silicon, and thorium and developed the modern symbols for
the elements used in writing the formulas of compounds.

2.4 Early Experiments to Characterize the Atom

On the basis of the work of Dalton, Gay-Lussac, Avogadro, and others, chemistry was be-
ginning to make sense. The concept of atoms was clearly a good idea. Inevitably, scien-
tists began to wonder about the nature of the atom. What is an atom made of, and how
do the atoms of the various elements differ?

The Electron

The first important experiments that led to an understanding of the composition of the
atom were done by the English physicist J. J. Thomson (Fig. 2.6), who studied electrical
discharges in partially evacuated tubes called cathode-ray tubes (Fig. 2.7) during the pe-
riod from 1898 to 1903. Thomson found that when high voltage was applied to the tube,
a “ray” he called a cathode ray (because it emanated from the negative electrode, or cath-
ode) was produced. Because this ray was produced at the negative electrode and was re-
pelled by the negative pole of an applied electric field (see Fig. 2.8), Thomson postulated
that the ray was a stream of negatively charged particles, now called electrons. From ex-
periments in which he measured the deflection of the beam of electrons in a magnetic
field, Thomson determined the charge-to-mass ratio of an electron:

£ = 2176 x 10°Clg
m

where e represents the charge on the electron in coulombs (C) and m represents the electron
mass in grams.
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ons Jakob Berzelius was probably the best experimental
chemist of his generation and, given the crudeness of his
laboratory equipment, maybe the best of all time. Unlike
Lavoisier, who could afford to buy the best laboratory equip-
ment available, Berzelius worked with minimal equipment
in very plain sur-

CHEMICAL IMPACT

Berzelius, Selenium, and Silicon

blast lamp table. Beside this was the sink consisting of a stone
water holder with a stopcock and a pot standing under it. [Next
door in the kitchen] stood a small heating furnace.”

In these simple facilities Berzelius performed more than
2000 experiments over a 10-year period to determine accurate
atomic masses for the 50 elements then known. His success

X roundings. One of can be seen from the data in the table at left. These remarkably
Compa!rls,on of S?veral of . Berzelius’s students accurate values attest to his experimental skills and patience.
f;:z;l(::se:nA‘t,::: 'e(; Masses with described the Swed- Besides his table of atomic masses, Berzelius made many

ish chemist’s work- other major contributions to chemistry. The most important of
Atomic Mass place: “The labora- these was the invention of a simple set of symbols for the el-
Berzelius’s  Current tory consisted of ements along with a system for writing the formulas qf com-
Element Value Value two ordinary rooms pounds to replace the awkward symbolic representations of
with the very simplest  the alchemists. Although some chemists, including Dalton, ob-
Chlorine 35.41 3545 | arrangements; there jected to the new system, it was gradually adopted and forms
Copper 63.00 63.55 | were neither furnaces  the basis of the system we use today.
Hydrogen 1.00 LOT | nor hoods, neither In addition to these accomplishments, Berzelius discov-
L‘?ad 207.12 207.2 water system nor gas. ered the elements cerium, thorium, selenium, and silicon. Of
g;t;(;in iggg 128(1) Against the walls these elements, selenium and silicon are particularly impor-
Potassium 39:19 39:1 0 stood some closets tant in today’s world. Berzelius discovered selenium in 1817
Silver 108.12 107.87 | Withthe chemicals,in  in connection with his studies of sulfuric acid. For years se-
Sulfur 32.18 30,07 | the middle the mer- lenium’s toxicity has been known, but only recently have we
cury trough and the become aware that it may have a positive effect on human
One of Thomson’s primary goals in his cathode-ray tube experiments was to gain an
0"%’!» Visualization: Cathode-Ray understanding of the structure of the atom. He reasoned that since electrons could be pro-
;% Tube duced from electrodes made of various types of metals, all atoms must contain electrons.
S

Since atoms were known to be electrically neutral, Thomson further assumed that atoms
also must contain some positive charge. Thomson postulated that an atom consisted of a

Source of electrical potential

Stream of negative
particles (electrons)

Metal

electrode Partially

evacuated
glass tube

Metal
electrode

FIGURE 2.7

A cathode-ray tube. The fast-moving electrons excite the gas in the tube, causing a glow between the electrodes. The green color in
the photo is due to the response of the screen (coated with zinc sulfide) to the electron beam.



health. Studies have
shown that trace
amounts of selenium
in the diet may pro-

The Alchemists’ Symbols for
Some Common Elements
and Compounds

Substance Alchemists’ Symbol | tect people from
Silver D heart disease and
cancer. One study
based on data from
Lead

27 countries showed
an inverse relation-
ship between the
cancer death rate and
the selenium content
of soil in a particular
region (low cancer
death rate in areas
with high selenium
content).  Another
research paper re-
ported an inverse
relationship between
the selenium content of the blood and the incidence of breast
cancer in women. A study reported in 1998 used the toenail
clippings of 33,737 men to show that selenium seems to pro-
tect against prostate cancer. Selenium is also found in the
heart muscle and may play an important role in proper heart

5
Tin i
Platinum DO,
4Gy
Alcohol 7

Sea salt @

Sulfuric acid
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function. Because of these and other studies, selenium’s rep-
utation has improved, and many scientists are now studying
its function in the human body.

Silicon is the second most abundant element in the earth’s
crust, exceeded only by oxygen. As we will see in Chapter
10, compounds involving silicon bonded to oxygen make up
most of the earth’s sand, rock, and soil. Berzelius prepared
silicon in its pure form in 1824 by heating silicon tetrafluor-
ide (SiF,) with potassium metal. Today, silicon forms the ba-
sis for the modern microelectronics industry centered near San
Francisco in a place that has come to be known as “Silicon
Valley.” The technology of the silicon chip (see figure) with
its printed circuits
has transformed
computers  from
room-sized mon-
sters with thou-
sands of unreliable
vacuum tubes to
desktop and note-
book-sized  units
with trouble-free
“solid-state”
circuitry.

A silicon chip.

See E. J. Holmyard, Alchemy (New York: Penguin Books, 1968).
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diffuse cloud of positive charge with the negative electrons embedded randomly in it. This
model, shown in Fig. 2.9, is often called the plum pudding model because the electrons
are like raisins dispersed in a pudding (the positive charge cloud), as in plum pudding, a
favorite English dessert.

In 1909 Robert Millikan (1868-1953), working at the University of Chicago, per-
formed very clever experiments involving charged oil drops. These experiments allowed

Applied
electrical field—

electrode

FIGURE 2.8

Deflection of cathode rays by an applied electric field.

electrode

FIGURE 2.9
The plum pudding model of the atom.

Spherical cloud of
positive charge

»— Electrons
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WWhe o
(’“ & Visualization: Millikan’s Oil
% Drop Experiment

A technician using a scanner to monitor
the uptake of radioactive iodine in a
patient’s thyroid.

FIGURE 2.11

Ernest Rutherford (1871-1937) was born on
a farm in New Zealand. In 1895 he placed
second in a scholarship competition to at-
tend Cambridge University but was awarded
the scholarship when the winner decided to
stay home and get married. As a scientist in
England, Rutherford did much of the early
work on characterizing radioactivity. He
named the « and B particles and the -y ray
and coined the term half-life to describe an
important attribute of radioactive elements.
His experiments on the behavior of « parti-
cles striking thin metal foils led him to pos-
tulate the nuclear atom. He also invented
the name proton for the nucleus of the hy-
drogen atom. He received the Nobel Prize
in chemistry in 1908.

Oil spray

Atomizer to
produce oil -
droplets . 3y

X rays produce
charges on the

[ o | -
ﬂ oil drops
<
Microscope—E NN

Electrically
charged plates

FIGURE 2.10

A schematic representation of the apparatus Millikan used to determine the charge on
the electron. The fall of charged oil droplets due to gravity can be halted by adjusting
the voltage across the two plates. This voltage and the mass of the oil drop can then be
used to calculate the charge on the oil drop. Millikan’s experiments showed that the
charge on an oil drop is always a whole-number multiple of the electron charge.

him to determine the magnitude of the electron charge (see Fig. 2.10). With this value and
the charge-to-mass ratio determined by Thomson, Millikan was able to calculate the mass
of the electron as 9.11 X 107! kilogram.

Radioactivity

In the late nineteenth century scientists discovered that certain elements produce high-
energy radiation. For example, in 1896 the French scientist Henri Becquerel found ac-
cidentally that a piece of a mineral containing uranium could produce its image on a
photographic plate in the absence of light. He attributed this phenomenon to a sponta-
neous emission of radiation by the uranium, which he called radioactivity. Studies in the
early twentieth century demonstrated three types of radioactive emission: gamma (vy) rays,
beta () particles, and alpha («) particles. A vy ray is high-energy “light”; a 3 particle is
a high-speed electron; and an « particle has a 2+ charge, that is, a charge twice that of
the electron and with the opposite sign. The mass of an « particle is 7300 times that of
the electron. More modes of radioactivity are now known, and we will discuss them in
Chapter 18. Here we will consider only « particles because they were used in some crucial
early experiments.

The Nuclear Atom

In 1911 Ernest Rutherford (Fig. 2.11), who performed many of the pioneering experi-
ments to explore radioactivity, carried out an experiment to test Thomson’s plum pudding
model. The experiment involved directing « particles at a thin sheet of metal foil, as il-
lustrated in Fig. 2.12. Rutherford reasoned that if Thomson’s model were accurate, the
massive « particles should crash through the thin foil like cannonballs through gauze, as
shown in Fig. 2.13(a). He expected the « particles to travel through the foil with, at the
most, very minor deflections in their paths. The results of the experiment were very dif-
ferent from those Rutherford anticipated. Although most of the « particles passed straight
through, many of the particles were deflected at large angles, as shown in Fig. 2.13(b),
and some were reflected, never hitting the detector. This outcome was a great surprise to
Rutherford. (He wrote that this result was comparable with shooting a howitzer at a piece
of paper and having the shell reflected back.)



FIGURE 2.12
Rutherford’s experiment on a-particle
bombardment of metal foil.

The forces that bind the positively
charged protons in the nucleus will be
discussed in Chapter 18.

WWh

(&Q’" Visualization: Gold Foil
3:“ Experiment

FIGURE 2.13

(a) The expected results of the metal foil

experiment if Thomson’s model were cor-

rect. (b) Actual results.
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Some o particles
are scattered

Most particles
pass straight
through foil

Beam of
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Source of
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Thin
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Screen to detect
scattered o particles

Rutherford knew from these results that the plum pudding model for the atom could
not be correct. The large deflections of the « particles could be caused only by a center
of concentrated positive charge that contains most of the atom’s mass, as illustrated in
Fig. 2.13(b). Most of the « particles pass directly through the foil because the atom is
mostly open space. The deflected « particles are those that had a “close encounter” with
the massive positive center of the atom, and the few reflected « particles are those that
made a “direct hit” on the much more massive positive center.

In Rutherford’s mind these results could be explained only in terms of a nuclear
atom—an atom with a dense center of positive charge (the nucleus) with electrons moving
around the nucleus at a distance that is large relative to the nuclear radius.

2.5 The Modern View of Atomic Structure:
An Introduction

In the years since Thomson and Rutherford, a great deal has been learned about atomic
structure. Because much of this material will be covered in detail in later chapters, only
an introduction will be given here. The simplest view of the atom is that it consists of a
tiny nucleus (with a diameter of about 10> cm) and electrons that move about the nu-
cleus at an average distance of about 10~® cm from it (see Fig. 2.14).

As we will see later, the chemistry of an atom mainly results from its electrons. For
this reason, chemists can be satisfied with a relatively crude nuclear model. The nucleus
is assumed to contain protons, which have a positive charge equal in magnitude to the
electron’s negative charge, and neutrons, which have virtually the same mass as a pro-
ton but no charge. The masses and charges of the electron, proton, and neutron are shown
in Table 2.1.

Diffuse
positive
charge

Electrons scattered
throughout

(@ (b)
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Nucleus

~10"%cm

~1 078C1'1'1 — ™

FIGURE 2.14
A nuclear atom viewed in cross section.
Note that this drawing is not to scale.

The chemistry of an atom arises from its
electrons.

If the atomic nucleus were the size of this
ball bearing, a typical atom would be the
size of this stadium.

Mass number

Element
Atomic number —> X<~ symbol

FIGURE 2.15

Two isotopes of sodium. Both have 11 pro-
tons and 11 electrons, but they differ in the

number of neutrons in their nuclei.

TABLE 2.1 The Mass and Charge of the Electron,
Proton, and Neutron

Particle Mass Charge*
Electron 9.11 X 107 kg =
Proton 1.67 X 1077 kg 1+
Neutron 1.67 X 107? kg None

*The magnitude of the charge of the electron and the proton is
1.60 X 1077 C.

Two striking things about the nucleus are its small size compared with the overall
size of the atom and its extremely high density. The tiny nucleus accounts for almost all
the atom’s mass. Its great density is dramatically demonstrated by the fact that a piece of
nuclear material about the size of a pea would have a mass of 250 million tons!

An important question to consider at this point is, “If all atoms are composed of these
same components, why do different atoms have different chemical properties?” The an-
swer to this question lies in the number and the arrangement of the electrons. The elec-
trons constitute most of the atomic volume and thus are the parts that “intermingle” when
atoms combine to form molecules. Therefore, the number of electrons possessed by a
given atom greatly affects its ability to interact with other atoms. As a result, the atoms
of different elements, which have different numbers of protons and electrons, show dif-
ferent chemical behavior.

A sodium atom has 11 protons in its nucleus. Since atoms have no net charge, the
number of electrons must equal the number of protons. Therefore, a sodium atom has 11
electrons moving around its nucleus. It is always true that a sodium atom has 11 protons
and 11 electrons. However, each sodium atom also has neutrons in its nucleus, and dif-
ferent types of sodium atoms exist that have different numbers of neutrons. For example,
consider the sodium atoms represented in Fig. 2.15. These two atoms are isotopes, or
atoms with the same number of protons but different numbers of neutrons. Note that the
symbol for one particular type of sodium atom is written

Mass number

T

> 11Na <— Element symbol

Atomic number

where the atomic number Z (number of protons) is written as a subscript, and the mass
number A (the total number of protons and neutrons) is written as a superscript. (The
particular atom represented here is called “sodium twenty-three.” It has 11 electrons, 11
protons, and 12 neutrons.) Because the chemistry of an atom is due to its electrons, iso-
topes show almost identical chemical properties. In nature most elements contain mix-
tures of isotopes.

Nucleus\
09

[+
s (s 4

[ 11 protons
\ 12 neutrons

[ 11 protons
113 neutrons

N AN

11 electrons 11 electrons

11Na 1INa
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cientists often “read” the history of the earth and its in-
»Phabitants using very different “books” than traditional
historians. For example, the disappearance of the dinosaurs
65 million years ago in an “instant” of geological time was
a great mystery until unusually high iridium and osmium
levels were discovered at a position in the earth’s crust cor-
responding to that time. These high levels of iridium and
osmium suggested that an extraterrestrial object had struck
the earth 65 million years ago with catastrophic results
for the dinosaurs. Since then, the huge buried crater caused
by the object has been discovered on the Yucatan
Peninsula, and virtually everyone is now convinced
that this is the correct explanation for the disappear-

CHEMICAL IMPACT

Reading the History of Bogs

Years before present

ing dinosaurs.

History is also being “read” by scientists study-
ing ice cores from glaciers in Iceland. Now Swiss sci-
entists have found that ancient peat bogs can furnish
a reliable historical record. Geochemist William
Shotyk of the University of Bern has found a 15,000-
year window on history by analyzing the lead con-
tent of core samples from a Swiss mountainside peat
bog [Science 281 (1998): 1635]. Various parts of the
core samples were dated by '“C dating techniques
(see Chapter 18, Section 18.4, for more information)
and analyzed for their scandium and lead contents.
Also, the 2*Pb/?"’Pb ratio was measured for each
sample. These data are represented in the accompa-
nying figure. Notice that the >°°Pb/>*’Pb ratio remains
very close to 1.20 (see the red band in the figure)
from 14,000 years to 3200 years. The value of 1.20
is the same as the average *°°Pb/*"’Pb ratio in the
earth’s soil.

The core also reveals that the total lead and scan-
dium levels increased simultaneously at the 6000-
year mark but that the *Pb/?’’Pb ratio remained
close to 1.20. This coincides with the beginning of
agriculture in Europe, which caused more soil dust
to enter the atmosphere.

Significantly, about 3000 years ago the **Pb/*’Pb
ratio decreased markedly. This also corresponds in
the core sample to an increase in total lead content
out of proportion to the increase in scandium. This
indicates the lead no longer resulted from soil dust
but from other activities of humans—Ilead mining had
begun. Since the 3000-year mark, the >°°Pb/*""Pb ra-
tio has remained well below 1.20, indicating that hu-
man use of lead ores has become the dominant source
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of airborne lead. This is confirmed by the sharp decline in
the ratio beginning 200 years ago that corresponds to the
importation into England of Australian lead ores having low
206pp /207P ratios.

So far only lead has been used to read the history in the
bog. However, Shotyk’s group is also measuring the changes
in the levels of copper, zinc, cadmium, arsenic, mercury, and
antimony. More interesting stories are sure to follow.

Introduction of unleaded gasoline

Introduction of leaded gasoline

Industrial Revolution; importation of
Australian lead ores to England

Medieval mining of lead ores for silver

Decline in European lead mining after
the fall of the Roman Empire

Lead mining by Romans

Beginning of lead mining by
Phoenicians and Greeks

Beginning of agriculture;
soil dust flux increases

1.12 1.16

206py, 207 py

1.20

Geochemist William Shotyk’s analysis of the lead content of ice core samples
reveals a 15,000-year history of lead levels. (Note: Dates are based on cali-
brated radiocarbon dating. Because the core was retrieved in two segments, a
break in data occurs between 2060 and 3200 years before present.)
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Sample Exercise 2.2

Writing the Symbols for Atoms

Visualization: Covalent
Bonding

N

H &4 H

Ammonia

Write the symbol for the atom that has an atomic number of 9 and a mass number of 19.
How many electrons and how many neutrons does this atom have?

Solution

The atomic number 9 means the atom has 9 protons. This element is called fluorine,
symbolized by F. The atom is represented as

19
oF
and is called “fluorine nineteen.” Since the atom has 9 protons, it also must have 9 elec-

trons to achieve electrical neutrality. The mass number gives the total number of protons
and neutrons, which means that this atom has 10 neutrons.

See Exercises 2.43 through 2.46.

2.6 Molecules and lons

From a chemist’s viewpoint, the most interesting characteristic of an atom is its ability
to combine with other atoms to form compounds. It was John Dalton who first recog-
nized that chemical compounds are collections of atoms, but he could not determine
the structure of atoms or their means for binding to each other. During the twentieth
century we learned that atoms have electrons and that these electrons participate in
bonding one atom to another. We will discuss bonding thoroughly in Chapters 8 and 9;
here we will introduce some simple bonding ideas that will be useful in the next few
chapters.

The forces that hold atoms together in compounds are called chemical bonds. One
way that atoms can form bonds is by sharing electrons. These bonds are called covalent
bonds, and the resulting collection of atoms is called a molecule. Molecules can be rep-
resented in several different ways. The simplest method is the chemical formula, in which
the symbols for the elements are used to indicate the types of atoms present and subscripts
are used to indicate the relative numbers of atoms. For example, the formula for carbon
dioxide is CO,, meaning that each molecule contains 1 atom of carbon and 2 atoms of
oxygen.

Examples of molecules that contain covalent bonds are hydrogen (H,), water (H,0),
oxygen (O,), ammonia (NH;), and methane (CH,). More information about a molecule is
given by its structural formula, in which the individual bonds are shown (indicated by
lines). Structural formulas may or may not indicate the actual shape of the molecule. For
example, water might be represented as

H—O—H or /O\
H H

The structure on the right shows the actual shape of the water molecule. Scientists know
from experimental evidence that the molecule looks like this. (We will study the shapes
of molecules further in Chapter 8.) The structural formula for ammonia is shown in the
margin at left.

Note that atoms connected to the central atom by dashed lines are behind the plane
of the paper, and atoms connected to the central atom by wedges are in front of the plane
of the paper.

In a compound composed of molecules, the individual molecules move around as
independent units. For example, a molecule of methane gas can be represented in several
ways. The structural formula for methane (CH,) is shown in Fig. 2.16. The space-filling
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Methane

FIGURE 2.16
The structural formula for methane.

Na™ is usually called the sodium ion
rather than the sodium cation. Also Cl

is called the chloride ion rather than the
chloride anion. In general, when a spe-
cific ion is referred to, the word jon
rather than cation or anion is used.
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FIGURE 2.17 FIGURE 2.18

Space-filling model of methane. This type Ball-and-stick model of methane.
of model shows both the relative sizes of

the atoms in the molecule and their

spatial relationships.

model of methane, which shows the relative sizes of the atoms as well as their relative
orientation in the molecule, is given in Fig. 2.17. Ball-and-stick models are also used to
represent molecules. The ball-and-stick structure of methane is shown in Fig. 2.18.

A second type of chemical bond results from attractions among ions. An ion is an
atom or group of atoms that has a net positive or negative charge. The best-known ionic
compound is common table salt, or sodium chloride, which forms when neutral chlorine
and sodium react.

To see how the ions are formed, consider what happens when an electron is
transferred from a sodium atom to a chlorine atom (the neutrons in the nuclei will be
ignored):

Neutral sodium

atom (Na)
Sodium ion
(Na™)
11+ Minus 1 electron —— 11+

10 electrons

11 electrons

With one electron stripped off, the sodium, with its 11 protons and only 10 electrons,
now has a net 1+ charge—it has become a positive ion. A positive ion is called a
cation. The sodium ion is written as Na™, and the process can be represented in short-
hand form as

Na —> Na® + e~
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If an electron is added to chlorine,

Chloride ion
(Cr)

Neutral chlorine
atom (Cl)

J

17 electrons

Plus 1 electron ———

18 electrons

the 18 electrons produce a net 1— charge; the chlorine has become an ion with a nega-
tive charge—an anion. The chloride ion is written as Cl, and the process is represented as

Cl+e —> ClI”

Because anions and cations have opposite charges, they attract each other. This force
of attraction between oppositely charged ions is called ionic bonding. As illustrated in
Fig. 2.19, sodium metal and chlorine gas (a green gas composed of Cl, molecules) react

FIGURE 2.19

Sodium metal (which is so soft it can be cut with a knife and which consists of individual sodium atoms) reacts with chlorine gas (which
contains Cl, molecules) to form solid sodium chloride (which contains Na* and CI~ ions packed together).



FIGURE 2.20
Ball-and-stick models of the ammonium ion
(NH,*) and the nitrate ion (NO;").

Wk yisualization: Comparison of a

@;% Molecular Compound and an

lonic Compound

Metals tend to form positive ions; non-
metals tend to form negative ions.

Elements in the same vertical column in
the periodic table form a group (or family)
and generally have similar properties.

Samples of chlorine gas, liquid bromine,
and solid iodine.
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to form solid sodium chloride, which contains many Na* and C1~ ions packed together
and forms the beautiful colorless cubic crystals shown in Fig. 2.19.

A solid consisting of oppositely charged ions is called an ionic solid, or a salt.
Ionic solids can consist of simple ions, as in sodium chloride, or of polyatomic
(many atom) ions, as in ammonium nitrate (NH,NO;), which contains ammonium ions
(NH,™) and nitrate ions (NO;~). The ball-and-stick models of these ions are shown in
Fig. 2.20.

2.7 An Introduction to the Periodic Table

In a room where chemistry is taught or practiced, a chart called the periodic table is
almost certain to be found hanging on the wall. This chart shows all the known elements
and gives a good deal of information about each. As our study of chemistry progresses,
the usefulness of the periodic table will become more obvious. This section will simply
introduce it to you.

A simplified version of the periodic table is shown in Fig. 2.21. The letters in the
boxes are the symbols for the elements; these abbreviations are based on the current
element names or the original names (see Table 2.2). The number shown above
each symbol is the atomic number (number of protons) for that element. For example,
carbon (C) has atomic number 6, and lead (Pb) has atomic number 82. Most of the
elements are metals. Metals have characteristic physical properties such as efficient
conduction of heat and electricity, malleability (they can be hammered into thin sheets),
ductility (they can be pulled into wires), and (often) a lustrous appearance. Chemi-
cally, metals tend to /ose electrons to form positive ions. For example, copper is a
typical metal. It is lustrous (although it tarnishes readily); it is an excellent conductor
of electricity (it is widely used in electrical wires); and it is readily formed into vari-
ous shapes, such as pipes for water systems. Copper is also found in many salts, such
as the beautiful blue copper sulfate, in which copper is present as Cu®* ions. Copper
is a member of the transition metals—the metals shown in the center of the periodic
table.

The relatively few nonmetals appear in the upper-right corner of the table (to the
right of the heavy line in Fig. 2.21), except hydrogen, a nonmetal that resides in the upper-
left corner. The nonmetals lack the physical properties that characterize the metals.
Chemically, they tend to gain electrons in reactions with metals to form negative ions.
Nonmetals often bond to each other by forming covalent bonds. For example, chlorine is
a typical nonmetal. Under normal conditions it exists as Cl, molecules; it reacts with
metals to form salts containing C1™ ions (NaCl, for example); and it forms covalent bonds
with nonmetals (for example, hydrogen chloride gas, HCI).

The periodic table is arranged so that elements in the same vertical columns (called
groups or families) have similar chemical properties. For example, all of the alkali
metals, members of Group 1 A—lithium (Li), sodium (Na), potassium (K), rubidium (Rb),
cesium (Cs), and francium (Fr)—are very active elements that readily form ions with a
1+ charge when they react with nonmetals. The members of Group 2A—beryllium (Be),
magnesium (Mg), calcium (Ca), strontium (Sr), barium (Ba), and radium (Ra)—are called
the alkaline earth metals. They all form ions with a 2+ charge when they react with
nonmetals. The halogens, the members of Group 7A—fluorine (F), chlorine (CI), bromine
(Br), iodine (I), and astatine (At)—all form diatomic molecules. Fluorine, chlorine,
bromine, and iodine all react with metals to form salts containing ions with a 1— charge
(F~, ClI', Br, and I"). The members of Group 8 A—helium (He), neon (Ne), argon (Ar),
krypton (Kr), xenon (Xe), and radon (Rn)—are known as the noble gases. They all exist
under normal conditions as monatomic (single-atom) gases and have little chemical
reactivity.
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FIGURE 2.21
The periodic table.

TABLE 2.2 The Symbols for the Elements That Are

Based on the Original Names

Current Name Original Name Symbol
Antimony Stibium Sb
Copper Cuprum Cu
Iron Ferrum e
Lead Plumbum Pb
Mercury Hydrargyrum Hg
Potassium Kalium K
Silver Argentum Ag
Sodium Natrium Na
Tin Stannum Sn
Tungsten Wolfram W




' assium, element 108, does not exist in nature but must
be made in a particle accelerator. It was first created in
1984 and can be made by shooting magnesium-26 (33Mg)
atoms at curium-248 (%sCm) atoms. The collisions between
these atoms produce some hassium-265 (}53Hs) atoms. The
position of hassium in the periodic table (see Fig. 2.21) in
the vertical column containing iron, ruthenium, and osmium
suggests that hassium should have chemical properties sim-
ilar to these metals. However, it is not easy to test this pre-
diction—only a few atoms of hassium can be made at a given
time and they last for only about 9 seconds. Imagine having
to get your next lab experiment done in 9 seconds!

CHEMICAL IMPACT

Hassium Fits Right in

2.8 Naming Simple Compounds

Institute and the University of Bern in Switzerland, and the
Institute of Nuclear Chemistry in Germany have done
experiments to characterize the chemical behavior of hassium.
For example, they have observed that hassium atoms react
with oxygen to form a hassium oxide compound of the type
expected from its position on the periodic table. The team
has also measured other properties of hassium, including the
energy released as it undergoes nuclear decay to another
atom.

This work would have surely pleased Dmitri Mendeleev
(see Fig. 7.23), who originally developed the periodic table
and showed its power to predict chemical properties.

Amazingly, a team of chemists from the Lawrence
Berkeley National Laboratory in California, the Paul Scherrer

Note from Fig. 2.21 that alternate sets of symbols are used to denote the groups. The
symbols 1A through 8A are the traditional designations, whereas the numbers 1 to 18
have been suggested recently. In this text the 1A to 8A designations will be used.

The horizontal rows of elements in the periodic table are called periods. Horizontal
row 1 is called the first period (it contains H and He); row 2 is called the second period
(elements Li through Ne); and so on.

We will learn much more about the periodic table as we continue with our study of
chemistry. Meanwhile, when an element is introduced in this text, you should always note
its position on the periodic table.

Another format of the periodic table will
be discussed in Section 7.11.

2.8 Naming Simple Compounds

When chemistry was an infant science, there was no system for naming compounds.
Names such as sugar of lead, blue vitrol, quicklime, Epsom salts, milk of magnesia,
gypsum, and laughing gas were coined by early chemists. Such names are called com-
mon names. As chemistry grew, it became clear that using common names for
compounds would lead to unacceptable chaos. Nearly 5 million chemical compounds
are currently known. Memorizing common names for these compounds would be an
impossible task.

The solution, of course, is to adopt a system for naming compounds in which the
name tells something about the composition of the compound. After learning the system,
a chemist given a formula should be able to name the compound or, given a name, should
be able to construct the compound’s formula. In this section we will specify the most im-
portant rules for naming compounds other than organic compounds (those based on chains
of carbon atoms).

We will begin with the systems for naming inorganic binary compounds—
compounds composed of two elements—which we classify into various types for easier
recognition. We will consider both ionic and covalent compounds.
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A monatomic cation has the same name
as its parent element.

In formulas of ionic compounds, simple
ions are represented by the element
symbol: Cl means CI~, Na means Na*,
and so on.

TABLE 2.3 Common Monatomic Cations and Anions

Cation Name Anion Name
H' Hydrogen H- Hydride
Li* Lithium F~ Fluoride
Na™® Sodium Cl- Chloride
K* Potassium Br~ Bromide
Cs* Cesium I Todide
Be?* Beryllium 0> Oxide
Mg?* Magnesium S Sulfide
Ca*" Calcium N3~ Nitride
Ba’* Barium P~ Phosphide
APt Aluminum

Ag* Silver

Binary lonic Compounds (Type I)

Binary ionic compounds contain a positive ion (cation) always written first in the for-
mula and a negative ion (anion). In naming these compounds, the following rules apply:

1. The cation is always named first and the anion second.

2. A monatomic (meaning “one-atom”) cation takes its name from the name of the
element. For example, Na™ is called sodium in the names of compounds containing

this ion.

3. A monatomic anion is named by taking the root of the element name and adding -ide.

Thus the C1™ ion is called chloride.

Some common monatomic cations and anions and their names are given in Table 2.3.
The rules for naming binary ionic compounds are illustrated by the following

examples:
Compound lons Present

NaCl Na't, CI-
KI K" 1T
CaS Ca’t, §*
Li;N Lit, N*~
CsBr Cs*, Br~
MgO Mg**, 0*~

Naming Type | Binary Compounds

Name

Sodium chloride
Potassium iodide
Calcium sulfide
Lithium nitride
Cesium bromide
Magnesium oxide

Name each binary compound.
a. CsF b. AICl, c¢. LiH
Solution

a. CsF is cesium fluoride.
b. AICl; is aluminum chloride.
c. LiH is lithium hydride.

Notice that, in each case, the cation is named first, and then the anion is named.

See Exercise 2.55.




Wy .
(" % Visualization: Formation of
% lonic Compounds

-

TABLE 2.4 Common Type Il
Cations

*Note that mercury(I) ions always occur
bound together to form Hg,*" ions.
tAlthough these are transition metals, they
form only one type of ion, and a Roman
numeral is not used.

Sample Exercise 2.4
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Formulas from Names

So far we have started with the chemical formula of a compound and decided on its
systematic name. The reverse process is also important. For example, given the name
calcium hydroxide, we can write the formula as Ca(OH), because we know that calcium
forms only Ca®* ions and that, since hydroxide is OH ™, two of these anions will be required
to give a neutral compound.

Binary lonic Compounds (Type II)

In the binary ionic compounds considered earlier (Type I), the metal present forms only
a single type of cation. That is, sodium forms only Na*, calcium forms only Ca**, and
so on. However, as we will see in more detail later in the text, there are many metals that
form more than one type of positive ion and thus form more than one type of ionic com-
pound with a given anion. For example, the compound FeCl, contains Fe*" ions, and the
compound FeCl; contains Fe** ions. In a case such as this, the charge on the metal ion
must be specified. The systematic names for these two iron compounds are iron(II) chlo-
ride and iron(IIl) chloride, respectively, where the Roman numeral indicates the charge
of the cation.

Another system for naming these ionic compounds that is seen in the older literature
was used for metals that form only two ions. The ion with the higher charge has a name
ending in -ic, and the one with the lower charge has a name ending in -ous. In this system,
for example, Fe’" is called the ferric ion, and Fe?" is called the ferrous ion. The names
for FeCl; and FeCl, are then ferric chloride and ferrous chloride, respectively. In this text
we will use the system that employs Roman numerals. Table 2.4 lists the systematic names
for many common type II cations.

Formulas from Names for Type | Binary Compounds

Sample Exercise 2.5

Given the following systematic names, write the formula for each compound:

a. potassium iodide
b. calcium oxide
c. gallium bromide

Solution

Name Formula Comments

a. potassium iodide KI Contains K* and I".

b. calcium oxide CaO Contains Ca®* and O*".
c. gallium bromide GaBr; Contains Ga** and Br™.

Must have 3Br~ to balance charge of Ga**.

See Exercise 2.55.

Naming Type Il Binary Compounds

1. Give the systematic name for each of the following compounds:
a. CuCl b. HgO c. Fe,04
2. Given the following systematic names, write the formula for each compound:

a. Manganese(IV) oxide
b. Lead(II) chloride
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Type Il binary ionic compounds contain a
metal that can form more than one type
of cation.

A compound must be electrically neutral.

A compound containing a transition metal
usually requires a Roman numeral in its
name.

Crystals of copper(ll) sulfate.

Sample Exercise 2.6

Solution

All of these compounds include a metal that can form more than one type of cation. Thus
we must first determine the charge on each cation. This can be done by recognizing that
a compound must be electrically neutral; that is, the positive and negative charges must
exactly balance.

1.

Formula Name Comments

a. CuCl Copper(I) chloride Because the anion is CI~, the cation must be Cu™
(for charge balance), which requires a Roman
numeral I.

b. HgO Mercury(Il) oxide Because the anion is O, the cation must be Hg**
[mercury(ID)].

c. Fe,04 Tron(IIT) oxide The three O> ions carry a total charge of 6—, so
two Fe?" ions [iron(IIT)] are needed to give a 6+
charge.

2.

Name Formula  Comments

a. Manganese(IV) oxide = MnO, Two O ions (total charge 4—)
are required by the Mn*" ion [manganese(IV)].
b. Lead(Il) chloride PbCl, Two C1~ ions are required by the Pb*>* ion
[lead(IT)] for charge balance.

See Exercise 2.56.

Note that the use of a Roman numeral in a systematic name is required only in cases
where more than one ionic compound forms between a given pair of elements. This case
most commonly occurs for compounds containing transition metals, which often form
more than one cation. Elements that form only one cation do not need to be identified by
a Roman numeral. Common metals that do not require Roman numerals are the Group
1A elements, which form only 1+ ions; the Group 2A elements, which form only 2+
ions; and aluminum, which forms only AIP*. The element silver deserves special mention
at this point. In virtually all its compounds silver is found as the Ag" ion. Therefore,
although silver is a transition metal (and can potentially form ions other than Ag™), sil-
ver compounds are usually named without a Roman numeral. Thus AgCl is typically called
silver chloride rather than silver(I) chloride, although the latter name is technically cor-
rect. Also, a Roman numeral is not used for zinc compounds, since zinc forms only the
Zn" ion.

As shown in Sample Exercise 2.5, when a metal ion is present that forms more than
one type of cation, the charge on the metal ion must be determined by balancing the pos-
itive and negative charges of the compound. To do this you must be able to recognize the
common cations and anions and know their charges (see Tables 2.3 and 2.5).

Naming Binary Compounds

1. Give the systematic name for each of the following compounds:
a. CoBr, b. CaCl, c. Al,O4
2. Given the following systematic names, write the formula for each compound:

a. Chromium(III) chloride
b. Gallium iodide



Various chromium compounds dissolved in
water. From left to right: CrCl,, K,Cr,0;,
Cr(NO,);, CrCls, K,Cro,.

FIGURE 2.22
The common cations and anions.

Solution

1.

Formula Name Comments

a. CoBr, Cobalt(II) bromide Cobalt is a transition metal; the compound name
must have a Roman numeral. The two Br™ ions
must be balanced by a Co®" ion.

b. CaCl, Calcium chloride Calcium, an alkaline earth metal, forms only the
Ca’" ion. A Roman numeral is not necessary.

c. Al,O; Aluminum oxide Aluminum forms only the AI** ion. A Roman
numeral is not necessary.

2.

Name Formula Comments

a. Chromium(III) chloride CrCl,4 Chromium(III) indicates that Cr** is present,

so 3 CI" ions are needed for charge balance.
b. Gallium iodide Gal, Gallium always forms 3+ ions, so 3 " ions
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are required for charge balance.

See Exercises 2.57 and 2.58.

The following flowchart is useful when you are naming binary ionic compounds:

Does the compound contain
Type I or Type II cations?

| I

R Type I . Type II

Name the cation using Using the principle of charge
the element name. balance, determine the cation charge.

l

Include in the cation name a Roman
numeral indicating the charge.

The common Type I and Type Il ions are summarized in Fig. 2.22. Also shown in Fig. 2.22
are the common monatomic ions.

1A 8A
2A 3A 4A 5A 6A TA
Li* N* | O* | F~
Na* [Mg** AP s¥ | ar
2+ 2+ 2+ 2+ +
o Shleles] [gnfan B
2+
Rb* | S12* Ag'|cd i -
Hg > Pb2*
+ 2+ 2
Cs™ |Ba He* PbH
Common Type I cations Common Type II cations Common monatomic anions
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Polyatomic ion formulas must be
memorized.

Sample Exercise 2.7

TABLE 2.5 Common Polyatomic lons

lon Name lon Name
Hg,>* Mercury(I) NCS™ Thiocyanate
NH,* Ammonium CO Carbonate
NO,™ Nitrite HCO;™ Hydrogen carbonate
NO;~ Nitrate (bicarbonate is a widely
S0, Sulfite used common name)
S0, Sulfate Clo™ Hypochlorite
HSO,~ Hydrogen sulfate ClO,~ Chlorite

(bisulfate is a widely ClO;~ Chlorate

used common name) ClOo,~ Perchlorate
OH™ Hydroxide C,H;0,™ Acetate
CN™ Cyanide MnO,~ Permanganate
PO~ Phosphate Cr,0,%" Dichromate
HPO,>~ Hydrogen phosphate CrO>~ Chromate
H,PO,~ Dihydrogen phosphate 0, Peroxide

C,0,2” Oxalate

lonic Compounds with Polyatomic lons

We have not yet considered ionic compounds that contain polyatomic ions. For example,
the compound ammonium nitrate, NH,NO3, contains the polyatomic ions NH,* and NO; ™.
Polyatomic ions are assigned special names that must be memorized to name the com-
pounds containing them. The most important polyatomic ions and their names are listed
in Table 2.5.

Note in Table 2.5 that several series of anions contain an atom of a given ele-
ment and different numbers of oxygen atoms. These anions are called oxyanions.
When there are two members in such a series, the name of the one with the smaller
number of oxygen atoms ends in -ife and the name of the one with the larger number
ends in -ate—for example, sulfite (SO327) and sulfate (SO,27). When more than two
oxyanions make up a series, hypo- (less than) and per- (more than) are used as pre-
fixes to name the members of the series with the fewest and the most oxygen atoms,
respectively. The best example involves the oxyanions containing chlorine, as shown
in Table 2.5.

Naming Compounds Containing Polyatomic lons

1. Give the systematic name for each of the following compounds:

a. Na,SO,
b. KH,PO,
c. Fe(NO3);
d. Mn(OH),
e. Na,SO;
f. Na,CO;

2. Given the following systematic names, write the formula for each compound:

a. Sodium hydrogen carbonate
b. Cesium perchlorate



In binary covalent compounds, the
element names follow the same rules as
for binary ionic compounds.

¢. Sodium hypochlorite
d. Sodium selenate
e. Potassium bromate

Solution

1.
Formula

a. Na,S0,
b. KH,PO,

¢. Fe(NO,),

Name

Sodium sulfate

Potassium dihydrogen
phosphate

Iron(III) nitrate

d. Mn(OH), Manganese(Il) hydroxide

e. Na,SO; Sodium sulfite

f. Na,CO; Sodium carbonate

2.

Name Formula

a. Sodium hydrogen NaHCO;
carbonate

b. Cesium perchlorate CsClO,

¢. Sodium hypochlorite NaOCl

d. Sodium selenate

Na,SeO,

e. Potassium bromate KBrO;
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Comments

Transition metal—name must contain
a Roman numeral. The Fe*" ion
balances three NO;™ ions.

Transition metal—name must contain
a Roman numeral. The Mn?" ion
balances three OH™ ions.

Comments

Often called sodium bicarbonate.

Atoms in the same group, like sulfur and
selenium, often form similar ions that are
named similarly. Thus SeO,* is selenate,
like SO,* (sulfate).

As above, BrO;™ is bromate, like C1O;~
(chlorate).

See Exercises 2.59 and 2.60.

Binary Covalent Compounds (Type I11)

Binary covalent compounds are formed between rwo nonmetals. Although these
compounds do not contain ions, they are named very similarly to binary ionic

compounds.

In the naming of binary covalent compounds, the following rules apply:

1. The first element in the formula is named first, using the full element name.

2. The second element is named as if it were an anion.

3. Prefixes are used to denote the numbers of atoms present. These prefixes are given in

Table 2.6.

4. The prefix mono- is never used for naming the first element. For example, CO is called
carbon monoxide, not monocarbon monoxide.



64

Chapter Two Atoms, Molecules, and lons

TABLE 2.6 Prefixes Used to
Indicate Number in Chemical

Names

Prefix Number Indicated
mono- 1
di- 2
tri- 3
tetra- 4
penta- 5
hexa- 6
hepta- 7
octa- 8
nona- 9
deca- 10

Sample Exercise 2.8

To see how these rules apply, we will now consider the names of the several cova-
lent compounds formed by nitrogen and oxygen:

Compound Systematic Name Common Name
N,O Dinitrogen monoxide Nitrous oxide
NO Nitrogen monoxide Nitric oxide
NO, Nitrogen dioxide
N,O4 Dinitrogen trioxide
N,0, Dinitrogen tetroxide
N,O4 Dinitrogen pentoxide

Notice from the preceding examples that to avoid awkward pronunciations, we often
drop the final o or a of the prefix when the element begins with a vowel. For example,
N,O, is called dinitrogen tetroxide, not dinitrogen tetraoxide, and CO is called carbon
monoxide, not carbon monooxide.

Some compounds are always referred to by their common names. The two best
examples are water and ammonia. The systematic names for H,O and NH; are never
used.

Naming Type 11l Binary Compounds

1. Name each of the following compounds:

a. PCl;
b. PCl;
c. SO,

2. From the following systematic names, write the formula for each compound:

a. Sulfur hexafluoride
b. Sulfur trioxide
c. Carbon dioxide

Solution

1.

Formula Name

a. PCl; Phosphorus pentachloride
b. PClL, Phosphorus trichloride
c. SO, Sulfur dioxide

2.

Name Formula
a. Sulfur hexafluoride SF,

b. Sulfur trioxide SO,

c. Carbon dioxide CO,

See Exercises 2.61 and 2.62.

The rules for naming binary compounds are summarized in Fig. 2.23. Prefixes
to indicate the number of atoms are used only in Type III binary compounds (those
containing two nonmetals). An overall strategy for naming compounds is given in
Fig. 2.24.
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I Binary compound?
CFS
I Metal present?
Type III: Does the metal form
| Use prefixes. more than one cation?

Type L: Type II:

Use the element Determine the charge of the cation;

name for the cation. use a Roman numeral after the
FIGURE 2.23 element name for the cation.

A flowchart for naming binary compounds.

Aoy Xl Naming Various Types of Compounds

1. Give the systematic name for each of the following compounds:

a. P,Oy
b. Nb,O;
c. Li,O,
d. Ti(NOs),

2. Given the following systematic names, write the formula for each compound:

a. Vanadium(V) fluoride
b. Dioxygen difluoride
c¢. Rubidium peroxide
d. Gallium oxide

I Binary compound?
—¢ @
Polyatomic ion Use the strategy
or ions present? summarized in Figure 2.23.

This is a compound for which Name the compound using
FIGURE 2.24 naming procedures have not procedures similar to those for
Overall strategy for naming chemical yet been considered. naming binary ionic compounds.

compounds.
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Acids can be recognized by the hydrogen
that appears first in the formula.

Solution

1.

Compound Name Comment

a. P,O,, Tetraphosphorus Binary covalent compound (Type III), so

decaoxide prefixes are used. The a in deca- is
sometimes dropped.

b. Nb,Os Niobium(V) oxide Type II binary compound containing Nb>*
and O?” ions. Niobium is a transition metal
and requires a Roman numeral.

c. Li,0, Lithium peroxide Type I binary compound containing the Li*

and O,>~ (peroxide) ions.

Not a binary compound. Contains the Ti*"
and NO;™ ions. Titanium is a transition
metal and requires a Roman numeral.

d. Ti(NOy), Titanium(IV) nitrate

2.

Name Chemical Formula Comment

a. Vanadium(V) fluoride VF; The compound contains V°* ions
and requires five F~ ions for
charge balance.

b. Dioxygen difluoride O,F, The prefix di- indicates two of
each atom.

¢. Rubidium peroxide Rb,0, Because rubidium is in Group 1A, it
forms only 1+ ions. Thus two Rb™
ions are needed to balance the 2—
charge on the peroxide ion (0,%7).

d. Gallium oxide Ga,0; Because gallium is in Group 3A, like

aluminum, it forms only 3+ ions.
Two Ga>* ions are required to
balance the charge on three O>— ions.

See Exercises 2.63, 2.65, and 2.66.

Acids

When dissolved in water, certain molecules produce a solution containing free H™ ions
(protons). These substances, acids, will be discussed in detail in Chapters 4, 14, and 15.
Here we will simply present the rules for naming acids.

An acid can be viewed as a molecule with one or more H" ions attached to an anion.
The rules for naming acids depend on whether the anion contains oxygen. If the anion does
not contain oxygen, the acid is named with the prefix hydro- and the suffix -ic. For exam-
ple, when gaseous HCI is dissolved in water, it forms hydrochloric acid. Similarly, HCN
and H,S dissolved in water are called hydrocyanic and hydrosulfuric acids, respectively.

When the anion contains oxygen, the acidic name is formed from the root name of
the anion with a suffix of -ic or -ous, depending on the name of the anion.

1. If the anion name ends in -ate, the suffix -ic is added to the root name. For example,
H,SO, contains the sulfate anion (SO,*") and is called sulfuric acid; H;PO, contains
the phosphate anion (PO,’”) and is called phosphoric acid; and HC,H;0, contains
the acetate ion (C,H;0,7) and is called acetic acid.

2. If the anion has an -ite ending, the -ite is replaced by -ous. For example, H,SO;, which
contains sulfite (SO32_), is named sulfurous acid; and HNO,, which contains nitrite
(NO,"), is named nitrous acid.



TABLE 2.7 Names of Acids*
That Do Not Contain Oxygen

Acid Name

HF Hydrofluoric acid
HCI Hydrochloric acid
HBr Hydrobromic acid
HI Hydroiodic acid
HCN Hydrocyanic acid
H,S Hydrosulfuric acid

*Note that these acids are aqueous solu-
tions containing these substances.

TABLE 2.8 Names of Some
Oxygen-Containing Acids

Acid Name
HNO; Nitric acid
HNO, Nitrous acid
H,SO, Sulfuric acid
H,SO; Sulfurous acid
H;PO, Phosphoric acid
HC,H;0, Acetic Acid

Key Terms

Section 2.2

law of conservation of mass
law of definite proportion
law of multiple proportions
Section 2.3

atomic masses

atomic weights

Avogadro’s hypothesis
Section 2.4

cathode-ray tube

electron

radioactivity

nuclear atom

nucleus

Section 2.5
proton

neutron
isotopes
atomic number
mass number

For Review 67

Does the anion
contain oxygen?

hydro- Check the ending
+ anion root | of the anion.
+ -ic
hydro(anion root)ic acid l l
,—Cfe -ate —\
anion or element root anion or element root
+ -ous +-ic
(root)ous acid (root)ic acid

FIGURE 2.25
A flowchart for naming acids. An acid is best considered as one or more H* ions attached to
an anion.

The application of these rules can be seen in the names of the acids of the oxyanions
of chlorine:

Acid Anion Name
HCIO, Perchlorate Perchloric acid
HCIO, Chlorate Chloric acid
HCIO, Chlorite Chlorous acid
HCIO Hypochlorite Hypochlorous acid

The names of the most important acids are given in Tables 2.7 and 2.8. An overall strategy
for naming acids is shown in Fig. 2.25.

For Review

Fundamental laws

e Conservation of mass
e Definite proportion

e Multiple proportions

Dalton’s atomic theory

e All elements are composed of atoms.

e All atoms of a given element are identical.

e Chemical compounds are formed when atoms combine.

e Atoms are not changed in chemical reactions but the way they are bound together
changes.

Early atomic experiments and models
e Thomson model

e Millikan experiment

e Rutherford experiment

e Nuclear model
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Section 2.6
chemical bond
covalent bond
molecule

chemical formula
structural formula
space-filling model
ball-and-stick model
ion

cation

anion

ionic bond

ionic solid (salt)
polyatomic ion

Section 2.7
periodic table

metal

nonmetal

group (family)
alkali metals
alkaline earth metals
halogens

noble gases

period

Section 2.8
binary compounds

binary ionic compounds

oxyanions

binary covalent compounds

acid

Atomic structure

e Small dense nucleus contains protons and neutrons.
* Protons—positive charge
e Neutrons—no charge

e Electrons reside outside the nucleus in the relatively large remaining atomic volume.
* Electrons—negative charge, small mass (1/1840 of proton)

e Isotopes have the same atomic number but different mass numbers.

Atoms combine to form molecules by sharing electrons to form covalent bonds.
e Molecules are described by chemical formulas.
e Chemical formulas show number and type of atoms.

e Structural formula

 Ball-and-stick model

* Space-filling model

Formation of ions

e Cation—formed by loss of an electron, positive charge

e Anion—formed by gain of an electron, negative charge

e lonic bonds—formed by interaction of cations and anions

The periodic table organizes elements in order of increasing atomic number.
e Elements with similar properties are in columns, or groups.

e Metals are in the majority and tend to form cations.

e Nonmetals tend to form anions.

Compounds are named using a system of rules depending on the type of
compound.
e Binary compounds
* Type I—contain a metal that always forms the same cation
* Type II—contain a metal that can form more than one cation
e Type IIl—contain two nonmetals
e Compounds containing a polyatomic ion

REVIEW QUESTIONS

1. Use Dalton’s atomic theory to account for each of the following.
a. the law of conservation of mass
b. the law of definite proportion
c. the law of multiple proportions

2. What evidence led to the conclusion that cathode rays had a negative charge?

3. What discoveries were made by J. J. Thomson, Henri Becquerel, and Lord
Rutherford? How did Dalton’s model of the atom have to be modified to ac-
count for these discoveries?

4. Consider Ernest Rutherford’s alpha-particle bombardment experiment illustrated
in Figure 2.12. How did the results of this experiment lead Rutherford away from
the plum pudding model of the atom to propose the nuclear model of the atom?

5. Do the proton and the neutron have exactly the same mass? How do the masses
of the proton and neutron compare to the mass of the electron? Which particles
make the greatest contribution to the mass of an atom? Which particles make
the greatest contribution to the chemical properties of an atom?

6. What is the distinction between atomic number and mass number? Between
mass number and atomic mass?

7. Distinguish between the terms family and period in connection with the peri-
odic table. For which of these terms is the term group also used?

8. The compounds AICl;, CrCl;, and ICl; have similar formulas, yet each follows
a different set of rules to name it. Name these compounds, and then compare
and contrast the nomenclature rules used in each case.
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9. When metals react with nonmetals, an ionic compound generally results. What
is the predicted general formula for the compound formed between an alkali
metal and sulfur? Between an alkaline earth metal and nitrogen? Between alu-
minum and a halogen?

10. How would you name HBrO,, KIO;, NaBrO,, and HIO? Refer to Table 2.5 and
the acid nomenclature discussion in the text.

Active Learning Questions

These questions are designed to be used by groups of students in class. The
questions allow students to explore their understanding of concepts through
discussion and peer teaching. The real value of these questions is the
learning that occurs while students talk to each other about chemical
concepts.

1. Which of the following is true about an individual atom? Explain.
a. An individual atom should be considered to be a solid.

. An individual atom should be considered to be a liquid.

An individual atom should be considered to be a gas.

. The state of the atom depends on which element it is.

An individual atom cannot be considered to be a solid, liquid,

or gas.

Justify your choice, and for choices you did not pick, explain what

is wrong with them.

oo T

2. How would you go about finding the number of “chalk molecules”
it takes to write your name on the board? Provide an explanation
of all you would need to do and a sample calculation.

3. These questions concern the work of J. J. Thomson.

a. From Thomson’s work, which particles do you think he would
feel are most important for the formation of compounds (chem-
ical changes) and why?

b. Of the remaining two subatomic particles, which do you place
second in importance for forming compounds and why?

c. Propose three models that explain Thomson’s findings and
evaluate them. To be complete you should include Thomson’s
findings.

4. Heat is applied to an ice cube in a closed container until only
steam is present. Draw a representation of this process, assuming
you can see it at an extremely high level of magnification. What
happens to the size of the molecules? What happens to the total
mass of the sample?

5. You have a chemical in a sealed glass container filled with air.
The setup is sitting on a balance as shown below. The chemical
is ignited by means of a magnifying glass focusing sunlight on
the reactant. After the chemical has completely burned, which of
the following is true? Explain your answer.

10.

11.

12.

13.

The balance will read less than 250.0 g.

. The balance will read 250.0 g.

The balance will read greater than 250.0 g.

. Cannot be determined without knowing the identity of the
chemical.

e T

. You take three compounds consisting of two elements and de-

compose them. To determine the relative masses of X, ¥, and Z,
you collect and weigh the elements, obtaining the following data:

Elements in Compound Masses of Elements
XandY X=04g,Y=42¢g
Yand Z Y=14g,Z=10¢g
Xand Y X=20gY=70¢g

. What are the assumptions in solving this problem?

. What are the relative masses of X, Y, and Z?

. What are the chemical formulas of the three compounds?

. If you decompose 21 g of compound XY, how much of each
element is present?

e 0 T

. The vitamin niacin (nicotinic acid, C;HsNO,) can be isolated from

a variety of natural sources such as liver, yeast, milk, and whole
grain. It also can be synthesized from commercially available ma-
terials. Which source of nicotinic acid, from a nutritional view, is
best for use in a multivitamin tablet? Why?

. One of the best indications of a useful theory is that it raises more

questions for further experimentation than it originally answered.
Does this apply to Dalton’s atomic theory? Give examples.

. Dalton assumed that all atoms of the same element were identi-

cal in all their properties. Explain why this assumption is not valid.
Evaluate each of the following as an acceptable name for water:
a. dihydrogen oxide ¢. hydrogen hydroxide

b. hydroxide hydride d. oxygen dihydride

Why do we call Ba(NO3), barium nitrate, but we call Fe(NO;),
iron(I) nitrate?

Why is calcium dichloride not the correct systematic name for
CaCl,?

The common name for NH; is ammonia. What would be the sys-
tematic name for NH;? Support your answer.

A blue question or exercise number indicates that the answer to that
question or exercise appears at the back of this book and a solution appears
in the Solutions Guide.

Questions

14.

What refinements had to be made in Dalton’s atomic theory to ac-
count for Gay-Lussac’s results on the combining volumes of gases?
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15. When hydrogen is burned in oxygen to form water, the composi-
tion of water formed does not depend on the amount of oxygen
reacted. Interpret this in terms of the law of definite proportion.

16. The two most reactive families of elements are the halogens and
the alkali metals. How do they differ in their reactivities?

17. Explain the law of conservation of mass, the law of definite
proportion, and the law of multiple proportions.

18. Section 2.3 describes the postulates of Dalton’s atomic theory.
With some modifications, these postulates hold up very well
regarding how we view elements, compounds, and chemical
reactions today. Answer the following questions concerning
Dalton’s atomic theory and the modifications made today.

a. The atom can be broken down into smaller parts. What are the
smaller parts?

b. How are atoms of hydrogen identical to each other and how
can they be different from each other?

c¢. How are atoms of hydrogen different from atoms of helium?
How can H atoms be similar to He atoms?

d. How is water different from hydrogen peroxide (H,0O,) even
though both compounds are composed of only hydrogen and
oxygen?

e. What happens in a chemical reaction and why is mass con-
served in a chemical reaction?

19. The contributions of J. J. Thomson and Ernest Rutherford led the
way to today’s understanding of the structure of the atom. What
were their contributions?

20. What is the modern view of the structure of the atom?

21. The number of protons in an atom determines the identity of the atom.
What does the number and arrangement of the electrons in an atom
determine? What does the number of neutrons in an atom determine?

22. Distinguish between the following terms.

a. molecule versus ion

b. covalent bonding versus ionic bonding

c. molecule versus compound

d. anion versus cation

23. Which of the following statements are true? For the false state-
ments, correct them.

a. Most of the known elements are metals.

b. Element 118 should be a nonmetal.

c. Hydrogen has mostly metallic properties.

d. A family of elements is also known as a period of elements.

e. When an alkaline earth metal, A, reacts with a halogen, X, the
formula of the covalent compound formed should be A,X.

24. Each of the following compounds has three possible names listed
for it. For each compound, what is the correct name and why aren’t
the other names used?

a. N,O: nitrogen oxide, nitrogen(I) oxide, dinitrogen monoxide

b. Cu,O: copper oxide, copper(l) oxide, dicopper monoxide

c¢. Li,O: lithium oxide, lithium(I) oxide, dilithium monoxide

Exercises
In this section similar exercises are paired.
Development of the Atomic Theory

25. When mixtures of gaseous H, and gaseous Cl, react, a product
forms that has the same properties regardless of the relative
amounts of H, and Cl, used.

26.

27.

28.

29.

30.

a. How is this result interpreted in terms of the law of definite
proportion?

b. When a volume of H, reacts with an equal volume of Cl, at
the same temperature and pressure, what volume of product
having the formula HCI is formed?

A reaction of 1 liter of chlorine gas (Cl,) with 3 liters of fluorine
gas (F,) yields 2 liters of a gaseous product. All gas volumes are
at the same temperature and pressure. What is the formula of the
gaseous product?

Hydrazine, ammonia, and hydrogen azide all contain only nitro-

gen and hydrogen. The mass of hydrogen that combines with
1.00 g of nitrogen for each compound is 1.44 X 107! g, 2.16 X
107! g, and 2.40 X 1072 g, respectively. Show how these data
illustrate the law of multiple proportions.

Consider 100.0-g samples of two different compounds consisting
only of carbon and oxygen. One compound contains 27.2 g of
carbon and the other has 42.9 g of carbon. How can these data
support the law of multiple proportions if 42.9 is not a multiple
of 27.27 Show that these data support the law of multiple pro-
portions.

Early tables of atomic weights (masses) were generated by meas-

uring the mass of a substance that reacts with 1.00 g of oxygen.
Given the following data and taking the atomic mass of hydrogen
as 1.00, generate a table of relative atomic masses for oxygen,
sodium, and magnesium.

Mass That
Combines with
Element 1.00 g Oxygen Assumed Formula
Hydrogen 0.126 g HO
Sodium 2875 ¢ NaO
Magnesium 1.500 g MgO

How do your values compare with those in the periodic table?
How do you account for any differences?

Indium oxide contains 4.784 g of indium for every 1.000 g of oxy-
gen. In 1869, when Mendeleev first presented his version of the
periodic table, he proposed the formula In,O; for indium oxide.
Before that time it was thought that the formula was InO. What
values for the atomic mass of indium are obtained using these two
formulas? Assume that oxygen has an atomic mass of 16.00.

The Nature of the Atom

31.

32.

33.

From the information in this chapter on the mass of the proton,
the mass of the electron, and the sizes of the nucleus and the atom,
calculate the densities of a hydrogen nucleus and a hydrogen atom.
If you wanted to make an accurate scale model of the hydrogen
atom and decided that the nucleus would have a diameter of 1 mm,
what would be the diameter of the entire model?

In an experiment it was found that the total charge on an oil drop

was 5.93 X 1078 C. How many negative charges does the drop
contain?

. A chemist in a galaxy far, far away performed the Millikan oil

drop experiment and got the following results for the charges on



35. What are the symbols of the following metals: sodium, radium,

36.

37. Give the names of the metals that correspond to the following

38.

40.

41.

42,

4.

45. Write the atomic symbol (5X) for each of the following isotopes.

various drops. Use these data to calculate the charge of the elec-
tron in zirkombs.

7.68 X 10~'? zirkombs
6.40 X 10~ "3 zirkombs

2.56 X 10~ "2 zirkombs
3.84 X 107'? zirkombs

iron, gold, manganese, lead.

What are the symbols of the following nonmetals: fluorine, chlo-
rine, bromine, sulfur, oxygen, phosphorus?

symbols: Sn, Pt, Hg, Mg, K, Ag.
Give the names of the nonmetals that correspond to the follow-
ing symbols: As, I, Xe, He, C, Si.

. a. Classify the following elements as metals or nonmetals:
Mg Si Rn
Ti Ge Eu
Au B Am
Bi At Br

b. The distinction between metals and nonmetals is really not a
clear one. Some elements, called metalloids, are intermediate
in their properties. Which of these elements would you
reclassify as metalloids? What other elements in the periodic
table would you expect to be metalloids?

a. List the noble gas elements. Which of the noble gases has only
radioactive isotopes? (This situation is indicated on most peri-
odic tables by parentheses around the mass of the element. See
inside front cover.)

b. Which lanthanide element and which transition element have
only radioactive isotopes?

In the periodic table, how many elements are found in
a. Group 2A? c. the nickel group?

. the oxygen family? d. Group 8A?

In the periodic table, how many elements are found

. in the halogen group?

. in the alkali family?

. in the lanthanide series?

. classified as transition metals?
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. How many protons and neutrons are in the nucleus of each of the

following atoms? In a neutral atom of each element, how many
electrons are present?

a. “Br d. 33Cs

b. *'Br e. °H

c. *Pu f. Fe

What number of protons and neutrons are contained in the nucleus
of each of the following atoms? Assuming each atom is uncharged,
what number of electrons are present?

a. U d. 2BPb
b. C e. $Rb
c. 3)Fe  f. jiCa

a. Z = 8, number of neutrons = 9
b. the isotope of chlorine in which A = 37

46.

47. What is the symbol for an ion with 63 protons, 60 electrons, and

48.

49. Complete the following table:

71

Exercises

. Z=27,A =60

. number of protons = 26, number of neutrons = 31
. the isotope of I with a mass number of 131

Z = 3, number of neutrons = 4

- e an

Write the atomic symbol (4X) for each of the isotopes described
below.

. number of protons = 27, number of neutrons = 31

. the isotope of boron with mass number 10

Z=12,A =23

. atomic number 53, number of neutrons = 79

Z = 9, number of neutrons = 10

number of protons = 29, mass number 65

me a0 T

88 neutrons? If an ion contains 50 protons, 68 neutrons, and
48 electrons, what is its symbol?

What is the symbol of an ion with 16 protons, 18 neutrons, and
18 electrons? What is the symbol for an ion that has 16 protons,
16 neutrons, and 18 electrons?

Number of Number of
Protons in Neutrons in Number of Net
Symbol Nucleus Nucleus Electrons Charge
BU
20 20 2+
23 28 20
Y
35 44 36
15 16 3—
50.
Number of  Number of
Protons in  Neutrons in  Number of
Symbol Nucleus Nucleus Electrons  Net Charge
26 33 3+
85 125 86
13 14 10
76 54 2=
51. For each of the following sets of elements, label each as either

52.

noble gases, halogens, alkali metals, alkaline earth metals, or tran-
sition metals.

a. Ti, Fe, Ag d. Ne, Kr, Xe
b. Mg, Sr, Ba e. F,Br, 1
c. Li, K, Rb

Consider the elements of Group 4A (the “carbon family”): C, Si,
Ge, Sn, and Pb. What is the trend in metallic character as one goes
down this group? What is the trend in metallic character going
from left to right across a period in the periodic table?
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53.

54.
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Would you expect each of the following atoms to gain or lose

electrons when forming ions? What ion is the most likely in each
case?

a. Ra c. P e. Br

b. In d. Te f. Rb

For each of the following atomic numbers, use the periodic table
to write the formula (including the charge) for the simple ion that
the element is most likely to form in ionic compounds.

a. 13 c. 56 e. 87
b. 34 d. 7 f. 35
Nomenclature

55.

56.

57.

58.

60.

61.

62.

63.

Name the compounds in parts a—d and write the formulas for the
compounds in parts e-h.

a. NaBr e. strontium fluoride

b. Rb,0 f. aluminum selenide

c. CaS g. potassium nitride

d. All; h. magnesium phosphide

Name the compounds in parts a—d and write the formulas for the
compounds in parts e-h.

a. Hg,0 e. tin(Il) nitride

b. FeBr; f. cobalt(IIl) iodide

c. CoS g. mercury(Il) oxide

d. TiCl, h. chromium(VI) sulfide
Name each of the following compounds:
a. CsF c. Ag,S e. TiO,

b. Li;N d. MnO, f. Sr;P,

Write the formula for each of the following compounds:
a. zinc chloride d. aluminum sulfide

b. tin(IV) fluoride e. mercury(l) selenide

c¢. calcium nitride f. silver iodide

. Name each of the following compounds:

a. BaSO;, c¢. KMnO,

b. NaNO, d. K,Cr,0,

Write the formula for each of the following compounds:
a. chromium(IIl) hydroxide c. lead(IV) carbonate
b. magnesium cyanide d. ammonium acetate

Name each of the following compounds:
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c. SO,

d. P,S;

Write the formula for each of the following compounds:
a. diboron trioxide c¢. dinitrogen monoxide
b. arsenic pentafluoride d. sulfur hexachloride

Name each of the following compounds:
a. Cul c. Col,
b. Cul, d. Na,CO;

e. NaHCO; h. NaOCl

f. S,N, i. BaCrO,

g. SF, j. NH,NO,

64. Name each of the following compounds:

a. HC,H;0, g. H,SO,

b. NH,NO,  h. Sr;N,

c. Co,S; i. Al(SO3);

d. IC1 j- SnO,

e. Pby(PO,), k. Na,CrO,

f. KIO, 1. HCIO

65. Write the formula for each of the following compounds:

66.

67. Write the formula for each of the following compounds:

68.
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. sulfur difluoride

. sulfur hexafluoride

sodium dihydrogen phosphate
. lithium nitride
chromium(III) carbonate
tin(II) fluoride

. ammonium acetate

. ammonium hydrogen sulfate
cobalt(III) nitrate

mercury(I) chloride

. potassium chlorate

sodium hydride

Write the formula for each of the following compounds:
. chromium(VI) oxide

. disulfur dichloride

nickel(Il) fluoride

. potassium hydrogen phosphate
aluminum nitride

ammonia

. manganese(IV) sulfide

. sodium dichromate
ammonium sulfite

carbon tetraiodide

. sodium oxide

. sodium peroxide
potassium cyanide

. copper(Il) nitrate
selenium tetrabromide
iodous acid

. lead(IV) sulfide

Write the formula for each of the following compounds:
. ammonium hydrogen phosphate
. mercury(l) sulfide

silicon dioxide

. sodium sulfite

aluminum hydrogen sulfate
nitrogen trichloride

. hydrobromic acid

. bromous acid

perbromic acid

potassium hydrogen sulfide

. calcium iodide

cesium perchlorate

copper(l) chloride
gallium arsenide
cadmium selenide
zinc sulfide
nitrous acid

. diphosphorus pentoxide

e s T
ErrFETTF



69. Name the following acids illustrated below.

70.
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Each of the following compounds is incorrectly named. What is
wrong with each name, and what is the correct name for each
compound?
. FeCls, iron chloride
. NO,, nitrogen(IV) oxide
. Ca0, calcium(II) monoxide
. ALS;, dialuminum trisulfide
. Mg(C,H;0,),, manganese diacetate
FePO,, iron(Il) phosphide
. P,Ss, phosphorous sulfide
. Na,0,, sodium oxide
HNO;, nitrate acid
H,S, sulfuric acid
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Additional Exercises

71.

72.

73.

74.

Chlorine has two natural isotopes: $JC1 and {5Cl. Hydrogen reacts

with chlorine to form the compound HCI. Would a given amount

of hydrogen react with different masses of the two chlorine iso-

topes? Does this conflict with the law of definite proportion? Why

or why not?

Which of the following statements is(are) true? For the false state-

ments, correct them.

a. All particles in the nucleus of an atom are charged.

b. The atom is best described as a uniform sphere of matter in
which electrons are embedded.

c. The mass of the nucleus is only a very small fraction of the
mass of the entire atom.

d. The volume of the nucleus is only a very small fraction of the
total volume of the atom.

e. The number of neutrons in a neutral atom must equal the num-
ber of electrons.

The isotope of an unknown element, X, has a mass number of 79.

The most stable ion of the isotope has 36 electrons and forms a

binary compound with sodium having a formula of Na,X. Which

of the following statements is(are) true? For the false statements,

correct them.

a. The binary compound formed between X and fluorine will be
a covalent compound.

b. The isotope of X contains 38 protons.

c. The isotope of X contains 41 neutrons.

d. The identity of X is strontium, Sr.

For each of the following ions, indicate the total number of protons

and electrons in the ion. For the positive ions in the list, predict

75.

76.

717.

78.

79.

80.

81.

82.

73

Additional Exercises

the formula of the simplest compound formed between each
positive ion and the oxide ion. For the negative ions in the list,
predict the formula of the simplest compound formed between
each negative ion and the aluminum ion.

a. Fe?* e. S
b. Fe’* f. P>
c. Ba** g Br-
d. Cs* h. N*~

The formulas and common names for several substances are given
below. Give the systematic names for these substances.

a. sugar of lead Pb(C,H;0,),
b. blue vitrol CuSO,

¢. quicklime CaO

d. Epsom salts MgSO,

e. milk of magnesia Mg(OH),

f. gypsum CaSO,

g. laughing gas N,O

Identify each of the following elements:

a. a member of the same family as oxygen whose most stable ion
contains 54 electrons

b. a member of the alkali metal family whose most stable ion
contains 36 electrons

c. anoble gas with 18 protons in the nucleus

d. a halogen with 85 protons and 85 electrons

An element’s most stable ion forms an ionic compound with
bromine, having the formula XBr,. If the ion of element X has a
mass number of 230 and has 86 electrons, what is the identity of
the element, and how many neutrons does it have?

A certain element has only two naturally occurring isotopes: one
with 18 neutrons and the other with 20 neutrons. The element
forms 1— charged ions when in ionic compounds. Predict the iden-
tity of the element. What number of electrons does the 1— charged
ion have?

The designations 1A through 8A used for certain families of the
periodic table are helpful for predicting the charges on ions in bi-
nary ionic compounds. In these compounds, the metals generally
take on a positive charge equal to the family number, while the
nonmetals take on a negative charge equal to the family number
minus eight. Thus the compound between sodium and chlorine
contains Na* ions and Cl~ ions and has the formula NaCl. Pre-
dict the formula and the name of the binary compound formed
from the following pairs of elements.

a. Caand N e. Baand I

b. Kand O f. Al and Se
c. Rband F g. Csand P
d. Mg and S h. In and Br

By analogy with phosphorous compounds, name the following:
Na;AsO,, H;AsO,, Mgs(SbO,),.

A sample of H,SO, contains 2.02 g of hydrogen, 32.07 g of sul-
fur, and 64.00 g of oxygen. How many grams of sulfur and grams
of oxygen are present in a second sample of H,SO, containing
7.27 g of hydrogen?

In a reaction, 34.0 g of chromium(IIl) oxide reacts with 12.1 g of
aluminum to produce chromium and aluminum oxide. If 23.3 g
of chromium is produced, what mass of aluminum oxide is
produced?
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Challenge Problems

83.

84.

85.

86.

87.

88.

89.

The elements in one of the groups in the periodic table are often
called the coinage metals. Identify the elements in this group based
on your own experience.

Reaction of 2.0 L of hydrogen gas with 1.0 L of oxygen gas yields
2.0 L of water vapor. All gases are at the same temperature and
pressure. Show how these data support the idea that oxygen gas
is a diatomic molecule. Must we consider hydrogen to be a di-
atomic molecule to explain these results?

A combustion reaction involves the reaction of a substance with
oxygen gas. The complete combustion of any hydrocarbon (binary
compound of carbon and hydrogen) produces carbon dioxide and
water as the only products. Octane is a hydrocarbon that is found
in gasoline. Complete combustion of octane produces 8 liters of
carbon dioxide for every 9 liters of water vapor (both measured
at the same temperature and pressure). What is the ratio of car-
bon atoms to hydrogen atoms in a molecule of octane?

A chemistry instructor makes the following claim: “Consider that
if the nucleus were the size of a grape, the electrons would be
about 1 mile away on average.” Is this claim reasonably accurate?
Provide mathematical support.

Two elements, R and Q, combine to form two binary compounds.
In the first compound, 14.0 g of R combines with 3.00 g of Q. In
the second compound, 7.00 g of R combines with 4.50 g of Q.
Show that these data are in accord with the law of multiple pro-
portions. If the formula of the second compound is RQ, what is
the formula of the first compound?

The early alchemists used to do an experiment in which water was
boiled for several days in a sealed glass container. Eventually,
some solid residue would appear in the bottom of the flask, which
was interpreted to mean that some of the water in the flask had
been converted into “earth.” When Lavoisier repeated this exper-
iment, he found that the water weighed the same before and af-
ter heating and the mass of the flask plus the solid residue equaled
the original mass of the flask. Were the alchemists correct? Ex-
plain what really happened. (This experiment is described in the
article by A. F. Scott in Scientific American, January 1984.)
Each of the following statements is true, but Dalton might have
had trouble explaining some of them with his atomic theory. Give
explanations for the following statements.

a. The space-filling models for ethyl alcohol and dimethyl ether

are shown below.

o

These two compounds have the same composition by mass
(52% carbon, 13% hydrogen, and 35% oxygen), yet the two
have different melting points, boiling points, and solubilities
in water.

b. Burning wood leaves an ash that is only a small fraction of
the mass of the original wood.

c. Atoms can be broken down into smaller particles.

Dc
Qo

H

90.

d. One sample of lithium hydride is 87.4% lithium by mass, while
another sample of lithium hydride is 74.9% lithium by mass.
However, the two samples have the same properties.

You have two distinct gaseous compounds made from element X
and element Y. The mass percents are as follows:

Compound I: 30.43% X, 69.57% Y
Compound II: 63.64% X, 36.36% Y

In their natural standard states, element X and element Y exist as
gases. (Monatomic? Diatomic? Triatomic? That is for you to de-
termine.) When you react “gas X” with “gas Y”’ to make the prod-
ucts, you get the following data (all at standard pressure and
temperature):

1 volume “gas X” + 2 volumes “gas Y’ —>
2 volumes compound I

2 volumes “gas X” + 1 volume “gas Y’ —>
2 volumes compound II

Assume the simplest possible formulas for reactants and products
in the chemical equations above. Then, determine the relative
atomic masses of element X and element Y.

Integrative Problems

These problems require the integration of multiple concepts to find the
solutions.

91.

92.

93.

What is the systematic name of Ta,Os? If the charge on the metal
remained constant and then sulfur was substituted for oxygen, how
would the formula change? What is the difference in the total num-
ber of protons between Ta,Os and its sulfur analog?

A binary ionic compound is known to contain a cation with 51 pro-
tons and 48 electrons. The anion contains one-third the number
of protons as the cation. The number of electrons in the anion is
equal to the number of protons plus 1. What is the formula of this
compound? What is the name of this compound?

Using the information in Table 2.1, answer the following ques-
tions. In an ion with an unknown charge, the total mass of all the
electrons was determined to be 2.55 X 1072 g, while the total
mass of its protons was 5.34 X 1072 g. What is the identity and
charge of this ion? What is the symbol and mass number of a neu-
tral atom whose total mass of its electrons is 3.92 X 107% g, while
its neutrons have a mass of 9.35 X 10™ % g?

Marathon Problem

This problem is designed to incorporate several concepts and techniques
into one situation. Marathon Problems can be used in class by groups of
students to help facilitate problem-solving skills.

94.

You have gone back in time and are working with Dalton on a
table of relative masses. Following are his data.

0.602 g gas A reacts with 0.295 g gas B
0.172 g gas B reacts with 0.401 g gas C
0.320 g gas A reacts with 0.374 g gas C

a. Assuming simplest formulas (AB, BC, and AC), construct a
table of relative masses for Dalton.



b. Knowing some history of chemistry, you tell Dalton that if he
determines the volumes of the gases reacted at constant tem-
perature and pressure, he need not assume simplest formulas.
You collect the following data:

6 volumes gas A + 1 volume gas B — 4 volumes product
1 volume gas B + 4 volumes gas C — 4 volumes product
3 volumes gas A + 2 volumes gas C — 6 volumes product

Marathon Problem 75

Write the simplest balanced equations, and find the actual
relative masses of the elements. Explain your reasoning.

Wi,  Get help understanding core concepts and visualizing

("é‘ \ molecular-level interactions, and practice problem solving,

;% by visiting the Online Study Center at college.hmco.com/
"~ PIC/zumdahl7e.
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Chemical reactions have a profound effect on our lives. There are many examples:
Food is converted to energy in the human body; nitrogen and hydrogen are combined to
form ammonia, which is used as a fertilizer; fuels and plastics are produced from petro-
leum; the starch in plants is synthesized from carbon dioxide and water using energy from
sunlight; human insulin is produced in laboratories by bacteria; cancer is induced in hu-
mans by substances from our environment; and so on, in a seemingly endless list. The
central activity of chemistry is to understand chemical changes such as these, and the
study of reactions occupies a central place in this book. We will examine why reactions
occur, how fast they occur, and the specific pathways they follow.

In this chapter we will consider the quantities of materials consumed and produced
in chemical reactions. This area of study is called chemical stoichiometry (pronounced
stoy-ke-om'-etry). To understand chemical stoichiometry, you must first understand the
concept of relative atomic masses.

3.1 Counting by Weighing

Suppose you work in a candy store that sells gourmet jelly beans by the bean. People
come in and ask for 50 beans, 100 beans, 1000 beans, and so on, and you have to count
them out—a tedious process at best. As a good problem solver, you try to come up with
a better system. It occurs to you that it might be far more efficient to buy a scale and count
the jelly beans by weighing them. How can you count jelly beans by weighing them?
What information about the individual beans do you need to know?

Assume that all of the jelly beans are identical and that each has a mass of 5 g. If a
customer asks for 1000 jelly beans, what mass of jelly beans would be required? Each
bean has a mass of 5 g, so you would need 1000 beans X 5 g/bean, or 5000 g (5 kg). It
takes just a few seconds to weigh out 5 kg of jelly beans. It would take much longer to
count out 1000 of them.

In reality, jelly beans are not identical. For example, let’s assume that you weigh
10 beans individually and get the following results:

Bean Mass

1 S51g
52¢g
50¢g
48 ¢
49 ¢
50¢g
50¢g
S51¢g
49 ¢
50¢g

S O 0O bW

—_

Jelly beans can be counted by weighing.
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Can we count these nonidentical beans by weighing? Yes. The key piece of information
we need is the average mass of the jelly beans. Let’s compute the average mass for our
10-bean sample.

total mass of beans

Average mass =
number of beans

~51g+52g+50g+48g+49g+50g+50g+51g+49g+50¢g
- 10

50.0
10 50¢g
The average mass of a jelly bean is 5.0 g. Thus, to count out 1000 beans, we need to
weigh out 5000 g of beans. This sample of beans, in which the beans have an average
mass of 5.0 g, can be treated exactly like a sample where all of the beans ae identical.
Objects do not need to have identical masses to be counted by weighing. We simply need
to know the average mass of the objects. For purposes of counting, the objects behave as
though they were all identical, as though they each actually had the average mass.

We count atoms in exactly the same way. Because atoms are so small, we deal with
samples of matter that contain huge numbers of atoms. Even if we could see the atoms it
would not be possible to count them directly. Thus we determine the number of atoms in
a given sample by finding its mass. However, just as with jelly beans, to relate the mass
to a number of atoms, we must know the average mass of the atoms.

3.2 Atomic Masses

As we saw in Chapter 2, the first quantitative information about atomic masses came from
the work of Dalton, Gay-Lussac, Lavoisier, Avogadro, and Berzelius. By observing the
proportions in which elements combine to form various compounds, nineteenth-century
chemists calculated relative atomic masses. The modern system of atomic masses, insti-
tuted in 1961, is based on '>C (“carbon twelve”) as the standard. In this system, '2C is as-
signed a mass of exactly 12 atomic mass units (amu), and the masses of all other atoms
are given relative to this standard.

The most accurate method currently available for comparing the masses of atoms in-
volves the use of the mass spectrometer. In this instrument, diagramed in Fig. 3.1, atoms
or molecules are passed into a beam of high-speed electrons, which knock electrons off
the atoms or molecules being analyzed and change them into positive ions. An applied

/"ﬁ

Detector plate

Ion-accelerating
electric field

Least

massive ions
Accelerated

ion beam

Positive

Most
massive
ions

| { : = Heating device i Magnetic field
: T W to vaporize Electron
wd : a . sample beam

FIGURE 3.1
(left) A scientist injecting a sample into a mass spectrometer. (above) Schematic diagram of a mass spectrometer.



Most elements occur in nature as
mixtures of isotopes; thus atomic masses
are usually average values.

It is much easier to weigh out 600 hex nuts
than count them one by one.
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electric field then accelerates these ions into a magnetic field. Because an accelerating ion
produces its own magnetic field, an interaction with the applied magnetic field occurs,
which tends to change the path of the ion. The amount of path deflection for each ion de-
pends on its mass—the most massive ions are deflected the smallest amount—which causes
the ions to separate, as shown in Fig. 3.1. A comparison of the positions where the ions
hit the detector plate gives very accurate values of their relative masses. For example,
when '?C and '*C are analyzed in a mass spectrometer, the ratio of their masses is found
to be

Mass *C

o~ = 1.0836129
Mass “C

Since the atomic mass unit is defined such that the mass of '>C is exactly 12 atomic mass
units, then on this same scale,

Mass of *C = (1.0836129)(12 amu) = 13.003355 amu
T

Exact number
by definition

The masses of other atoms can be determined in a similar fashion.

The mass for each element is given in the table inside the front cover of this text.
This value, even though it is actually a mass, is (for historical reasons) sometimes called
the atomic weight for each element.

Look at the value of the atomic mass of carbon given in this table. You might ex-
pect to see 12, since we said the system of atomic masses is based on '>C. However,
the number given for carbon is not 12 but 12.01. Why? The reason for this apparent
discrepancy is that the carbon found on earth (natural carbon) is a mixture of the iso-
topes '°C, 13C, and '*C. All three isotopes have six protons, but they have six, seven,
and eight neutrons, respectively. Because natural carbon is a mixture of isotopes, the
atomic mass we use for carbon is an average value reflecting the average of the iso-
topes composing it.

The average atomic mass for carbon is computed as follows: It is known that nat-
ural carbon is composed of 98.89% '°C atoms and 1.11% '*C atoms. The amount of '*C
is negligibly small at this level of precision. Using the masses of °C (exactly 12 amu)
and C (13.003355 amu), we can calculate the average atomic mass for natural carbon
as follows:

98.89% of 12 amu + 1.11% of 13.0034 amu =
(0.9889)(12 amu) + (0.0111)(13.0034 amu) = 12.01 amu

In this text we will call the average mass for an element the average atomic mass or,
simply, the atomic mass for that element.

Even though natural carbon does not contain a single atom with mass 12.01, for stoi-
chiometric purposes, we can consider carbon to be composed of only one type of atom
with a mass of 12.01. This enables us to count atoms of natural carbon by weighing a
sample of carbon.

Recall from Section 3.1 that counting by weighing works if you know the average
mass of the units being counted. Counting by weighing works just the same for atoms as
for jelly beans. For natural carbon with an average mass of 12.01 atomic mass units, to
obtain 1000 atoms would require weighing out 12,010 atomic mass units of natural carbon
(a mixture of '2C and C).

As in the case of carbon, the mass for each element listed in the table inside the front
cover of the text is an average value based on the isotopic composition of the naturally
occurring element. For instance, the mass listed for hydrogen (1.008) is the average mass
for natural hydrogen, which is a mixture of "H and *H (deuterium). No atom of hydrogen
actually has the mass 1.008.
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bout 250 million years ago, 90% of life on earth was
destroyed in some sort of cataclysmic event. This
event, which ended the Permian period and began the
Triassic (the P-T boundary), is the most devastating mass
extinction in the earth’s history—far surpassing the catas-
trophe 65 million years ago that wiped out the dinosaurs
(the K-T boundary). In 1979 geologist Walter Alvarez and
his Nobel Prize—winning physicist father Luis Alvarez sug-
gested that unusually high concentrations of iridium in
rocks laid down at the K-T boundary meant that an aster-
oid had hit the earth, causing tremendous devastation. In
the last 20 years much evidence has accumulated to sup-
port this hypothesis, including identification of the loca-
tion of the probable crater caused by the impact in the
ocean near Mexico.

Were the P-T boundary extinctions also caused by an
extraterrestrial object or by some event on earth, such as a
massive volcano explosion? Recent discoveries by geo-
chemists Luann Becker of the University of Washington and

CHEMICAL IMPACT

Buckyballs Teach Some History

Robert J. Poreda of the University of Rochester seem to
strongly support the impact theory. Examining sediment
from China and Japan, the team found fullerenes encapsu-
lating argon and helium gas atoms whose isotopic compo-
sition indicates that they are extraterrestrial in origin. For
example, the ratio of 3He to 3He found in the fullerenes is
100 times greater than the ratio for helium found in the
earth’s atmosphere. Likewise, the isotopic composition of
the fullerene-trapped argon atoms is quite different from that
found on earth.

Fullerenes include spherical C4, carbon molecules
(“buckyballs”) whose cavities can trap other atoms such as
helium and argon. (See the accompanying figure.) The sci-
entists postulate that the fullerenes originated in stars or
collapsing gas clouds where the noble gas atoms were
trapped as the fullerenes formed. These fullerenes were
then somehow incorporated into the object that eventually
hit the earth. Based on the isotopic compositions, the
geochemists estimate that the impacting body must have

In addition to being useful for determining accurate mass values for individual atoms,
the mass spectrometer is used to determine the isotopic composition of a natural element.
For example, when a sample of natural neon is injected into a mass spectrometer, the mass
spectrum shown in Fig. 3.2 is obtained. The areas of the “peaks” or the heights of the bars
indicate the relative abundances of 7)Ne, 7Ne, and 73Ne atoms.
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FIGURE 3.2

(a) Neon gas glowing in a discharge tube. The relative intensities of the signals recorded when natural neon is injected into a mass
spectrometer, represented in terms of (b) “peaks” and (c) a bar graph. The relative areas of the peaks are 0.9092 (**Ne), 0.00257
(*'Ne), and 0.0882 (*’Ne); natural neon is therefore 90.92% *°Ne, 0.257% *'Ne, and 8.82% *’Ne.
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been 10 kilometers in diameter, which is comparable in
size to the asteroid that is assumed to have killed the
dinosaurs.

One factor that had previously cast doubt on an as-
teroid collision as the cause of the P-T catastrophe was
the lack of iridium found in sediments from this period.
However, Becker and other scientists argue that this ab-
sence probably means the impacting object may have been
a comet rather than an asteroid. It is also possible that
such a blow could have intensified the volcanism already
under way on earth at that time, delivering a “one-two
punch” that almost obliterated life on earth, according to
Becker.

It is ironic that “buckyballs,” which made big news
when they were recently synthesized for the first time in the
laboratory, actually have been around for millions of years
and have some very interesting history to teach us.

Isotope ratios of the noble gas atoms inside celestial buckyballs
Figure from Chemical and Engineering News, Feb. 26, 2001, p. 9. indicate that these ancient carbon cages formed in a stellar

Reprinted by permission of Joseph Wilmhoff. environment, not on earth.

ekl The Average Mass of an Element

When a sample of natural copper is vaporized and injected into a mass spectrometer, the
results shown in Fig. 3.3 are obtained. Use these data to compute the average mass of
natural copper. (The mass values for *Cu and ®Cu are 62.93 amu and 64.93 amu,
respectively.)

Solution

As shown by the graph, of every 100 atoms of natural copper, 69.09 are “*Cu and 30.91
are ®Cu. Thus the mass of 100 atoms of natural copper is

am“) = 6355 amu
atem

(69.09 m)<62.93 am”) + (30,91 m)<64.93

Copper nugget.

100 ey The average mass of a copper atom is

6355
%0 69.0 220 A _ 6355 amu/atom
60 100 atoms

This mass value is used in doing calculations involving the reactions of copper and is the

40
S value given in the table inside the front cover of this book.

20

Relative number of atoms

Reality Check: When you finish a calculation, you should always check whether your
0 3 65 answer makes sense. In this case our answer of 63.55 amu is between the masses of the
Mass number atoms that make up natural copper. This makes sense. The answer could not be smaller
than 62.93 amu or larger than 64.93 amu.

FIGURE 3.3

Mass spectrum of natural copper. See Exercises 3.27 and 3.28.
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The Sl definition of the mole is the
amount of a substance that contains as
many entities as there are in exactly 12 g
of carbon-12.

Avogadro’s number is 6.022 X 10%. One
mole of anything is 6.022 X 10% units of
that substance.

The mass of 1 mole of an element is
equal to its atomic mass in grams.

FIGURE 3.4

Proceeding clockwise from the top, samples
containing one mole each of copper,
aluminum, iron, sulfur, iodine, and (in the
center) mercury.

3.3 The Mole

Because samples of matter typically contain so many atoms, a unit of measure called the
mole has been established for use in counting atoms. For our purposes, it is most conve-
nient to define the mole (abbreviated mol) as the number equal to the number of carbon
atoms in exactly 12 grams of pure '>C. Techniques such as mass spectrometry, which count
atoms very precisely, have been used to determine this number as 6.02214 X 10%
(6.022 X 10% will be sufficient for our purposes). This number is called Avogadro’s
number to honor his contributions to chemistry. One mole of something consists of
6.022 X 10% units of that substance. Just as a dozen eggs is 12 eggs, a mole of eggs is
6.022 X10* eggs.

The magnitude of the number 6.022 X 10% is very difficult to imagine. To give you
some idea, 1 mole of seconds represents a span of time 4 million times as long as the
earth has already existed, and 1 mole of marbles is enough to cover the entire earth to a
depth of 50 miles! However, since atoms are so tiny, a mole of atoms or molecules is a
perfectly manageable quantity to use in a reaction (see Fig. 3.4).

How do we use the mole in chemical calculations? Recall that Avogadro’s number is
defined as the number of atoms in exactly 12 grams of '*C. This means that 12 grams of
12C contains 6.022 X 10* atoms. It also means that a 12.01-gram sample of natural carbon
contains 6.022 X 10* atoms (a mixture of '*C, '*C, and '*C atoms, with an average atomic
mass of 12.01). Since the ratio of the masses of the samples (12 g/12.01 g) is the same
as the ratio of the masses of the individual components (12 amu/12.01 amu), the two sam-
ples contain the same number of atoms (6.022 X 10%).

To be sure this point is clear, think of oranges with an average mass of 0.5 pound
each and grapefruit with an average mass of 1.0 pound each. Any two sacks for which
the sack of grapefruit weighs twice as much as the sack of oranges will contain the same
number of pieces of fruit. The same idea extends to atoms. Compare natural carbon (av-
erage mass of 12.01) and natural helium (average mass of 4.003). A sample of 12.01 grams
of natural carbon contains the same number of atoms as 4.003 grams of natural helium.
Both samples contain 1 mole of atoms (6.022 X 10%). Table 3.1 gives more examples
that illustrate this basic idea.

Thus the mole is defined such that a sample of a natural element with a mass equal
to the element’s atomic mass expressed in grams contains 1 mole of atoms. This definition
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TABLE 3.1 Comparison of 1 Mole Samples of Various Elements

Element Number of Atoms Present Mass of Sample (g)
Aluminum 6.022 X 107 26.98
Copper 6.022 X 103 63.55
Iron 6.022 X 10% 55.85
Sulfur 6.022 X 10% 32.07
Todine 6.022 X 10% 126.9
Mercury 6.022 X 10% 200.6

also fixes the relationship between the atomic mass unit and the gram. Since 6.022 X 10%
atoms of carbon (each with a mass of 12 amu) have a mass of 12 g, then

12
(6.022 X 10% m)( amu) -~ 12¢g
atemn

and

6.022 X 10% amu = 1g
1

Exact
number

This relationship can be used to derive the unit factor needed to convert between atomic
mass units and grams.

Determining the Mass of a Sample of Atoms

Americium is an element that does not occur naturally. It can be made in very small
amounts in a device known as a particle accelerator. Compute the mass in grams of a
sample of americium containing six atoms.

Solution
From the table inside the front cover of the text, we note that one americium atom has a
mass of 243 amu. Thus the mass of six atoms is

6 atomms X 243~ — 1 46 X 10 amu
atemn

Using the relationship
6.022 X 10% amu = 1g
we write the conversion factor for converting atomic mass units to grams:

lg
6.022 X 10 amu

The mass of six americium atoms in grams is

lg

1.46 X 10° amu X o
6.022 X 10~ amu

=242Xx10%g

Reality Check: Since this sample contains only six atoms, the mass should be very small
as the amount 2.42 X 107%' g indicates.

See Exercise 3.33.
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an effort to combat the poaching of elephants by con-
trolling illegal exports of ivory, scientists are now using
the isotopic composition of ivory trinkets and elephant
tusks to identify the region of Africa where the elephant
lived. Using a mass spectrometer, scientists analyze the
ivory for the relative amounts of 12c, Bc, “N, BN, %6sr,
and ¥’Sr to determine the diet of the elephant and thus its
place of origin. For example, because grasses use a differ-
ent photosynthetic pathway to produce glucose than do
trees, grasses have a slightly different '*C/'*C ratio from
that of trees. They have different ratios because each time
a carbon atom is added in going from simpler to more com-
plex compounds, the more massive "°C is disfavored rela-
tive to '2C because it reacts more slowly. Because trees use
more steps to build up glucose, they end up with a smaller
13C/'2C ratio in their leaves relative to grasses, and this
difference is then reflected in the tissues of elephants. Thus

To do chemical calculations, you must understand what the mole means and how to
determine the number of moles in a given mass of a substance. These procedures are il-

CHEMICAL IMPACT

Elemental Analysis Catches Elephant Poachers

scientists can tell whether a particular tusk came from a
savanna-dwelling elephant (grass-eating) or from a tree-
browsing elephant.

Similarly, because the ratios of N/"N and 'Sr/36Sr
in elephant tusks also vary depending on the region of Africa
the elephant inhabits, they can be used to trace the elephant’s
origin. In fact, using these techniques, scientists have re-
ported being able to discriminate between elephants living
only about 100 miles apart.

There is now international concern about the dwindling
elephant populations in Africa—their numbers have de-
creased significantly in recent years. This concern has led
to bans in the export of ivory from many countries in Africa.
However, a few nations still allow ivory to be exported. Thus,
to enforce the trade restrictions, the origin of a given piece
of ivory must be established. It is hoped that the “isotope
signature” of the ivory can be used for this purpose.

lustrated in Sample Exercises 3.3 and 3.4.

Sample Exercise 3.3

Determining Moles of Atoms

Aluminum (Al) is a metal with a high strength-to-mass ratio and a high resistance to cor-
rosion; thus it is often used for structural purposes. Compute both the number of moles

of atoms and the number of atoms in a 10.0-g sample of aluminum.

(left) Pure aluminum. (right) Aluminum al-
loys are used for many high-quality bicycle
components, such as this chain wheel.

Solution

The mass of 1 mole (6.022 X 10? atoms) of aluminum is 26.98 g. The sample we are
considering has a mass of 10.0 g. Since the mass is less than 26.98 g, this sample contains
less than 1 mole of aluminum atoms. We can calculate the number of moles of aluminum
atoms in 10.0 g as follows:

1 mol Al

W = (0.371 mol Al atoms

10.0 gAt X



Sample Exercise 3.4

3.3 The Mole 85

The number of atoms in 10.0 g (0.371 mol) of aluminum is

6.022 X 10* at
0.371 mokAt X > T~ 223 X 10 atoms
Reality Check: One mole of Al has a mass of 26.98 g and contains 6.022 X 10?
atoms. Our sample is 10.0 g, which is roughly 1/3 of 26.98. Thus the calculated
amount should be on the order of 1/3 of 6 X 10%, which it is.

See Exercise 3.34.

Calculating Numbers of Atoms

Always check to see if your answer is
sensible.

Paying careful attention to units and
making sure the answer is reasonable
can help you detect an inverted
conversion factor or a number that was
incorrectly entered in your calculator.

Sample Exercise 3.5

A silicon chip used in an integrated circuit of a microcomputer has a mass of 5.68 mg.
How many silicon (Si) atoms are present in the chip?

Solution

The strategy for doing this problem is to convert from milligrams of silicon to grams of
silicon, then to moles of silicon, and finally to atoms of silicon:

1gSi

5.68 meSi X — = = 568 X 107 g Si

' 1000 me st R
568 X 107 g8 x 2O _ 5 05 % 1074 mol Si
. 1 . . = 4. mo 1

28.09 g8
6.022 X 102 at

2.02 X 10~* mekSi X 1 la O _ 122 x 102 atoms

Reality Check: Note that 5.68 mg of silicon is clearly much less than 1 mol of silicon
(which has a mass of 28.09 g), so the final answer of 1.22 X 10%° atoms (compared with
6.022 X 10* atoms) is in the right direction.

See Exercise 3.35.

Calculating the Number of Moles and Mass

Fragments of cobalt metal.

Cobalt (Co) is a metal that is added to steel to improve its resistance to corrosion. Cal-
culate both the number of moles in a sample of cobalt containing 5.00 X 10? atoms and
the mass of the sample.

Solution

Note that the sample of 5.00 X 10?° atoms of cobalt is less than 1 mole (6.022 X 10* atoms)
of cobalt. What fraction of a mole it represents can be determined as follows:

1 mol Co

X = = 8.30 X 10~* mol Co
6.022 X 10~ atoms €0

5.00 X 10% atems€o

Since the mass of 1 mole of cobalt atoms is 58.93 g, the mass of 5.00 X 10*° atoms can
be determined as follows:
58.93 g Co

8.30 X 10" * met€o X —————
1 met€o

=4.89 X 1072gCo

Reality Check: In this case the sample contains 5 X 10%° atoms, which is approximately
1/1000 of a mole. Thus the sample should have a mass of about (1/1000)(58.93) = 0.06.
Our answer of ~0.05 makes sense.

See Exercise 3.36.
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In this case, the term 12.01 limits the
number of significant figures.

A substance’s molar mass is the mass in
grams of 1 mole of the substance.

Sample Exercise 3.6

3.4 Molar Mass

A chemical compound is, ultimately, a collection of atoms. For example, methane (the
major component of natural gas) consists of molecules that each contain one carbon and
four hydrogen atoms (CH,). How can we calculate the mass of 1 mole of methane; that
is, what is the mass of 6.022 X 10* CH, molecules? Since each CH, molecule contains
one carbon atom and four hydrogen atoms, 1 mole of CH, molecules contains 1 mole of
carbon atoms and 4 moles of hydrogen atoms. The mass of 1 mole of methane can be
found by summing the masses of carbon and hydrogen present:

Massof I molC = 1201 ¢g
Massof 4molH =4 X 1.008 g
Mass of 1 mol CH, = 16.04 g

Because 16.04 g represents the mass of 1 mole of methane molecules, it makes sense
to call it the molar mass for methane. Thus the molar mass of a substance is the mass in
grams of one mole of the compound. Traditionally, the term molecular weight has been
used for this quantity. However, we will use molar mass exclusively in this text. The mo-
lar mass of a known substance is obtained by summing the masses of the component atoms
as we did for methane.

Calculating Molar Mass |

Q9
Q9 9O
Q9
29 &
9

Juglone

Sample Exercise 3.7

Juglone, a dye known for centuries, is produced from the husks of black walnuts. It is
also a natural herbicide (weed killer) that kills off competitive plants around the black
walnut tree but does not affect grass and other noncompetitive plants. The formula for
juglone is C;yH¢Os.

a. Calculate the molar mass of juglone.
b. A sample of 1.56 X 1072 g of pure juglone was extracted from black walnut husks.
How many moles of juglone does this sample represent?

Solution

a. The molar mass is obtained by summing the masses of the component atoms. In 1 mole
of juglone there are 10 moles of carbon atoms, 6 moles of hydrogen atoms, and 3 moles
of oxygen atoms:

10C: 10X 1201 g=120.1¢

6H: 6X1008g= 06.048¢g

30: 3X1600g= 48.00g
Mass of 1 mol C;()H¢O; = 174.1 g

The mass of 1 mole of juglone is 174.1 g, which is the molar mass.
b. The mass of 1 mole of this compound is 174.1 g; thus 1.56 X 1072 g is much less than
a mole. The exact fraction of a mole can be determined as follows:

1 mol juglone

TR — 8.96 X 10~ mol juglone

1.56 X 1072 gjuetome X

See Exercises 3.39 through 3.42.

Calculating Molar Mass II

Calcium carbonate (CaCOs5), also called calcite, is the principal mineral found in lime-
stone, marble, chalk, pearls, and the shells of marine animals such as clams.



hen a chemist produces a new molecule, one crucial
Wproperty for making a positive identification is the
molecule’s mass. There are many ways to determine the mo-
lar mass of a compound, but one of the fastest and most ac-
curate methods involves mass spectrometry. This method
requires that the substance be put into the gas phase and ion-
ized. The deflection that the resulting ion exhibits as it is ac-
celerated through a magnetic field can be used to obtain a
very precise value of its mass. One drawback of this method
is that it is difficult to use with large molecules because they
are difficult to vaporize. That is, substances that contain large
molecules typically have very high boiling points, and these
molecules are often damaged when they are vaporized at
such high temperatures. A case in point involves proteins,
an extremely important class of large biologic molecules that
are quite fragile at high temperatures. Typical methods used
to obtain the masses of protein molecules are slow and
tedious.
Mass spectrometry has not been used previously to ob-
tain protein masses because proteins decompose at the

CHEMICAL IMPACT

Measuring the Masses of Large Molecules, or
Making Elephants Fly

3.4 Molar Mass

temperatures necessary to vaporize them. However, a new
technique called matrix-assisted laser desorption has been
developed that allows mass spectrometric determination of
protein molar masses. In this technique, the large “target”
molecule is embedded in a matrix of smaller molecules. The
matrix is then placed in a mass spectrometer and blasted
with a laser beam, which causes its disintegration. Disinte-
gration of the matrix frees the large target molecule, which
is then swept into the mass spectrometer. One researcher in-
volved in this project likened this method to an elephant on
top of a tall building: “The elephant must fly if the building
is suddenly turned into fine grains of sand.”

This technique allows scientists to determine the mass
of huge molecules. So far researchers have measured pro-
teins with masses up to 350,000 daltons (1 dalton is the mass
of a hydrogen atom). This method, which makes mass spec-
trometry a routine tool for the determination of protein
masses, probably will be extended to even larger molecules
such as DNA and could be a revolutionary development in
the characterization of biomolecules.

a. Calculate the molar mass of calcium carbonate.

b. A certain sample of calcium carbonate contains 4.86 moles. What is the mass in grams
of this sample? What is the mass of the CO;*~ ions present?

Solution

a. Calcium carbonate is an ionic compound composed of Ca®* and CO5>~ ions. In 1 mole
of calcium carbonate there are 1 mole of Ca>" ions and 1 mole of CO,*~ ions. The
molar mass is calculated by summing the masses of the components:

_ 1Ca*": 1X40.08g= 40.08¢g
2 1CO
g TR
Calcite crystals. 1C: 1 X120lg= 1201¢g
30: 3X1600g= 48.00g

Mass of 1 mol CaCO; = 100.09 g

Thus the mass of 1 mole of CaCO; (1 mol Ca’* plus 1 mol CO,*") is 100.09 g. This
is the molar mass.

b. The mass of 1 mole of CaCO; is 100.09 g. The sample contains nearly 5 moles, or
close to 500 g. The exact amount is determined as follows:

100.09 g CaCO,

4.86 molCaCoO; X ——=—— 2
3 1 mol-Ca€o;

= 486 g CaCO;
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Sample Exercise 3.8

To find the mass of carbonate ions (CO,>") present in this sample, we must real-
ize that 4.86 moles of CaCO; contains 4.86 moles of Ca*" ions and 4.86 moles of
CO4>" ions. The mass of 1 mole of CO;>~ ions is

1C: 1X1201=1201¢g
30: 3X16.00=48.00g
Mass of 1 mol COy*~ = 60.01 g

Thus the mass of 4.86 moles of CO4>~ ions is

60.01 g CO3

4.86 molCOF™ X ——=—3
’ 1 mol-€67

=292 g CO2~

See Exercises 3.43 through 3.46.

Molar Mass and Numbers of Molecules

Isopentyl acetate is released when a
bee stings.

. Hydrogen
Isopentyl acetate

To show the correct number of significant
figures in each calculation, we round af-
ter each step. In your calculations, always
carry extra significant figures through to
the end; then round.

Isopentyl acetate (C;H,,0,) is the compound responsible for the scent of bananas. A mo-
lecular model of isopentyl acetate is shown in the margin below. Interestingly, bees release
about 1 ug (1 X 107® g) of this compound when they sting. The resulting scent attracts
other bees to join the attack. How many molecules of isopentyl acetate are released in a
typical bee sting? How many atoms of carbon are present?

Solution

Since we are given a mass of isopentyl acetate and want to find the number of molecules,
we must first compute the molar mass:

7 mol C X 12.01i =84.07¢gC
mol

g
14motH X 1.008—— = 14.11 ¢ H
mol £

g 3200g0

2mol O X 16.00 =
mol 130.18 g

This means that 1 mole of isopentyl acetate (6.022 X 10* molecules) has a mass of
130.18 g.
To find the number of molecules released in a sting, we must first determine the num-
ber of moles of isopentyl acetate in 1 X 107° g:
1 mol C7H1402
130.18 g CH0;

Since 1 mole is 6.022 X 107 units, we can determine the number of molecules:

6.022 X 10%° molecules

8 X 107° mol GH70; X =5 X 10" molecules
o | mol-C7HTO;

1 X 10" ° g CH;0; X =8 X 10~ mol C;H,,0,

To determine the number of carbon atoms present, we must multiply the number of mol-
ecules by 7, since each molecule of isopentyl acetate contains seven carbon atoms:
5 X 10’5 moleeutes x | CAPOMAOMS _ o 1516 carbon at
SX —————— = carbon atoms
molecute

Note: In keeping with our practice of always showing the correct number of significant
figures, we have rounded after each step. However, if extra digits are carried throughout
this problem, the final answer rounds to 3 X 10'°.

See Exercises 3.47 through 3.52.
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3.5 Percent Composition of Compounds

There are two common ways of describing the composition of a compound: in terms of
the numbers of its constituent atoms and in terms of the percentages (by mass) of its el-
ements. We can obtain the mass percents of the elements from the formula of the com-
pound by comparing the mass of each element present in 1 mole of the compound to the
total mass of 1 mole of the compound.

For example, for ethanol, which has the formula C,Hs;OH, the mass of each element
present and the molar mass are obtained as follows:

g
M fC = 2mol X 12.01— = 24.02
ass o g
Mass of H = 6 mol X 1.008i = 6.048¢
mol
g
M fO = 1 mot X 16.00— = 16.00
ass o g
Mass of 1 mol C,H;OH = 46.07 g

The mass percent (often called the weight percent) of carbon in ethanol can be computed
by comparing the mass of carbon in 1 mole of ethanol to the total mass of 1 mole of
ethanol and multiplying the result by 100:

mass of C in 1 mol C,H;OH

v Cof C = X 100%
ass percent o mass of 1 mol C,H;OH '

_24.02¢
4607 g

X 100% = 52.14%

The mass percents of hydrogen and oxygen in ethanol are obtained in a similar manner:

mass of H in 1 mol C,H;OH
Mass percent of H = X 100%
mass of 1 mol C,H;OH
_6.048 ¢
46.07 g
mass of O in 1 mol C,H;OH
Mass percent of O = X 100%
mass of 1 mol C,H;OH
_ 1600 ¢g

4607 ¢

X 100% = 13.13%

X 100% = 34.73%

Reality Check: Notice that the percentages add up to 100.00%; this provides a check that
the calculations are correct.

Calculating Mass Percent |

Carvone is a substance that occurs in two forms having different arrangements of the atoms
but the same molecular formula (C,yH,;,0) and mass. One type of carvone gives caraway
seeds their characteristic smell, and the other type is responsible for the smell of spearmint
oil. Compute the mass percent of each element in carvone.

Solution

The masses of the elements in 1 mole of carvone are

. g
M f Cin 1 mol = 10 mol X 12.01— = 120.1
ass of Cin I mo g
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Carvone

Sample Exercise 3.10

. g
M f Hin 1 mol = 14 mol X 1.008—— = 14.11
ass of Hin 1 mo g

. g
M fOin1mol = 1mol X 16.00—— = 16.00
ass of O in 1 mo g

Mass of 1 mol C;(H;,O = 150.2 g

Next we find the fraction of the total mass contributed by each element and convert
it to a percentage:

M tofc = 12018C 000 = 79,969
ass percent of C = 1502 g C,oH,.0 o = 79.96%
14.11gH
Mass percent of H = ———————— X 100% = 9.394%
150.2 g C,,H,,0
16.00 2O
Mass percent of O = ——————— X 100% = 10.65%

150.2 g C,oH,,0

Reality Check: Sum the individual mass percent values—they should total to 100% within
round-off errors. In this case, the percentages add up to 100.00%.

See Exercises 3.59 and 3.60.

Calculating Mass Percent II

Although Fleming is commonly given
credit for the discovery of penicillin, there
is good evidence that penicillium mold ex-
tracts were used in the nineteenth century
by Lord Joseph Lister to cure infections.

Penicillin is isolated from a mold that can

be grown in large quantities in fermenta-
tion tanks.

Penicillin, the first of a now large number of antibiotics (antibacterial agents), was dis-
covered accidentally by the Scottish bacteriologist Alexander Fleming in 1928, but he was
never able to isolate it as a pure compound. This and similar antibiotics have saved mil-
lions of lives that might have been lost to infections. Penicillin F has the formula
C4H,,N,SO,. Compute the mass percent of each element.

Solution
The molar mass of penicillin F is computed as follows:

g
C: 14mot X 12.01— = 168.1
mol &

g
H: 20mot X 1.008—— = 120.16
mol £

g
N: 2mol X 14.01— = 28.02
mol &

g
S:  1lmol X 32.07—— = 32.07
mol &

g
O: 4mol X 16.00— = 64.00
i g

Mass of 1 mol C14H20N2SO4 = 3124 8

Mass percent of C = 168.1gC X 100% = 53.81%
312.4 g C,;HyN,SO,
Mass percent of H = 20.16¢H X 100% = 6.453%
312.4 g C,;HyN,SO,
Mass percent of N = 2802¢ N X 100% = 8.969%
32.07¢gS
Mass percent of S = X 100% = 10.27%

312.4 g C]4H20NQSO4
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64.00 g O

Mass percent of O = X 100% = 20.49%

Reality Check: The percentages add up to 99.99%.
See Exercises 3.61 and 3.62.

3.6 Determining the Formula of a Compound

When a new compound is prepared, one of the first items of interest is the formula of the
compound. This is most often determined by taking a weighed sample of the compound
and either decomposing it into its component elements or reacting it with oxygen to pro-
duce substances such as CO,, H,O, and N,, which are then collected and weighed. A
device for doing this type of analysis is shown in Fig. 3.5. The results of such analyses
provide the mass of each type of element in the compound, which can be used to determine
the mass percent of each element.

We will see how information of this type can be used to compute the formula of a
compound. Suppose a substance has been prepared that is composed of carbon, hydro-
gen, and nitrogen. When 0.1156 gram of this compound is reacted with oxygen, 0.1638
gram of carbon dioxide (CO,) and 0.1676 gram of water (H,O) are collected. Assuming
that all the carbon in the compound is converted to CO,, we can determine the mass of
carbon originally present in the 0.1156-gram sample. To do this, we must use the fraction
(by mass) of carbon in CO,. The molar mass of CO, is

g
C: l1lmol X 12.01— = 12.01
mol g

O: 2mot X 16.00i =3200¢g
mol

Molar mass of CO, = 44.01 g/mol
The fraction of carbon present by mass is
Mass of C 1201 gC
Total mass of CO,  44.01 g CO,
This factor can now be used to determine the mass of carbon in 0.1638 gram of CO,:
1201 gC
44.01 €6,

Remember that this carbon originally came from the 0.1156-gram sample of unknown
compound. Thus the mass percent of carbon in this compound is

0.04470 g C
0.1156 g compound

0.1638 g€6; X =0.04470 g C

X 100% = 38.67% C

Furnace CO,, H,0, O,, and other gases 0O, and

other gases
/"7777 — B\ AV
= ﬂi CO, absorber

H,O absorber such as NaOH
such as Mg(ClOy),

FIGURE 3.5

A schematic diagram of the combustion device used to analyze substances for carbon and hydrogen. The
sample is burned in the presence of excess oxygen, which converts all its carbon to carbon dioxide and
all its hydrogen to water. These products are collected by absorption using appropriate materials, and
their amounts are determined by measuring the increase in masses of the absorbents.
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The same procedure can be used to find the mass percent of hydrogen in the unknown
compound. We assume that all the hydrogen present in the original 0.1156 gram of com-
pound was converted to H,O. The molar mass of H,O is 18.02 grams, and the fraction of
hydrogen by mass in H,O is

Massof H ~ 2.016 gH
Mass of H,O  18.02 g H,O

Therefore, the mass of hydrogen in 0.1676 gram of H,O is
2016 gH
18.02 g H-O
The mass percent of hydrogen in the compound is

0.01875gH
0.1156 g compound

0.1676 g H50 X = 0.01875gH

X 100% = 16.22% H

The unknown compound contains only carbon, hydrogen, and nitrogen. So far we have de-
termined that it is 38.67% carbon and 16.22% hydrogen. The remainder must be nitrogen:

100.00% — (38.67% + 16.22%) = 45.11% N
0 1
% C % H
We have determined that the compound contains 38.67% carbon, 16.22% hydrogen, and
45.11% nitrogen. Next we use these data to obtain the formula.

Since the formula of a compound indicates the numbers of atoms in the compound,
we must convert the masses of the elements to numbers of atoms. The easiest way to do
this is to work with 100.00 grams of the compound. In the present case, 38.67% carbon
by mass means 38.67 grams of carbon per 100.00 grams of compound; 16.22% hydrogen
means 16.22 grams of hydrogen per 100.00 grams of compound; and so on. To determine
the formula, we must calculate the number of carbon atoms in 38.67 grams of carbon, the
number of hydrogen atoms in 16.22 grams of hydrogen, and the number of nitrogen atoms
in 45.11 grams of nitrogen. We can do this as follows:

1 mol C

67 2€ X —2> = 3220 mol
38.67 g€ 1201 g€ 3.220 mol C
1 mol H
1622 gH X —————— = 16.09 mol H
1.008 ¢ H
4511 eN x TN o0 ol N
. aEE———e mo
14.01 N

Thus 100.00 grams of this compound contains 3.220 moles of carbon atoms, 16.09 moles
of hydrogen atoms, and 3.219 moles of nitrogen atoms.

We can find the smallest whole-number ratio of atoms in this compound by dividing
each of the mole values above by the smallest of the three:

22

C: 3.220 =1.000 =1
3.220
16.09

H —=4 =
3.220 997 =3
3.219

D=1 =1
N 3.220 000

Thus the formula might well be CHsN. However, it also could be C,H;(N, or C;H;s5N3,
and so on—that is, some multiple of the smallest whole-number ratio. Each of these al-
ternatives also has the correct relative numbers of atoms. That is, any molecule that can



FIGURE 3.6

Examples of substances whose empirical
and molecular formulas differ. Notice that
molecular formula = (empirical formula),,
where n is an integer.

Molecular formula = (empirical formula),,,
where nis an integer.

Sample Exercise 3.11

3.6 Determining the Formula of a Compound 93

CsHg = (CH)s Sg=(S) CeH ;04 = (CH,0),

be represented as (CHsN),, where n is an integer, has the empirical formula CH;N. To
be able to specify the exact formula of the molecule involved, the molecular formula,
we must know the molar mass.

Suppose we know that this compound with empirical formula CHsN has a molar mass
of 31.06 g/mol. How do we determine which of the possible choices represents the mo-
lecular formula? Since the molecular formula is always a whole number multiple of the
empirical formula, we must first find the empirical formula mass for CHsN:

1C: 1 X1201g=1201g¢g
SH: 5X1.008g= 5040¢g
IN: 1X1401g=1401¢g
Formula mass of CHsN = 31.06 g/mol
This is the same as the known molar mass of the compound. Thus in this case the empirical
formula and the molecular formula are the same; this substance consists of molecules with

the formula CH;sN. It is quite common for the empirical and molecular formulas to be
different; some examples where this is the case are shown in Fig. 3.6.

Determining Empirical and Molecular Formulas I

Determine the empirical and molecular formulas for a compound that gives the following
percentages upon analysis (in mass percents):

71.65% Cl 24.27% C 4.07% H
The molar mass is known to be 98.96 g/mol.
Solution

First, we convert the mass percents to masses in grams. In 100.00 g of this compound
there are 71.65 g of chlorine, 24.27 g of carbon, and 4.07 g of hydrogen. We use these
masses to compute the moles of atoms present:

7165 get x 1L ol molcl
35.45 gt
2427 g€ x 1MC o molC
1201 g€
407 g8 x DM s ol 1
1.008 g H

Dividing each mole value by 2.021 (the smallest number of moles present), we obtain the
empirical formula CICH,.
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FIGURE 3.7
The two forms of dichloroethane.

Sample Exercise 3.12

To determine the molecular formula, we must compare the empirical formula mass
with the molar mass. The empirical formula mass is 49.48 g/mol (confirm this). The mo-
lar mass is known to be 98.96 g/mol.

Molar mass 9896 g/mol
Empirical formula mass ~ 49.48 g/mol
Molecular formula = (CICH,), = CI,C,H,

This substance is composed of molecules with the formula Cl,C,H,.

Notice that the method we employ here allows us to determine the molecular formula
of a compound but not its structural formula. The compound Cl,C,H, is called
dichloroethane. There are two forms of this compound, shown in Fig. 3.7. The form on
the right was formerly used as an additive in leaded gasoline.

See Exercises 3.57 and 3.58.

Determining Empirical and Molecular Formulas 11

FIGURE 3.8

The structure of P,0,,. Note that some of

the oxygen atoms act as “bridges” between
the phosphorus atoms. This compound has
a great affinity for water and is often used
as a desiccant, or drying agent.

A white powder is analyzed and found to contain 43.64% phosphorus and 56.36% oxy-
gen by mass. The compound has a molar mass of 283.88 g/mol. What are the compound’s
empirical and molecular formulas?

Solution

In 100.00 g of this compound there are 43.64 g of phosphorus and 56.36 g of oxygen. In
terms of moles, in 100.00 g of the compound we have

4364 6P x 2P ) 400 mot p
. ———— = 1.409 mo
30.97 g¢P
1 mol O
56.36 g0 X — = = 3523 mol O
16.00 2©
Dividing both mole values by the smaller one gives
1.409 3.523
—=1P — =12
1.409 and 400 = 200

This yields the formula PO, 5. Since compounds must contain whole numbers of atoms,
the empirical formula should contain only whole numbers. To obtain the simplest
set of whole numbers, we multiply both numbers by 2 to give the empirical for-
mula P,0s.

To obtain the molecular formula, we must compare the empirical formula mass to the
molar mass. The empirical formula mass for P,O5 is 141.94.

Molar mass _283.88
Empirical formula mass ~ 141.94

The molecular formula is (P,0s),, or P,O,,.
The structural formula of this interesting compound is given in Fig. 3.8.

See Exercise 3.59.

In Sample Exercises 3.11 and 3.12 we found the molecular formula by comparing
the empirical formula mass with the molar mass. There is an alternate way to obtain the
molecular formula. For example, in Sample Exercise 3.11 we know the molar mass of the
compound is 98.96 g/mol. This means that 1 mole of the compound weighs 98.96 grams.
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Since we also know the mass percentages of each element, we can compute the mass of
each element present in 1 mole of compound:

. 71.65¢gCl 98.96 g 70.90 g Cl1
Chlorine: X =
100.0 g compound mol mol compound
2427¢gC 98.96 g 24.02¢gC
Carbon: X =
100.0 g compound mol mol compound
4.07¢gH 98.96 g 4.03gH
Hydrogen: X =
100.0 g compound mol mol compound
Now we can compute moles of atoms present per mole of compound:
. 70.90 g€1 1 mol Cl 2.000 mol Cl1
Chlorine: X =
mol compound 3545 g€t  mol compound
24.02 g€ 1 mol C 2.000 mol C
Carbon: X =
mol compound  12.01 g€ mol compound
4.03 gH 1 mol H 4.00 mol H
Hydrogen: X =
mol compound  1.008gH  mol compound

Thus 1 mole of the compound contains 2 mol Cl atoms, 2 mol C atoms, and 4 mol H
atoms, and the molecular formula is C1,C,H,, as obtained in Sample Exercise 3.11.

Determining a Molecular Formula

Computer-generated molecule of caffeine.

Caffeine, a stimulant found in coffee, tea, and chocolate, contains 49.48% carbon, 5.15% hy-
drogen, 28.87% nitrogen, and 16.49% oxygen by mass and has a molar mass of 194.2 g/mol.
Determine the molecular formula of caffeine.

Solution

We will first determine the mass of each element in 1 mole (194.2 g) of caffeine:

4948 g C 1942¢  96.09gC
100.0 g caffeine mol  mol caffeine
5.15gH 1942¢  100gH
100.0 g caffeine mol  mol caffeine
28.87gN 1942¢  56.07gN
100.0 g caffeine mol  mol caffeine
1649 ¢ 0O 1942¢  32.02g0
100.0 g caffeine mol  mol caffeine

Now we will convert to moles:

96.09 g€ 1 mol C 8.001 mol C

Carbon: . = -
mol caffeine  12.01 g€  mol caffeine
10.0 gH 1 mol H 9.92 mol H

Hydrogen: - = -
mol caffeine  1.008 gH  mol caffeine
. 56.07 gN 1 mol N 4.002 mol N

Nitrogen: ; = -
mol caffeine  14.01 g¢N  mol caffeine
32.02 g© 1 mol O 2.001 mol O

Oxygen: =

16.00 2© ~ mol caffeine

Rounding the numbers to integers gives the molecular formula for caffeine: CgH,(N,O,.

mol caffeine

See Exercise 3.76.
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Numbers very close to whole numbers,
such as 9.92 and 1.08, should be
rounded to whole numbers. Numbers
such as 2.25, 4.33, and 2.72 should not
be rounded to whole numbers.

Note that method two assumes that the
molar mass of the compound is known
accurately.

The methods for obtaining empirical and molecular formulas are summarized as

follows:

Empirical Formula Determination

e Since mass percentage gives the number of grams of a particular element per 100 grams
of compound, base the calculation on 100 grams of compound. Each percent will then
represent the mass in grams of that element.

e Determine the number of moles of each element present in 100 grams of compound
using the atomic masses of the elements present.

e Divide each value of the number of moles by the smallest of the values. If each resulting
number is a whole number (after appropriate rounding), these numbers represent the
subscripts of the elements in the empirical formula.

o If the numbers obtained in the previous step are not whole numbers, multiply each
number by an integer so that the results are all whole numbers.

Molecular Formula Determination

Method One

e Obtain the empirical formula.

o Compute the mass corresponding to the empirical formula.
o (Calculate the ratio

Molar mass
Empirical formula mass

e The integer from the previous step represents the number of empirical formula units
in one molecule. When the empirical formula subscripts are multiplied by this inte-
ger, the molecular formula results. This procedure is summarized by the equation:

molar mass
empirical formula mass

Molecular formula = (empirical formula) X

Method Two

o Using the mass percentages and the molar mass, determine the mass of each element
present in one mole of compound.

e Determine the number of moles of each element present in one mole of compound.

e The integers from the previous step represent the subscripts in the molecular formula.

3.7 Chemical Equations

Chemical Reactions

A chemical change involves a reorganization of the atoms in one or more substances. For
example, when the methane (CH,) in natural gas combines with oxygen (O,) in the air
and burns, carbon dioxide (CO,) and water (H,O) are formed. This process is represented



Methane reacts with oxygen to produce the
flame in a Bunsen burner.
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by a chemical equation with the reactants (here methane and oxygen) on the left side
of an arrow and the products (carbon dioxide and water) on the right side:

CH4 + 02 — C02 + H20

Reactants Products

Notice that the atoms have been reorganized. Bonds have been broken, and new ones have
been formed. It is important to recognize that in a chemical reaction, atoms are neither
created nor destroyed. All atoms present in the reactants must be accounted for among
the products. In other words, there must be the same number of each type of atom on the
product side and on the reactant side of the arrow. Making sure that this rule is obeyed is
called balancing a chemical equation for a reaction.

The equation (shown above) for the reaction between CH, and O, is not balanced.
We can see this from the following representation of the reaction:

o w8 o

Notice that the number of oxygen atoms (in O,) on the left of the arrow is two, while on
the right there are three O atoms (in CO, and H,0). Also, there are four hydrogen atoms
(in CH,) on the left and only two (in H,O) on the right. Remember that a chemical reac-
tion is simply a rearrangement of the atoms (a change in the way they are organized).
Atoms are not created or destroyed in a chemical reaction. Thus the reactants and prod-
ucts must occur in numbers that give the same number of each type of atom among both
the reactants and products. Simple trial and error will allow us to figure this out for the
reaction of methane with oxygen. The needed numbers of molecules are

o 332
gQ) >

Notice that now we have the same number of each type of atom represented among the
reactants and the products.

We can represent the preceding situation in a shorthand manner by the following
chemical equation:

CH, + 20, —> CO, + 2H,0

We can check that the equation is balanced by comparing the number of each type of atom
on both sides:

CH, + 20, — CO, + 2H,0
71 0 rr 7

1C 4H | 1C | 4H |
40 20 20
To summarize, we have
Reactants Products
1C 1C
4 H 4 H

40 40
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TABLE 3.2 Information Conveyed by the Balanced Equation for the Combustion of Methane

Reactants Products

CH,(g) + 204(g) — CO,(g) + 2H,0(g)

1 molecule + 2 molecules 1 molecule + 2 molecules

SN

1 mole + 2 moles —> 1 mole + 2 moles

6.022 X 10* molecules + 2 (6.022 X 10* molecules) ——  6.022 X 10* molecules + 2 (6.022 X 10* molecules)
16g +2(32¢g) 449 + 2 (18 g)

80 g reactants

I

80 g products

The Meaning of a Chemical Equation

The chemical equation for a reaction gives two important types of information: the nature

“f«vi» Visualization: Oxygen, of the reactants and products and the relative numbers of each.
(Q;t‘\b Hydrogen, Soap Bubbles, The reactants and products in a specific reaction must be identified by experiment.
pa—— and Balloons Besides specifying the compounds involved in the reaction, the equation often gives the

physical states of the reactants and products:

State Symbol
Solid (s)
Liquid @
Gas (®
Dissolved in water (in aqueous solution) (aq)

For example, when hydrochloric acid in aqueous solution is added to solid sodium hy-
drogen carbonate, the products carbon dioxide gas, liquid water, and sodium chloride
(which dissolves in the water) are formed:

HCl(aq) + NaHCOs(s) —> CO,(g) + H,0(/) + NaCl(aq)

The relative numbers of reactants and products in a reaction are indicated by the co-
efficients in the balanced equation. (The coefficients can be determined because we know
that the same number of each type of atom must occur on both sides of the equation.) For
example, the balanced equation

CH,(g) + 20,(g) — CO,(g) + 2H,0(g)

can be interpreted in several equivalent ways, as shown in Table 3.2. Note that the total
mass is 80 grams for both reactants and products. We expect the mass to remain constant,
since chemical reactions involve only a rearrangement of atoms. Atoms, and therefore
mass, are conserved in a chemical reaction.

Hydrochloric acid reacts with solid sodium o . . . )
hydrogen carbonate to produce gaseous From this discussion you can see that a balanced chemical equation gives you a great

carbon dioxide. deal of information.

3.8 Balancing Chemical Equations

An unbalanced chemical equation is of limited use. Whenever you see an equation, you should
ask yourself whether it is balanced. The principle that lies at the heart of the balancing process
is that atoms are conserved in a chemical reaction. The same number of each type of atom
must be found among the reactants and products. It is also important to recognize that the
WWh  \isualization: Conservation identities of the reactants and products of a reaction are determined by experimental obser-

(»Y;‘% of Mass and Balancing vation. For example, when liquid ethanol is burned in the presence of sufficient oxygen gas,
- Equations the products are always carbon dioxide and water. When the equation for this reaction is



In balancing equations, start with the
most complicated molecule.
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balanced, the identities of the reactants and products must not be changed. The formulas of
the compounds must never be changed in balancing a chemical equation. That is, the subscripts
in a formula cannot be changed, nor can atoms be added or subtracted from a formula.

Most chemical equations can be balanced by inspection, that is, by trial and error. It
is always best to start with the most complicated molecules (those containing the great-
est number of atoms). For example, consider the reaction of ethanol with oxygen, given
by the unbalanced equation

C,HsOH(/) + O,(g) — CO,(g) + H,0(g)

which can be represented by the following molecular models:

QF @ — - 2
Notice that the carbon and hydrogen atoms are not balanced. There are two carbon atoms on
the left and one on the right, and there are six hydrogens on the left and two on the right.
We need to find the correct numbers of reactants and products so that we have the same
number of all types of atoms among the reactants and products. We will balance the
equation “by inspection” (a systematic trial-and-error procedure).

The most complicated molecule here is C,H;OH. We will begin by balancing the
products that contain the atoms in C,HsOH. Since C,H;OH contains two carbon atoms,
we place the coefficient 2 before the CO, to balance the carbon atoms:

C,oHsOH() + Os(g) — 2CO5(g) + H20(g)
2 C atoms 2 C atoms

Since C,Hs;OH contains six hydrogen atoms, the hydrogen atoms can be balanced by
placing a 3 before the H,O:

C,HsOH(l) + O4(g) — 2CO4(g) + 3H,0(g)
S+ H 3x2)H

Last, we balance the oxygen atoms. Note that the right side of the preceding equation con-
tains seven oxygen atoms, whereas the left side has only three. We can correct this by
putting a 3 before the O, to produce the balanced equation:

C,HsOH() + 304(g) = 2C0s(g) + 3H:0(g)
10 60 (2% 2)0 30

——————

E 70

Now we check:

C,HsOH(!) + 305(g) — 2C0,(g) + 3H,0(g)

2 C atoms 2 C atoms
6 H atoms 6 H atoms
7 0O atoms 7 O atoms

The equation is balanced.
The balanced equation can be represented as follows:

I
# + ) — g +
<J

R
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Sample Exercise 3.14

You can see that all the elements balance.

Writing and Balancing the Equation for a Chemical Reaction

=> 1 Determine what reaction is occurring. What are the reactants, the products, and
the physical states involved?

=> ) Write the unbalanced equation that summarizes the reaction described in step 1.

=> 3 Balance the equation by inspection, starting with the most complicated mole-
cule(s). Determine what coefficients are necessary so that the same number of
each type of atom appears on both reactant and product sides. Do not change
the identities (formulas) of any of the reactants or products.

Balancing a Chemical Equation I

Chromate and dichromate compounds
are carcinogens (cancer-inducing agents)
and should be handled very carefully.

Chromium compounds exhibit a variety of bright colors. When solid ammonium dichro-
mate, (NH,),Cr,0,, a vivid orange compound, is ignited, a spectacular reaction occurs,
as shown in the two photographs on the next page. Although the reaction is actually
somewhat more complex, let’s assume here that the products are solid chromium(III)
oxide, nitrogen gas (consisting of N, molecules), and water vapor. Balance the equation
for this reaction.

Solution

®> 1 From the description given, the reactant is solid ammonium dichromate,
(NH,),Cr,0,(s), and the products are nitrogen gas, N,(g), water vapor, H,O(g),
and solid chromium(III) oxide, Cr,0O5(s). The formula for chromium(III) oxide can
be determined by recognizing that the Roman numeral III means that Cr** ions are
present. For a neutral compound, the formula must then be Cr,0;, since each oxide ion
is 0%

®> ) The unbalanced equation is

(NH,),Cr,04(s) = Cr,04(s) + Ny(g) + H,0(g)

= 3 Note that nitrogen and chromium are balanced (two nitrogen atoms and two
chromium atoms on each side), but hydrogen and oxygen are not. A coefficient of 4 for
H,O balances the hydrogen atoms:

(NH,),Cr,04(s) = Cr.04(s) + Ny(g) + 4H,0(g)
4 XxX2H 4X2H

Note that in balancing the hydrogen we also have balanced the oxygen, since there are
seven oxygen atoms in the reactants and in the products.

Reality Check:
2N, 8 H, ,70>2N,8H, ,70

Reactant Product
atoms atoms

The equation is balanced.

See Exercises 3.81 and 3.82.




Decomposition of ammonium dichromate.

Sample Exercise 3.15
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Balancing a Chemical Equation 11

The Ostwald process is described in
Section 20.2.

At 1000°C, ammonia gas, NH;(g), reacts with oxygen gas to form gaseous nitric oxide,
NO(g), and water vapor. This reaction is the first step in the commercial production of
nitric acid by the Ostwald process. Balance the equation for this reaction.

Solution
The unbalanced equation for the reaction is
NH;(g) + Oy(g) > NO(g) + H,0(g)

Because all the molecules in this equation are of about equal complexity, where we
start in balancing it is rather arbitrary. Let’s begin by balancing the hydrogen. A
coefficient of 2 for NH; and a coefficient of 3 for H,O give six atoms of hydrogen on
both sides:

2NH;(g) + O,(g) > NO(g) + 3H,0(g)
The nitrogen can be balanced with a coefficient of 2 for NO:
2NH;(g) + O,(g) > 2NO(g) + 3H0(g)

Finally, note that there are two atoms of oxygen on the left and five on the right. The
oxygen can be balanced with a coefficient of 3 for O,:

INH,(g) + %Oz(g) S 2NO(g) + 3H,0(2)

However, the usual custom is to have whole-number coefficients. We simply multiply the
entire equation by 2.

4NH;(g) + 50,(g) = 4NO(g) + 6H,0(g)

Reality Check: There are 4 N, 12 H, and 10 O on both sides, so the equation is balanced.
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Before doing any calculations involving a
chemical reaction, be sure the equation
for the reaction is balanced.

We can represent this balanced equation visually as
+

€€EEE
¢
€CEC
LR
LR

See Exercises 3.83 through 3.88.

3.9 Sstoichiometric Calculations: Amounts of
Reactants and Products

As we have seen in previous sections of this chapter, the coefficients in chemical equa-
tions represent numbers of molecules, not masses of molecules. However, when a reac-
tion is to be run in a laboratory or chemical plant, the amounts of substances needed cannot
be determined by counting molecules directly. Counting is always done by weighing. In
this section we will see how chemical equations can be used to determine the masses of
reacting chemicals.

To develop the principles for dealing with the stoichiometry of reactions, we will con-
sider the reaction of propane with oxygen to produce carbon dioxide and water. We will
consider the question: “What mass of oxygen will react with 96.1 grams of propane?” In
doing stoichiometry, the first thing we must do is write the balanced chemical equation
for the reaction. In this case the balanced equation is

C;Hg(g) + 50,(g) — 3CO,(g) + 4H,0(g)

which can be visualized as

by
88?88
1T

This equation means that 1 mole of C3Hg reacts with 5 moles of O, to produce 3 moles
of CO, and 4 moles of H,O. To use this equation to find the masses of reactants and prod-
ucts, we must be able to convert between masses and moles of substances. Thus we must
first ask: “How many moles of propane are present in 96.1 grams of propane?” The molar



3.9 Stoichiometric Calculations: Amounts of Reactants and Products

he next time that you visit a gas station, take a moment to
note the octane rating that accompanies the grade of gaso-
line that you are purchasing. The gasoline is priced according
to its octane rating—a measure of the fuel’s antiknock prop-
erties. In a conventional internal combustion engine, gasoline
vapors and air are drawn into the combustion cylinder on the
downward stroke of the piston. This air—fuel mixture is com-
pressed on the upward piston stroke (compression stroke), and
a spark from the sparkplug ignites the mix. The rhythmic com-
bustion of the air—fuel mix occurring sequentially in several
cylinders furnishes the power to propel the vehicle down the
road. Excessive heat and pressure (or poor-quality fuel) within
the cylinder may cause the premature combustion of the mix-
ture—commonly known as engine ‘“knock” or “ping.” Over
time, this engine knock can damage the engine, resulting in
inefficient performance and costly repairs.

A consumer typically is faced with three choices of
gasoline, with octane ratings of 87 (regular), 89 (midgrade),
and 93 (premium). But if you happen to travel or live in the

CHEMICAL IMPACT

High Mountains—Low Octane

higher elevations of the Rocky Mountain states, you might
be surprised to find different octane ratings at the gasoline
pumps. The reason for this provides a lesson in stoichiom-
etry. At higher elevations the air is less dense—the volume
of oxygen per unit volume of air is smaller. Most engines
are designed to achieve a 14:1 oxygen-to-fuel ratio in the
cylinder prior to combustion. If less oxygen is available, then
less fuel is required to achieve this optimal ratio. In turn, the
lower volumes of oxygen and fuel result in a lower pressure
in the cylinder. Because high pressure tends to promote
knocking, the lower pressure within engine cylinders at
higher elevations promotes a more controlled combustion of
the air—fuel mixture, and therefore, octane requirements are
lower. While consumers in the Rocky Mountain states can
purchase three grades of gasoline, the octane ratings of these
fuel blends are different from those in the rest of the United
States. In Denver, Colorado, regular gasoline is 85 octane,
midgrade is 87 octane, and premium is 91 octane—2 points
lower than gasoline sold in most of the rest of the country.
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mass of propane to three significant figures is 44.1 (that is, 3 X 12.01 + 8 X 1.008). The
moles of propane can be calculated as follows:

1 mol C;Hy
96.1 g G5H; X m = 2.18 mol C;Hg

Next we must take into account the fact that each mole of propane reacts with 5 moles
of oxygen. The best way to do this is to use the balanced equation to construct a mole
ratio. In this case we want to convert from moles of propane to moles of oxygen. From
the balanced equation we see that 5 moles of O, is required for each mole of C;Hj, so the
appropriate ratio is

5 mol O,
1 mol C;Hg
Multiplying the number of moles of C;Hg by this factor gives the number of moles of O,
required:
218 mokest x — O _ 69 010,
1 molE5H;

Notice that the mole ratio is set up so that the moles of C;Hg cancel out, and the units
that result are moles of O,.

Since the original question asked for the mass of oxygen needed to react with
96.1 grams of propane, the 10.9 moles of O, must be converted to grams. Since the molar
mass of O, is 32.0 g/mol,

32.0¢ 0,
1 met-©;

Therefore, 349 grams of oxygen is required to burn 96.1 grams of propane.

10.9 met6; X =349 50,
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This example can be extended by asking: “What mass of carbon dioxide is produced
when 96.1 grams of propane is combusted with oxygen?” In this case we must convert between
moles of propane and moles of carbon dioxide. This can be accomplished by looking at the
balanced equation, which shows that 3 moles of CO, is produced for each mole of C;Hj re-
acted. The mole ratio needed to convert from moles of propane to moles of carbon dioxide is

3 mol CO,
1 mol C;Hg
The conversion is
2.18 moHEsH; X 3 mol €O, = 6.54 mol CO,
1 moHE5Hg
Then, using the molar mass of CO, (44.0 g/mol), we calculate the mass of CO, produced:
44.0 g CO,
6.54 met€O; X —————— = 288 g CO,
1 mel-€6;

‘We will now summarize the sequence of steps needed to carry out stoichiometric calculations.

1 mol C3H8
44.1 g C3H8

3 mol CO,

96.1 g C3Hg 1 mol C3Hg

2.18 mol C3Hg 6.54 mol CO,

44.0 g CO,

2
I'mol co, / 2888C02

Calculating Masses of Reactants and Products in Chemical Reactions

=> 1 Balance the equation for the reaction.

=> ) Convert the known mass of the reactant or product to moles of that substance.
=> 3 Use the balanced equation to set up the appropriate mole ratios.

=> 4 Use the appropriate mole ratios to calculate the number of moles of the desired
reactant or product.

=> 5 Convert from moles back to grams if required by the problem.

These steps are summarized by the following diagram:

Balanced chemical
equation

Find appropriate
mole ratio

Moles desired substance
Moles known substance

Mass of Mass of desired
known substance substance

Convert Convert
to moles to grams
Use mole ratio

Moles of to convert Moles of desired
known substance substance
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Chemical Stoichiometry I

Astronaut Sidney M. Gutierrez changes the
lithium hydroxide cannisters on space
shuttle Columbia. The lithium hydroxide is
used to purge carbon dioxide from the air
in the shuttle’s cabin.

Sample Exercise 3.17

Solid lithium hydroxide is used in space vehicles to remove exhaled carbon dioxide from
the living environment by forming solid lithium carbonate and liquid water. What mass
of gaseous carbon dioxide can be absorbed by 1.00 kg of lithium hydroxide?

Solution

> 1 Using the description of the reaction, we can write the unbalanced equation:
LiOH(s) + CO,(g) —> Li,COx(s) + H,0(/)

The balanced equation is
2LiOH(s) + CO,(g) — Li,CO4(s) + H,0(I)

> ) We convert the given mass of LiOH to moles, using the molar mass of LiOH
(6.941 + 16.00 + 1.008 = 23.95 g/mol):

1000 g1 1 mol LiOH
1 kg LiOH = 23.95 g LioH

= 3 Since we want to determine the amount of CO, that reacts with the given amount
of LiOH, the appropriate mole ratio is

1.00 kg HHOH X = 41.8 mol LiOH

1 mol CO,
2 mol LiOH

> 4 We calculate the moles of CO, needed to react with the given mass of LiOH using
this mole ratio:

1 mol CO,

41.8 meH=AOH X > molLiOH = 20.9 mol CO,

= 5 Next we calculate the mass of CO,, using its molar mass (44.0 g/mol):
44.0 g CO,
1 mel-€0;
Thus 920. g of CO,(g) will be absorbed by 1.00 kg of LiOH(s).

See Exercises 3.89 and 3.90.

20.9 mot€6; X =920 X 10? g CO,

Chemical Stoichiometry Il

Baking soda (NaHCO5) is often used as an antacid. It neutralizes excess hydrochloric acid
secreted by the stomach:

NaHCO;,(s) + HCl(ag) —> NaCl(ag) + H,O(/) + CO,(aq)

Milk of magnesia, which is an aqueous suspension of magnesium hydroxide, is also used
as an antacid:

Mg(OH),(s) + 2HCl(aq) —> 2H,0(l) + MgCl,(aq)
Which is the more effective antacid per gram, NaHCO; or Mg(OH),?
Solution

To answer the question, we must determine the amount of HCI neutralized per gram of
NaHCO; and per gram of Mg(OH),. Using the molar mass of NaHCO; (84.01 g/mol), we
can determine the moles of NaHCO; in 1.00 g of NaHCOs:

1 mol NaHCO;

—————— = =119 X 10~% mol NaHCO,
84.01 g NaH€EO;

1.00 g NaHEOo; X



106 Chapter Three Stoichiometry

Milk of magnesia contains a suspension of
Mg(OH),(s).

The details of the Haber process are
discussed in Section 19.2.

N Whe

@ Visualization: Limiting Reactant

Next we determine the moles of HCI using the mole ratio 1 mol HCl/1 mol NaHCOj:

1 mol HCI
1 mol NaHCO;
Thus 1.00 g of NaHCO; will neutralize 1.19 X 10~ mol HCI.

Using the molar mass of Mg(OH), (58.32 g/mol), we determine the moles of Mg(OH),
in 1.00 g:

1.19 X 1072 molNaHEO; X = 1.19 X 10"* mol HCI

1 mol Mg(OH),
58.32 g Me(OH);

To determine the moles of HCI that will react with this amount of Mg(OH),, we use the
mole ratio 2 mol HCI/1 mol Mg(OH),:

1.00 g MefoH); X = 1.71 X 10"* mol Mg(OH),

2 mol HCl
1.71 X 107* molMe(OH); X ————————
1 mol Me(OH);

Thus 1.00 g of Mg(OH), will neutralize 3.42 X 10~ mol HCL. It is a better antacid per
gram than NaHCO;.

= 3.42 X 107% mol HCI

See Exercises 3.91 and 3.92.

3.10 calculations Involving a Limiting Reactant

When chemicals are mixed together to undergo a reaction, they are often mixed in stoi-
chiometric quantities, that is, in exactly the correct amounts so that all reactants “run
out” (are used up) at the same time. To clarify this concept, let’s consider the production
of hydrogen for use in the manufacture of ammonia by the Haber process. Ammonia, a
very important fertilizer itself and a starting material for other fertilizers, is made by com-
bining nitrogen (from the air) with hydrogen according to the equation

Na(g) + 3Hy(g) — 2NH;(g)
Hydrogen can be obtained from the reaction of methane with water vapor:
CH,(g) + H,0(g) — 3H,(g) + CO(g)

We can illustrate what we mean by stoichiometric quantities by first visualizing the
balanced equation as follows:

o

-2 — » -+ @
Since this reaction involves one molecule of methane reacting with one molecule of wa-
ter, to have stoichiometric amounts of methane and water we must have equal numbers
of them, as shown in Fig. 3.9, where several stoichiometric mixtures are shown.

Suppose we want to calculate the mass of water required to react exactly with
2.50 X 10° kilograms of methane. That is, how much water will just consume all the
2.50 X 10° kilograms of methane, leaving no methane or water remaining?

To do this calculation, we need to recognize that we need equal numbers of methane
and water molecules. Therefore, we first need to find the number of moles of methane
molecules in 2.50 X 10° kg (2.50 X 10° g) of methane:

1 mol CH,

16.04 g CH;
1

molar mass of CHy

= 1.56 X 10° mol CH, molecules

250 X 10° g €H; X



FIGURE 3.9
Three different stoichiometric mixtures of
methane and water, which react one-to-one.
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6202206

6202202

This same number of water molecules has a mass determined as follows:
18.02 g

2

1.56 X 10° meHHO X =281 X 10°g H,0 = 2.81 X 10*kg H,0
Thus, if 2.50 X 10° kilograms of methane is mixed with 2.81 X 10° kilograms of water,
both reactants will “run out” at the same time. The reactants have been mixed in stoi-
chiometric quantities.

If, on the other hand, 2.50 X 10° kilograms of methane is mixed with 3.00 X 10°
kilograms of water, the methane will be consumed before the water runs out. The water
will be in excess; that is, there will be more water molecules than methane molecules in
the reaction mixture. What is the implication of this with respect to the number of prod-
uct molecules that can form?

To answer this question, consider the situation on a smaller scale. Assume we mix
10 CH, molecules and 17 H,O molecules and let them react. How many H, and CO mol-
ecules can form?

First picture the mixture of CH, 6 and H,0 9 molecules as shown in
Fig. 3.10. | e

Then imagine that groups consisting of one CH, molecule and one H,O molecule
(Fig. 3.10) will react to form three H, and one CO molecules (Fig. 3.11).

Notice that products can form only when both CH, and H,O are available to react. Once
the 10 CH, molecules are used up by reacting with 10 H,O molecules, the remaining water
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FIGURE 3.10
A mixture of CH, and H,0 molecules.

FIGURE 3.11
Methane and water have reacted to form products according
to the equation CH, + H,0 — 3H, + CO.
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Ammonia is dissolved in irrigation water to
provide fertilizer for a field of corn.

FIGURE 3.12

Hydrogen and nitrogen react to form am-
monia according to the equation

N, + 3H, — 2NH..

molecules cannot react. They are in excess. Thus the number of products that can form is
limited by the methane. Once the methane is consumed, no more products can be formed,
even though some water still remains. In this situation the amount of methane limits the
amount of products that can be formed. This brings us to the concept of the limiting
reactant (or limiting reagent), which is the reactant that is consumed first and that there-
fore limits the amounts of products that can be formed. In any stoichiometry calculation
involving a chemical reaction, it is essential to determine which reactant is limiting so as
to calculate correctly the amounts of products that will be formed.

To further explore the idea of a limiting reactant, consider the ammonia synthesis
reaction:

Ny(g) + 3H,(g) — 2NH;(g)

Assume that 5 N, molecules and 9 H, molecules are placed in a flask. Is this a stoichio-
metric mixture of reactants, or will one of them be consumed before the other runs out?
From the balanced equation we know that each N, molecule requires 3 H, molecules for
the reaction to occur:

o
@ @

Thus the required H,/N, ratio is 3H,/1N,. In our experiment we have 9 H, and 5 N,, or
a ratio of 9H,/5N, = 1.8H,/1IN,.

Since the actual ratio (1.8:1) of H,/N, is less than the ratio required by the balanced
equation (3:1), there is not enough hydrogen to react with all the nitrogen. That is, the
hydrogen will run out first, leaving some unreacted N, molecules. We can visualize this
as shown in Fig. 3.12.

Figure 3.12 shows that 3 of the N, molecules react with the 9 H, molecules to pro-
duce 6 NH; molecules:

€88
}

3N2 + 9H2 — 6NH3

This leaves 2 N, molecules unreacted—the nitrogen is in excess.

What we have shown here is that in this experiment the hydrogen is the limiting re-
actant. The amount of H, initially present determines the amount of NHj; that can form.
The reaction was not able to use up all the N, molecules because the H, molecules were
all consumed by the first 3 N, molecules to react.

> e [
8309»@
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Always determine which reactant is
limiting.
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Another way to look at this is to determine how much H, would be required by 5 N,
molecules. Multiplying the balanced equation

Ny(g) + 3H,(g) —> 2NH;(g)
by 5 gives
5Ny(g) + 15H,(g) —> 10NH;(g)

Thus 5 N, molecules would require 15 H, molecules and we have only 9. This tells us
the same thing we learned earlier—the hydrogen is limiting.

The most important point here is this: The limiting reactant limits the amount of prod-
uct that can form. The reaction that actually occurred was

3N,(g) + 9H,(g) —> 6NH;(g)
not
5Ny(g) + 15H,(g) — 10NH;(g)

Thus 6 NH; were formed, not 10 NHj;, because the H,, not the N,, was limiting.

In the laboratory or chemical plant we work with much larger quantities than the few
molecules of the preceding example. Therefore, we must learn to deal with limiting
reactants using moles. The ideas are exactly the same, except that we are using moles of
molecules instead of individual molecules. For example, suppose 25.0 kilograms of
nitrogen and 5.00 kilograms of hydrogen are mixed and reacted to form ammonia. How
do we calculate the mass of ammonia produced when this reaction is run to completion
(until one of the reactants is completely consumed)?

As in the preceding example, we must use the balanced equation

N,(g) + 3H,(g) — 2NH;(g)

to determine whether nitrogen or hydrogen is the limiting reactant and then to determine
the amount of ammonia that is formed. We first calculate the moles of reactants present:

1000 ¢X; 1 mol N,

lkeN;  28.0gh,;

soowxlooogHzx LmolHo ) 48 % 10° mol H
: 2" lkeH; | 2016gH; oty

Since 1 mol N, reacts with 3 mol H,, the number of moles of H, that will react exactly
with 8.93 X 10? mol N, is

25.0 ke N; X = 8.93 X 102 mol N,

3 mol H,

8.93 X 10 motN; X —————
27 1 metN;

= 2.68 X 10°mol H,

Thus 8.93 X 10%> mol N, requires 2.68 X 10° mol H, to react completely. However, in
this case, only 2.48 X 10°® mol H, is present. This means that the hydrogen will be
consumed before the nitrogen. Thus hydrogen is the limiting reactant in this particular
situation, and we must use the amount of hydrogen to compute the quantity of ammonia
formed:

2 mol NH;

248 X 10’ moHH; X ————
7 3 metH;

= 1.65 X 10° mol NH,

Converting moles to kilograms gives

17.0 ¢ NH,4

1.65 X 10° mebNH; X ——————
77 1 molNH;

= 2.80 X 10* g NH; = 28.0 kg NH,
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Sample Exercise 3.18

Note that to determine the limiting reactant, we could have started instead with the
given amount of hydrogen and calculated the moles of nitrogen required:

1 mol N,

248 X 10° metH; X ————
3 motHH;

= 8.27 X 10> mol N,
Thus 2.48 X 10° mol H, requires 8.27 X 10? mol N,. Since 8.93 X 10? mol N, is actu-
ally present, the nitrogen is in excess. The hydrogen will run out first, and thus again we
find that hydrogen limits the amount of ammonia formed.

A related but simpler way to determine which reactant is limiting is to compare the
mole ratio of the substances required by the balanced equation with the mole ratio of

reactants actually present. For example, in this case the mole ratio of H, to N, required
by the balanced equation is

3 mol H,
1 mol N,

That is,

mol H 3
mol Nz (required) = - 3

In this experiment we have 2.48 X 10° mol H, and 8.93 X 10> mol N,. Thus the ratio

mol H, 2.48 X 10°
(actual) = & o 102

=278
mol N,

Since 2.78 is less than 3, the actual mole ratio of H, to N, is too small, and H, must be
limiting. If the actual H, to N, mole ratio had been greater than 3, then the H, would have
been in excess and the N, would be limiting.

Stoichiometry: Limiting Reactant

Nitrogen gas can be prepared by passing gaseous ammonia over solid copper(Il) oxide at
high temperatures. The other products of the reaction are solid copper and water vapor.
If a sample containing 18.1 g of NHj is reacted with 90.4 g of CuO, which is the limit-
ing reactant? How many grams of N, will be formed?

Solution
From the description of the problem, we can obtain the following balanced equation:
2NH;(g) + 3CuO(s) — Ny(g) + 3Cu(s) + 3H,0(g)

Next we must compute the moles of NH; (molar mass = 17.03 g/mol) and of CuO (molar
mass = 79.55 g/mol):

18.1 g x O ool NH
' S0 eN O
1 mol CuO
90.4 g Cu X ————— = 1.14 mol CuO
79.55 g CuO oty
To determine the limiting reactant, we use the mole ratio for CuO and NHj:
3 mol CuO
1.06 mokNH; X 2= — | 59 mol CuO
2 mol-INH;

Thus 1.59 mol CuO is required to react with 1.06 mol NHj;. Since only 1.14 mol CuO is
actually present, the amount of CuO is limiting; CuO will run out before NH; does. We



Percent yield is important as an indicator
of the efficiency of a particular laboratory
or industrial reaction.

Sample Exercise 3.19

3.10 Calculations Involving a Limiting Reactant 111

can verify this conclusion by comparing the mole ratio of CuO and NHj; required by the
balanced equation

mol CuO

3
———= (required) = > = 1.5
mol N, (reduired) =7

with the mole ratio actually present

mol CuO 1.14

tual) = —— = 1.08
mol NH, eal) =7 o¢

Since the actual ratio is too small (smaller than 1.5), CuO is the limiting reactant.
Because CuO is the limiting reactant, we must use the amount of CuO to calcu-
late the amount of N, formed. From the balanced equation, the mole ratio between CuO
and N, is
1 mol N,
3 mol CuO
1 mol N,

1.14 mel€uO X —————— = 0.380 mol N,
3 mel-€uO

Using the molar mass of N, (28.0 g/mol), we can calculate the mass of N, produced:

28.0 ¢ N,

0.380 motN; X —————
> 1 metN;

= 10.6gN,

See Exercises 3.99 through 3.101.

The amount of a product formed when the limiting reactant is completely consumed
is called the theoretical yield of that product. In Sample Exercise 3.18, 10.6 grams of ni-
trogen represents the theoretical yield. This is the maximum amount of nitrogen that can
be produced from the quantities of reactants used. Actually, the amount of product pre-
dicted by the theoretical yield is seldom obtained because of side reactions (other reac-
tions that involve one or more of the reactants or products) and other complications. The
actual yield of product is often given as a percentage of the theoretical yield. This is called
the percent yield:

Actual yield

X 100% = t yield
Theoretical yield ¢~ pereentyie

For example, if the reaction considered in Sample Exercise 3.18 actually gave 6.63 grams
of nitrogen instead of the predicted 10.6 grams, the percent yield of nitrogen would be

6.63
06387 100% = 62.5%

10.6 g5

Calculating Percent Yield

Methanol

Methanol (CH;OH), also called methyl alcohol, is the simplest alcohol. It is used as a fuel
in race cars and is a potential replacement for gasoline. Methanol can be manufactured
by combination of gaseous carbon monoxide and hydrogen. Suppose 68.5 kg CO(g) is re-
acted with 8.60 kg H,(g). Calculate the theoretical yield of methanol. If 3.57 X 10* g
CH;O0H is actually produced, what is the percent yield of methanol?

Solution
First, we must find out which reactant is limiting. The balanced equation is

2H,(g) + CO(g) — CH;OH(l)
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Methanol is used as a fuel in Indianapolis-

type racing cars.

Stoichiometry

Next we must calculate the moles of reactants:

1000 €6 1mol CO
1ke€O = 28.022€0
1000 g5 1 mol H,
lkeH; = 2016 gH;

To determine which reactant is limiting, we compare the mole ratio of H, and CO re-
quired by the balanced equation

= 2.44 X 10 mol CO

68.5 ke €0 X

=427 X 10° mol H,

8.60 ke H; ¥

mol H, ed) — 2 )
10l CO (required) = .=
with the actual mole ratio
mol H, 427 X 10°
——— (actual) = ——— = 1.75
mol CO W) = 108

Since the actual mole ratio of H, to CO is smaller than the required ratio, H, is limiting.
We therefore must use the amount of H, and the mole ratio between H, and CH;OH to
determine the maximum amount of methanol that can be produced:

1 mol CH,OH

5 - 2.14 X 10°* mol CH;OH

4.27 X 10° meHH; X

Using the molar mass of CH;OH (32.04 g/mol), we can calculate the theoretical yield in grams:

32.04 g CH,OH

2 E T _ 686 X 10* ¢ CHLOH
| molCHOH gt

2.14 X 10° molCH50H X

Thus, from the amount of reactants given, the maximum amount of CH;OH that can be
formed is 6.86 X 10* g. This is the theoretical yield.
The percent yield is

Actual yield (grams) 100 — 3.57 X 10* g CH:0H
Theoretical yield (grams)  6.86 X 10* g CH:06H
See Exercises 3.103 and 3.104.

X 100% = 52.0%




Key Terms

chemical stoichiometry
Section 3.2

mass spectrometer
average atomic mass
Section 3.3

mole

Avogadro’s number
Section 3.4

molar mass

Section 3.5

mass percent
Section 3.6
empirical formula
molecular formula
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Solving a Stoichiometry Problem Involving Masses of Reactants and Products
=> 1 Write and balance the equation for the reaction.

> 2 Convert the known masses of substances to moles.

> 3 Determine which reactant is limiting.

> 4 Using the amount of the limiting reactant and the appropriate mole ratios,
compute the number of moles of the desired product.

=> 5 Convert from moles to grams, using the molar mass.

This process is summarized in the diagram below:

Balanced chemical
equation

Find appropriate
mole ratio

Moles desired substance

Moles limiting reactant

Masses of
known substances

Convert
to moles
Moles of Mass of
known substances desired product
Find limiting Convert
reactant to grams

L Use mole ratio
Moles limiting to convert Moles of
reactant desired product

For Review

Stoichiometry

e Deals with the amounts of substances consumed and/or produced in a chemical reaction.
e We count atoms by measuring the mass of the sample.

e To relate mass and the number of atoms, the average atomic mass is required.

Mole

e The amount of carbon atoms in exactly 12 g of pure '°C

e 6.022 X 10* units of a substance

e The mass of one mole of an element = the atomic mass in grams

Molar mass

e Mass (g) of one mole of a compound or element

e Obtained for a compound by finding the sum of the average masses of its constituent
atoms
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Section 3.7

chemical equation

reactants

products

balancing a chemical equation

Section 3.9
mole ratio

Section 3.10
stoichiometric quantities
Haber process

limiting reactant (reagent)
theoretical yield

percent yield

Percent composition
e The mass percent of each element in a compound

mass of element in 1 mole of substance
e Mass percent = X 100%
mass of 1 mole of substance

Empirical formula
e The simplest whole-number ratio of the various types of atoms in a compound
e Can be obtained from the mass percent of elements in a compound

Molecular formula
e For molecular substances:

¢ The formula of the constituent molecules

e Always an integer multiple of the empirical formula
e For ionic substances:

e The same as the empirical formula

Chemical reactions

e Reactants are turned into products.

e Atoms are neither created nor destroyed.

e All of the atoms present in the reactants must also be present in the products.

Characteristics of a chemical equation

e Represents a chemical reaction

e Reactants on the left side of the arrow, products on the right side

e When balanced, gives the relative numbers of reactant and product molecules or ions

Stoichiometry calculations

e Amounts of reactants consumed and products formed can be determined from the
balanced chemical equation.

e The limiting reactant is the one consumed first, thus limiting the amount of prod-
uct that can form.

Yield

e The theoretical yield is the maximum amount that can be produced from a given
amount of the limiting reactant.

e The actual yield, the amount of product actually obtained, is always less than the
theoretical yield.

) actual yield (g)
e Percent yield = - = X 100%
theoretical yield (g)

REVIEW QUESTIONS

1. Explain the concept of “counting by weighing” using marbles as your example.

2. Atomic masses are relative masses. What does this mean?

3. The atomic mass of boron (B) is given in the periodic table as 10.81, yet no
single atom of boron has a mass of 10.81 amu. Explain.

4. What three conversion factors and in what order would you use them to convert
the mass of a compound into atoms of a particular element in that compound—
for example, from 1.00 g aspirin (CoHgO,) to number of hydrogen atoms in the
1.00-g sample?

5. Figure 3.5 illustrates a schematic diagram of a combustion device used to ana-
lyze organic compounds. Given that a certain amount of a compound containing
carbon, hydrogen, and oxygen is combusted in this device, explain how the data
relating to the mass of CO, produced and the mass of H,O produced can be
manipulated to determine the empirical formula.
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between the empirical and molecular formulas of a

compound? Can they ever be the same? Explain.
7. Consider the hypothetical reaction between A, and AB pictured below.

VP

@ A,
9 % & U AB

gab_’ %) &) &AZB

3 I

What is the balanced equation? If 2.50 mol A, is reacted with excess AB, what
amount (moles) of product will form? If the mass of AB is 30.0 amu and the
mass of A, is 40.0 amu, what is the mass of the product? If 15.0 g of AB is
reacted, what mass of A, is required to react with all of the AB, and what mass

of product is formed?

8. What is a limiting reactant problem? Explain two different strategies that can be
used to solve limiting reactant problems.
9. Consider the following mixture of SO,(g) and O,(g).

8f,%
o? oy ©°
® § @
o @ &

@ o,
Q.0 50,

If SO,(g) and O,(g) react to form SO5(g), draw a representation of the product
mixture assuming the reaction goes to completion. What is the limiting reactant
in the reaction? If 96.0 g of SO, reacts with 32.0 g O,, what mass of product

will form?

10. Why is the actual yield of a reaction often less than the theoretical yield?

Active Learning Questions

These questions are designed to be used by groups of students in class.
The questions allow students to explore their understanding of concepts
through discussion and peer teaching. The real value of these questions is
the learning that occurs while students talk to each other about chemical
concepts.

1. The following are actual student responses to the question: Why
is it necessary to balance chemical equations?
a. The chemicals will not react until you have added the correct
mole ratios.

b. The correct products will not be formed unless the right
amount of reactants have been added.

¢. A certain number of products cannot be formed without a cer-
tain number of reactants.

d. The balanced equation tells you how much reactant you need
and allows you to predict how much product you’ll make.

e. A mole-to-mole ratio must be established for the reaction to
occur as written.

Justify the best choice, and for choices you did not pick, explain

what is wrong with them.

2. What information do we get from a formula? From an equation?
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3. You are making cookies and are missing a key ingredient—

eggs. You have most of the other ingredients needed to make the

cookies, except you have only 1.33 cups of butter and no eggs.

You note that the recipe calls for 2 cups of butter and 3 eggs

(plus the other ingredients) to make 6 dozen cookies. You call a

friend and have him bring you some eggs.

a. What number of eggs do you need?

b. If you use all the butter (and get enough eggs), what number
of cookies will you make?

Unfortunately, your friend hangs up before you tell him how

many eggs you need. When he arrives, he has a surprise for you—

to save time, he has broken them all in a bowl for you. You ask

him how many he brought, and he replies, “I can’t remember.”

You weigh the eggs and find that they weigh 62.1 g. Assuming

that an average egg weighs 34.21 g,

a. What quantity of butter is needed to react with all the eggs?

b. What number of cookies can you make?

¢. Which will you have left over, eggs or butter?

d. What quantity is left over?

. Nitrogen (N,) and hydrogen (H,) react to form ammonia (NH3).

Consider the mixture of N, (m ) and H, (

)ina

. Consider an iron bar on a balance as shown.

As the iron bar rusts, which of the following is true? Explain

your answer.

a. The balance will read less than 75.0 g.

b. The balance will read 75.0 g.

¢. The balance will read greater than 75.0 g.

d. The balance will read greater than 75.0 g, but if the bar is
removed, the rust is scraped off, and the bar replaced, the
balance will read 75.0 g.

. You may have noticed that water sometimes drips from the exhaust

of a car as it is running. Is this evidence that there is at least a small
amount of water originally present in the gasoline? Explain.

Questions 10 and 11 deal with the following situation: You react chemical A
with chemical B to make one product. It takes 100 g of A to react completely
with 20 g B.

closed container as illustrated below:

@ @
R

D

@ . WD

Assuming the reaction goes to completion, draw a representa-
tion of the product mixture. Explain how you arrived at this
representation.

. For the preceding question, which of the following equations
best represents the reaction?

a. 6N, + 6H, —> 4NH; + 4N,

b. N, + H, — NH;

c. N+ 3H —> NH;

d. N, + 3H, — 2NH;

e. 2N, + 6H, — 4NH;

Justify your choice, and for choices you did not pick, explain
what is wrong with them.

. You know that chemical A reacts with chemical B. You
react 10.0 g A with 10.0 g B. What information do you need
to determine the amount of product that will be produced?
Explain.

. A new grill has a mass of 30.0 kg. You put 3.0 kg of charcoal
in the grill. You burn all the charcoal and the grill has a
mass of 30.0 kg. What is the mass of the gases given off?
Explain.

10.

11.

12.

13.

14.

15.

16.

What is the mass of the product?
a. less than 10 g

b. between 20 and 100 g

c. between 100 and 120 g

d. exactly 120 g

e. more than 120 g

What is true about the chemical properties of the product?

a. The properties are more like chemical A.

b. The properties are more like chemical B.

c. The properties are an average of those of chemical A and
chemical B.

d. The properties are not necessarily like either chemical A or
chemical B.

e. The properties are more like chemical A or more like chem-
ical B, but more information is needed.

Justify your choice, and for choices you did not pick, explain

what is wrong with them.

Is there a difference between a homogeneous mixture of hydrogen
and oxygen in a 2:1 mole ratio and a sample of water vapor?
Explain.

Chlorine exists mainly as two isotopes, *’Cl and Cl. Which is
more abundant? How do you know?

The average mass of a carbon atom is 12.011. Assuming you could
pick up one carbon atom, estimate the chance that you would ran-
domly get one with a mass of 12.011. Support your answer.

Can the subscripts in a chemical formula be fractions? Explain.
Can the coefficients in a balanced chemical equation be frac-
tions? Explain. Changing the subscripts of chemicals can bal-
ance the equations mathematically. Why is this unacceptable?
Consider the equation 2A + B —> A,B. If you mix 1.0 mol of
A with 1.0 mol of B, what amount (moles) of A,B can be produced?



17. According to the law of conservation of mass, mass cannot be
gained or destroyed in a chemical reaction. Why can’t you sim-
ply add the masses of two reactants to determine the total mass
of product?

18. Which of the following pairs of compounds have the same
empirical formula?
a. acetylene, C,H,, and benzene, C¢Hg
b. ethane, C,Hg, and butane, C,H,
¢. nitrogen dioxide, NO,, and dinitrogen tetroxide, N,O,
d. diphenyl ether, C,,H,,O, and phenol, C;H;OH

A blue question or exercise number indicates that the answer to that
question or exercise appears at the back of the book and a solution appears
in the Solutions Guide.

Questions

19. Reference section 3.2 to find the atomic masses of '2C and *C,
the relative abundance of >C and '>C in natural carbon, and the
average mass (in amu) of a carbon atom. If you had a sample of
natural carbon containing exactly 10,000 atoms, determine the
number of '2C and "*C atoms present. What would be the aver-
age mass (in amu) and the total mass (in amu) of the carbon
atoms in this 10,000-atom sample? If you had a sample of nat-
ural carbon containing 6.0221 X 10* atoms, determine the num-
ber of '>C and *C atoms present. What would be the average
mass (in amu) and the total mass (in amu) of this 6.0221 X 10%
atom sample? Given that 1 g = 6.0221 X 10> amu, what is the
total mass of 1 mol of natural carbon in units of grams?

20. Avogadro’s number, molar mass, and the chemical formula of a
compound are three useful conversion factors. What unit con-
versions can be accomplished using these conversion factors?

21. If you had a mol of U.S. dollar bills and equally distributed the
money to all of the people of the world, how rich would every
person be? Assume a world population of 6 billion.

22. What is the difference between the molar mass and the empiri-
cal formula mass of a compound? When are these masses the
same and when are they different? When different, how is the
molar mass related to the empirical formula mass?

23. How is the mass percent of elements in a compound different
for a 1.0-g sample versus a 100.-g sample versus a 1-mol sam-
ple of the compound?

24. A balanced chemical equation contains a large amount of infor-
mation. What information is given in a balanced equation?

25. Consider the following generic reaction:

A,B, + 2C —> 2CB and 2A

What steps and information are necessary to perform the fol-
lowing determinations assuming that 1.00 X 10* molecules of
A,B, are reacted with excess C?
a. mass of CB produced
b. atoms of A produced
¢. mol of C reacted
d. percent yield of CB
26. Consider the following generic reaction:

Y, + 2XY — 2XY,
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Exercises

In a limiting reactant problem, a certain quantity of each reactant
is given and you are usually asked to calculate the mass of prod-
uct formed. If 10.0 g of Y, is reacted with 10.0 g of XY, outline
two methods you could use the determine which reactant is lim-
iting (runs out first) and thus determines the mass of product
formed. A method sometimes used to solve limiting reactant prob-
lems is to assume each reactant is limiting and then calculate the
mass of product formed from each given quantity of reactant. How
does this method work in determining which reactant is limiting?

Exercises

In this section similar exercises are paired.

Atomic Masses and the Mass Spectrometer

27. An element consists of 1.40% of an isotope with mass 203.973
amu, 24.10% of an isotope with mass 205.9745 amu, 22.10% of
an isotope with mass 206.9759 amu, and 52.40% of an isotope
with mass 207.9766 amu. Calculate the average atomic mass and
identify the element.

28. An element “X” has five major isotopes, which are listed below
along with their abundances. What is the element?

Isotope Percent Natural Abundance Atomic Mass
X 8.00% 45.95269
41X 7.30% 46.951764
®X 73.80% 47.947947
X 5.50% 48.947841
o0x 5.40% 49.944792

29. The element rhenium (Re) has two naturally occurring isotopes,
'85Re and '"*"Re, with an average atomic mass of 186.207 amu.
Rhenium is 62.60% '$'Re, and the atomic mass of '*’Re is
186.956 amu. Calculate the mass of '®Re.

30. Assume silicon has three major isotopes in nature as shown in
the table below. Fill in the missing information.

Isotope Mass (amu) Abundance
*Si 27.98 -
Si - 4.70%
28i 29.97 3.09%

31. The mass spectrum of bromine (Br,) consists of three peaks with
the following characteristics:

Mass (amu) Relative Size
157.84 0.2534
159.84 0.5000
161.84 0.2466

How do you interpret these data?
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Gallium arsenide, GaAs, has gained widespread use in semi-
conductor devices that convert light and electrical signals in fiber-
optic communications systems. Gallium consists of 60.% “Ga
and 40.% "'Ga. Arsenic has only one naturally occurring isotope,
As. Gallium arsenide is a polymeric material, but its mass
spectrum shows fragments with the formulas GaAs and Ga,As,.
What would the distribution of peaks look like for these two
fragments?

Moles and Molar Masses

33.
34.

35.

36.

37.

38.

Calculate the mass of 500. atoms of iron (Fe).

What number of Fe atoms and what amount (moles) of Fe atoms
are in 500.0 g of iron?

Diamond is a natural form of pure carbon. What number of atoms
of carbon are in a 1.00-carat diamond (1.00 carat = 0.200 g)?

A diamond contains 5.0 X 10! atoms of carbon. What amount
(moles) of carbon and what mass (grams) of carbon are in this
diamond?

Aluminum metal is produced by passing an electric current
through a solution of aluminum oxide (Al,O3) dissolved in
molten cryolite (Na;AlFy). Calculate the molar masses of Al,O5
and Na;AlF.

The Freons are a class of compounds containing carbon, chlo-
rine, and fluorine. While they have many valuable uses, they
have been shown to be responsible for depletion of the ozone in
the upper atmosphere. In 1991, two replacement compounds
for Freons went into production: HFC-134a (CH,FCF;) and
HCFC-124 (CHCIFCEF;). Calculate the molar masses of these
two compounds.

. Calculate the molar mass of the following substances.

40.

41.

42.

Qo "

c¢. (NH,),Cr,0,
Calculate the molar mass of the following substances.
a. O
9
°0
oP

e Q
SN

b. Ca3(PO4)2 C. NaQHPO4

What amount (moles) of compound is present in 1.00 g of each
of the compounds in Exercise 39?
What amount (moles) of compound is present in 1.00 g of each
of the compounds in Exercise 40?

. What mass of compound is present in 5.00 mol of each of the

44.

compounds in Exercise 397

What mass of compound is present in 5.00 mol of each of the
compounds in Exercise 40?

46.

47.

48.

49.

50.

51.

52.

54.

55.

56.

. What mass of nitrogen is present in 5.00 mol of each of the com-

pounds in Exercise 39?

What mass of phosphorus is present in 5.00 mol of each of the
compounds in Exercise 40?

What number of molecules (or formula units) are present in
1.00 g of each of the compounds in Exercise 39?

What number of molecules (or formula units) are present in
1.00 g of each of the compounds in Exercise 40?

What number of atoms of nitrogen are present in 1.00 g of each
of the compounds in Exercise 39?

What number of atoms of phosphorus are present in 1.00 g of
each of the compounds in Exercise 40?7

Ascorbic acid, or vitamin C (C¢HgOy), is an essential vitamin. It

cannot be stored by the body and must be present in the diet.

What is the molar mass of ascorbic acid? Vitamin C tablets are

taken as a dietary supplement. If a typical tablet contains 500.0 mg

of vitamin C, what amount (moles) and what number of molecules

of vitamin C does it contain?

The molecular formula of acetylsalicylic acid (aspirin), one of

the most commonly used pain relievers, is CoHgO,.

a. Calculate the molar mass of aspirin.

b. A typical aspirin tablet contains 500. mg of CoHzO,. What
amount (moles) of CyHgO, molecules and what number of
molecules of acetylsalicylic acid are in a 500.-mg tablet?

. What amount (moles) are represented by each of these samples?

a. 150.0 g Fe,04
b. 10.0 mg NO,

What amount (moles) is represented by each of these samples?
a. 20.0 mg caffeine, CgH,;,N,O,

b. 2.72 X 10?! molecules of ethanol, C,H;OH

c. 1.50 g of dry ice, CO,

c. 1.5 X 10" molecules of BF;

What number of atoms of nitrogen are present in 5.00 g of each
of the following?

a. glycine, C,HsO,N
b. magnesium nitride

c¢. calcium nitrate
d. dinitrogen tetroxide

Complete the following table.

Total
Mass of Moles of Molecules Atoms in
Sample Sample in Sample Sample
4.24 g C¢Hg -
0.224 mol H,O
2.71 X 102
molecules CO,
3.35 X 10? total
atoms in CH;0OH
sample
57. Aspartame is an artificial sweetener that is 160 times sweeter

than sucrose (table sugar) when dissolved in water. It is marketed
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as Nutra-Sweet. The molecular formula of aspartame is

Ci4HsN,Os.

a. Calculate the molar mass of aspartame.

b. What amount (moles) of molecules are present in 10.0 g as-
partame?

. Calculate the mass in grams of 1.56 mol aspartame.

. What number of molecules are in 5.0 mg aspartame?

. What number of atoms of nitrogen are in 1.2 g aspartame?

What is the mass in grams of 1.0 X 10° molecules of

aspartame?

g. What is the mass in grams of one molecule of aspartame?

- e a0

Chloral hydrate (C,H;C150,) is a drug formerly used as a seda-

tive and hypnotic. It is the compound used to make “Mickey

Finns” in detective stories.

a. Calculate the molar mass of chloral hydrate.

b. What amount (moles) of C,H;Cl;0, molecules are in 500.0 g
chloral hydrate?

. What is the mass in grams of 2.0 X 1072 mol chloral hydrate?

. What number of chlorine atoms are in 5.0 g chloral hydrate?

What mass of chloral hydrate would contain 1.0 g C1?

What is the mass of exactly 500 molecules of chloral hydrate?

e

Percent Composition

59.

60.

61.

62.

63.

Calculate the percent composition by mass of the following
compounds that are important starting materials for synthetic
polymers:

a. C;H,0, (acrylic acid, from which acrylic plastics are made)
b. C,HO, (methyl acrylate, from which Plexiglas is made)

¢. C3H;3N (acrylonitrile, from which Orlon is made)

Anabolic steroids are performance enhancement drugs whose use
has been banned from most major sporting activities. One ana-
bolic steroid is fluoxymesterone (C,,H,,FO3). Calculate the per-
cent composition by mass of fluoxymesterone.

Several important compounds contain only nitrogen and oxygen.

Place the following compounds in order of increasing mass per-

cent of nitrogen.

a. NO, a gas formed by the reaction of N, with O, in internal
combustion engines

b. NO,, a brown gas mainly responsible for the brownish color
of photochemical smog

¢. N,O,, a colorless liquid used as fuel in space shuttles

d. N,O, a colorless gas sometimes used as an anesthetic by den-
tists (known as laughing gas)

Arrange the following substances in order of increasing mass
percent of carbon.

a. caffeine, CgH,,N,O,

b. sucrose, C;,H,,0,

¢. ethanol, C,H;OH

Vitamin B,, cyanocobalamin, is essential for human nutrition.
It is concentrated in animal tissue but not in higher plants.
Although nutritional requirements for the vitamin are quite low,
people who abstain completely from animal products may
develop a deficiency anemia. Cyanocobalamin is the form used
in vitamin supplements. It contains 4.34% cobalt by mass.
Calculate the molar mass of cyanocobalamin, assuming that there
is one atom of cobalt in every molecule of cyanocobalamin.

64.
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Fungal laccase, a blue protein found in wood-rotting fungi, is
0.390% Cu by mass. If a fungal laccase molecule contains 4 cop-
per atoms, what is the molar mass of fungal laccase?

Empirical and Molecular Formulas

65.

66.

67.

68.

69. The compound adrenaline contains 56.79% C, 6.56% H, 28.37%

70.

71.

Express the composition of each of the following compounds as
the mass percents of its elements.

a. formaldehyde, CH,0

b. glucose, CsH,O4

c¢. acetic acid, HC,H;0,

Considering your answer to Exercise 65, which type of formula,
empirical or molecular, can be obtained from elemental analy-
sis that gives percent composition?

Give the empirical formula for each of the compounds repre-
sented below.

P ) °o

PN
dc
(R

Determine the molecular formulas to which the following
empirical formulas and molar masses pertain.

a. SNH (188.35 g/mol)

b. NPCl, (347.64 g/mol)

c¢. CoC,0, (341.94 g/mol)

d. SN (184.32 g/mol)

O, and 8.28% N by mass. What is the empirical formula for
adrenaline?

The most common form of nylon (nylon-6) is 63.68% carbon,
12.38% nitrogen, 9.80% hydrogen, and 14.14% oxygen. Calcu-
late the empirical formula for nylon-6.

There are two binary compounds of mercury and oxygen. Heat-
ing either of them results in the decomposition of the compound,
with oxygen gas escaping into the atmosphere while leaving a
residue of pure mercury. Heating 0.6498 g of one of the com-
pounds leaves a residue of 0.6018 g. Heating 0.4172 g of the
other compound results in a mass loss of 0.016 g. Determine the
empirical formula of each compound.
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A sample of urea contains 1.121 g N, 0.161 g H, 0.480 g C, and
0.640 g O. What is the empirical formula of urea?

A compound containing only sulfur and nitrogen is 69.6% S by
mass; the molar mass is 184 g/mol. What are the empirical and
molecular formulas of the compound?

Determine the molecular formula of a compound that contains
26.7% P, 12.1% N, and 61.2% Cl, and has a molar mass of
580 g/mol.

Adipic acid is an organic compound composed of 49.31% C,
43.79% O, and the rest hydrogen. If the molar mass of adipic
acid is 146.1 g/mol, what are the empirical and molecular for-
mulas for adipic acid?

Maleic acid is an organic compound composed of 41.39% C,
3.47% H, and the rest oxygen. If 0.129 mol of maleic acid has
amass of 15.0 g, what are the empirical and molecular formulas
of maleic acid?

Many homes in rural America are heated by propane gas, a
compound that contains only carbon and hydrogen. Complete
combustion of a sample of propane produced 2.641 g of carbon
dioxide and 1.442 g of water as the only products. Find the em-
pirical formula of propane.

A compound contains only C, H, and N. Combustion of
35.0 mg of the compound produces 33.5 mg CO, and 41.1 mg
H,O. What is the empirical formula of the compound?

Cumene is a compound containing only carbon and hydrogen
that is used in the production of acetone and phenol in the chem-
ical industry. Combustion of 47.6 mg cumene produces some
CO, and 42.8 mg water. The molar mass of cumene is between
115 and 125 g/mol. Determine the empirical and molecular
formulas.

A compound contains only carbon, hydrogen, and oxygen.
Combustion of 10.68 mg of the compound yields 16.01 mg
CO, and 4.37 mg H,0. The molar mass of the compound is
176.1 g/mol. What are the empirical and molecular formulas of
the compound?

Balancing Chemical Equations

81.

82.

Give the balanced equation for each of the following chemical

reactions:

a. Glucose (C¢H,,0¢) reacts with oxygen gas to produce gaseous
carbon dioxide and water vapor.

b. Solid iron(IIl) sulfide reacts with gaseous hydrogen chloride
to form solid iron(III) chloride and hydrogen sulfide gas.

c. Carbon disulfide liquid reacts with ammonia gas to produce
hydrogen sulfide gas and solid ammonium thiocyanate
(NH,SCN).

Give the balanced equation for each of the following.

a. The combustion of ethanol (C,Hs;OH) forms carbon dioxide
and water vapor. A combustion reaction refers to a reaction
of a substance with oxygen gas.

b. Aqueous solutions of lead(I) nitrate and sodium phosphate
are mixed, resulting in the precipitate formation of lead(Il)
phosphate with aqueous sodium nitrate as the other product.

83.

84.
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c. Solid zinc reacts with aqueous HCI to form aqueous zinc
chloride and hydrogen gas.

d. Aqueous strontium hydroxide reacts with aqueous hydro-
bromic acid to produce water and aqueous strontium
bromide.

Balance the following equations:

a. Ca(OH),(aq) + H3PO,(aq) — H,0(I) + Cas(PO,),(s)
b. Al(OH)(s) + HCl(ag) — AlCly(agq) + H,O(I)

c. AgNOs(aq) + H,SO,(aq) = Ag,SO,(s) + HNO;(aq)
Balance each of the following chemical equations.

a. KO,(s) + H,O(l) >KOH(aq) + O,(g) + H,0,(aq)
b. Fe,05(s) + HNO;(ag) — Fe(NOs);(aq) + H,0O(I)

¢. NH;(g) + Oy(g) >NO(g) + H,0(g)

d. PCI4(I) + H,0(/) ->H;PO,(aq) + HCI(g)

e. CaO(s) + C(s) = CaC,(s) + CO,(g)

f. MoS,(s) + O,(g) =>MoO;(s) + SO,(g)

g. FeCO;(s) + H,CO;(ag) — Fe(HCO;),(aq)

Balance the following equations representing combustion reactions:

@ 0+ PP — @+ P ©

H @c @o

a.

b

QOQQ o+ @Po— QPP+ D ©

¢. CppHy0(s) + Oy(g) = CO,(g) + HyO(g)
d. Fe(s) + O,(g) — Fe,05(s)
e. FeO(s) + O,(g) — Fe,05(s)

Balance the following equations:
a. Cr(s) + Sg(s) = Cr,S5(s)

Heat

b. NaHCOs(s) ——> Na,COs(s) + CO,(g) + H,0(g)

Heat

KCl1O4(s) —> KCl(s) + Oy(g)
. Bu(s) + HF(g) — EuF;(s) + Hy(g)

IS

Silicon is produced for the chemical and electronics industries
by the following reactions. Give the balanced equation for each
reaction. v

a. SiOy(s) + C(s) ———

o Sils) +CO(g)

b. Silicon tetrachloride is reacted with very pure magnesium,
producing silicon and magnesium chloride.

c. Na,SiFg(s) + Na(s) — Si(s) + NaF(s)

Glass is a mixture of several compounds, but a major constituent
of most glass is calcium silicate, CaSiOs. Glass can be etched
by treatment with hydrofluoric acid; HF attacks the calcium sil-
icate of the glass, producing gaseous and water-soluble products
(which can be removed by washing the glass). For example, the
volumetric glassware in chemistry laboratories is often gradu-
ated by using this process. Balance the following equation for
the reaction of hydrofluoric acid with calcium silicate.

CaSiOs(s) + HF(aq) — CaF,(aq) + SiF4(g) + H,O(!)
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Over the years, the thermite reaction has been used for welding
railroad rails, in incendiary bombs, and to ignite solid-fuel rocket
motors. The reaction is

Fe,04(s) + 2Al(s) —> 2Fe(l) + ALOy(s)

What masses of iron(IlI) oxide and aluminum must be used to
produce 15.0 g iron? What is the maximum mass of aluminum
oxide that could be produced?

The reaction between potassium chlorate and red phosphorus
takes place when you strike a match on a matchbox. If you were
to react 52.9 g of potassium chlorate (KCIO;) with excess red
phosphorus, what mass of tetraphosphorus decaoxide (P,O)
would be produced?

KClO;5(s) + Py(s) —> P,O4(s) + KClI(s) (unbalanced)

The reusable booster rockets of the U.S. space shuttle employ a
mixture of aluminum and ammonium perchlorate for fuel. A
possible equation for this reaction is

3Al(s) + 3NH,CIO,(s) —>
ALO5(s) + AICIy(s) + 3NO(g) + 6H,0O(g)

What mass of NH,CIO, should be used in the fuel mixture for
every kilogram of Al?

One of relatively few reactions that takes place directly between
two solids at room temperature is

Ba(OH), - 8H,0(s) + NH,SCN(s) —>
Ba(SCN),(s) + H,0(l) + NH(g)

In this equation, the - 8H,0 in Ba(OH), - 8H,O indicates the

presence of eight water molecules. This compound is called bar-

ium hydroxide octahydrate.

a. Balance the equation.

b. What mass of ammonium thiocyanate (NH,SCN) must be
used if it is to react completely with 6.5 g barium hydroxide
octahydrate?

. Bacterial digestion is an economical method of sewage treat-

94.

ment. The reaction

bacteria

5CO,(g) + 55NH,*(aq) + 760,(g) ——
CsH,0,N(s) + 54NO, (aq) + 52H,0(l) + 109H" (aq)

bacterial tissue

is an intermediate step in the conversion of the nitrogen in organic
compounds into nitrate ions. What mass of bacterial tissue is pro-
duced in a treatment plant for every 1.0 X 10* kg of wastewater
containing 3.0% NH," ions by mass? Assume that 95% of the
ammonium ions are consumed by the bacteria.

Phosphorus can be prepared from calcium phosphate by the fol-
lowing reaction:

2Ca,(PO,)y(s) + 6Si0,(s) + 10C(s) —>
6CaSiO;(s) + Py(s) + 10CO(g)

Phosphorite is a mineral that contains Ca;(PO,), plus other
non-phosphorus-containing compounds. What is the maximum
amount of P, that can be produced from 1.0 kg of phosphorite
if the phorphorite sample is 75% Ca;(PO,), by mass? Assume
an excess of the other reactants.

95. Aspirin (CyHgO,) is synthesized by reacting salicylic acid (C;HO3)

96.
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with acetic anhydride (C4H¢O;). The balanced equation is
C,H,0; + C,H,0;, —> CyH;0, + HC,H;0,

a. What mass of acetic anhydride is needed to completely con-
sume 1.00 X 107 g salicylic acid?

b. What is the maximum mass of aspirin (the theoretical yield)
that could be produced in this reaction?

The space shuttle environmental control system handles excess
CO, (which the astronauts breathe out; it is 4.0% by mass of ex-
haled air) by reacting it with lithium hydroxide, LiOH, pellets
to form lithium carbonate, Li,COs, and water. If there are 7 as-
tronauts on board the shuttle, and each exhales 20. L of air per
minute, how long could clean air be generated if there were
25,000 g of LiOH pellets available for each shuttle mission?
Assume the density of air is 0.0010 g/mL.

Limiting Reactants and Percent Yield

97.

98.

99.

100.

Consider the reaction between NO(g) and O,(g) represented below.

@0,
@ @‘b@ & No
— 8 (%% ) ®N02

R 9 ¢

What is the balanced equation for this reaction and what is the
limiting reactant?

Consider the following reaction:
4NH,(g) + 50,(g) — 4NO(g) + 6H,0(g)

If a container were to have 10 molecules of O, and 10 molecules
of NH; initially, how many total molecules (reactants plus prod-
ucts) would be present in the container after this reaction goes
to completion?

Hydrogen peroxide is used as a cleaning agent in the treatment
of cuts and abrasions for several reasons. It is an oxidizing agent
that can directly kill many microorganisms; it decomposes upon
contact with blood, releasing elemental oxygen gas (which in-
hibits the growth of anaerobic microorganisms); and it foams
upon contact with blood, which provides a cleansing action. In
the laboratory, small quantities of hydrogen peroxide can be pre-
pared by the action of an acid on an alkaline earth metal perox-
ide, such as barium peroxide:

BaO,(s) + 2HCl(aqg) —> H,0,(agq) + BaCl,(aq)

What mass of hydrogen peroxide should result when 1.50 g of
barium peroxide is treated with 25.0 mL of hydrochloric acid
solution containing 0.0272 g of HCI per mL? What mass of
which reagent is left unreacted?

Consider the following unbalanced equation:

Cay(PO,)y(s) + HySO4(ag) — CaSO4(s) + H3PO4(aq)
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What masses of calcium sulfate and phosphoric acid can be pro-
duced from the reaction of 1.0 kg calcium phosphate with 1.0 kg
concentrated sulfuric acid (98% H,SO, by mass)?

101.

102.

Hydrogen cyanide is produced industrially from the reaction of
gaseous ammonia, oxygen, and methane:

2NHj;(g) + 30,(g) + 2CH,(g) —> 2HCN(g) + 6H,0(g)

If 5.00 X 10° kg each of NH;, O,, and CH, are reacted, what mass
of HCN and of H,O will be produced, assuming 100% yield?

Acrylonitrile (C3H;N) is the starting material for many synthetic
carpets and fabrics. It is produced by the following reaction.

2C3H6(8) + 2NH3(8) + 302(8) — 2C3H3N(g) + 6H20(g)

If 15.0 g C3Hg, 10.0 g O,, and 5.00 g NHj; are reacted, what mass
of acrylonitrile can be produced, assuming 100% yield?

103.

104.

A student prepared aspirin in a laboratory experiment using the
reaction in Exercise 95. The student reacted 1.50 g salicylic
acid with 2.00 g acetic anhydride. The yield was 1.50 g aspirin.
Calculate the theoretical yield and the percent yield for this
experiment.

DDT, an insecticide harmful to fish, birds, and humans, is pro-
duced by the following reaction:

2C¢H,Cl + C,HOCl; —> C,,H,Cls + H,0

chlorobenzene chloral DDT

In a government lab, 1142 g of chlorobenzene is reacted with

485 g of chloral.

a. What mass of DDT is formed?

b. Which reactant is limiting? Which is in excess?

c¢. What mass of the excess reactant is left over?

d. If the actual yield of DDT is 200.0 g, what is the percent
yield?

. Bornite (Cu;FeS;) is a copper ore used in the production of cop-

106.

per. When heated, the following reaction occurs:
2Cu;FeS;(s) + 70,(g) — 6Cu(s) + 2FeO(s) + 6S0,(g)

If 2.50 metric tons of bornite is reacted with excess O, and the
process has an 86.3% yield of copper, what mass of copper is
produced?

Consider the following unbalanced reaction:
Py(s) + Fy(g) — PFs(g)

What mass of F, is needed to produce 120. g of PF; if the re-
action has a 78.1% yield?

Additional Exercises

107.

108.

A given sample of a xenon fluoride compound contains mole-
cules of the type XeF,, where n is some whole number. Given
that 9.03 X 10% molecules of XeF, weighs 0.368 g, determine
the value for n in the formula.

Many cereals are made with high moisture content so that the
cereal can be formed into various shapes before it is dried. A ce-
real product containing 58% H,O by mass is produced at the rate

109.
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111.

112.
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114.

116.

117.

of 1000. kg/h. What mass of water must be evaporated per hour
if the final product contains only 20.% water?

Consider the reaction
2H,(g) + O,(g) — 2H,0(g)

Identify the limiting reagent in each of the reaction mixtures
given below:

. 50 molecules of H, and 25 molecules of O,

. 100 molecules of H, and 40 molecules of O,

100 molecules of H, and 100 molecules of O,

. 0.50 mol H, and 0.75 mol O,

0.80 mol H, and 0.75 mol O,

1.0 g H, and 0.25 mol O,

. 5.00 g H, and 56.00 g O,

Some bismuth tablets, a medication used to treat upset stomachs,
contain 262 mg of bismuth subsalicylate, C;HsBiO,, per tablet.
Assuming two tablets are digested, calculate the mass of bismuth
consumed.

e TS

The empirical formula of styrene is CH; the molar mass of
styrene is 104.14 g/mol. What number of H atoms are present
in a 2.00-g sample of styrene?

Terephthalic acid is an important chemical used in the manufac-
ture of polyesters and plasticizers. It contains only C, H, and O.
Combustion of 19.81 mg terephthalic acid produces 41.98 mg CO,
and 6.45 mg H,O. If 0.250 mol of terephthalic acid has a mass of
41.5 g, determine the molecular formula for terephthalic acid.

A sample of a hydrocarbon (a compound consisting of only car-
bon and hydrogen) contains 2.59 X 10* atoms of hydrogen and
is 17.3% hydrogen by mass. If the molar mass of the hydrocarbon
is between 55 and 65 g/mol, what amount (moles) of compound
are present, and what is the mass of the sample?

A binary compound between an unknown element E and hy-
drogen contains 91.27% E and 8.73% H by mass. If the formula
of the compound is E;Hg, calculate the atomic mass of E.

. A 0.755-g sample of hydrated copper(Il) sulfate

CuSO, + xH,O

was heated carefully until it had changed completely to anhy-
drous copper(Il) sulfate (CuSO,) with a mass of 0.483 g. De-
termine the value of x. [This number is called the number of
waters of hydration of copper(Il) sulfate. It specifies the num-
ber of water molecules per formula unit of CuSO, in the hydrated
crystal.]

ABS plastic is a tough, hard plastic used in applications requiring
shock resistance. The polymer consists of three monomer units:
acrylonitrile (C;H;N), butadiene (C,Hg), and styrene (CgHg).

a. A sample of ABS plastic contains 8.80% N by mass. It took
0.605 g of Br, to react completely with a 1.20-g sample of
ABS plastic. Bromine reacts 1:1 (by moles) with the
butadiene molecules in the polymer and nothing else. What
is the percent by mass of acrylonitrile and butadiene in this
polymer?

b. What are the relative numbers of each of the monomer units
in this polymer?

A sample of LSD (p-lysergic acid diethylamide, C,,H;,N50) is

added to some table salt (sodium chloride) to form a mixture.

Given that a 1.00-g sample of the mixture undergoes combustion
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to produce 1.20 g of CO,, what is the mass percentage of LSD
in the mixture?

Methane (CH,) is the main component of marsh gas. Heating

methane in the presence of sulfur produces carbon disulfide and

hydrogen sulfide as the only products.

a. Write the balanced chemical equation for the reaction of
methane and sulfur.

b. Calculate the theoretical yield of carbon disulfide when 120. g
of methane is reacted with an equal mass of sulfur.

A potential fuel for rockets is a combination of BsHy and O,.

The two react according to the following balanced equation:

2BsHy(l) + 120,(g) —> 5B,05(s) + 9H,0(g)

If one tank in a rocket holds 126 g of BsHy and another tank
holds 192 g of O,, what mass of water can be produced when
the entire contents of each tank react together?

Silver sulfadiazine burn-treating cream creates a barrier against
bacterial invasion and releases antimicrobial agents directly into
the wound. If 25.0 g of Ag,O is reacted with 50.0 g of
C,oH(N,SO,, what mass of silver sulfadiazine, AgC,,HoN,SO,,
can be produced, assuming 100% yield?

AZ0(s) + 2C,0H,(N,SO,(s) —> 2AgC,oHyN,SO,(s) + H,0()

. An iron ore sample contains Fe,Oj; plus other impurities. A 752-g
sample of impure iron ore is heated with excess carbon, producing
453 g of pure iron by the following reaction:

Fe,04(s) + 3C(s) —> 2Fe(s) + 3CO(g)

What is the mass percent of Fe,O; in the impure iron ore sam-
ple? Assume that Fe,Oj; is the only source of iron and that the
reaction is 100% efficient.

Commercial brass, an alloy of Zn and Cu, reacts with hydro-
chloric acid as follows:

Zn(s) + 2HCl(ag) —> ZnCly(aq) + Hy(g)

(Cu does not react with HC1.) When 0.5065 g of a certain brass

alloy is reacted with excess HCI, 0.0985 g ZnCl, is eventually

isolated.

a. What is the composition of the brass by mass?

b. How could this result be checked without changing the above
procedure?

Vitamin A has a molar mass of 286.4 g/mol and a general

molecular formula of C,H;E, where E is an unknown element.

If vitamin A is 83.86% C and 10.56% H by mass, what is the

molecular formula of vitamin A?

Challenge Problems

124. Natural rubidium has the average mass of 85.4678 and is com-

posed of isotopes **Rb (mass = 84.9117) and *’Rb. The ratio of
atoms ¥Rb/7Rb in natural rubidium is 2.591. Calculate the mass
of 8Rb.

. A compound contains only carbon, hydrogen, nitrogen, and oxy-
gen. Combustion of 0.157 g of the compound produced 0.213 g
CO, and 0.0310 g H,O. In another experiment, it is found that
0.103 g of the compound produces 0.0230 g NH;. What is the
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134.
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empirical formula of the compound? Hint: Combustion involves
reacting with excess O,. Assume that all the carbon ends up in
CO, and all the hydrogen ends up in H,O. Also assume that all
the nitrogen ends up in the NHj; in the second experiment.

Nitric acid is produced commercially by the Ostwald process,
represented by the following equations:

4NH;(g) + 50,(g) — 4NO(g) + 6H,0(g)
2NO(g) + O,(g) — 2NOy(g)
3NO,(g) + H,0(l) —> 2HNOs(ag) + NO(g)

What mass of NH; must be used to produce 1.0 X 10° kg HNO,
by the Ostwald process? Assume 100% yield in each reaction
and assume that the NO produced in the third step is not
recycled.

Consider a 5.430-g mixture of FeO and Fe;0,. You react this
mixture with an excess of oxygen to form 5.779 g Fe,0;. Cal-
culate the percent by mass of FeO in the original mixture.

A 9.780-g gaseous mixture contains ethane (C,Hg) and propane
(C;Hg). Complete combustion to form carbon dioxide and water
requires 1.120 mol of oxygen. Calculate the mass percent of
ethane in the original mixture.

Zinc and magnesium metal each react with hydrochloric acid to
make chloride salts of the respective metals, and hydrogen gas.
A 10.00-g mixture of zinc and magnesium produces 0.5171 g of
hydrogen gas upon being mixed with an excess of hydrochloric
acid. Determine the percent magnesium by mass in the original
mixture.

A 2.077-g sample of an element, which has an atomic mass
between 40 and 55, reacts with oxygen to form 3.708 g of an ox-
ide. Determine the formula of the oxide (and identify the element).

Consider a gaseous binary compound with a molar mass of 62.09
g/mol. When 1.39 g of this compound is completely burned in
excess oxygen, 1.21 g of water is formed. Determine the formula
of the compound. Assume water is the only product that con-
tains hydrogen.

A 2.25-g sample of scandium metal is reacted with excess
hydrochloric acid to produce 0.1502 g hydrogen gas. What is the
formula of the scandium chloride produced in the reaction?

. In the production of printed circuit boards for the electronics in-

dustry, a 0.60-mm layer of copper is laminated onto an insulat-
ing plastic board. Next, a circuit pattern made of a chemically
resistant polymer is printed on the board. The unwanted copper
is removed by chemical etching, and the protective polymer is
finally removed by solvents. One etching reaction is

Cu(NH,),Cly(aq) + 4NH;(ag) + Cu(s) — 2Cu(NH;),Cl(aq)

A plant needs to manufacture 10,000 printed circuit boards, each
8.0 X 16.0 cm in area. An average of 80.% of the copper is re-
moved from each board (density of copper = 8.96 g/cm?). What
masses of Cu(NH;),Cl, and NH; are needed to do this? Assume
100% yield.

The aspirin substitute, acetaminophen (CgHyO,N), is produced
by the following three-step synthesis:

I. CHsO5N(s) + 3Hy(g) + HCl(ag) —>
CH,ONCI(s) + 2H,0(!)
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II. CgHyONCI(s) + NaOH(ag) —
CeH,ON(s) + H,0(l) + NaCl(agq)

II. CgH,ON(s) + C,HyO5(l) —>
C4Hy0,N(s) + HC,H,0,(1)

The first two reactions have percent yields of 87% and 98% by
mass, respectively. The overall reaction yields 3 mol of aceta-
minophen product for every 4 mol of C;HsO;N reacted.

a. What is the percent yield by mass for the overall process?
b. What is the percent yield by mass of step I11?

. An element X forms both a dichloride (XCl,) and a tetrachloride

(XCl). Treatment of 10.00 g XCl, with excess chlorine forms
12.55 g XCl,. Calculate the atomic mass of X, and identify X.

When M,S;(s) is heated in air, it is converted to MO,(s).
A 4.000-g sample of M,S;(s) shows a decrease in mass of 0.277
g when it is heated in air. What is the average atomic mass of M?

When aluminum metal is heated with an element from Group
6A of the periodic table, an ionic compound forms. When the
experiment is performed with an unknown Group 6A
element, the product is 18.56% Al by mass. What is the
formula of the compound?

A sample of a mixture containing only sodium chloride and
potassium chloride has a mass of 4.000 g. When this sample is
dissolved in water and excess silver nitrate is added, a white solid
(silver chloride) forms. After filtration and drying, the solid sil-
ver chloride has the mass 8.5904 g. Calculate the mass percent
of each mixture component.

Ammonia reacts with O, to form either NO(g) or NO,(g) ac-
cording to these unbalanced equations:

NH;(g) + O,(g) — NO(g) + H,O(g)
NH;(g) + O5(g) —> NO,(g) + H,O(g)

In a certain experiment 2.00 mol of NH;(g) and 10.00 mol of
0,(g) are contained in a closed flask. After the reaction is com-
plete, 6.75 mol of O,(g) remains. Calculate the number of moles
of NO(g) in the product mixture: (Hint: You cannot do this prob-
lem by adding the balanced equations, because you cannot as-
sume that the two reactions will occur with equal probability.)

You take 1.00 g of an aspirin tablet (a compound consisting solely
of carbon, hydrogen, and oxygen), burn it in air, and collect
2.20 g CO, and 0.400 g H,0O. You know that the molar mass of
aspirin is between 170 and 190 g/mol. Reacting 1 mole of sali-
cylic acid with 1 mole of acetic anhydride (C,H40O5) gives you
1 mole of aspirin and 1 mole of acetic acid (C,H,O,). Use this
information to determine the molecular formula of salicylic acid.

Integrative Problems

These

problems require the integration of multiple concepts to find the

solutions.

141.

With the advent of techniques such as scanning tunneling mi-

croscopy, it is now possible to “write” with individual atoms by

manipulating and arranging atoms on an atomic surface.

a. If an image is prepared by manipulating iron atoms and their
total mass is 1.05 X 107% g, what number of iron atoms were
used?

b. If the image is prepared on a platinum surface that is exactly
20 platinum atoms high and 14 platinum atoms wide, what
is the mass (grams) of the atomic surface?

c. If the atomic surface were changed to ruthenium atoms and
the same surface mass as determined in part b is used, what
number of ruthenium atoms is needed to construct the surface?

142. Tetrodotoxin is a toxic chemical found in fugu pufferfish, a pop-
ular but rare delicacy in Japan. This compound has a LDs, (the
amount of substance that is lethal to 50.% of a population sample)
of 10. ug per kg of body mass. Tetrodotoxin is 41.38% carbon
by mass, 13.16% nitrogen by mass, and 5.37% hydrogen by
mass, with the remaining amount consisting of oxygen. What is
the empirical formula of tetrodotoxin? If three molecules of
tetrodotoxin has a mass of 1.59 X 107! g, what is the molecu-
lar formula of tetrodotoxin? What number of molecules of
tetrodotoxin would be the LDs, dosage for a person weighing
165 1b?

143. An ionic compound MXj is prepared according to the following
unbalanced chemical equation.

M+ X, —> MX;

A 0.105-g sample of X, contains 8.92 X 10 molecules. The
compound MX; consists of 54.47% X by mass. What are the
identities of M and X, and what is the correct name for MX;?
Starting with 1.00 g each of M and X,, what mass of MXj; can
be prepared?

144. The compound As,l, is synthesized by reaction of arsenic metal
with arsenic triiodide. If a solid cubic block of arsenic (d =
5.72 g/em®) that is 3.00 cm on edge is allowed to react with
1.01 X 10* molecules of arsenic triiodide, how much As,I, can
be prepared? If the percent yield of As,l, was 75.6%, what mass
of As,l, was actually isolated?

Marathon Problems

These problems are designed to incorporate several concepts and techniques
into one situation. Marathon Problems can be used in class by groups of
students to help facilitate problem-solving skills.

*145. From the information below, determine the mass of substance C
that will be formed if 45.0 grams of substance A reacts with 23.0
grams of substance B. (Assume that the reaction between A and
B goes to completion.)

a. Substance A is a gray solid that consists of an alkaline earth
metal and carbon (37.5% by mass). It reacts with substance B
to produce substances C and D. Forty million trillion formula
units of A have a mass of 4.26 milligrams.

b. 47.9 grams of substance B contains 5.36 grams of hydrogen
and 42.5 grams of oxygen.

¢. When 10.0 grams of Cis burned in excess oxygen, 33.8 grams
of carbon dioxide and 6.92 grams of water are produced. A
mass spectrum of substance C shows a parent molecular ion
with a mass-to-charge ratio of 26.

d. Substance D is the hydroxide of the metal in substance A.

*Used with permission from the Journal of Chemical Education, Vol. 68,
No. 11, 1991, pp. 919-922; copyright © 1991, Division of Chemical
Education, Inc.
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146. Consider the following balanced chemical equation: b. The products of the reaction are carbon dioxide (C) and wa-
ter (D). Compound A has the same molar mass as carbon diox-
ide. Compound B is a diatomic molecule. Identify compound
a. Equal masses of A and B are reacted. Complete each of the B and support your answer.

following with either “A is the limiting reactant because ¢. Compound A is a hydrocarbon that is 81.71% carbon by mass.
”; “B is the limiting reactant because ”or “we Determine its empirical and molecular formulas.
cannot determine the limiting reactant because ”. . N,

. . WWi,  Get help understanding core concepts and visualizing
i. If the molar mass of A is greater than the molar mass of ar- . . . .

B. then (’ Y molecular-level interactions, and practice problem solving,
o . by visiting the Online Study Center at college.hmco.com/
ii. If the molar mass of B is greater than the molar mass of ~—

A then PIC/zumdahl7e.

A+5B — 3C+ 4D
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uch of the chemistry that affects each of us occurs among substances dissolved
in water. For example, virtually all the chemistry that makes life possible occurs in an
aqueous environment. Also, various medical tests involve aqueous reactions, depending
heavily on analyses of blood and other body fluids. In addition to the common tests for
sugar, cholesterol, and iron, analyses for specific chemical markers allow detection of
many diseases before obvious symptoms occur.

Aqueous chemistry is also important in our environment. In recent years, contami-
nation of the groundwater by substances such as chloroform and nitrates has been widely
publicized. Water is essential for life, and the maintenance of an ample supply of clean
water is crucial to all civilization.

To understand the chemistry that occurs in such diverse places as the human body,
the atmosphere, the groundwater, the oceans, the local water treatment plant, your hair as
you shampoo it, and so on, we must understand how substances dissolved in water react
with each other.

However, before we can understand solution reactions, we need to discuss the nature
of solutions in which water is the dissolving medium, or solvent. These solutions are called
aqueous solutions. In this chapter we will study the nature of materials after they are dis-
solved in water and various types of reactions that occur among these substances. You
will see that the procedures developed in Chapter 3 to deal with chemical reactions work
very well for reactions that take place in aqueous solutions. To understand the types of
reactions that occur in aqueous solutions, we must first explore the types of species present.
This requires an understanding of the nature of water.

4.1 water, the Common Solvent

Water is one of the most important substances on earth. It is essential for sustaining the
reactions that keep us alive, but it also affects our lives in many indirect ways. Water
helps moderate the earth’s temperature; it cools automobile engines, nuclear power
plants, and many industrial processes; it provides a means of transportation on the
earth’s surface and a medium for the growth of a myriad of creatures we use as food;
and much more.

One of the most valuable properties of water is its ability to dissolve many different
substances. For example, salt “disappears” when you sprinkle it into the water used to
cook vegetables, as does sugar when you add it to your iced tea. In each case the “dis-
appearing” substance is obviously still present—you can taste it. What happens when a
solid dissolves? To understand this process, we need to consider the nature of water. Liquid
water consists of a collection of H,O molecules. An individual H,O molecule is “bent”
or V-shaped, with an H—O—H angle of approximately 105 degrees:

H 105° H

>

< 7
0)

The O—H bonds in the water molecule are covalent bonds formed by electron shar-
ing between the oxygen and hydrogen atoms. However, the electrons of the bond are not
shared equally between these atoms. For reasons we will discuss in later chapters, oxy-
gen has a greater attraction for electrons than does hydrogen. If the electrons were shared
equally between the two atoms, both would be electrically neutral because, on average,
the number of electrons around each would equal the number of protons in that nucleus.
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6+

FIGURE 4.1
(top) The water molecule is polar. (bottom)
A space-filling model of the water molecule.

Wi
@i}“ Visualization: The Dissolution
\7§> of a Solid in a Liquid

FIGURE 4.2
Polar water molecules interact with the positive and negative ions of a salt, assisting in the dissolving process.

However, because the oxygen atom has a greater attraction for electrons, the shared
electrons tend to spend more time close to the oxygen than to either of the hydrogens.
Thus the oxygen atom gains a slight excess of negative charge, and the hydrogen atoms
become slightly positive. This is shown in Fig. 4.1, where 6 (delta) indicates a partial
charge (less than one unit of charge). Because of this unequal charge distribution, water
is said to be a polar molecule. It is this polarity that gives water its great ability to dissolve
compounds.

A schematic of an ionic solid dissolving in water is shown in Fig. 4.2. Note that the
“positive ends” of the water molecules are attracted to the negatively charged anions and
that the “negative ends” are attracted to the positively charged cations. This process is
called hydration. The hydration of its ions tends to cause a salt to “fall apart” in the wa-
ter, or to dissolve. The strong forces present among the positive and negative ions of the
solid are replaced by strong water—ion interactions.

It is very important to recognize that when ionic substances (salts) dissolve in water,
they break up into the individual cations and anions. For instance, when ammonium nitrate
(NH4NOj;) dissolves in water, the resulting solution contains NH," and NO;~ ions moving
around independently. This process can be represented as

NH,NO(s) —> NH, *(ag) + NO; (aq)

where (ag) designates that the ions are hydrated by unspecified numbers of water molecules.

The solubility of ionic substances in water varies greatly. For example, sodium chlo-
ride is quite soluble in water, whereas silver chloride (contains Ag* and Cl™ ions) is only
very slightly soluble. The differences in the solubilities of ionic compounds in water
typically depend on the relative attractions of the ions for each other (these forces hold
the solid together) and the attractions of the ions for water molecules (which cause the
solid to disperse [dissolve] in water). Solubility is a complex topic that we will explore
in much more detail in Chapter 11. However, the most important thing to remember at

e @




FIGURE 4.3

(a) The ethanol molecule contains a polar
O—H bond similar to those in the water
molecule. (b) The polar water molecule
interacts strongly with the polar O—H
bond in ethanol. This is a case of “like
dissolving like.”

('MY;% Visualization: Electrolytes

An electrolyte is a substance that when
dissolved in water produces a solution
that can conduct electricity.

Behavior
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(‘,\% Visualization: Electrolyte
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this point is that when an ionic solid does dissolve in water, the ions become hydrated
and are dispersed (move around independently).

Water also dissolves many nonionic substances. Ethanol (C,H;OH), for example, is
very soluble in water. Wine, beer, and mixed drinks are aqueous solutions of ethanol and
other substances. Why is ethanol so soluble in water? The answer lies in the structure of
the alcohol molecules, which is shown in Fig. 4.3(a). The molecule contains a polar O—H
bond like those in water, which makes it very compatible with water. The interaction of
water with ethanol is represented in Fig. 4.3(b).

Many substances do not dissolve in water. Pure water will not, for example, dissolve
animal fat, because fat molecules are nonpolar and do not interact effectively with polar
water molecules. In general, polar and ionic substances are expected to be more soluble
in water than nonpolar substances. “Like dissolves like” is a useful rule for predicting sol-
ubility. We will explore the basis for this generalization when we discuss the details of
solution formation in Chapter 11.

4.2 The Nature of Aqueous Solutions: Strong and
Weak Electrolytes

As we discussed in Chapter 2, a solution is a homogeneous mixture. It is the same through-
out (the first sip of a cup of coffee is the same as the last), but its composition can be
varied by changing the amount of dissolved substances (one can make weak or strong cof-
fee). In this section we will consider what happens when a substance, the solute, is
dissolved in liquid water, the solvent.

One useful property for characterizing a solution is its electrical conductivity, its abil-
ity to conduct an electric current. This characteristic can be checked conveniently by us-
ing an apparatus like the ones shown in Figure 4.4. If the solution in the container conducts
electricity, the bulb lights. Pure water is not an electrical conductor. However, some aque-
ous solutions conduct current very efficiently, and the bulb shines very brightly; these so-
lutions contain strong electrolytes. Other solutions conduct only a small current, and the
bulb glows dimly; these solutions contain weak electrolytes. Some solutions permit no
current to flow, and the bulb remains unlit; these solutions contain nonelectrolytes.

The basis for the conductivity properties of solutions was first correctly identified by
Svante Arrhenius (1859-1927), then a Swedish graduate student in physics, who carried
out research on the nature of solutions at the University of Uppsala in the early 1880s.
Arrhenius came to believe that the conductivity of solutions arose from the presence of
ions, an idea that was at first scorned by the majority of the scientific establishment. How-
ever, in the late 1890s when atoms were found to contain charged particles, the ionic
theory suddenly made sense and became widely accepted.

As Arrhenius postulated, the extent to which a solution can conduct an electric current
depends directly on the number of ions present. Some materials, such as sodium chloride,
readily produce ions in aqueous solution and thus are strong electrolytes. Other substances,
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FIGURE 4.4

Electrical conductivity of aqueous solutions.
The circuit will be completed and will allow
current to flow only when there are charge
carriers (ions) in the solution. Note: Water
molecules are present but not shown in
these pictures. (a) A hydrochloric acid solu-
tion, which is a strong electrolyte, contains
ions that readily conduct the current and
give a brightly lit bulb. (b) An acetic acid
solution, which is a weak electrolyte, con-
tains only a few ions and does not conduct
as much current as a strong electrolyte.
The bulb is only dimly lit. (c) A sucrose
solution, which is a nonelectrolyte, contains
no ions and does not conduct a current.
The bulb remains unlit.

FIGURE 4.5

When solid NaCl dissolves, the Na* and
Cl™ ions are randomly dispersed in the
water.

such as acetic acid, produce relatively few ions when dissolved in water and are weak
electrolytes. A third class of materials, such as sugar, form virtually no ions when dissolved
in water and are nonelectrolytes.

Strong Electrolytes

Strong electrolytes are substances that are completely ionized when they are dissolved in
water, as represented in Fig. 4.4(a). We will consider several classes of strong electrolytes:
(1) soluble salts, (2) strong acids, and (3) strong bases.

As shown in Fig. 4.2, a salt consists of an array of cations and anions that separate
and become hydrated when the salt dissolves. For example, when NaCl dissolves in water,
it produces hydrated Na* and C1~ ions in the solution (see Fig. 4.5). Virtually no NaCl

NaCl(s)
dissolves

—_




FIGURE 4.6
HCl(aq) is completely ionized.

The Arrhenius definition of an acid is a
substance that produces H* ions in
solution.

Strong electrolytes dissociate (ionize)
completely in aqueous solution.

Perchloric acid, HCIO4(ag), is another
strong acid.

QG on
@ Na*

FIGURE 4.7
An aqueous solution of sodium
hydroxide.

Weak electrolytes dissociate (ionize) only
to a small extent in aqueous solution.
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units are present. Thus NaCl is a strong electrolyte. It is important to recognize that these
aqueous solutions contain millions of water molecules that we will not include in our
molecular-level drawings.

One of Arrhenius’s most important discoveries concerned the nature of acids. Acid-
ity was first associated with the sour taste of citrus fruits. In fact, the word acid comes
directly from the Latin word acidus, meaning “sour.” The mineral acids sulfuric acid
(H,S0O,) and nitric acid (HNO;), so named because they were originally obtained by the
treatment of minerals, were discovered around 1300.

Although acids were known for hundreds of years before the time of Arrhenius, no
one had recognized their essential nature. In his studies of solutions, Arrhenius found that
when the substances HCI, HNO;, and H,SO, were dissolved in water, they behaved as
strong electrolytes. He postulated that this was the result of ionization reactions in water,
for example:

H,O0
HCl — H"(aq) + Cl (aq)
H,O
HNO; — H*(aq) + NO; (aq)
H,S0, —— H*(aq) + HSO, (aq)

Thus Arrhenius proposed that an acid is a substance that produces H" ions (protons) when
it is dissolved in water.

Studies of conductivity show that when HCI, HNO;, and H,SO, are placed in
water, virtually every molecule ionizes. These substances are strong electrolytes and
are thus called strong acids. All three are very important chemicals, and much more
will be said about them as we proceed. However, at this point the following facts are
important:

Sulfuric acid, nitric acid, and hydrochloric acid are aqueous solutions and should be
written in chemical equations as H,SO,(ag), HNOs(aq), and HCl(aq), respectively,
although they often appear without the (ag) symbol.

A strong acid is one that completely dissociates into its ions. Thus, if 100 molecules
of HCl are dissolved in water, 100 H" ions and 100 C1~ ions are produced. Virtually
no HCI molecules exist in aqueous solutions (see Fig. 4.6).

Sulfuric acid is a special case. The formula H,SO, indicates that this acid can pro-
duce two H™ ions per molecule when dissolved in water. However, only the first H*
ion is completely dissociated. The second H* ion can be pulled off under certain con-
ditions, which we will discuss later. Thus an aqueous solution of H,SO, contains
mostly H" ions and HSO,™ ions.

Another important class of strong electrolytes consists of the strong bases, soluble
ionic compounds containing the hydroxide ion (OH ). When these compounds are dis-
solved in water, the cations and OH™ ions separate and move independently. Solutions
containing bases have a bitter taste and a slippery feel. The most common basic solutions
are those produced when solid sodium hydroxide (NaOH) or potassium hydroxide (KOH)
is dissolved in water to produce ions, as follows (see Fig. 4.7):

NaOH(s) —=> Na*(aq) + OH (aq)
KOH(s) —> K*(ag) + OH (aq)

Weak Electrolytes

Weak electrolytes are substances that exhibit a small degree of ionization in water. That
is, they produce relatively few ions when dissolved in water, as shown in Fig. 4.4(b). The
most common weak electrolytes are weak acids and weak bases.
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CHEMICAL IMPACT

cience is a human endeavor, subject to human frailties
»Pand governed by personalities, politics, and prejudices.
One of the best illustrations of the often bumpy path of the
advancement of scientific knowledge is the story of Swedish
chemist Svante Arrhenius.

When Arrhenius began studies toward his doctorate
at the University of Uppsala around 1880, he chose to in-
vestigate the passage of electricity through solutions, a
mystery that had baffled scientists for a century. The first
experiments had been done in the 1770s by Cavendish, who
compared the conductivity of salt solution with that of rain
water using his own physiologic reaction to the electric
shocks he received! Arrhenius had an array of instruments
to measure electric current, but the process of carefully
weighing, measuring, and recording data from a multitude
of experiments was a tedious one.

After his long series of experiments was performed,
Arrhenius quit his laboratory bench and returned to his country

Svante August Arrhenius.

The main acidic component of vinegar is acetic acid (HC,H;0,). The formula is
written to indicate that acetic acid has two chemically distinct types of hydrogen atoms.
Formulas for acids are often written with the acidic hydrogen atom or atoms (any that
will produce H™ ions in solution) listed first. If any nonacidic hydrogens are present, they
are written later in the formula. Thus the formula HC,H;0, indicates one acidic and three
nonacidic hydrogen atoms. The dissociation reaction for acetic acid in water can be writ-
ten as follows:

H,0
HC,H;0,(ag) == H+(aq) + C2H3O{(aq)

Acetic acid is very different from the strong acids because only about 1% of its molecules
dissociate in aqueous solutions at typical concentrations. For example, in a solution con-
taining 0.1 mole of HC,H;0, per liter, for every 100 molecules of HC,H;0, originally
dissolved in water, approximately 99 molecules of HC,H;0, remain intact (see Fig. 4.8).
That is, only one molecule out of every 100 dissociates (to produce one H* ion and one

@ ¢ % C2H3027 lOH).

Because acetic acid is a weak electrolyte, it is called a weak acid. Any acid, such
as acetic acid, that dissociates (ionizes) only to a slight extent in aqueous solutions
is called a weak acid. In Chapter 14 we will explore the subject of weak acids in
detail.

The most common weak base is ammonia (NH;). When ammonia is dissolved in
water, it reacts as follows:

NH;(aq) + H,0(l) —> NH,"(aq) + OH (aq)

FIGURE 4.8 . . . _ . .
Acetic acid (HC,H,0,) exists in water mostly The solution is basic because OH™ ions are produced. Ammonia is called a weak base

as undissociated molecules. Only a small because the resulting solution is a weak electrolyte; that is, very few ions are formed. In
percentage of the molecules are ionized. fact, in a solution containing 0.1 mole of NH; per liter, for every 100 molecules of NH;



home to try to formulate a model that could account for his
data. He wrote, “I got the idea in the night of the 17th of May
in the year 1883, and I could not sleep that night until I had
worked through the whole problem.” His idea was that ions
were responsible for conducting electricity through a solution.

Back at Uppsala, Arrhenius took his doctoral disserta-
tion containing the new theory to his advisor, Professor
Cleve, an eminent chemist and the discoverer of the ele-
ments holmium and thulium. Cleve’s uninterested response
was what Arrhenius had expected. It was in keeping with
Cleve’s resistance to new ideas—he had not even accepted
Mendeleev’s periodic table, introduced 10 years earlier.

It is a long-standing custom that before a doctoral de-
gree is granted, the dissertation must be defended before a
panel of professors. Although this procedure is still followed
at most universities today, the problems are usually worked
out in private with the evaluating professors before the actual
defense. However, when Arrhenius did it, the dissertation
defense was an open debate, which could be rancorous and
humiliating. Knowing that it would be unwise to antagonize
his professors, Arrhenius downplayed his convictions about

4.3 The Composition of Solutions

his new theory as he defended his dissertation. His diplo-
macy paid off: He was awarded his degree, albeit reluctantly,
because the professors still did not believe his model and
considered him to be a marginal scientist, at best.

Such a setback could have ended his scientific career,
but Arrhenius was a crusader; he was determined to see his
theory triumph. He promptly embarked on a political cam-
paign, enlisting the aid of several prominent scientists, to
get his theory accepted.

Ultimately, the ionic theory triumphed. Arrhenius’s fame
spread, and honors were heaped on him, culminating in the
Nobel Prize in chemistry in 1903. Not one to rest on his lau-
rels, Arrhenius turned to new fields, including astronomy; he
formulated a new theory that the solar system may have come
into being through the collision of stars. His exceptional ver-
satility led him to study the use of serums to fight disease,
energy resources and conservation, and the origin of life.

Additional insight on Arrhenius and his scientific career can be
obtained from his address on receiving the Willard Gibbs Award.
See Journal of the American Chemical Society 36 (1912): 353.
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Hydrogen
Q Oxygen
Q Nitrogen

FIGURE 4.9
The reaction of NH; in water.

originally dissolved, only one NH, " ion and one OH™ ion are produced; 99 molecules of
NH; remain unreacted (see Fig. 4.9).

Nonelectrolytes

Nonelectrolytes are substances that dissolve in water but do not produce any ions, as shown in
Fig. 4.4(c). An example of a nonelectrolyte is ethanol (see Fig. 4.3 for the structural formula).
When ethanol dissolves, entire C,H;OH molecules are dispersed in the water. Since the
molecules do not break up into ions, the resulting solution does not conduct an electric current.
Another common nonelectrolyte is table sugar (sucrose, C,,H,,0,,), which is very soluble in
water but which produces no ions when it dissolves. The sucrose molecules remain intact.

4.3 The Composition of Solutions

Chemical reactions often take place when two solutions are mixed. To perform stoi-
chiometric calculations in such cases, we must know two things: (1) the nature of the re-
action, which depends on the exact forms the chemicals take when dissolved, and (2) the
amounts of chemicals present in the solutions, usually expressed as concentrations.

The concentration of a solution can be described in many different ways, as we will
see in Chapter 11. At this point we will consider only the most commonly used expression
of concentration, molarity (M), which is defined as moles of solute per volume of solution
in liters:

moles of solute

M = molarity = ———F———
Y liters of solution

A solution that is 1.0 molar (written as 1.0 M) contains 1.0 mole of solute per liter of solution.
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Sample Exercise 4.1

Calculation of Molarity I

Sample Exercise 4.2

Calculate the molarity of a solution prepared by dissolving 11.5 g of solid NaOH in enough
water to make 1.50 L of solution.

Solution

To find the molarity of the solution, we first compute the number of moles of solute using
the molar mass of NaOH (40.00 g/mol):

1 mol NaOH
40.00 g NaOH

Then we divide by the volume of the solution in liters:

mol solute  0.288 mol NaOH
L solution 1.50 L solution

11.5 g NaOH X = 0.288 mol NaOH

Molarity = = 0.192 M NaOH

See Exercises 4.21 and 4.22.

Calculation of Molarity II

Sample Exercise 4.3

Calculate the molarity of a solution prepared by dissolving 1.56 g of gaseous HCI in
enough water to make 26.8 mL of solution.

Solution

First we calculate the number of moles of HCI (molar mass = 36.46 g/mol):

1.56 gt x MO HCL o 102 mol HC
. — =4 mo
36.46 g HET
Next we must change the volume of the solution to liters:
268mbk X ———— =268 X 102 L
1000 mE

Finally, we divide the moles of solution by the liters of solution:

4.28 X 10”* mol HCI
Molarity = T~ 160 MHCI
2.68 X 107~ L solution

See Exercises 4.21 and 4.22.

It is important to realize that the conventional description of a solution’s concentration
may not accurately reflect the true composition of the solution. Solution concentration is
always given in terms of the form of the solute before it dissolves. For example, when a
solution is described as being 1.0 M NaCl, this means that the solution was prepared by
dissolving 1.0 mole of solid NaCl in enough water to make 1.0 liter of solution; it does
not mean that the solution contains 1.0 mole of NaCl units. Actually, the solution contains
1.0 mole of Na* ions and 1.0 mole of Cl~ ions. This situation is further illustrated in
Sample Exercise 4.3.

Concentrations of lons |

Give the concentration of each type of ion in the following solutions:

a. 0.50 M Co(NO;),
b. 1 M Fe(ClOy);



An aqueous solution of Co(NO,),.

_ moles of solute
liters of solution

Sample Exercise 4.4
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Solution

a. When solid Co(NOy), dissolves, the cobalt(Il) cation and the nitrate anions separate:

Co(NO,),(s) —> Co**(ag) + 2NO; (aq)

For each mole of Co(NO;), that is dissolved, the solution contains 1 mol Co*" ions
and 2 mol NO;~ ions. Thus a solution that is 0.50 M Co(NO;), contains 0.50 M Co**
and (2 X 0.50) M NO;™ or 1.0 M NO; ™.

b. When solid Fe(ClO,); dissolves, the iron(III) cation and the perchlorate anions separate:

Fe(Cl0,)(s) SN Fe**(aq) + 3ClO, (aq)

Thus a solution that is described as 1 M Fe(ClO,); actually contains 1 M Fe*" ions and
3 M ClO, " ions.

See Exercises 14.23 and 14.24.

Often chemists need to determine the number of moles of solute present in a given
volume of a solution of known molarity. The procedure for doing this is easily derived
from the definition of molarity. If we multiply the molarity of a solution by the volume
(in liters) of a particular sample of the solution, we get the moles of solute present in that
sample:

moles of solute

Liters of solution X molarity = liters-efsotution X ———————— = moles of solute
liters-of sotution

This procedure is demonstrated in Sample Exercises 4.4 and 4.5.

Concentrations of lons Il

Sample Exercise 4.5

Calculate the number of moles of Cl™ ions in 1.75 L of 1.0 X 107> M ZnCl,.
Solution

When solid ZnCl, dissolves, it produces ions as follows:

ZnCl,(s) =2 Zn**(aq) + 2C1 (aq)

Thus a 1.0 X 107> M ZnCl, solution contains 1.0 X 107> M Zn*" ions and 2.0 X 1073
M Cl1 ions. To calculate the moles of Cl™ ions in 1.75 L of the 1.0 X 10™* M ZnCl, so-
lution, we must multiply the volume times the molarity:

2.0 X 107> mol C1~

1.75 L solution X 2.0 X 10> M Cl~
solution o

1.75 L-setation X
3.5 X 10 mol C1I™

See Exercise 4.25.

Concentration and Volume

Typical blood serum is about 0.14 M NaCl. What volume of blood contains 1.0 mg NaCl?
Solution

We must first determine the number of moles represented by 1.0 mg NaCl (molar mass =
58.45 g/mol):

1 g NaCl 1 mol NaCl
1.0 mg Na€l X x —0 8 1.7 X 107° mol NaCl

1000 mg Na€1 ~ 58.45 g Na€l
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Sample Exercise 4.6

Next, we must determine what volume of 0.14 M NaCl solution contains 1.7 X 107> mol
NaCl. There is some volume, call it V, that when multiplied by the molarity of this solu-
tion will yield 1.7 X 107> mol NaCl. That is:

0.14 mol NaCl
X -

- = 1.7 X 107> mol NaCl
L solution
We want to solve for the volume:

1.7 X 107 moHNaCt
0.14 molNaC1
L solution

Thus 0.12 mL of blood contains 1.7 X 107> mol NaCl or 1.0 mg NaCl.
See Exercises 4.27 and 4.28.

= 1.2 X 107* L solution

A standard solution is a solution whose concentration is accurately known. Stan-
dard solutions, often used in chemical analysis, can be prepared as shown in Fig. 4.10 and
in Sample Exercise 4.6.

Solutions of Known Concentration

To analyze the alcohol content of a certain wine, a chemist needs 1.00 L of an aqueous
0.200 M K,Cr,0O; (potassium dichromate) solution. How much solid K,Cr,O; must be
weighed out to make this solution?

Solution
We must first determine the moles of K,Cr,0; required:

0.200 mol K,Cr,04

1.00 on X
L sokation =

= 0.200 mol K,Cr,0;,

Wash bottle

— &0

Volume marker
(calibration mark)

Weighed
amount
of solute

(a) (b) ©)

FIGURE 4.10

Steps involved in the preparation of a standard aqueous solution. (a) Put a weighed amount of a substance
(the solute) into the volumetric flask, and add a small quantity of water. (b) Dissolve the solid in the water
by gently swirling the flask (with the stopper in place). (c) Add more water (with gentle swirling) until the
level of the solution just reaches the mark etched on the neck of the flask. Then mix the solution
thoroughly by inverting the flask several times.



NWhe
(’!’;% Visualization: Dilution

Dilution with water does not alter the
numbers of moles of solute present.

Calibration
mark

e e i

I

(b)

—~
o
=

FIGURE 4.11

(a) A measuring pipet is graduated and can
be used to measure various volumes of
liquid accurately. (b) A volumetric (transfer)
pipet is designed to measure one volume
accurately. When filled to the mark, it de-
livers the volume indicated on the pipet.
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This amount can be converted to grams using the molar mass of K,Cr,0, (294.18 g/mol).

294.20 g K,Cr,0,
0.200 mol&5€17,07 X o = 58.8 g K,Cr,04

Thus, to make 1.00 L of 0.200 M K,Cr,0;, the chemist must weigh out 58.8 g K,Cr,0,
transfer it to a 1.00-L volumetric flask, and add distilled water to the mark on the flask.

See Exercises 4.29a and c and 4.30c and e.

Dilution

To save time and space in the laboratory, routinely used solutions are often purchased or
prepared in concentrated form (called stock solutions). Water is then added to achieve the
molarity desired for a particular solution. This process is called dilution. For example,
the common acids are purchased as concentrated solutions and diluted as needed. A typ-
ical dilution calculation involves determining how much water must be added to an amount
of stock solution to achieve a solution of the desired concentration. The key to doing these
calculations is to remember that

Moles of solute after dilution = moles of solute before dilution

because only water (no solute) is added to accomplish the dilution.

For example, suppose we need to prepare 500. mL of 1.00 M acetic acid (HC,H;0,)
from a 17.4 M stock solution of acetic acid. What volume of the stock solution is required?
The first step is to determine the number of moles of acetic acid in the final solution by
multiplying the volume by the molarity (remembering that the volume must be changed
to liters):

1 L setution y 1.00 mol HC,H;0,
1000 mL-setution L solution

500. mLsetution X = 0.500 mol HC,H;0,

Thus we need to use a volume of 17.4 M acetic acid that contains 0.500 mol HC,H;0,.
That is,

17.4 mol HC2H302

L solution

= 0.500 mol HC2H302

Solving for V gives

0.500 mol HESHLO;
V= 2322 — 0.0287 L or 28.7 mL solution
17.4 mol HEHE0;

L solution

Thus, to make 500 mL of a 1.00 M acetic acid solution, we can take 28.7 mL of 17.4 M
acetic acid and dilute it to a total volume of 500 mL with distilled water.

A dilution procedure typically involves two types of glassware: a pipet and a
volumetric flask. A pipet is a device for accurately measuring and transferring a given
volume of solution. There are two common types of pipets: volumetric (or transfer)
pipets and measuring pipets, as shown in Fig. 4.11. Volumetric pipets come in specific
sizes, such as 5 mL, 10 mL, 25 mL, and so on. Measuring pipets are used to measure
volumes for which a volumetric pipet is not available. For example, we would use a
measuring pipet as shown in Fig. 4.12 on page 139 to deliver 28.7 mL of 17.4 M acetic
acid into a 500-mL volumetric flask and then add water to the mark to perform the
dilution described above.
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Tiny Laboratories
ne of the major impacts of modern technology is to
make things smaller. The best example is the computer.
Calculations that 30 years ago required a machine the size
of a large room now can be carried out on a hand-held cal-
culator. This tendency toward miniaturization is also having
a major impact on the science of chemical analysis. Using
the techniques of computer chip makers, researchers are now
constructing minuscule laboratories on the surface of a tiny
chip made of silicon, glass, or plastic (see photo). Instead
of electrons, 107 to 10™° L of liquids moves between re-
action chambers on the chip through tiny capillaries. The
chips typically contain no moving parts. Instead of conven-
tional pumps, the chip-based laboratories use voltage dif-
ferences to move liquids that contain ions from one reaction
chamber to another.

Microchip laboratories have many advantages. They
require only tiny amounts of sample. This is especially ad-
vantageous for expensive, difficult-to-prepare materials or in
cases such as criminal investigations, where only small
amounts of evidence may exist. The chip laboratories also
minimize contamination because they represent a “closed
system” once the material has been introduced to the chip.
In addition, the chips can be made to be disposable to prevent
cross-contamination of different samples.

The chip laboratories present some difficulties not found
in macroscopic laboratories. The main problem concerns the
large surface area of the capillaries and reaction chambers
relative to the sample volume. Molecules or biological cells
in the sample solution encounter so much “wall” that they
may undergo unwanted reactions with the wall materials.
Glass seems to present the least of these problems, and
the walls of silicon chip laboratories can be protected by
formation of relatively inert silicon dioxide. Because plas-
tic is inexpensive, it seems a good choice for disposable
chips, but plastic also is the most reactive with the samples
and the least durable of the available materials.

CHEMICAL IMPACT
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Caliper Technologies Corporation, of Palo Alto, Cali-
fornia, is working toward creating a miniature chemistry
laboratory about the size of a toaster that can be used with
“plug-in” chip-based laboratories. Various chips would be
furnished with the unit that would be appropriate for differ-
ent types of analyses. The entire unit would be connected to
a computer to collect and analyze the data. There is even the
possibility that these “laboratories” could be used in the
home to perform analyses such as blood sugar and blood
cholesterol and to check for the presence of bacteria such
as E. coli and many others. This would revolutionize the
health care industry.

= e

Plastic chips such as this one made by
Caliper Technologies are being used to per-
form laboratory procedures traditionally
done with test tubes.

Adapted from “The Incredible Shrinking Laboratory,” by Corinna
Wou, as appeared in Science News, Vol. 154, August 15, 1998, p. 104.

et ¥d Concentration and Volume

What volume of 16 M sulfuric acid must be used to prepare 1.5 L of a 0.10 M H,SO, solution?

Solution

We must first determine the moles of H,SO, in 1.5 L of 0.10 M H,SO,:

1.5 Lsetution X

0.10 mol H,SO,

= 0.15 mol H,SO,



FIGURE 4.12

(a) A measuring pipet is used to transfer
28.7 mL of 17.4 M acetic acid solution to a
volumetric flask. (b) Water is added to the

flask to the calibration mark. (c) The result-

ing solution is 1.00 M acetic acid.

In diluting an acid, “Do what you oughta,
always add acid to water.”
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Rubber bulb

(a) (b) (©

Next we must find the volume of 16 M H,SO, that contains 0.15 mol H,SO,:

16 mol H,SO,

K = 015 mOl H2504
L solution

Solving for V gives

_ 0.15 molHH550;
16 mol-H550;
1 L solution

=94 X 10> L or 9.4 mL solution

Thus, to make 1.5 L of 0.10 M H,SO, using 16 M H,SO,, we must take 9.4 mL of the con-
centrated acid and dilute it with water to 1.5 L. The correct way to do this is to add the 9.4 mL
of acid to about 1 L of distilled water and then dilute to 1.5 L by adding more water.

See Exercises 4.29b and d and 4.30a, b, and d.

As noted earlier, the central idea in performing the calculations associated with dilu-
tions is to recognize that the moles of solute are not changed by the dilution. Another way
to express this condition is by the following equation:

M\V, = M,V,

where M, and V, represent the molarity and volume of the original solution (before dilu-
tion) and M, and V, represent the molarity and volume of the diluted solution. This equa-
tion makes sense because

M, X V; = mol solute before dilution
= mol solute after dilution = M, X V,



140

=

NN~

FIGURE 4.13

When yellow aqueous potassium chromate
is added to a colorless barium nitrate solu-
tion, yellow barium chromate precipitates.

A precipitation reaction also can be called
a double displacement reaction.

ST

@

The quantitative aspects of precipitation
reactions are covered in Chapter 15.

Visualization: Precipitation
Reactions

When ionic compounds dissolve in water,
the resulting solution contains the sepa-
rated ions.
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Repeat Sample Exercise 4.7 using the equation M,V, = M,V,. Note that in doing so
M, =16M M, =0.10M V,=15L

and V, is the unknown quantity sought. The equation M,V, = M,V, always holds for a dilu-
tion. This equation will be easy for you to remember if you understand where it comes from.

4.4 Types of Chemical Reactions

Although we have considered many reactions so far in this text, we have examined only
a tiny fraction of the millions of possible chemical reactions. To make sense of all these
reactions, we need some system for grouping reactions into classes. Although there are
many different ways to do this, we will use the system most commonly used by practic-
ing chemists:

Types of Solution Reactions
e Precipitation reactions
e Acid-base reactions

e Oxidation-reduction reactions

Virtually all reactions can be put into one of these classes. We will define and illustrate
each type in the following sections.

4.5 Precipitation Reactions

When two solutions are mixed, an insoluble substance sometimes forms; that is, a solid
forms and separates from the solution. Such a reaction is called a precipitation reaction,
and the solid that forms is called a precipitate. For example, a precipitation reaction occurs
when an aqueous solution of potassium chromate, K,CrO,(ag), which is yellow, is added
to a colorless aqueous solution containing barium nitrate, Ba(NO;),(ag). As shown in
Fig. 4.13, when these solutions are mixed, a yellow solid forms. What is the equation that
describes this chemical change? To write the equation, we must know the identities of the
reactants and products. The reactants have already been described: K,CrO,(ag) and
Ba(NOs),(ag). Is there some way we can predict the identities of the products? In partic-
ular, what is the yellow solid?

The best way to predict the identity of this solid is to think carefully about what prod-
ucts are possible. To do this, we need to know what species are present in the solution
after the two reactant solutions are mixed. First, let’s think about the nature of each reactant
solution. The designation Ba(NO;),(ag) means that barium nitrate (a white solid) has been
dissolved in water. Notice that barium nitrate contains the Ba>* and NO,~ ions. Remem-
ber: In virtually every case, when a solid containing ions dissolves in water, the ions
separate and move around independently. That is, Ba(NOj3),(ag) does not contain Ba(NOs),
units; it contains separated Ba’* and NO, ™~ ions. See Fig. 4.14(a).

Similarly, since solid potassium chromate contains the K* and CrO,*” ions, an aque-
ous solution of potassium chromate (which is prepared by dissolving solid K,CrO, in
water) contains these separated ions, as shown in Fig. 4.14(b).

We can represent the mixing of K,CrO,(aq) and Ba(NO;),(ag) in two ways. First, we
can write

K,CrO,(aq) + Ba(NO;),(ag) — products



FIGURE 4.14

Reactant solutions: (a) Ba(NO;),(aq) and

(b) K,CrO,(aq).

(a)
FIGURE 4.15
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o Ba2+
4 NO,”
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However, a much more accurate representation is

2K*(aq) + CrO* (aq) + Ba’*(aq) + 2NO; (ag) —> products

The ions in
Ba(NO;),(aq)

The ions in
K,CrO,(aq)

Thus the mixed solution contains the ions:
K* CrO,2~ Ba’*  NO;

as illustrated in Fig. 4.15(a).

How can some or all of these ions combine to form a yellow solid? This is not an
easy question to answer. In fact, predicting the products of a chemical reaction is one of
the hardest things a beginning chemistry student is asked to do. Even an experienced
chemist, when confronted with a new reaction, is often not sure what will happen.
The chemist tries to think of the various possibilities, considers the likelihood of each

a_ _a»
QO&H
Oa’g
Lo

(b)

The reaction of K,CrO,(aq) and Ba(NOs),(aq). (a) The molecular-level “picture” of the mixed solution before any reaction has occurred.
(b) The molecular-level “picture” of the solution after the reaction has occurred to form BaCrO,(s). Note: BaCrO,(s) is not molecular. It
actually contains Ba>* and CrO,’ ions packed together in a lattice. (c) A photo of the solution after the reaction has occurred, show-

ing the solid BaCrO, on the bottom.
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FIGURE 4.16

Precipitation of silver chloride by mixing
solutions of silver nitrate and potassium
chloride. The K* and NO; ™ ions remain in
solution.

possibility, and then makes a prediction (an educated guess). Only after identifying each
product experimentally is the chemist sure what reaction has taken place. However, an
educated guess is very useful because it provides a place to start. It tells us what kinds of
products we are most likely to find. We already know some things that will help us predict
the products of the above reaction.

1. When ions form a solid compound, the compound must have a zero net charge. Thus
the products of this reaction must contain both anions and cations. For example, K*
and Ba®>" could not combine to form the solid, nor could CrO,*~ and NO; .

2. Most ionic materials contain only two types of ions: one type of cation and one type
of anion (for example, NaCl, KOH, Na,SO,, K,CrO,, Co(NOs),, NH,Cl, Na,COs3).

The possible combinations of a given cation and a given anion from the list of ions
K*, CrO,*", Ba’*, and NO; ™ are

K,CrO, KNO, BaCrO, Ba(NO;),

Which of these possibilities is most likely to represent the yellow solid? We know it’s not
K,CrO, or Ba(NOs),. They are the reactants. They were present (dissolved) in the sepa-
rate solutions that were mixed. The only real possibilities for the solid that formed are

KNO; and BaCrO,

To decide which of these most likely represents the yellow solid, we need more facts. An
experienced chemist knows that the K" ion and the NO;~ ion are both colorless. Thus, if
the solid is KNOs;, it should be white, not yellow. On the other hand, the CrO,*” ion is
yellow (note in Fig. 4.14 that K,CrO,4(aq) is yellow). Thus the yellow solid is almost cer-
tainly BaCrO,. Further tests show that this is the case.

So far we have determined that one product of the reaction between K,CrO4(ag) and
Ba(NO;),(aq) is BaCrO,(s), but what happened to the K" and NO;~ ions? The answer is
that these ions are left dissolved in the solution; KNO; does not form a solid when the
K* and NO; ™ ions are present in this much water. In other words, if we took solid KNO;
and put it in the same quantity of water as is present in the mixed solution, it would dis-
solve. Thus, when we mix K,CrO,(ag) and Ba(NO;),(aq), BaCrO,(s) forms, but KNO; is
left behind in solution (we write it as KNOj;(ag)). Thus the overall equation for this
precipitation reaction using the formulas of the reactants and products is

K,CrO,(aq) + Ba(NO;),(ag) —> BaCrO,(s) + 2KNO;(aq)

As long as water is present, the KNO; remains dissolved as separated ions. (See Fig. 4.15 to
help visualize what is happening in this reaction. Note the solid BaCrO, on the bottom of the
container, while the K* and NO;~ ions remain dispersed in the solution.) If we removed the
solid BaCrO, and then evaporated the water, white solid KNO; would be obtained; the K*
and NO; ™ ions would assemble themselves into solid KNO; when the water is removed.

Now let’s consider another example. When an aqueous solution of silver nitrate is
added to an aqueous solution of potassium chloride, a white precipitate forms, as shown
in Fig. 4.16. We can represent what we know so far as

AgNOs(aq) + KCl(ag) —> unknown white solid
Remembering that when ionic substances dissolve in water, the ions separate, we can write

Ag*,NO,” + K*,CI- — Ag®,NO, ,K*, CI~ —> white solid

S —

In silver In potassium Combined solution,
nitrate chloride before reaction
solution solution

Since we know the white solid must contain both positive and negative ions, the possible
compounds that can be assembled from this collection of ions are

AgNO, KCl  AgCl  KNO;,
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Solutions are mixed

>

FIGURE 4.17

Photos and accompanying molecular-level representations illustrating the reaction of KCl(ag) with AgNO;(aq) to form AgCl(s). Note that it is not
possible to have a photo of the mixed solution before the reaction occurs, because it is an imaginary step that we use to help visualize the
reaction. Actually, the reaction occurs immediately when the two solutions are mixed.

NWihy
o Visualization: Reactions of Since AgNO; and KCl are the substances dissolved in the two reactant solutions, we know
Silver | that they do not represent the white solid product. Therefore, the only real possibilities are

AgCl and KNOj,

From the first example considered, we know that KNOj is quite soluble in water. Thus
solid KNO; will not form when the reactant solids are mixed. The product must be AgCl(s)
(which can be proved by experiment to be true). The overall equation for the reaction now
can be written

AgNO;(ag) + KCl(ag) — AgCl(s) + KNOs(aq)

Figure 4.17 shows the result of mixing aqueous solutions of AgNO; and KCl, including
a microscopic visualization of the reaction.

Notice that in these two examples we had to apply both concepts (solids must have
a zero net charge) and facts (KNOj is very soluble in water, CrO,>” is yellow, and so on).
Doing chemistry requires both understanding ideas and remembering key information. Pre-
dicting the identity of the solid product in a precipitation reaction requires knowledge of
the solubilities of common ionic substances. As an aid in predicting the products of pre-
cipitation reactions, some simple solubility rules are given in Table 4.1. You should mem-
orize these rules.

The phrase slightly soluble used in the solubility rules in Table 4.1 means that the tiny
amount of solid that dissolves is not noticeable. The solid appears to be insoluble to the
naked eye. Thus the terms insoluble and slightly soluble are often used interchangeably.

Note that the information in Table 4.1 allows us to predict that AgCl is the white solid
formed when solutions of AgNO; and KCl are mixed. Rules 1 and 2 indicate that KNO;
is soluble, and Rule 3 states that AgCl is insoluble.
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. T~

\Wh
¢ Y:‘i) Visualization: Solubility Rules
N

To begin, focus on the ions in solution
before any reaction occurs.

Sample Exercise 4.8

TABLE 4.1 Simple Rules for the Solubility of Salts in Water

1. Most nitrate (NO;™) salts are soluble.

2. Most salts containing the alkali metal ions (Li*, Na*, K", Cs*, Rb") and the ammonium
ion (NH,") are soluble.

3. Most chloride, bromide, and iodide salts are soluble. Notable exceptions are salts contain-
ing the ions Ag", Pb>*, and Hg,*".

4. Most sulfate salts are soluble. Notable exceptions are BaSO,, PbSO,, Hg,SO,, and
CaSO,.

5. Most hydroxide salts are only slightly soluble. The important soluble hydroxides are
NaOH and KOH. The compounds Ba(OH),, Sr(OH),, and Ca(OH), are marginally
soluble.

6. Most sulfide (S*7), carbonate (CO;>"), chromate (CrO,>"), and phosphate (PO,>") salts
are only slightly soluble.

When solutions containing ionic substances are mixed, it will be helpful in determining
the products if you think in terms of ion interchange. For example, in the preceding discussion
we considered the results of mixing AgNOs(ag) and KCl(ag). In determining the products,
we took the cation from one reactant and combined it with the anion of the other reactant:

Ag" + NOy + K' 4+ Ca —>
[ | | J
|
N
Possiblc/v
solid
products

The solubility rules in Table 4.1 allow us to predict whether either product forms as a solid.

The key to dealing with the chemistry of an aqueous solution is first to focus on the
actual components of the solution before any reaction occurs and then to figure out how
these components will react with each other. Sample Exercise 4.8 illustrates this process
for three different reactions.

Predicting Reaction Products

— = #

Lead sulfate is a white solid.

Using the solubility rules in Table 4.1, predict what will happen when the following pairs
of solutions are mixed.

a. KNOjs(agq) and BaCl,(aq)
b. Na,SO,(ag) and Pb(NO;),(aq)
¢. KOH(aq) and Fe(NOs);(agq)

Solution

a. The formula KNOjs(ag) represents an aqueous solution obtained by dissolving solid
KNO; in water to form a solution containing the hydrated ions K*(ag) and NO; (aq).
Likewise, BaCl,(aq) represents a solution formed by dissolving solid BaCl, in water
to produce Ba”(aq) and Cl ™ (agq). When these two solutions are mixed, the resulting
solution contains the ions K*, NO;~, Ba?", and C1™. All ions are hydrated, but the (aq)
is omitted for simplicity. To look for possible solid products, combine the cation from
one reactant with the anion from the other:

K* + NO; + Ba* + Ca —>

|

L | J
L 7
/!

N
Possible
solid products



Solid Fe(OH); forms when aqueous KOH
and Fe(NO;); are mixed.

A strong electrolyte is a substance that
completely breaks apart into ions when
dissolved in water.

Net ionic equations include only those
components that undergo changes in the
reaction.
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Note from Table 4.1 that the rules predict that both KCI and Ba(NO;), are soluble in
water. Thus no precipitate forms when KNOs(ag) and BaCl,(ag) are mixed. All the
ions remain dissolved in solution. No chemical reaction occurs.

b. Using the same procedures as in part a, we find that the ions present in the combined
solution before any reaction occurs are Na™, SO42_, Pb**, and NOj;". The possible salts
that could form precipitates are

Na® + SO, + Pb* + NO;y —>
|

L | |
I

The compound NaNOs; is soluble, but PbSO, is insoluble (see Rule 4 in Table 4.1).
When these solutions are mixed, PbSO, will precipitate from the solution. The balanced
equation is

Na,S0,(ag) + Pb(NOs),(ag) —> PbSO,(s) + 2NaNOs(aq)

¢. The combined solution (before any reaction occurs) contains the ions K*, OH™, Fe’*,
and NO; ™. The salts that might precipitate are KNO; and Fe(OH);. The solubility rules
in Table 4.1 indicate that both K™ and NO;~ salts are soluble. However, Fe(OH); is
only slightly soluble (Rule 5) and hence will precipitate. The balanced equation is

3KOH(ag) + Fe(NO;)s(aqg) — Fe(OH)(s) + 3KNOs(aq)
See Exercises 4.37 and 4.38.

4.6 Describing Reactions in Solution

In this section we will consider the types of equations used to represent reactions in
solution. For example, when we mix aqueous potassium chromate with aqueous barium
nitrate, a reaction occurs to form a precipitate (BaCrO,) and dissolved potassium nitrate.
So far we have written the overall or formula equation for this reaction:

K,CrO,(aq) + Ba(NO;),(ag) — BaCrOy(s) + 2KNO;(aq)

Although the formula equation shows the reactants and products of the reaction, it does
not give a correct picture of what actually occurs in solution. As we have seen, aqueous
solutions of potassium chromate, barium nitrate, and potassium nitrate contain individual
ions, not collections of ions, as implied by the formula equation. Thus the complete ionic
equation

2K*(aq) + CrO* (aq) + Ba**(aq) + 2NO; (aqg) —>
BaCrO,(s) + 2K*(aq) + 2NO; (aq)

better represents the actual forms of the reactants and products in solution. In a complete
ionic equation, all substances that are strong electrolytes are represented as ions.

The complete ionic equation reveals that only some of the ions participate in the
reaction. The K* and NO; ™ ions are present in solution both before and after the reac-
tion. The ions that do not participate directly in the reaction are called spectator ions.
The ions that participate in this reaction are the Ba** and CrO,>~ ions, which combine to
form solid BaCrO,:

Ba?*(aq) + CrO/ (ag) —> BaCrO,(s)

This equation, called the net ionic equation, includes only those solution components
directly involved in the reaction. Chemists usually write the net ionic equation for a reaction
in solution because it gives the actual forms of the reactants and products and includes
only the species that undergo a change.
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Three Types of Equations Are Used to Describe Reactions in Solution

e The formula equation gives the overall reaction stoichiometry but not necessarily the
actual forms of the reactants and products in solution.

e The complete ionic equation represents as ions all reactants and products that are
strong electrolytes.

e The net ionic equation includes only those solution components undergoing a change.
Spectator ions are not included.

okl Writing Equations for Reactions

For each of the following reactions, write the formula equation, the complete ionic equa-
tion, and the net ionic equation.

a. Aqueous potassium chloride is added to aqueous silver nitrate to form a silver chloride
precipitate plus aqueous potassium nitrate.

b. Aqueous potassium hydroxide is mixed with aqueous iron(II) nitrate to form a
precipitate of iron(IIll) hydroxide and aqueous potassium nitrate.

Solution
a. Formula Equation
KCl(ag) + AgNO;(ag) —> AgCl(s) + KNOs(aq)

Complete lonic Equation
(Remember: Any ionic compound dissolved in water will be present as the separated
ions.)

K*(aq) + Cl™(aq) + Ag*(ag) + NO; (aq) — AgCl(s) + K" (aq) + NO; (aq)

Spectator Spectator Solid, Spectator Spectator
ion ion not written ion ion

as separate ions
Canceling the spectator ions
K*(aq) + Cl'(aq) + Ag"(aq) + NO5"(ag) — AgCl(s) + K (aq) + NO7 (aq)
gives the following net ionic equation.
Net lonic Equation
Cl (aq) + Ag*(ag) —> AgCI(s)
b. Formula Equation
3KOH(agq) + Fe(NOs);(ag) —> Fe(OH);(s) + 3KNOs(aq)
Complete Ionic Equation

3K*(aq) + 30H (aq) + Fe**(aq) + 3NO; (aq) —
Fe(OH)(s) + 3K (ag) + 3NO;5 (aq)

Net lonic Equation
30H (aq) + Fe’*(aq) —> Fe(OH);(s)
See Exercises 4.39 through 4.44.
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4.7 Stoichiometry of Precipitation Reactions

In Chapter 3 we covered the principles of chemical stoichiometry: the procedures for cal-
culating quantities of reactants and products involved in a chemical reaction. Recall that
in performing these calculations we first convert all quantities to moles and then use the
coefficients of the balanced equation to assemble the appropriate mole ratios. In cases
where reactants are mixed we must determine which reactant is limiting, since the reactant
that is consumed first will limit the amounts of products formed. These same principles
apply to reactions that take place in solutions. However, two points about solution reactions
need special emphasis. The first is that it is sometimes difficult to tell immediately what
reaction will occur when two solutions are mixed. Usually we must do some thinking
about the various possibilities and then decide what probably will happen. The first step
in this process always should be to write down the species that are actually present in the
solution, as we did in Section 4.5. The second special point about solution reactions is
that to obtain the moles of reactants we must use the volume of the solution and its molarity.
This procedure was covered in Section 4.3.

We will introduce stoichiometric calculations for reactions in solution in Sample
Exercise 4.10.

Determining the Mass of Product Formed

Species present

Write the
reaction

Balanced net
ionic equation

Determine moles
of reactants

Identify limiting
reactant

Determine moles
of products

Check units
of products

Calculate the mass of solid NaCl that must be added to 1.50 L of a 0.100 M AgNO; so-
lution to precipitate all the Ag" ions in the form of AgCL

Solution

When added to the AgNO; solution (which contains Ag* and NO; ™~ ions), the solid NaCl
dissolves to yield Na* and C1~ ions. Thus the mixed solution contains the ions
Ag” NO;~ Na® Cl™
Note from Table 4.1 that NaNO; is soluble and AgCl is insoluble. Therefore, solid AgClI
forms according to the following net ionic equation:
Ag*(aq) + CI”(ag) — AgClI(s)

In this case we must add enough Cl~ ions to react with all the Ag™ ions present. Thus we
must calculate the moles of Ag™ ions present in 1.50 L of a 0.100 M AgNOj solution (re-
member that a 0.100 M AgNO; solution contains 0.100 M Ag™ ions and 0.100 M NO;~
ions):

0.100 mol Ag”* .
1.50k X — = 0.150 mol Ag

Because AgJr and CI™ react in a 1:1 ratio, 0.150 mol Cl™ ions and thus 0.150 mol NaCl
are required. We calculate the mass of NaCl required as follows:

OISOMXM—SW NaCl
. .77 g Na

See Exercise 4.47.

Notice from Sample Exercise 4.10 that the procedures for doing stoichiometric calcula-
tions for solution reactions are very similar to those for other types of reactions. It is useful
to think in terms of the following steps for reactions in solution.
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Sample Exercise 4.11

Solving Stoichiometry Problems for Reactions in Solution

=> 1 Identify the species present in the combined solution, and determine what reac-
tion occurs.

=> ) Write the balanced net ionic equation for the reaction.
= 3 Calculate the moles of reactants.

=> 4 Determine which reactant is limiting.

= 5 Calculate the moles of product or products, as required.

=> 6 Convert to grams or other units, as required.

Determining the Mass of Product Formed

Na* SO/
Pb>* NO;

l Write the reaction

Pb**(ag) + SO, (ag) — PbSO,(s)

Determine moles
of reactants

SO~ is limiting

Determine moles
of products

Grams needed

Convert
to grams

15.2 g PbSO,

When aqueous solutions of Na,SO, and Pb(NO;), are mixed, PbSO, precipitates. Calculate
the mass of PbSO, formed when 1.25 L of 0.0500 M Pb(NOs3), and 2.00 L of 0.0250 M
Na,SO, are mixed.

Solution

> 1 [dentify the species present in the combined solution, and determine what reaction
occurs. When the aqueous solutions of Na,SO, (containing Na* and SO,*” ions) and
Pb(NO;), (containing Pb** and NO, ™ ions) are mixed, the resulting solution contains the
ions Na*, SO,*7, Pb>*, and NO;~. Since NaNOs; is soluble and PbSO, is insoluble (see
Rule 4 in Table 4.1), solid PbSO, will form.

> 2 Write the balanced net ionic equation for the reaction. The net ionic equation is

Pb**(aq) + SO,* (ag) —> PbSO,(s)

> 3 Calculate the moles of reactants. Since 0.0500 M Pb(NO,), contains 0.0500 M
Pb>" ions, we can calculate the moles of Pb?* ions in 1.25 L of this solution as follows:
0.0500 mol Pb**
125K X % — 0.0625 mol Pb>*
The 0.0250 M Na,SO, solution contains 0.0250 M SO,>” ions, and the number of moles
of SO,>~ ions in 2.00 L of this solution is
0.0250 mol SO,>~

200k X v = 0.0500 mol SO,*~

> 4 Determine which reactant is limiting. Because Pb>* and SO,*~ react in a 1:1 ratio,
the amount of SO,*~ will be limiting (0.0500 mol SO,*~ is less than 0.0625 mol Pb*").

> 5 Calculate the moles of product. Since the Pb>" ions are present in excess, only
0.0500 mol of solid PbSO, will be formed.

> 6 Convert to grams of product. The mass of PbSO, formed can be calculated using
the molar mass of PbSO, (303.3 g/mol):

303.3 g PbSO,

0.0500 molPbSO; X —
7 1 mol PbSO;

= 15.2 g PbSO,

See Exercises 4.49 and 4.50.
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The Bransted—Lowry concept of acids
and bases will be discussed in detail in
Chapter 14.

Species present

Write the
reaction

Balanced net
ionic equation

Determine moles
of reactants

Identify limiting

reactant

Determine moles
of products

Check units
of products
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4.8 Acid-Base Reactions

Earlier in this chapter we considered Arrhenius’s concept of acids and bases: An acid is
a substance that produces H™ ions when dissolved in water, and a base is a substance that
produces OH™ ions. Although these ideas are fundamentally correct, it is convenient to
have a more general definition of a base, which includes substances that do not contain
OH™ ions. Such a definition was provided by Johannes N. Brgnsted (1879-1947) and
Thomas M. Lowry (1874-1936), who defined acids and bases as follows:

An acid is a proton donor.
A base is a proton acceptor.

How do we know when to expect an acid-base reaction? One of the most difficult
tasks for someone inexperienced in chemistry is to predict what reaction might occur when
two solutions are mixed. With precipitation reactions, we found that the best way to deal
with this problem is to focus on the species actually present in the mixed solution. This
idea also applies to acid-base reactions. For example, when an aqueous solution of
hydrogen chloride (HCI) is mixed with an aqueous solution of sodium hydroxide (NaOH),
the combined solution contains the ions H", C1~, Na*, and OH ™. The separated ions are
present because HCI is a strong acid and NaOH is a strong base. How can we predict
what reaction occurs, if any? First, will NaCl precipitate? From Table 4.1 we can see that
NaCl is soluble in water and thus will not precipitate. Therefore, the Na* and CI~ ions
are spectator ions. On the other hand, because water is a nonelectrolyte, large quantities
of H" and OH™ ions cannot coexist in solution. They react to form H,O molecules:

H"(aq) + OH (aq) —> H,0())

This is the net ionic equation for the reaction that occurs when aqueous solutions of HCI
and NaOH are mixed.

Next, consider mixing an aqueous solution of acetic acid (HC,H;0,) with an aque-
ous solution of potassium hydroxide (KOH). In our earlier discussion of conductivity we
said that an aqueous solution of acetic acid is a weak electrolyte. This tells us that acetic
acid does not dissociate into ions to any great extent. In fact, in 0.1 M HC,H;0, approx-
imately 99% of the HC,H;0, molecules remain undissociated. However, when solid KOH
is dissolved in water, it dissociates completely to produce K* and OH™ ions. Therefore,
in the solution formed by mixing aqueous solutions of HC,H;O, and KOH, before any
reaction occurs, the principal species are HC,H;0,, K™, and OH . What reaction will
occur? A possible precipitation reaction could occur between K* and OH ™. However, we
know that KOH is soluble, so precipitation does not occur. Another possibility is a reaction
involving the hydroxide ion (a proton acceptor) and some proton donor. Is there a source
of protons in the solution? The answer is yes—the HC,H;0, molecules. The OH™ ion has
such a strong affinity for protons that it can strip them from the HC,H;0, molecules. The
net ionic equation for this reaction is

OH ™ (agq) + HC,H;0,(aq) —> H,O(l) + C,H;0, (aq)

This reaction illustrates a very important general principle: The hydroxide ion is such
a strong base that for purposes of stoichiometric calculations it can be assumed to react
completely with any weak acid that we will encounter. Of course, OH™ ions also react
completely with the H" ions in solutions of strong acids.

We will now deal with the stoichiometry of acid—base reactions in aqueous solutions.
The procedure is fundamentally the same as that used previously for precipitation reactions.

Performing Calculations for Acid—Base Reactions

> 1 List the species present in the combined solution before any reaction occurs, and
decide what reaction will occur.
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Sample Exercise 4.12

=> ) Write the balanced net ionic equation for this reaction.

=> 3 (Calculate the moles of reactants. For reactions in solution, use the volumes of
the original solutions and their molarities.

=> 4 Determine the limiting reactant where appropriate.
= 5 Calculate the moles of the required reactant or product.
=> 6 Convert to grams or volume (of solution), as required.

An acid-base reaction is often called a neutralization reaction. When just enough base
is added to react exactly with the acid in a solution, we say the acid has been neutralized.

Neutralization Reactions |

H'* CI”
Nat OH™

l Write the reaction

H'(aq) + OH (ag) — H,O(l)

l Moles OH™ — 8.75 x 107

No limiting
reactant

l Moles H" — 8.75x 107

Volume needed

Convert to volume

87.5 mL of 0.100 M HCI needed

‘What volume of a 0.100 M HCI solution is needed to neutralize 25.0 mL of 0.350 M NaOH?
Solution

> 1 List the species present in the combined solution before any reaction occurs, and
decide what reaction will occur. The species present in the mixed solutions before any
reaction occurs are

H* CI” Na® OH~
- N _
From HCl(aq) From NaOH(ag)

What reaction will occur? The two possibilities are
Na*(aq) + Cl~(ag) — NaCl(s)
H"(aq) + OH (ag) —> H,O(l)
Since we know that NaCl is soluble, the first reaction does not take place (Na™ and C1~

are spectator ions). However, as we have seen before, the reaction of the H" and OH™
ions to form H,O does occur.

> ) Write the balanced net ionic equation. The balanced net ionic equation for this
reaction is

H"(aq) + OH (aq) — H,0())

> 3 Cualculate the moles of reactants. The number of moles of OH ™ ions in the 25.0-mL
sample of 0.350 M NaOH is
1k 0.350 mol OH™

) X X =875 X 1073 -
25.0 mLNaOH 1000 ik 8.75 X 107° mol OH

> 4 Determine the limiting reactant. This problem requires the addition of just enough
H* ions to react exactly with the OH™ ions present. Thus we need not be concerned with
determining a limiting reactant.

> 5 Calculate the moles of reactant needed. Since H" and OH ™ ions react in a 1:1
ratio, 8.75 X 107> mol H" ions is required to neutralize the OH™ ions present.

> 6 Convert to volume required. The volume V of 0.100 M HCI required to furnish
8.75 X 107° mol H™ ions can be calculated as follows:

0.100 mol H*

VAT

=8.75 X 10 mol H*

Solving for V gives
875 X 10’ meHH™

0.100 meHH™
L

=875 X 107°L
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Thus 8.75 X 1072 L (87.5 mL) of 0.100 M HCI is required to neutralize 25.0 mL of
0.350 M NaOH.

See Exercises 4.59 and 4.60.

Neutralization Reactions Il

H* NO;
K* OH-

Write the reaction

H(aq) + OH (ag) — H,0(0)

l Find moles H*, OH~

Limiting
reactant is H*

Find moles OH that react

1

Concentration
of OH™ needed

l Find excess OH™ concentration

0.123 M OH™

"f!!“' Visualization: Neutralization of
v &\ a Strong Acid by a Strong
Jy Base

Ideally, the endpoint and stoichiometric
point should coincide.

In a certain experiment, 28.0 mL of 0.250 M HNO; and 53.0 mL of 0.320 M KOH are
mixed. Calculate the amount of water formed in the resulting reaction. What is the
concentration of H* or OH™ ions in excess after the reaction goes to completion?

Solution

The species available for reaction are

H* NO; K* OH-
- 73 =
From HNO; From KOH

solution solution
Since KNO; is soluble, K* and NO;~ are spectator ions, so the net ionic equation is
H"(aq) + OH (ag) —> H,O(I)
We next compute the amounts of H" and OH™ ions present:

28.0 MLHNG: X —E 5 0250mol HY o 0 mol H
. = /. mo

> 71000 mE L HNO;
1K 0.320mol OH

1000 mE LkoH

1.70 X 1072 mol OH™

53.0 mLKOH X

Since H* and OH™ react in a 1:1 ratio, the limiting reactant is H™. This means that
7.00 X 10> mol H" ions will react with 7.00 X 107> mol OH ions to form 7.00 X 10> mol
H,0.

The amount of OH™ ions in excess is obtained from the following difference:

Original amount — amount consumed = amount in excess
1.70 X 107 mol OH™ — 7.00 X 107> mol OH™ = 1.00 X 107> mol OH~

The volume of the combined solution is the sum of the individual volumes:
Original volume of HNO; + original volume of KOH = total volume
28.0mL + 53.0mL = 81.0mL = 8.10 X 10*L
Thus the molarity of OH™ ions in excess is

mol OH™ 1.00 X 1072 mol OH™ _
— = - = 0.123 M OH
L solution 8.10 X 10°L

See Exercises 4.61 and 4.62.

Acid—Base Titrations

Volumetric analysis is a technique for determining the amount of a certain substance by
doing a titration. A titration involves delivery (from a buret) of a measured volume of a
solution of known concentration (the titrant) into a solution containing the substance be-
ing analyzed (the analyte). The titrant contains a substance that reacts in a known manner
with the analyte. The point in the titration where enough titrant has been added to react ex-
actly with the analyte is called the equivalence point or the stoichiometric point. This
point is often marked by an indicator, a substance added at the beginning of the titration
that changes color at (or very near) the equivalence point. The point where the indicator
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NWhe

@ Visualization: Titrations

FIGURE 4.18
The titration of an acid with a base. (a) The titrant (the base) is in the buret, and the flask contains the acid solution along with a small amount of

indicator. (b) As base is added drop by drop to the acid solution in the flask during the titration, the indicator changes color, but the color disappears on
mixing. (c) The stoichiometric (equivalence) point is marked by a permanent indicator color change. The volume of base added is the difference between
the final and initial buret readings.

actually changes color is called the endpoint of the titration. The goal is to choose an in-

dicator such that the endpoint (where the indicator changes color) occurs exactly at the

equivalence point (where just enough titrant has been added to react with all the analyte).
The following three requirements must be met for a titration to be successful:

1. The exact reaction between titrant and analyte must be known (and rapid).
2. The stoichiometric (equivalence) point must be marked accurately.

3. The volume of titrant required to reach the stoichiometric point must be known accurately.

When the analyte is a base or an acid, the required titrant is a strong acid or strong
base, respectively. This procedure is called an acid—base titration. An indicator very com-
monly used for acid—base titrations is phenolphthalein, which is colorless in an acidic so-
Iution and pink in a basic solution. Thus, when an acid is titrated with a base, the
phenolphthalein remains colorless until after the acid is consumed and the first drop of
excess base is added. In this case, the endpoint (the solution changes from colorless to
pink) occurs approximately one drop of base beyond the stoichiometric point. This type
of titration is illustrated in the three photos in Fig. 4.18.

We will deal with the acid-base titrations only briefly here but will return to the topic
of titrations and indicators in more detail in Chapter 15. The titration of an acid with a
standard solution containing hydroxide ions is described in Sample Exercise 4.15. In
Sample Exercise 4.14 we show how to determine accurately the concentration of a sodium
hydroxide solution. This procedure is called standardizing the solution.
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Sample Exercise 4.14
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Neutralization Titration

9
T
050,90

9

HCH,0,

Sample Exercise 4.15

A student carries out an experiment to standardize (determine the exact concentration of)
a sodium hydroxide solution. To do this, the student weighs out a 1.3009-g sample of
potassium hydrogen phthalate (KHCgH,O,, often abbreviated KHP). KHP (molar mass
204.22 g/mol) has one acidic hydrogen. The student dissolves the KHP in distilled water,
adds phenolphthalein as an indicator, and titrates the resulting solution with the sodium
hydroxide solution to the phenolphthalein endpoint. The difference between the final and
initial buret readings indicates that 41.20 mL of the sodium hydroxide solution is required
to react exactly with the 1.3009 g KHP. Calculate the concentration of the sodium
hydroxide solution.

Solution

Aqueous sodium hydroxide contains the Na* and OH™ ions, and KHCgH,O, dissolves in
water to give the K™ and HCgH,O,~ ions. As the titration proceeds, the mixed solution
contains the following ions: K™, HCgH,0,~, Na™, and OH™. The OH™ will remove an H*
from the HCgH,O,™ to give the following net ionic reaction:

HCH,0, (ag) + OH (ag) — H,0(l) + C8H4O427(aQ)

Since the reaction exhibits 1:1 stoichiometry, we know that 41.20 mL of the sodium hy-
droxide solution must contain exactly the same number of moles of OH™ as there are
mOleS Of HC8H4O47 in 13009 g KHC8H404.

We calculate the moles of KHC¢gH,O, in the usual way:

1.3009 x LmOIRACHO: ¢ 101 5 1073 mol KHC,H,0

. g KHCGHO; 204.22 ¢ KHCHO, = 0. mo 84Uy

This means that 6.3701 X 10~° mol OH™ must be added to react with the 6.3701 X 1073
mol HCgH,O, . Thus 41.20 mL (4.120 X 1072 L) of the sodium hydroxide solution must
contain 6.3701 X 107* mol OH™ (and Na"), and the concentration of the sodium hy-
droxide solution is

mol NaOH _ 6.3701 X 10~* mol NaOH
L solution 4.120 X 1072 L
0.1546 M

Molarity of NaOH

This standard sodium hydroxide solution can now be used in other experiments (see
Sample Exercise 4.15).

See Exercises 4.63 and 4.66.

Neutralization Analysis

An environmental chemist analyzed the effluent (the released waste material) from an in-
dustrial process known to produce the compounds carbon tetrachloride (CCl,) and ben-
zoic acid (HC;H;0,), a weak acid that has one acidic hydrogen atom per molecule. A
sample of this effluent weighing 0.3518 g was shaken with water, and the resulting aque-
ous solution required 10.59 mL of 0.1546 M NaOH for neutralization. Calculate the mass
percent of HC;H;0, in the original sample.

Solution
In this case, the sample was a mixture containing CCl, and HC,;H50,, and it was titrated
with OH™ ions. Clearly, CCl, is not an acid (it contains no hydrogen atoms), so we can

assume it does not react with OH™ ions. However, HC;H;s0, is an acid that donates one
H™ ion per molecule to react with an OH™ ion as follows:

HC;H;0,(ag) + OH (ag) — H,0(l) + C;H;0;, (aq)
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The first step in the analysis of a
complex solution is to write down the
components and focus on the chemistry
of each one. When a strong electrolyte is
present, write it as separated ions.
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Visualization: Zinc and lodine

Visualization: Barking Dogs:
Reaction of Phosphorus

Visualization: Dry Ice and
Magnesium

Visualization: Sugar and
Potassium Chlorate

Although HC,H;O, is a weak acid, the OH™ ion is such a strong base that we can assume
that each OH™ ion added will react with a HC;HsO, molecule until all the benzoic acid
is consumed.
We must first determine the number of moles of OH™ ions required to react with all
the HC,H;0,:
1r 0.1546 mol OH™

10. X X =1. X 107> mol OH~
0.59 mLNaOH 1000 b 637 0"’ mol O

This number is also the number of moles of HC;Hs0O, present. The number of grams of
the acid is calculated using its molar mass (122.12 g/mol):
122.12 g HC,H;0,

1.637 X 10~ mol HEFHO; X —
IIlOl ;{e7ii502

= 0.1999 g HC,H,0,

The mass percent of HC;H;O, in the original sample is

0.1999 g

7% % 100 = 56.82%
0.3518 ¢

See Exercise 4.65.

In doing problems involving titrations, you must first decide what reaction is occur-
ring. Sometimes this seems difficult because the titration solution contains several
components. The key to success is to first write down all the components in the solution
and focus on the chemistry of each one. We have been emphasizing this approach in deal-
ing with the reactions between ions in solution. Make it a habit to write down the
components of solutions before trying to decide what reaction(s) might take place as you
attempt the end-of-chapter problems involving titrations.

4.9 oxidation—Reduction Reactions

We have seen that many important substances are ionic. Sodium chloride, for example,
can be formed by the reaction of elemental sodium and chlorine:

2Na(s) + Cl(g) —> 2NaCl(s)

In this reaction, solid sodium, which contains neutral sodium atoms, reacts with chlorine
gas, which contains diatomic Cl, molecules, to form the ionic solid NaCl, which contains
Na® and Cl~ ions. This process is represented in Fig. 4.19. Reactions like this one, in
which one or more electrons are transferred, are called oxidation—-reduction reactions or
redox reactions.

Many important chemical reactions involve oxidation and reduction. Photosynthesis,
which stores energy from the sun in plants by converting carbon dioxide and water to
sugar, is a very important oxidation—reduction reaction. In fact, most reactions used for
energy production are redox reactions. In humans, the oxidation of sugars, fats, and
proteins provides the energy necessary for life. Combustion reactions, which provide most
of the energy to power our civilization, also involve oxidation and reduction. An example
is the reaction of methane with oxygen:

CH,(g) + 20,(g) — CO,(g) + 2H,0(g) + energy

Even though none of the reactants or products in this reaction is ionic, the reaction is still
assumed to involve a transfer of electrons from carbon to oxygen. To explain this, we must
introduce the concept of oxidation states.
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Cly(g) 2NaCl(s)
Chlorine Sodium chloride

FIGURE 4.19
The reaction of solid sodium and gaseous chlorine to form solid sodium chloride.

Oxidation States

The concept of oxidation states (also called oxidation numbers) provides a way to keep
track of electrons in oxidation—reduction reactions, particularly redox reactions involving
covalent substances. Recall that electrons are shared by atoms in covalent bonds. The ox-
idation states of atoms in covalent compounds are obtained by arbitrarily assigning the
electrons (which are actually shared) to particular atoms. We do this as follows: For a
covalent bond between two identical atoms, the electrons are split equally between the
two. In cases where two different atoms are involved (and the electrons are thus shared
unequally), the shared electrons are assigned completely to the atom that has the stronger
attraction for electrons. For example, recall from the discussion of the water molecule in
Section 4.1 that oxygen has a greater attraction for electrons than does hydrogen. There-
fore, in assigning the oxidation state of oxygen and hydrogen in H,O, we assume that the
oxygen atom actually possesses all the electrons. Recall that a hydrogen atom has one
electron. Thus, in water, oxygen has formally “taken” the electrons from two hydrogen
atoms. This gives the oxygen an excess of two electrons (its oxidation state is —2) and
leaves each hydrogen with no electrons (the oxidation state of each hydrogen is thus +1).

We define the oxidation states (or oxidation numbers) of the atoms in a covalent
compound as the imaginary charges the atoms would have if the shared electrons were
divided equally between identical atoms bonded to each other or, for different atoms, were
all assigned to the atom in each bond that has the greater attraction for electrons. Of course,
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Iron Zeroes in on

reating groundwater contaminated with pollutants is typ-
ically very complicated and very expensive. However,
chemists have discovered a low-tech, economical method for
treating the contaminated groundwater near a former semi-
conductor manufacturing plant in Sunnyvale, California.
They have replaced the elaborate decontamination machin-
ery used at the site for more than a decade with 220 tons of
iron filings buried in a giant trough. Because there are no
pumps to maintain and no electricity to purchase, this simple
system will save approximately $300,000 per year. The prop-
erty, which was thought to be unusable for the 30-year lifetime
of the old clean-up process because of the need for constant
monitoring and access, can now be used immediately.

A schematic of the iron treatment method is shown in
the accompanying figure. At Sunnyvale, the iron barrier is
40 feet long, 4 feet wide, and 20 feet deep. In the 4 days it
takes for contaminated water to seep through the wall of iron,

CHEMICAL IMPACT

Pollution
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the chlorinated organic contaminants are degraded into prod-
ucts that are then themselves decomposed to simpler sub-
stances. According to engineers on the site, the polluted
water that seeps through the wall meets Environmental
Protection Agency (EPA) standards when it emerges on the
other side.

How does iron metal clean up contaminated ground-
water? It’s a result of the ability of iron metal (oxidation
state = () to act as a reducing agent toward the chlorine-
containing organic pollutant molecules. The reaction can be
represented as follows:

Fe(s) + RCl(aq) + H(aqg) —>
Fe?"(ag) + RH(aq) + Cl (aq)
where RCI represents a chlorinated organic molecule. The

reaction appears to involve a direct reaction between the
metal and an RC] molecule adsorbed on the metal surface.

for ionic compounds containing monatomic ions, the oxidation states of the ions are equal
to the ion charges.

These considerations lead to a series of rules for assigning oxidation states that are
summarized in Table 4.2. Application of these simple rules allows the assignment of
oxidation states in most compounds. To apply these rules recognize that the sum of the
oxidation states must be zero for an electrically neutral compound. For an ion, the sum
of the oxidation states must equal the charge of the ion. The principles are illustrated by
Sample Exercise 4.16.

TABLE 4.2 Rules for Assigning Oxidation States

The Oxidation State of . . . Summary Examples
* An atom in an element Element: 0 Na(s), O5(g), Os(g), Hg(1)
is zero
¢ A monatomic ion is the Monatomic ion: Na*, CI™
same as its charge charge of ion
e Fluorine is —1 in its Fluorine: —1 HF, PF;
compounds
* Oxygen is usually —2 in Oxygen: —2 H,0, CO,
its compounds
Exception:
peroxides (containing O,>7)
Oxidation of copper metal by nitric acid. in which oxygen is —1
The copper atoms lose two electrons to
form Cu?* ions, which give a deep green * Hydrogen is +1 in its Hydrogen: +1 H,O, HCI, NH;

color that becomes turquoise when diluted
with water.

covalent compounds
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In addition to decomposing chlori-
nated organic contaminants, iron appears
to be useful against other pollutants as
well. Iron can degrade dye wastes from
textile mills and can reduce soluble
Cr(VI) compounds to insoluble Cr(III)
products, which are much less harmful.
Iron’s reducing abilities also appear use-
ful in removing radioactive technetium, a
common pollutant at nuclear processing
facilities. Iron also appears to be effective
for removing nitrates from the soil.
Other metals, such as zinc, tin, and
palladium, have shown promise for use in
groundwater clean-up, too. These metals generally react
more quickly than iron but are more expensive and pose their
own environmental hazards.
Inexpensive and environmentally benign, iron seems to
be the metal of choice for most groundwater clean-up. It’s
cheap, it’s effective, it’s almost a miracle!

It is worthwhile to note at this point that the convention is to write actual charges on
ions as n+ or n—, the number being written before the plus or minus sign. On the other
hand, oxidation states (not actual charges) are written +7 or —n, the number being written
after the plus or minus sign.

LTI RIE  Assigning Oxidation States

Assign oxidation states to all atoms in the following.

a. CO,
b. SF
c. NO;~

Solution

a. Since we have a specific rule for the oxidation state of oxygen, we will assign its value
first. The oxidation state of oxygen is —2. The oxidation state of the carbon atom can
be determined by recognizing that since CO, has no charge, the sum of the oxidation
states for oxygen and carbon must be zero. Since each oxygen is —2 and there are two
oxygen atoms, the carbon atom must be assigned an oxidation state of +4:

Co,
7 N
+4 —2 for each oxygen

We can check the assigned oxidation states by noting that when the number of atoms
is taken into account, the sum is zero as required:

1(+4) +2(—2) = 0
7 1
No. of C No. of O

atoms atoms
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Magnetite is a magnetic ore containing
Fe;0,. Note that the compass needle points
toward the ore.

b. Since we have no rule for sulfur, we first assign the oxidation state of each fluorine
as — 1. The sulfur must then be assigned an oxidation state of +6 to balance the total
of —6 from the fluorine atoms:

SF;
N
+6 —1 for each fluorine

Reality Check: +6 + 6(—1) =0
¢. Oxygen has an oxidation state of —2. Because the sum of the oxidation states of the

three oxygens is —6 and the net charge on the NO;™ ion is 1 —, the nitrogen must have
an oxidation state of +5:

7 N
+5 —2 for each oxygen

Reality Check: +5 + 3(—2) = —
Note that in this case the sum must be —1 (the overall charge on the ion).

See Exercises 4.67 through 4.70.

We need to make one more point about oxidation states, and this can be illustrated by the
compound Fe;O,4, which is the main component in magnetite, an iron ore that accounts
for the reddish color of many types of rocks and soils. To determine the oxidation states
in Fe;0,, we first assign each oxygen atom its usual oxidation state of —2. The three iron
atoms must yield a total of +8 to balance the total of —8 from the four oxygens. This means
that each iron atom has an oxidation state of +3. A noninteger value for the oxidation
state may seem strange because charge is expressed in whole numbers. However, although
they are rare, noninteger oxidation states do occur because of the rather arbitrary way that
electrons are divided up by the rules in Table 4.2. For Fe;0,, for example, the rules as-
sume that all the iron atoms are equal, when in fact this compound can best be viewed as
containing four O~ ions, two Fe*" ions, and one Fe’* ion per formula unit. (Note that
the “average” charge on iron works out to be 5+, which is equal to the oxidation state we
determined above.) Noninteger oxidation states should not intimidate you. They are used
in the same way as integer oxidation states—for keeping track of electrons.

The Characteristics of Oxidation—Reduction Reactions
Oxidation—reduction reactions are characterized by a transfer of electrons. In some cases,
the transfer occurs in a literal sense to form ions, such as in the reaction

2Na(s) + Cl,(g) — 2NaCl(s)

However, sometimes the transfer is less obvious. For example, consider the combustion
of methane (the oxidation state for each atom is given):

CH,(g) + 20,(g) —> CO,(g) + 2H,0(g)

Oxidation T ™\ 1 N N ™S
state -4  +1 0 +4 =2 +1 -2
(each H) (each O)(each H)

Note that the oxidation state for oxygen in O, is 0 because it is in elemental form. In this
reaction there are no ionic compounds, but we can still describe the process in terms of
a transfer of electrons. Note that carbon undergoes a change in oxidation state from —4
in CH, to +4 in CO,. Such a change can be accounted for by a loss of eight electrons
(the symbol e~ stands for an electron);

CH, — CO, + 8¢~

T T
—4 +4



Pearly Whites

eople have long been concerned about the “whiteness”
of their teeth. In the Middle Ages the local barber-
surgeon would whiten teeth using nitric acid—a procedure
fraught with dangers, including the fact that nitric acid dis-
solves tooth enamel, which in turn leads to massive tooth
decay. Today many safer procedures are available for keep-
ing teeth sparkling white.

The outer layer of teeth, the enamel, consists of the min-
eral hydroxyapatite, which contains calcium phosphate.
Underneath the enamel is dentin, an off-white mixture of
calcium phosphate and collagen that protects the nerves and
blood vessels at the center of the tooth.

The discoloration of teeth is usually due to colored mol-
ecules in our diet from sources such as blueberries, red wine,
and coffee. The tar from cigarettes also stains teeth. Aging
is another factor. As we get older, chemical changes occur
that cause the dentin to become more yellow.

The stains produced when colored molecules are ad-
sorbed to the surfaces of teeth can be removed by brushing.
Toothpastes contain abrasives such as tiny particles of silica,

Oxidized Reduced

loses electrons gains electrons

oxidation state oxidation state
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aluminum oxide, calcium carbonate, or calcium phosphate
to help scrub off adsorbed stains.

Stains due to molecules lying below the surface are usu-
ally attacked with an oxidizing agent, hydrogen peroxide
(H,0,). As H,0, breaks down into water and oxygen, in-
termediates are produced that react with and decompose the
molecules that produce teeth discoloration.

Off-the-shelf teeth whiteners typically contain carbamide
peroxide (a 1:1 mixture of urea and hydrogen peroxide), glyc-
erin, stannate and pyrophosphate salts (preservatives), and
flavoring agents. These whiteners come in a form that can be
brushed directly onto the teeth or are embedded in a plastic
strip that can be stuck to the teeth. Because these products
have a low strength for safety reasons, it may take several
weeks of applying them for full whitening to occur.

Whitening treatments by dentists often involve the ap-
plication of substances containing more than 30% hydrogen
peroxide. These substances must be used with the appropri-
ate protection of the tissues surrounding the teeth. Keeping
your teeth white is another example of chemistry in action.

On the other hand, each oxygen changes from an oxidation state of 0 in O, to —2 in H,O
and CO,, signifying a gain of two electrons per atom. Since four oxygen atoms are in-
volved, this is a gain of eight electrons:

202 + 887 — C02 + ZHZO
1 v 7
0 4=2) = -8

No change occurs in the oxidation state of hydrogen, and it is not formally involved in
the electron-transfer process.

With this background, we can now define some important terms. Oxidation is an in-
crease in oxidation state (a loss of electrons). Reduction is a decrease in oxidation state
(a gain of electrons). Thus in the reaction

2Na(s) + Cl,(g) — 2NaCl(s)

T i T
0 0 +1 -1
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increases decreases

reducing agent oxidizing agent

FIGURE 4.20

A summary of an oxidation-reduction
process, in which M is oxidized and X is
reduced.

sodium is oxidized and chlorine is reduced. In addition, Cl, is called the oxidizing agent
(electron acceptor), and Na is called the reducing agent (electron donor). These terms
are summarized in Fig. 4.20.

Concerning the reaction

CH,4(g) + 20,(g) —> CO,(g) + 2H,0(g)
(NG TN TN

-4 +1 0 +4 =2 +1 -2
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Ithough aging is supposed to bring wisdom, almost no
A Wone wants to get old. Along with wisdom, aging brings
wrinkles, loss of physical strength, and greater susceptibil-
ity to disease.

Why do we age? No one knows for certain, but many
scientists think that oxidation plays a major role. The oxy-
gen molecule and other oxidizing agents in the body appar-
ently can extract single electrons from the large molecules
that make up cell membranes, thus making them very reac-
tive. Subsequently, these activated molecules can link up,
changing the properties of the cell membrane. At some point,
enough of these reactions have occurred that the body’s im-
mune system comes to view the changed cell as an “enemy”
and destroys it. This is particularly detrimental to the or-
ganism when the cells involved are irreplaceable. Nerve

CHEMICAL IMPACT

Aging: Does It Involve Oxidation?

cells, for example, fall into this category. They rarely re-
generate in an adult.

The body has defenses against oxidation, such as vita-
min E, a well-known antioxidant. Studies have shown that
red blood cells age much faster than normal when they are
deficient in vitamin E. Based on studies such as these, some
have suggested large doses of vitamin E as a preventive meas-
ure against aging, but there is no solid evidence that this
practice has any impact on aging.

Another protective antioxidant found in our bodies is su-
peroxide dismutase (SOD), which protects us from the
superoxide ion O, , a powerful oxidizing agent that is par-
ticularly damaging to vital enzymes. The importance of SOD
in opposing the aging process is indicated from the results of
a study by Dr. Richard Cutler at the Gerontology Research

Oxidation is an increase in oxidation we can say the following:

state. Reduction is a decrease in

oxidation state. Carbon is oxidized because there has been an increase in its oxidation state (carbon

has formally lost electrons).

A helpful mnemonic device is OIL RIG

(Oxidation Involves Loss; Reduction Oxygen is reduced because there has been a decrease in its oxidation state (oxygen

Involves Gain). Another common mnemonic has formally gained electrons).

is LEO says GER. (Loss of Electrons,

Oxidation; Gain of Electrons, Reduction). CH, is the reducing agent.

An oxidizing agent is reduced and a
reducing agent is oxidized in a redox

O, is the oxidizing agent.

Note that when the oxidizing or reducing agent is named, the whole compound is specified,
not just the element that undergoes the change in oxidation state.

AV Oxidation—Reduction Reactions |

When powdered aluminum metal is mixed with pulverized iodine crystals and a drop of
water is added to help the reaction get started, the resulting reaction produces a great deal
of energy. The mixture bursts into flames, and a purple smoke of I, vapor is produced
from the excess iodine. The equation for the reaction is

2AI(s) + 3Iy(s) —> 2AlL(s)

reaction.

For this reaction, identify the atoms that are oxidized and reduced, and specify the oxi-
dizing and reducing agents.

Solution

The first step is to assign oxidation states:

Finely ground aluminum and iodine are 2A1(s) + 3I(s) —> 2AlL4(s)

mixed and react vigorously to form alu- 1 0 1

minum iodide after a drop of water is 0 0 +3 \1 (each I)
added. The purple cloud is excess iodine Free elements All;(s) is a salt that

vaporized by the heat of the reaction. contains AI** and I~ ions



Center of the National Institutes of Health in Baltimore that
showed a strong correlation between the life spans of a dozen
mammalian species and their levels of SOD. Human SOD is
now being produced by the techniques of biotechnology in
amounts that will enable scientists to carefully study its effects
on aging and on various diseases such as rheumatoid arthritis
and muscular dystrophy. Although SOD is available in health
food stores in forms to be taken orally, this practice is useless
because the SOD is digested (broken down into simpler
substances) before it can reach the bloodstream.

Research does indicate that consuming certain foods
may retard the aging process. For example, a recent study of
8000 male Harvard graduates found that chocolate and candy
eaters live almost a year longer than those who abstain. Al-
though the researchers from Harvard School of Public Health
are not certain of the mechanism for this effect, they suggest
that the antioxidants present in chocolate may provide the
health benefits. For example, chocolate contains phenols,
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antioxidants that are also present in wine, another substance
that seems to promote good health if used in moderation.

Oxidation is only one possible cause for aging. Research
continues on many fronts to try to discover why we get
“older” as time passes.

Can eating chocolate slow down the aging process?

Sample Exercise 4.18

Since each aluminum atom changes its oxidation state from 0 to +3 (an increase in oxi-
dation state), aluminum is oxidized. On the other hand, the oxidation state of each iodine
atom decreases from 0 to —1, and iodine is reduced. Since Al furnishes electrons for the
reduction of iodine, it is the reducing agent; 1, is the oxidizing agent.

See Exercises 4.71 and 4.72.

Oxidation—Reduction Reactions Il

Metallurgy, the process of producing a metal from its ore, always involves
oxidation—reduction reactions. In the metallurgy of galena (PbS), the principal lead-
containing ore, the first step is the conversion of lead sulfide to its oxide (a process called
roasting):

2PbS(s) + 30,(g) — 2PbO(s) + 2S0,(g)
The oxide is then treated with carbon monoxide to produce the free metal:
PbO(s) + CO(g) — Pb(s) + CO(g)

For each reaction, identify the atoms that are oxidized and reduced, and specify the
oxidizing and reducing agents.

Solution

For the first reaction, we can assign the following oxidation states:
2PbS(s) + 30,(g) —> 2PbO(s) + 2S0,(g)
/1 7 TN TN

+2 -2 0 +2 -2 +4 —2(each O)

The oxidation state for the sulfur atom increases from —2 to +4. Thus sulfur is oxidized.
The oxidation state for each oxygen atom decreases from 0 to —2. Oxygen is reduced. The
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oxidizing agent (that accepts the electrons) is O,, and the reducing agent (that donates
electrons) is PbS.
For the second reaction we have

PbO(s) + CO(g) — Pb(s) + CO,(g)
TN (N 1 TN

+2 -2 +2 =2 0 +4 —2 (each O)

Lead is reduced (its oxidation state decreases from +2 to 0), and carbon is oxidized (its
oxidation state increases from +2 to +4). PbO is the oxidizing agent, and CO is the re-
ducing agent.

See Exercises 4.71 and 4.72.

4.10 Balancing Oxidation—Reduction Equations

Oxidation—reduction reactions in aqueous solutions are often complicated, which means
that it can be difficult to balance their equations by simple inspection. In this section we
will discuss a special technique for balancing the equations of redox reactions that occur
in aqueous solutions. It is called the half-reaction method.

The Half-Reaction Method for Balancing Oxidation—Reduction
Reactions in Aqueous Solutions

For oxidation-reduction reactions that occur in aqueous solution, it is useful to separate
the reaction into two half-reactions: one involving oxidation and the other involving
reduction. For example, consider the unbalanced equation for the oxidation-reduction
reaction between cerium(IV) ion and tin(II) ion:

Ce**(aq) + Sn**(ag) —> Ce**(aq) + Sn**(aq)

This reaction can be separated into a half-reaction involving the substance being
reduced,

Ce**(ag) —> Ce’*(aq)
and one involving the substance being oxidized,
Sn**(ag) —> Sn**(aq)

The general procedure is to balance the equations for the half-reactions separately and
then to add them to obtain the overall balanced equation. The half-reaction method for
balancing oxidation—reduction equations differs slightly depending on whether the reaction
takes place in acidic or basic solution.

The Half-Reaction Method for Balancing Equations for Oxidation—Reduction
Reactions Occurring in Acidic Solution

> 1 Write separate equations for the oxidation and reduction half-reactions.

> ) For each half-reaction,
a. Balance all the elements except hydrogen and oxygen.
b. Balance oxygen using H,0.
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c. Balance hydrogen using H*.
d. Balance the charge using electrons.

=> 3 If necessary, multiply one or both balanced half-reactions by an integer to
equalize the number of electrons transferred in the two half-reactions.

w> 4 Add the half-reactions, and cancel identical species.

=> 5 Check that the elements and charges are balanced.

These steps are summarized by the following flowchart:

Write separate half-reactions ﬁ

Oxidation Reduction

half-reaction Balancing order half-reaction
a. elements (except H,O)

b. oxygen (use H,0)
Balance c. hydrogen (use HY Balance
d. charge (use electrons)

Balanced oxidation Balanced reduction
half-reaction half-reaction

Equalize electrons
Add half-reactions transferred

Cancel identical species

Equalize electrons
transferred

Check that elements and
charges are balanced

We will illustrate this method by balancing the equation for the reaction between
permanganate and iron(Il) ions in acidic solution:

Acid
MnO, (ag) + Fe?*(ag) —> Fe¥*(ag) + Mn2*(aq)
This reaction can be used to analyze iron ore for its iron content.

"> 1 Identify and write equations for the half-reactions. The oxidation states for the
half-reaction involving the permanganate ion show that manganese is reduced:

MnO,” —> Mn**
+7 —2(each O) +2

This is the reduction half-reaction. The other half-reaction involves the oxidation of iron(II)
to iron(II) ion and is the oxidation half-reaction:

F62+ — Fe3+

7 T

+2 +3
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The number of electrons gained in the
reduction half-reaction must equal the
number of electrons lost in the oxidation
half-reaction.

> ) Balance each half-reaction. For the reduction reaction, we have
MnO, " (ag) —> Mn’"(aq)

a. The manganese is balanced.
b. We balance oxygen by adding 4H,0 to the right side of the equation:

Mn04_(aq) — Mn2+(aq) + 4H20(l)
c. Next, we balance hydrogen by adding 8H" to the left side:
8H*(ag) + MnO, (ag) —> Mn**(aq) + 4H,0(])

d. All the elements have been balanced, but we need to balance the charge using
electrons. At this point we have the following overall charges for reactants and
products in the reduction half-reaction:

8H"(aq) + MnO, (ag) —> Mn**(aq) + 4H,0(!)
: + 01—

8+ 2+ + 0
y— —
7+ 2+

We can equalize the charges by adding five electrons to the left side:
Se” + 8H"(ag) + MnO, (ag) —> Mn**(aq) + 4H,0(/)

24 2+

Both the elements and the charges are now balanced, so this represents the
balanced reduction half-reaction. The fact that five electrons appear on the
reactant side of the equation makes sense, since five electrons are required
to reduce MnO,~ (Mn has an oxidation state of +7) to Mn>* (Mn has an
oxidation state of +2).

For the oxidation reaction

Fe**(aq) — Fe’"(aq)
the elements are balanced, and we must simply balance the charge:

Fe’"(aq) —> Fe’*(aq)
e ) e )
2+ 3+

One electron is needed on the right side to give a net 2+ charge on both sides:

Fe**(aq) —> Fe*'(aq) + e~
— i .

2+ 2+

> 3 Equalize the electron transfer in the two half-reactions. Since the reduction half-
reaction involves a transfer of five electrons and the oxidation half-reaction involves a
transfer of only one electron, the oxidation half-reaction must be multiplied by 5:

5Fe**(ag) — 5Fe’*(aq) + Se”

> 4 Add the half-reactions. The half-reactions are added to give

Se” + 5Fe’*(aq) + MnO, (aq) + 8H'(aq) —>
5Fe’*(aq) + Mn**(aq) + 4H,0(I) + Se~

Note that the electrons cancel (as they must) to give the final balanced equation:

5Fe’*(aq) + MnO, (aq) + 8H"(ag) —> 5Fe’*(ag) + Mn**(aq) + 4H,0(])
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> 5 Check that elements and charges are balanced.

Elements balance: 5Fe, 1Mn, 40, 8H ——> 5Fe, 1Mn, 40, 8H

Charges balance:  5(2+) + (1—) + 8(1+) = 17+ —>
53+)+ (2+)+0=17+

The equation is balanced.

Balancing Oxidation—Reduction Reactions (Acidic)

Potassium dichromate (K,Cr,0,) is a bright orange compound that can be reduced to a
blue-violet solution of Cr’* ions. Under certain conditions, K,Cr,0, reacts with ethyl
alcohol (C,HsOH) as follows:

H+(aq) + Cr2072_(aq) + C2H50H(l> > Cr3+(aq) + CO2(g) + Hzo(l)
Balance this equation using the half-reaction method.
Solution

W 1 The reduction half-reaction is
Cr,07° " (ag) —> Cr’*(aq)

Chromium is reduced from an oxidation state of +6 in Cr,0,>~ to one of +3 in Cr*".
The oxidation half-reaction is

Carbon is oxidized from an oxidation state of —2 in C,H;OH to +4 in CO,.

= ) Balancing all elements except hydrogen and oxygen in the first half-reaction, we
have

Cr,0,% (aq) — 2Cr**(aq)
Balancing oxygen using H,O, we have
Cr,0,* (ag) — 2Cr**(aq) + TH,0(I)
Balancing hydrogen using H*, we have
14H"(aqg) + Cr,0,* (ag) —> 2Cr**(aq) + TH,0(1)

Balancing the charge using electrons, we have

6~ + 14H"(ag) + Cr,0,> (aq) —> 2Cr**(aq) + TH,0(l)

When potassium dichromate reacts with ethanol, a blue-violet solution containing Cr** is formed.
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Reduction Half-Reaction:
Oxidation Half-Reaction:

Complete Reaction:

Next, we turn to the oxidation half-reaction

C,H;OH(l) —> CO,(g)
Balancing carbon, we have

C,H;O0H(/) — 2CO,(g)
Balancing oxygen using H,O, we have

C,H;OH(/) + 3H,0(I) —> 2CO,(g)
Balancing hydrogen using H”, we have
C,H;OH(/) + 3H,0(l) — 2CO,(g) + 12H"(aq)
We then balance the charge by adding 12e” to the right side:
C,H;OH(!) + 3H,0(l) — 2CO,(g) + 12H (ag) + 12¢~

= 3 In the reduction half-reaction there are 6 electrons on the left-hand side, and there

are 12 electrons on the right-hand side of the oxidation half-reaction. Thus we multiply
the reduction half-reaction by 2 to give

12¢” + 28H"(aq) + 2Cr,0;* (ag) — 4Cr**(aq) + 14H,0(/)

®> 4 Adding the half-reactions and canceling identical species, we have
12¢” + 28H"(aq) + 2Cr,0,* (aq) — 4Cr’*(aq) + 14H,0(1)
C,H;OH(/) + 3H,0(l) — 2CO4(g) + 12H"(ag) + 12¢~
16H"(aqg) + 2Cr,04% (aq) + C,H;OH(l) — 4Cr’* + 11H,0(l) + 2CO,(g)

W 5 Check that elements and charges are balanced.

Elements balance: 22H, 4Cr, 150, 2C — 22H, 4Cr, 150, 2C
Charges balance: +16 + 2(=2) + 0= +12 —> 4(+3) + 0+ 0 = +12

See Exercises 4.73 and 4.74.

Oxidation—reduction reactions can occur in basic solutions (the reactions involve OH™
ions) as well as in acidic solution (the reactions involve H* ions). The half-reaction method
for balancing equations is slightly different for the two cases.

The Half-Reaction Method for Balancing Equations for Oxidation—Reduction
Reactions Occurring in Basic Solution

> | Use the half-reaction method as specified for acidic solutions to obtain the final
balanced equation as if H* ions were present.

"> 2 To both sides of the equation obtained above, add a number of OH™ ions
that is equal to the number of H* ions. (We want to eliminate H* by form-
ing H,0.)

> 3 Form H,0 on the side containing both H* and OH™ ions, and eliminate the
number of H,0 molecules that appear on both sides of the equation.

> 4 Check that elements and charges are balanced.
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This method is summarized by the following flowchart:

Write separate half-reactions

L

Oxidation Reduction

half-reaction Balancing order half-reaction
a. elements (except H,O)

b. oxygen (use H,0O)
c. hydrogen (use H")
d. charge (use electrons)

Balance Balance

Balanced reduction
half-reaction

Balanced oxidation
half-reaction

Equalize electrons
transferred

Equalize electrons
transferred

Add half-reactions

Cancel identical species

Check that elements and
charges are balanced

Add OH to both sides
of equation (equal to H")

Form H,0 on the side
containing H* and OH™ ions

Eliminate number of H,O
appearing on both sides

Check that elements and
charges are balanced

We will illustrate how this method is applied in Sample Exercise 4.20.

Balancing Oxidation—Reduction Reactions (Basic)

Silver is sometimes found in nature as large nuggets; more often it is found mixed with
other metals and their ores. An aqueous solution containing cyanide ion is often used to
extract the silver using the following reaction that occurs in basic solution:
_ Basic _
Ag(s) + CN"(ag) + Oy(g) — Ag(CN), (aq)
Balance this equation using the half-reaction method.
Solution

= 1 Balance the equation as if H" ions were present. Balance the oxidation half-
reaction:

CN™(aq) + Ag(s) — Ag(CN), (aq)
Balance carbon and nitrogen:

2CN"(aq) + Ag(s) — Ag(CN), (aq)
Balance the charge:

2CN"(aq) + Ag(s) —> Ag(CN), (aq) + e~
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Oxidation Half-Reaction:
Reduction Half-Reaction:

Complete Reaction:

Key Terms

aqueous solution

Section 4.1
polar molecule
hydration
solubility

Section 4.2
solute

solvent

electrical conductivity
strong electrolyte
weak electrolyte
nonelectrolyte
acid

strong acid
strong base

weak acid

weak base
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Balance the reduction half-reaction:
Oiy(g) —
Balance oxygen:
0,(g) — 2H,0())
Balance hydrogen:
0,(g) + 4H" (ag) — 2H,0()
Balance the charge:
de” + Oy(g) + 4H"(ag) —> 2H,0()
Multiply the balanced oxidation half-reaction by 4:
8CN ™ (aq) + 4Ag(s) —> 4Ag(CN), (aq) + 4e”
Add the half-reactions, and cancel identical species:
8CN (aq) + 4Ag(s) — 4Ag(CN), (aq) + 4de”
de” + O,(g) + 4H" (ag) — 2H,0(])
8CN ™ (aq) + 4Ag(s) + O,(g) + 4H" (aq) —> 4Ag(CN), (aq) + 2H,0(l)

®> 2 Add OH ions to both sides of the balanced equation to eliminate the H* ions.
We need to add 40OH™ to each side:

8CN(aq) + 4Ag(s) + O,(g) + 4H(aq) + 4OH (aq) —>
4,00

4Ag(CN), (aq) + 2H,0(l) + 40H (aq)
= 3 Eliminate as many H,0O molecules as possible:
8CN (agq) + 4Ag(s) + O,(g) + 2H,0(l) —> 4Ag(CN), (ag) + 40OH (aq)
W 4 Check that elements and charges are balanced.
Elements balance: 8C, 8N, 4Ag, 40,4H — 8C, 8N, 4Ag, 40, 4H
Charges balance: 8(1—=) + 0 + 0 + 0 = 8— —> 4(1—) + 4(1—) = 8—
See Exercises 4.75 and 4.76.

For Review

Chemical reactions in solution are very important in everyday life.

Water is a polar solvent that dissolves many ionic and polar substances.

Electrolytes

e Strong electolyte: 100% dissociated to produce separate ions; strongly conducts an
electric current

e Weak electrolyte: Only a small percentage of dissolved molecules produce ions;
weakly conducts an electric current

e Nonelectrolyte: Dissolved substance produces no ions; does not conduct an electric
current

Acids and bases

e Arrhenius model
* Acid: produces H*
e Base: produces OH™
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e Brgnsted—Lowry model

* Acid: proton donor

* Base: proton acceptor
e Strong acid: completely dissociates into separated H™ and anions
e Weak acid: dissociates to a slight extent

Molarity
e One way to describe solution composition

moles of solute

Molarity (M) =
y (M) volume of solution (L)

e Moles solute = volume of solution (L) X molarity

e Standard solution: molarity is accurately known

Dilution
e Solvent is added to reduce the molarity
e Moles of solute after dilution = moles of solute before dilution

MV, = M,V,

Types of equations that describe solution reactions

e Formula equation: all reactants and products are written as complete formulas

e Complete ionic equation: all reactants and products that are strong electrolytes are
written as separated ions

e Net ionic equation: only those compounds that undergo a change are written;
spectator ions are not included

Solubility rules
e Based on experiment observation
e Help predict the outcomes of precipitation reactions

Important types of solution reactions

e Acid-base reactions: involve a transfer of H® ions

e Precipitation reactions: formation of a solid occurs

e Oxidation—reduction reactions: involve electron transfer

Titrations

e Measures the volume of a standard solution (titrant) needed to react with a substance
in solution

e Stoichiometric (equivalence) point: the point at which the required amount of titrant
has been added to exactly react with the substance being analyzed

e Endpoint: the point at which a chemical indicator changes color

Oxidation-reduction reactions

e Oxidation states are assigned using a set of rules to keep track of electron flow

e Oxidation: increase in oxidation state (a loss of electrons)

e Reduction: decrease in oxidation state (a gain of electrons)

e Oxidizing agent: gains electrons (is reduced)

e Reducing agent: loses electrons (is oxidized)

e Equations for oxidation—reduction reactions are usually balanced by the half-reaction
method

REVIEW QUESTIONS

1. The (aq) designation listed after a solute indicates the process of hydration. Us-
ing KBr(aq) and C,HsOH(aq) as your examples, explain the process of hydra-
tion for soluble ionic compounds and for soluble covalent compounds.

2. Characterize strong electrolytes versus weak electrolytes versus nonelectrolytes.
Give examples of each. How do you experimentally determine whether a solu-
ble substance is a strong electrolyte, weak electrolyte, or nonelectrolyte?



Distinguish between the terms slightly soluble and weak electrolyte.

Molarity is a conversion factor relating moles of solute in solution to the vol-
ume of the solution. How does one use molarity as a conversion factor to con-
vert from moles of solute to volume of solution, and from volume of solution to
moles of solute present?

What is a dilution? What stays constant in a dilution? Explain why the equation
M,V, = M,V, works for dilution problems.

When the following beakers are mixed, draw a molecular-level representation of
the product mixture (see Fig. 4.17).

J Na*
QBr
J Pb2+
@ NO;

o A13+
QCr
OK*

7. Differentiate between the formula equation, the complete ionic equation, and the net
ionic equation. For each reaction in Question 6, write all three balanced equations.

8. What is an acid—base reaction? Strong bases are soluble ionic compounds that
contain the hydroxide ion. List the strong bases. When a strong base reacts with
an acid, what is always produced? Explain the terms titration, stoichiometric
point, neutralization, and standardization.

9. Define the terms oxidation, reduction, oxidizing agent, and reducing agent.
Given a chemical reaction, how can you tell if it is a redox reaction?

10. What is a half-reaction? Why must the number of electrons lost in the oxidation
equal the number of electrons gained in a reduction? Summarize briefly the
steps in the half-reaction method for balancing redox reactions. What two items
must be balanced in a redox reaction (or any reaction)?

Active Learning Questions

These questions are designed to be used by groups of students in class. The
questions allow students to explore their understanding of concepts through
discussion and peer teaching. The real value of these questions is the
learning that occurs while students talk to each other about chemical
concepts.

1. Assume you have a highly magnified view of a solution of HCIl
that allows you to “see” the HCI. Draw this magnified view. If you
dropped in a piece of magnesium, the magnesium would disappear
and hydrogen gas would be released. Represent this change using
symbols for the elements, and write out the balanced equation.

2. You have a solution of table salt in water. What happens to the
salt concentration (increases, decreases, or stays the same) as the
solution boils? Draw pictures to explain your answer.

. You have a sugar solution (solution A) with concentration x. You

pour one-fourth of this solution into a beaker, and add an equiv-

alent volume of water (solution B).

a. What is the ratio of sugar in solutions A and B?

b. Compare the volumes of solutions A and B.

c. What is the ratio of the concentrations of sugar in solutions
A and B?

. You add an aqueous solution of lead nitrate to an aqueous solu-

tion of potassium iodide. Draw highly magnified views of each
solution individually, and the mixed solution including any prod-
uct that forms. Write the balanced equation for the reaction.

. Order the following molecules from lowest to highest oxidation

state of the nitrogen atom: HNO;, NH,Cl, N,O, NO,, NaNO,.

. Why is it that when something gains electrons, it is said to be

reduced? What is being reduced?



7.

Consider separate aqueous solutions of HCI and H,SO, with the

same molar concentrations. You wish to neutralize an aqueous

solution of NaOH. For which acid solution would you need to

add more volume (in milliliters) to neutralize the base?

a. the HCI solution

b. the H,SO, solution

¢. You need to know the acid concentrations to answer this
question.

d. You need to know the volume and concentration of the NaOH
solution to answer this question.

e. cand d

Explain.

. Draw molecular-level pictures to differentiate between concen-

trated and dilute solutions.

A blue question or exercise number indicates that the answer to that
question or exercise appears at the back of this book and a solution appears
in the Solutions Guide.

Questions

9.

10.

11.

12.

13.

14.

15.

Differentiate between what happens when the following are dis-
solved in water.

a. polar solute versus nonpolar solute

b. KF versus C¢H,,0¢

c. RbCl versus AgCl

d. HNO; versus CO

A student wants to prepare 1.00 L of a 1.00 M solution of NaOH
(molar mass = 40.00 g/mol). If solid NaOH is available, how
would the student prepare this solution? If 2.00 M NaOH is avail-
able, how would the student prepare the solution? To help insure
three significant figures in the NaOH molarity, to how many sig-
nificant figures should the volumes and mass be determined?
List the formulas of three soluble bromide salts and three insol-
uble bromide salts. Do the same exercise for sulfate salts, hy-
droxide salts, and phosphate salts (list three soluble salts and
three insoluble salts). List the formulas for six insoluble Pb**
salts and one soluble Pb* salt.

When 1.0 mol of solid lead nitrate is added to 2.0 mol of aqueous
potassium iodide, a yellow precipitate forms. After the precipi-
tate settles to the bottom, does the solution above the precipitate
conduct electricity? Explain. Write the complete ionic equation
to help you answer this question.

What is an acid and what is a base? An acid-base reaction is
sometimes called a proton-transfer reaction. Explain.

A student had 1.00 L of a 1.00 M acid solution. Much to the sur-
prise of the student, it took 2.00 L of 1.00 M NaOH solution to
react completely with the acid. Explain why it took twice as
much NaOH to react with all of the acid.

In a different experiment, a student had 10.0 mL of 0.020 M
HCI. Again, much to the surprise of the student, it took only
5.00 mL of 0.020 M strong base to react completely with the
HCI. Explain why it took only half as much strong base to react
with all of the HCI.

Differentiate between the following terms.

a. species reduced versus the reducing agent
b. species oxidized versus the oxidizing agent
c¢. oxidation state versus actual charge

16.
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Exercises

When balancing reactions in Chapter 3, we did not mention that
reactions must be charge balanced as well as mass balanced.
What do charge balanced and mass balanced mean? How are
redox reactions charge balanced?

Exercises

In this section similar exercises are paired.

Aqueous Solutions: Strong and Weak Electrolytes

17.

18.

19.

20.

Show how each of the following strong electrolytes “breaks up”
into its component ions upon dissolving in water by drawing
molecular-level pictures.

a. NaBr f. FeSO,

b. Mg(Cl, g. KMnO,

c. AI(NOy); h. HCIO,

d. (NH,),SO, i. NH,C,H;0, (ammonium acetate)

e. NaOH

Match each name below with the following microscopic pictures

of that compound in aqueous solution.

a. barium nitrate ¢. potassium carbonate

b. sodium chloride d. magnesium sulfate

Which picture best represents HNO;(aq)? Why aren’t any of the
pictures a good representation of HC,H;0,(agq)?

Calcium chloride is a strong electrolyte and is used to “salt”
streets in the winter to melt ice and snow. Write a reaction to
show how this substance breaks apart when it dissolves in water.

Commercial cold packs and hot packs are available for treating
athletic injuries. Both types contain a pouch of water and a dry
chemical. When the pack is struck, the pouch of water breaks,
dissolving the chemical, and the solution becomes either hot or
cold. Many hot packs use magnesium sulfate, and many cold
packs use ammonium nitrate. Write reactions to show how these
strong electrolytes break apart when they dissolve in water.

Solution Concentration: Molarity

21.

22.

Calculate the molarity of each of these solutions.

a. A 5.623-g sample of NaHCOj is dissolved in enough water
to make 250.0 mL of solution.

b. A 184.6-mg sample of K,Cr,0; is dissolved in enough water
to make 500.0 mL of solution.

c. A 0.1025-g sample of copper metal is dissolved in 35 mL of
concentrated HNO, to form Cu®" ions and then water is added
to make a total volume of 200.0 mL. (Calculate the molarity
of Cu**))

A solution of ethanol (C,HsOH) in water is prepared by dis-

solving 75.0 mL of ethanol (density = 0.79 g/cm®) in enough

water to make 250.0 mL of solution. What is the molarity of the
ethanol in this solution?
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23.

24,

25.

26.

Chapter Four Types of Chemical Reactions and Solution Stoichiometry

Calculate the concentration of all ions present in each of the fol-
lowing solutions of strong electrolytes.

a. 0.100 mol of Ca(NOs3), in 100.0 mL of solution

b. 2.5 mol of Na,SO, in 1.25 L of solution

¢. 5.00 g of NH,CI in 500.0 mL of solution

d. 1.00 g K;PO, in 250.0 mL of solution

Calculate the concentration of all ions present in each of the fol-
lowing solutions of strong electrolytes.

a. 0.0200 mol of sodium phosphate in 10.0 mL of solution

b. 0.300 mol of barium nitrate in 600.0 mL of solution

c. 1.00 g of potassium chloride in 0.500 L of solution

d. 132 g of ammonium sulfate in 1.50 L of solution

Which of the following solutions of strong electrolytes contains the
largest number of moles of chloride ions: 100.0 mL of 0.30 M
AlCl;, 50.0 mL of 0.60 M MgCl,, or 200.0 mL of 0.40 M NaCl?
Which of the following solutions of strong electrolytes contains
the largest number of ions: 100.0 mL of 0.100 M NaOH, 50.0
mL of 0.200 M BaCl,, or 75.0 mL of 0.150 M Na;PO,?

What mass of NaOH is contained in 250.0 mL of a 0.400 M

27.

28.

29.

sodium hydroxide solution?

If 10. g of AgNO; is available, what volume of 0.25 M AgNO;
solution can be prepared?

Describe how you would prepare 2.00 L of each of the follow-

30.

31.

32.

33.

34.

ing solutions.

a. 0.250 M NaOH from solid NaOH

b. 0.250 M NaOH from 1.00 M NaOH stock solution
c. 0.100 M K,CrO, from solid K,CrO,

d. 0.100 M K,CrO, from 1.75 M K,CrO, stock solution

How would you prepare 1.00 L of a 0.50 M solution of each of
the following?

a. H,SO, from “concentrated” (18 M) sulfuric acid

b. HCI from “concentrated” (12 M) reagent

¢. NiCl, from the salt NiCl, - 6H,O

d. HNO; from “concentrated” (16 M) reagent

e. Sodium carbonate from the pure solid

A solution is prepared by dissolving 10.8 g ammonium sulfate
in enough water to make 100.0 mL of stock solution. A 10.00-mL
sample of this stock solution is added to 50.00 mL of water.
Calculate the concentration of ammonium ions and sulfate ions
in the final solution.

Calculate the sodium ion concentration when 70.0 mL of 3.0 M
sodium carbonate is added to 30.0 mL of 1.0 M sodium bicarbonate.

A standard solution is prepared for the analysis of fluoxy-
mesterone (C,,H,yFO3), an anabolic steroid. A stock solution is
first prepared by dissolving 10.0 mg of fluoxymesterone in
enough water to give a total volume of 500.0 mL. A 100.0-uL
aliquot (portion) of this solution is diluted to a final volume of
100.0 mL. Calculate the concentration of the final solution in
terms of molarity.

A stock solution containing Mn*>* ions was prepared by dis-
solving 1.584 g pure manganese metal in nitric acid and dilut-
ing to a final volume of 1.000 L. The following solutions were
then prepared by dilution:

For solution A, 50.00 mL of stock solution was diluted to
1000.0 mL.

For solution B, 10.00 mL of solution A was diluted to 250.0 mL.
For solution C, 10.00 mL of solution B was diluted to 500.0 mL.

Calculate the concentrations of the stock solution and solutions
A, B, and C.

Precipitation Reactions

35.

36.

37.

38.

40.

41.

On the basis of the general solubility rules given in Table 4.1,
predict which of the following substances are likely to be solu-
ble in water.
a. aluminum nitrate
. magnesium chloride
. rubidium sulfate
. nickel(IT) hydroxide
. lead(Il) sulfide
magnesium hydroxide
. iron(III) phosphate

e S e o0 T

On the basis of the general solubility rules given in Table 4.1,
predict which of the following substances are likely to be soluble
in water.
. zinc chloride
. lead(II) nitrate
. lead(Il) sulfate
. sodium iodide
. cobalt(Ill) sulfide
chromium(IIl) hydroxide
. magnesium carbonate
. ammonium carbonate

e e a0 T e

When the following solutions are mixed together, what precipi-
tate (if any) will form?

a. FeSO,(aq) + KCl(aq)

b. Al(NO;);(ag) + Ba(OH),(aq)

c. CaCly(aq) + Na,SO,(aq)

d. K,S(agq) + Ni(NOs),(aq)

When the following solutions are mixed together, what precipi-
tate (if any) will form?

a. Hgy(NO3),(ag) + CuSO4(aq)

b. Ni(NOs),(aq) + CaCly(aq)

¢. K,COs(aq) + Mgly(aq)

d. Na,CrO4(aq) + AlBr;(aq)

. For the reactions in Exercise 37, write the balanced formula

equation, complete ionic equation, and net ionic equation. If no
precipitate forms, write “No reaction.”
For the reactions in Exercise 38, write the balanced formula
equation, complete ionic equation, and net ionic equation. If no
precipitate forms, write “No reaction.”

Write the balanced formula and net ionic equation for the reaction
that occurs when the contents of the two beakers are added to-
gether. What colors represent the spectator ions in each reaction?

J Cu2+
DSO>
O Na*
s



42,

JC02+
QCI
)Na
JAg+
@NO;
DK*
Qr

Give an example how each of the following insoluble ionic com-
pounds could be produced using a precipitation reaction. Write
the balanced formula equation for each reaction.

a. Fe(OH);(s) c. PbSOy(s)

b. Hg,Cl,(s) d. BaCrO,(s)

. Write net ionic equations for the reaction, if any, that occurs

4.

45.

46.

47.

when aqueous solutions of the following are mixed.
. ammonium sulfate and barium nitrate

. lead(II) nitrate and sodium chloride

. sodium phosphate and potassium nitrate

. sodium bromide and rubidium chloride

. copper(Il) chloride and sodium hydroxide

o0 T

Write net ionic equations for the reaction, if any, that occurs
when aqueous solutions of the following are mixed.

a. chromium(III) chloride and sodium hydroxide

b. silver nitrate and ammonium carbonate

c. copper(ll) sulfate and mercury(I) nitrate

d. strontium nitrate and potassium iodide

Separate samples of a solution of an unknown soluble ionic

compound are treated with KCI, Na,SO,4, and NaOH. A precip-

itate forms only when Na,SO, is added. Which cations could be

present in the unknown soluble ionic compound?

A sample may contain any or all of the following ions: Hg,*",

Ba’*, and Mn?".

a. No precipitate formed when an aqueous solution of NaCl was
added to the sample solution.

b. No precipitate formed when an aqueous solution of Na,SO,
was added to the sample solution.

c. A precipitate formed when the sample solution was made
basic with NaOH.

Which ion or ions are present in the sample solution?

What mass of Na,CrO, is required to precipitate all of the sil-

48.

49.

50.

ver ions from 75.0 mL of a 0.100 M solution of AgNO;?
What volume of 0.100 M Na;PO, is required to precipitate all
the lead(Il) ions from 150.0 mL of 0.250 M Pb(NOs3),?

What mass of solid aluminum hydroxide can be produced
when 50.0 mL of 0.200 M AI(NO;); is added to 200.0 mL of
0.100 M KOH?

What mass of barium sulfate can be produced when 100.0 mL
of a 0.100 M solution of barium chloride is mixed with 100.0
mL of a 0.100 M solution of iron(III) sulfate?

S1.

52.

54.

5S.

56.

57.
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Exercises

How many grams of silver chloride can be prepared by the
reaction of 100.0 mL of 0.20 M silver nitrate with 100.0 mL of
0.15 M calcium chloride? Calculate the concentrations of each
ion remaining in solution after precipitation is complete.

The drawings below represent aqueous solutions. Solution A
is 2.00 L of a 2.00 M aqueous solution of copper(Il) nitrate. Solution
B is 2.00 L of a 3.00 M aqueous solution of potassium hydroxide.

J Cu2+ J K+

@NO;

A B

a. Draw a picture of the solution made by mixing solutions A
and B together after the precipitation reaction takes place.
Make sure this picture shows the correct relative volume com-
pared to solutions A and B, and the correct relative number of
ions, along with the correct relative amount of solid formed.

b. Determine the concentrations (in M) of all ions left in solu-
tion (from part a) and the mass of solid formed.

S3.

A 1.42-g sample of a pure compound, with formula M,SO,, was
dissolved in water and treated with an excess of aqueous calcium
chloride, resulting in the precipitation of all the sulfate ions as
calcium sulfate. The precipitate was collected, dried, and found
to weigh 1.36 g. Determine the atomic mass of M, and identify M.

You are given a 1.50-g mixture of sodium nitrate and sodium

chloride. You dissolve this mixture into 100 mL of water and

then add an excess of 0.500 M silver nitrate solution. You pro-
duce a white solid, which you then collect, dry, and measure.

The white solid has a mass of 0.641 g.

a. If you had an extremely magnified view of the solution (to
the atomic-molecular level), list the species you would see
(include charges, if any).

b. Write the balanced net ionic equation for the reaction that
produces the solid. Include phases and charges.

c. Calculate the percent sodium chloride in the original unknown
mixture.

Acid-Base Reactions

Write the balanced formula, complete ionic, and net ionic equa-
tions for each of the following acid-base reactions.

a. HCIO4(ag) + Mg(OH),(s) —>

b. HCN(ag) + NaOH(aq) —

c. HCl(ag) + NaOH(ag) —

Write the balanced formula, complete ionic, and net ionic equa-
tions for each of the following acid-base reactions.

a. HNO;(aq) + Al(OH)s(s) —

b. HC,H;0,(ag) + KOH(ag) —

c. Ca(OH),(aq) + HCl(aq) —

Write the balanced formula, complete ionic, and net ionic equa-
tions for the reactions that occur when the following are mixed.
a. potassium hydroxide (aqueous) and nitric acid

b. barium hydroxide (aqueous) and hydrochloric acid

c. perchloric acid [HCIO4(ag)] and solid iron(III) hydroxide
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58.

59.

60.

61.

Chapter Four Types of Chemical Reactions and Solution Stoichiometry

Write the balanced formula, complete ionic, and net ionic
equations for the reactions that occur when the following are
mixed.

a. solid silver hydroxide and hydrobromic acid

b. aqueous strontium hydroxide and hydroiodic acid

¢. solid chromium(IIl) hydroxide and nitric acid

What volume of each of the following acids will react completely
with 50.00 mL of 0.200 M NaOH?

a. 0.100 M HC1

b. 0.150 M HNO,

c. 0.200 M HC,H;0, (1 acidic hydrogen)

What volume of each of the following bases will react com-
pletely with 25.00 mL of 0.200 M HCI1?

a. 0.100 M NaOH

b. 0.0500 M Ba(OH),

c. 0.250 M KOH

Hydrochloric acid (75.0 mL of 0.250 M) is added to 225.0 mL

62.

64.

65.

66.

of 0.0550 M Ba(OH), solution. What is the concentration of the
excess H™ or OH™ ions left in this solution?

A student mixes four reagents together, thinking that the solu-
tions will neutralize each other. The solutions mixed together are
50.0 mL of 0.100 M hydrochloric acid, 100.0 mL of 0.200 M of
nitric acid, 500.0 mL of 0.0100 M calcium hydroxide, and
200.0 mL of 0.100 M rubidium hydroxide. Is the resulting
solution neutral? If not, calculate the concentration of excess H*
or OH™ ions left in solution.

. A 25.00-mL sample of hydrochloric acid solution requires

24.16 mL of 0.106 M sodium hydroxide for complete neutral-
ization. What is the concentration of the original hydrochloric
acid solution?

What volume of 0.0200 M calcium hydroxide is required to neu-
tralize 35.00 mL of 0.0500 M nitric acid?

A student titrates an unknown amount of potassium hydrogen
phthalate (KHC3H,O,, often abbreviated KHP) with 20.46 mL
of a 0.1000 M NaOH solution. KHP (molar mass = 204.22
g/mol) has one acidic hydrogen. What mass of KHP was
titrated (reacted completely) by the sodium hydroxide
solution?

The concentration of a certain sodium hydroxide solution was
determined by using the solution to titrate a sample of potassium
hydrogen phthalate (abbreviated as KHP). KHP is an acid with
one acidic hydrogen and a molar mass of 204.22 g/mol. In the
titration, 34.67 mL of the sodium hydroxide solution was re-
quired to react with 0.1082 g KHP. Calculate the molarity of the
sodium hydroxide.

Oxidation—Reduction Reactions

67.

Assign oxidation states for all atoms in each of the following
compounds.

a. KMnO, f. Fe;0,
b. NiO, g. XeOF,
c. Na,Fe(OH)¢ h. SF,

d. (NH,),HPO, i. CO

e. P,Og j- Ce¢H,O4

68.

69.

70.

71.

72.

73.

74.

75.

Assign oxidation states for all atoms in each of the following
compounds.

a. UO,*" f. Mg,P,0,
b. As,0; g. Na,S,04
c. NaBiO; h. Hg,Cl,
d. As, i. Ca(NO3),
e. HAsO,

Assign the oxidation state for nitrogen in each of the following.

a. Li;N f. NO,

b. NH; g. NO,~

c. N,H, h. NO;~

d. NO i. N,

e. N,O

Assign oxidation numbers to all the atoms in each of the
following.

a. SrCr,0O, g. PbSO;,

b. CuCl, h. PbO,

c. 0, i. Na,C,0,

d. H,0, j- CO,

e. MgCO; k. (NH,),Ce(SO,);
f. Ag l. Cr,04

Specify which of the following are oxidation-reduction reactions,
and identify the oxidizing agent, the reducing agent, the sub-
stance being oxidized, and the substance being reduced.

. Cu(s) + 2Ag*(aq) —2Ag(s) + Cu**(aq)

. HCl(g) + NH;(g) = NH,Cl(s)

SiCl,(/) + 2H,0(I) — 4HCl(aq) + SiO,(s)

. SiCly(1) + 2Mg(s) — 2MgCl,(s) + Si(s)

Al(OH), (ag) — AlO, (aq) + 2H,0(/)

Specify which of the following equations represent oxidation—
reduction reactions, and indicate the oxidizing agent, the reducing
agent, the species being oxidized, and the species being reduced.
a. CHy(g) + H,0(g) — CO(g) + 3H,(g)

b. 2AgNO;(ag) + Cu(s) = Cu(NO;),(ag) + 2Ag(s)

¢. Zn(s) + 2HCl(aq) — ZnCly(aq) + H,(g)

d. 2H"(aq) + 2Cr0* (ag) = Cr,07 (aq) + H,0(1)
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Balance the following oxidation-reduction reactions that occur
in acidic solution.

. Zn(s) + HCl(aq) = Zn**(aq) + H,(g) + Cl (aq)

. I (aq) + ClO (ag) = I; (aq) + Cl (aq)

As,05(s) + NO;3 ™ (ag) — H3AsO4(aq) + NO(g)

. Br (ag) + MnO, (ag) — Br,(I) + Mn**(aq)

CH;0H(aq) + Cr,0,* (ag) — CH,0(aq) + Cr**(aq)
Balance the following oxidation-reduction reactions that occur
in acidic solution using the half-reaction method.

a. Cu(s) + NO; (ag) — Cu*"(agq) + NO(g)

b. Cr,0,* (ag) + Cl (aq) — Cr’*(aq) + Cly(g)

c. Pb(s) + PbO,(s) + H,SO4(ag) — PbSO4(s)
d
e

[
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. Mn?*(aq) + NaBiOs(s) — Bi**(aq) + MnO, (aq)
. H;AsO4(aq) + Zn(s) — AsHs(g) + Zn**(aq)

Balance the following oxidation-reduction reactions that occur
in basic solution.

a. Al(s) + MnO, (ag) — MnO,(s) + Al(OH), (aq)

b. Cly(g) = Cl (ag) + OCl (aq)

c. NO, (aq) + Al(s) — NH;(g) + AlO, (aq)
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Balance the following oxidation—reduction reactions that occur
in basic solution.

a. Cr(s) + CrO,* (ag) — Cr(OH);(s)

b. MnO, (aq) + S* (ag) — MnS(s) + S(s)

c. CN (ag) + MnO, (ag) — CNO (aq) + MnO,(s)

Chlorine gas was first prepared in 1774 by C. W. Scheele by

78.

oxidizing sodium chloride with manganese(IV) oxide. The re-
action is

NaCl(aq) + H,SO,(aqg) + MnO,(s) —>
Na,S0,(aqg) + MnCly(aq) + H,0(/) + Cl,(g)

Balance this equation.

Gold metal will not dissolve in either concentrated nitric acid or
concentrated hydrochloric acid. It will dissolve, however, in aqua
regia, a mixture of the two concentrated acids. The products of
the reaction are the AuCl,” ion and gaseous NO. Write a bal-
anced equation for the dissolution of gold in aqua regia.

Additional Exercises
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Which of the following statements is (are) true? For the false

statements, correct them.

a. A concentrated solution in water will always contain a strong
or weak electrolyte.

b. A strong electrolyte will break up into ions when dissolved
in water.

c. An acid is a strong electrolyte.

d. All ionic compounds are strong electrolytes in water.

A 230.-mL sample of a 0.275 M CaCl, solution is left on a hot plate

overnight; the following morning, the solution is 1.10 M. What

volume of water evaporated from the 0.275 M CaCl, solution?

Using the general solubility rules given in Table 4.1, name three

reagents that would form precipitates with each of the following

ions in aqueous solution. Write the net ionic equation for each

of your suggestions.

a. chloride ion d. sulfate ion

b. calcium ion e. mercury(l) ion, Hg,?*

c. iron(IIl) ion f. silver ion

Consider a 1.50-g mixture of magnesium nitrate and magnesium

chloride. After dissolving this mixture in water, 0.500 M silver

nitrate is added dropwise until precipitate formation is complete.

The mass of the white precipitate formed is 0.641 g.

a. Calculate the mass percent of magnesium chloride in the
mixture.

b. Determine the minimum volume of silver nitrate that must have
been added to ensure complete formation of the precipitate.

. A 1.00-g sample of an alkaline earth metal chloride is treated

with excess silver nitrate. All of the chloride is recovered as
1.38 g of silver chloride. Identify the metal.

A mixture contains only NaCl and Al,(SO,);. A 1.45-g sample
of the mixture is dissolved in water and an excess of NaOH is
added, producing a precipitate of AI(OH);. The precipitate is fil-
tered, dried, and weighed. The mass of the precipitate is 0.107
g. What is the mass percent of Al,(SO,); in the sample?

Saccharin (C;HsNO;S) is sometimes dispensed in tablet form.
Ten tablets with a total mass of 0.5894 g were dissolved in wa-
ter. They were oxidized to convert all the sulfur to sulfate ion,

86.
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which was precipitated by adding an excess of barium chloride
solution. The mass of BaSO, obtained was 0.5032 g. What is the
average mass of saccharin per tablet? What is the average mass
percent of saccharin in the tablets?

A mixture contains only NaCl and Fe(NO3);. A 0.456-g sample of
the mixture is dissolved in water, and an excess of NaOH is added,
producing a precipitate of Fe(OH);. The precipitate is filtered, dried,
and weighed. Its mass is 0.107 g. Calculate the following.

a. the mass of iron in the sample

b. the mass of Fe(NO;); in the sample

c. the mass percent of Fe(NOs); in the sample

A student added 50.0 mL of an NaOH solution to 100.0 mL
of 0.400 M HCI. The solution was then treated with an excess of
aqueous chromium(III) nitrate, resulting in formation of 2.06 g of
precipitate. Determine the concentration of the NaOH solution.

What acid and what strong base would react in aqueous solution
to produce the following salts in the formula equation? Write the
balanced formula equation for each reaction.

a. potassium perchlorate

b. cesium nitrate

c¢. calcium iodide

A 10.00-mL sample of vinegar, an aqueous solution of acetic

acid (HC,H;0,), is titrated with 0.5062 M NaOH, and 16.58 mL

is required to reach the equivalence point.

a. What is the molarity of the acetic acid?

b. If the density of the vinegar is 1.006 g/cm®, what is the mass
percent of acetic acid in the vinegar?

When hydrochloric acid reacts with magnesium metal, hydro-
gen gas and aqueous magnesium chloride are produced. What
volume of 5.0 M HCl is required to react completely with 3.00 g
of magnesium?

A 2.20-g sample of an unknown acid (empirical formula =
C;H,0;) is dissolved in 1.0 L of water. A titration required
25.0 mL of 0.500 M NaOH to react completely with all the
acid present. Assuming the unknown acid has one acidic proton
per molecule, what is the molecular formula of the unknown
acid?

Carminic acid, a naturally occurring red pigment extracted from
the cochineal insect, contains only carbon, hydrogen, and oxygen.
It was commonly used as a dye in the first half of the nineteenth
century. It is 53.66% C and 4.09% H by mass. A titration required
18.02 mL of 0.0406 M NaOH to neutralize 0.3602 g carminic acid.
Assuming that there is only one acidic hydrogen per molecule,
what is the molecular formula of carminic acid?

. A 30.0-mL sample of an unknown strong base is neutralized after

the addition of 12.0 mL of a 0.150 M HNOj; solution. If the
unknown base concentration is 0.0300 M, give some possible
identities for the unknown base.

Many oxidation—reduction reactions can be balanced by inspec-
tion. Try to balance the following reactions by inspection. In each
reaction, identify the substance reduced and the substance
oxidized.

a. Al(s) + HCl(ag) — AlCl5(aq) + Hy(g)

b. CH,(g) + S(s) = CS,(!) + H,S(g)

c. C3Hy(g) + Oy(g) — COy(g) + H,0())

d. Cu(s) + Ag*(aq) — Ag(s) + Cu*'(aq)
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Chapter Four Types of Chemical Reactions and Solution Stoichiometry

One of the classical methods for the determination of the man-
ganese content in steel is to convert all the manganese to the
deeply colored permanganate ion and then to measure the ab-
sorption of light. The steel is dissolved in nitric acid, producing
the manganese(Il) ion and nitrogen dioxide gas. This solution is
then reacted with an acidic solution containing periodate ion; the
products are the permanganate and iodate ions. Write balanced
chemical equations for both these steps.

Challenge Problems

96.

97.

98.

99.

The units of parts per million (ppm) and parts per billion (ppb)
are commonly used by environmental chemists. In general,
1 ppm means 1 part of solute for every 10° parts of solution.
Mathematically, by mass:

g solute

ppm = g solution N kg solution

mg solute

In the case of very dilute aqueous solutions, a concentration of
1.0 ppm is equal to 1.0 wg of solute per 1.0 mL, which equals
1.0 g solution. Parts per billion is defined in a similar fashion.
Calculate the molarity of each of the following aqueous
solutions.
a. 5.0 ppb Hg in H,O
b. 1.0 ppb CHCl; in H,0
¢. 10.0 ppm As in H,O
d. 0.10 ppm DDT (C4HyCls) in H,0O
In most of its ionic compounds, cobalt is either Co(II) or Co(III).
One such compound, containing chloride ion and waters of hy-
dration, was analyzed, and the following results were obtained.
A 0.256-g sample of the compound was dissolved in water, and
excess silver nitrate was added. The silver chloride was filtered,
dried, and weighed, and it had a mass of 0.308 g. A second sam-
ple of 0.416 g of the compound was dissolved in water, and an
excess of sodium hydroxide was added. The hydroxide salt was
filtered and heated in a flame, forming cobalt(Ill) oxide. The
mass of cobalt(Ill) oxide formed was 0.145 g.
a. What is the percent composition, by mass, of the compound?
b. Assuming the compound contains one cobalt atom per for-
mula unit, what is the molecular formula?
c. Write balanced equations for the three reactions described.
Polychlorinated biphenyls (PCBs) have been used extensively
as dielectric materials in electrical transformers. Because PCBs
have been shown to be potentially harmful, analysis for their
presence in the environment has become very important. PCBs
are manufactured according to the following generic reaction:

C,,H,, + nCl, — C,H,,_,Cl, + nHCl

This reaction results in a mixture of PCB products. The mixture
is analyzed by decomposing the PCBs and then precipitating the
resulting C1™ as AgCL.

a. Develop a general equation that relates the average value of
n to the mass of a given mixture of PCBs and the mass of
AgCl produced.

b. A 0.1947-g sample of a commercial PCB yielded 0.4791 g
of AgCl. What is the average value of n for this sample?
You have two 500.0 mL aqueous solutions. Solution A is a so-
lution of silver nitrate, and solution B is a solution of potassium
chromate. The masses of the solutes in each of the solutions are
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the same. When the solutions are added together, a blood-red

precipitate forms. After the reaction has gone to completion, you

dry the solid and find that it has a mass of 331.8 g.

a. Calculate the concentration of the potassium ions in the orig-
inal potassium chromate solution.

b. Calculate the concentration of the chromate ions in the final
solution.

A sample is a mixture of KCl and KBr. When 0.1024 g of the
sample is dissolved in water and reacted with excess silver
nitrate, 0.1889 g solid is obtained. What is the composition by
mass percent of the original mixture?

You are given a solid that is a mixture of Na,SO, and K,SO,. A
0.205-g sample of the mixture is dissolved in water. An excess
of an aqueous solution of BaCl, is added. The BaSO, that is
formed is filtered, dried, and weighed. Its mass is 0.298 g. What
mass of SO,>” ion is in the sample? What is the mass percent
of SO,>” ion in the sample? What are the percent compositions
by mass of Na,SO, and K,SO, in the sample?

Zinc and magnesium metal each react with hydrochloric acid ac-
cording to the following equations:

Zn(s) + 2HCl(ag) —> ZnCly(aq) + H,(g)
Mg(s) + 2HCl(ag) —> MgCly(aq) + H,(g)

A 10.00-g mixture of zinc and magnesium is reacted with the

stoichiometric amount of hydrochloric acid. The reaction mix-

ture is then reacted with 156 mL of 3.00 M silver nitrate to pro-

duce the maximum possible amount of silver chloride.

a. Determine the percent magnesium by mass in the original
mixture.

b. If 78.0 mL of HCI was added, what was the concentration of
the HC1?

You made 100.0 mL of a lead(II) nitrate solution for lab but forgot
to cap it. The next lab session you noticed that there was only
80.0 mL left (the rest had evaporated). In addition, you forgot the
initial concentration of the solution. You decide to take 2.00 mL
of the solution and add an excess of a concentrated sodium chlo-
ride solution. You obtain a solid with a mass of 3.407 g. What was
the concentration of the original lead(Il) nitrate solution?

Consider reacting copper(Il) sulfate with iron. Two possible
reactions can occur, as represented by the following equations.

copper(I) sulfate(aq) + iron(s) —>

copper(s) + iron(1l) sulfate(aq)
copper(I) sulfate(aq) + iron(s) —>

copper(s) + iron(IIl) sulfate(aq)

You place 87.7 mL of a 0.500 M solution of copper(Il) sulfate
in a beaker. You then add 2.00 g of iron filings to the copper(Il)
sulfate solution. After one of the above reactions occurs, you iso-
late 2.27 g of copper. Which equation above describes the reac-
tion that occurred? Support your answer.

. Consider an experiment in which two burets, Y and Z, are simul-

taneously draining into a beaker that initially contained 275.0 mL
of 0.300 M HCI. Buret Y contains 0.150 M NaOH and buret Z
contains 0.250 M KOH. The stoichiometric point in the titration
is reached 60.65 minutes after Y and Z were started simultane-
ously. The total volume in the beaker at the stoichiometric point
is 655 mL. Calculate the flow rates of burets Y and Z. Assume
the flow rates remain constant during the experiment.
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Complete and balance each acid—base reaction.
a. H;PO,(aq) + NaOH(aq) —
Contains three acidic hydrogens
b. H,SO,(aq) + Al(OH);(s) —
Contains two acidic hydrogens
c. H,Se(ag) + Ba(OH),(ag) —
Contains two acidic hydrogens
d. H,C,0,(aq) + NaOH(aq) —
Contains two acidic hydrogens
What volume of 0.0521 M Ba(OH), is required to neutralize ex-
actly 14.20 mL of 0.141 M H;PO,? Phosphoric acid contains
three acidic hydrogens.

A 10.00-mL sample of sulfuric acid from an automobile battery
requires 35.08 mL of 2.12 M sodium hydroxide solution for
complete neutralization. What is the molarity of the sulfuric acid?
Sulfuric acid contains two acidic hydrogens.

Some of the substances commonly used in stomach antacids are

MgO, Mg(OH),, and Al(OH);.

a. Write a balanced equation for the neutralization of hy-
drochloric acid by each of these substances.

b. Which of these substances will neutralize the greatest amount
of 0.10 M HCI per gram?

A 6.50-g sample of a diprotic acid requires 137.5 mL of a
0.750 M NaOH solution for complete reaction. Determine the
molar mass of the acid.

Citric acid, which can be obtained from lemon juice, has the
molecular formula C4HgO5. A 0.250-g sample of citric acid dis-
solved in 25.0 mL of water requires 37.2 mL of 0.105 M NaOH
for complete neutralization. What number of acidic hydrogens
per molecule does citric acid have?
Balance the following equations by the half-reaction method.
a. Fe(s) + HCl(ag) — HFeCly(aq) + H,(g)
b. 105 (aq) + I (aq) Addy I; (aq)
. Cr(NCS)¢*(ag) + Ce**(ag) 224

Cr*'(aq) + Ce**(ag) + NO; (ag) + CO,(g) + SO (aq)
. Crl(s) + Cl(g) =% CrO2 (ag) + 10, (ag) + Cl (agq)
. Fe(CN)s*"(aq) + Ce**(aq) ==

Ce(OH),(s) + Fe(OH)4(s) + CO3* (ag) + NO; (aq)

f. Fe(OH),(s) + H,05(aq) —> Fe(OH)y(s)
It took 25.06 =0.05 mL of a sodium hydroxide solution to titrate a
0.4016-g sample of KHP (see Exercise 65). Calculate the concen-
tration and uncertainty in the concentration of the sodium hydroxide
solution. (See Appendix 1.5.) Neglect any uncertainty in the mass.

o
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Integrative Problems

These problems require the integration of multiple concepts to find the
solutions.

114.

Tris(pentafluorophenyl)borane, commonly known by its acronym

BAREF, is frequently used to initiate polymerization of ethylene

or propylene in the presence of a catalytic transition metal com-

pound. It is composed solely of C, F, and B; it is 42.23% C by

mass and 55.66% F by mass.

a. What is the empirical formula of BARF?

b. A 2.251-g sample of BARF dissolved in 347.0 mL of solution
produces a 0.01267 M solution. What is the molecular for-
mula of BARF?

116.

117.
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Marathon Problems

. In a 1-L beaker, 203 mL of 0.307 M ammonium chromate was

mixed with 137 mL of 0.269 M chromium(III) nitrite to produce
ammonium nitrite and chromium(IIl) chromate. Write the balanced
chemical reaction occurring here. If the percent yield of the reac-
tion was 88.0%, how much chromium(III) chromate was isolated?
The vanadium in a sample of ore is converted to VO**. The VO**
ion is subsequently titrated with MnO,~ in acidic solution to
form V(OH)," and manganese(Il) ion. To titrate the solution,
26.45 mL of 0.02250 M MnO,~ was required. If the mass per-
cent of vanadium in the ore was 58.1%, what was the mass of
the ore sample? Which of the four transition metal ions in this
titration has the highest oxidation state?

The unknown acid H,X can be neutralized completely by OH™
according to the following (unbalanced) equation:

H,X(ag) + OH- —> X*~ + H,0

The ion formed as a product, X?~, was shown to have 36 total
electrons. What is element X? Propose a name for H,X? To
completely neutralize a sample of H,X, 35.6 mL of 0.175 M OH™
solution was required. What was the mass of the H,X sample used?

Marathon Problems

These problems are designed to incorporate several concepts and techniques

into

one situation. Marathon Problems can be used in class by groups of

students to help facilitate problem-solving skills.

118

119.

. Three students were asked to find the identity of the metal in a

particular sulfate salt. They dissolved a 0.1472-g sample of
the salt in water and treated it with excess barium chloride,
resulting in the precipitation of barium sulfate. After the precip-
itate had been filtered and dried, it weighed 0.2327 g.

Each student analyzed the data independently and came to
different conclusions. Pat decided that the metal was titanium.
Chris thought it was sodium. Randy reported that it was gallium.
What formula did each student assign to the sulfate salt?

Look for information on the sulfates of gallium, sodium, and
titanium in this text and reference books such as the CRC Hand-
book of Chemistry and Physics. What further tests would you
suggest to determine which student is most likely correct?

You have two 500.0-mL aqueous solutions. Solution A is a so-
lution of a metal nitrate that is 8.246% nitrogen by mass. The
ionic compound in solution B consists of potassium, chromium,
and oxygen; chromium has an oxidation state of +6 and there
are 2 potassiums and 1 chromium in the formula. The masses of
the solutes in each of the solutions are the same. When the so-
lutions are added together, a blood-red precipitate forms. After
the reaction has gone to completion, you dry the solid and find
that it has a mass of 331.8 g.
a. Identify the ionic compounds in solution A and solution B.
b. Identify the blood-red precipitate.
c. Calculate the concentration (molarity) of all ions in the orig-
inal solutions.
d. Calculate the concentration (molarity) of all ions in the final
solution.

WWi,  Get help understanding core concepts and visualizing

(0 &

-

molecular-level interactions, and practice problem solving,
) 4 ) by visiting the Online Study Center at college.hmco.com/
PIC/zumdahl7e.
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As a gas, water occupies 1200 times as
much space as it does as a liquid at
25°C and atmospheric pressure.

FIGURE 5.1

The pressure exerted by the gases in the at-
mosphere can be demonstrated by boiling
water in a large metal can (a) and then
turning off the heat and sealing the can. As
the can cools, the water vapor condenses,
lowering the gas pressure inside the can.
This causes the can to crumple (b).

atter exists in three distinct physical states: gas, liquid, and solid. Although rel-
atively few substances exist in the gaseous state under typical conditions, gases are very
important. For example, we live immersed in a gaseous solution. The earth’s atmosphere
is a mixture of gases that consists mainly of elemental nitrogen (N,) and oxygen (O,).
The atmosphere both supports life and acts as a waste receptacle for the exhaust gases
that accompany many industrial processes. The chemical reactions of these waste gases
in the atmosphere lead to various types of pollution, including smog and acid rain. The
gases in the atmosphere also shield us from harmful radiation from the sun and keep the
earth warm by reflecting heat radiation back toward the earth. In fact, there is now great
concern that an increase in atmospheric carbon dioxide, a product of the combustion of
fossil fuels, is causing a dangerous warming of the earth.

In this chapter we will look carefully at the properties of gases. First we will see how
measurements of gas properties lead to various types of laws—statements that show how
the properties are related to each other. Then we will construct a model to explain why gases
behave as they do. This model will show how the behavior of the individual particles of a
gas leads to the observed properties of the gas itself (a collection of many, many particles).

The study of gases provides an excellent example of the scientific method in action.
It illustrates how observations lead to natural laws, which in turn can be accounted for by
models.

5.1 Pressure

A gas uniformly fills any container, is easily compressed, and mixes completely with any
other gas. One of the most obvious properties of a gas is that it exerts pressure on its sur-
roundings. For example, when you blow up a balloon, the air inside pushes against the
elastic sides of the balloon and keeps it firm.

As mentioned earlier, the gases most familiar to us form the earth’s atmosphere. The
pressure exerted by this gaseous mixture that we call air can be dramatically demonstrated
by the experiment shown in Fig. 5.1. A small volume of water is placed in a metal can,
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— Vacuum

h =760 mm Hg
for standard
atmosphere

FIGURE 5.2

A torricellian barometer. The tube, com-
pletely filled with mercury, is inverted in a
dish of mercury. Mercury flows out of the
tube until the pressure of the column of
mercury (shown by the black arrow) “stand-
ing on the surface” of the mercury in the
dish is equal to the pressure of the air
(shown by the purple arrows) on the rest of
the surface of the mercury in the dish.

Soon after Torricelli died, a German
physicist named Otto von Guericke in-
vented an air pump. In a famous demon-
stration for the King of Prussia in 1663,
Guericke placed two hemispheres to-
gether, pumped the air out of the result-
ing sphere through a valve, and showed
that teams of horses could not pull the
hemispheres apart. Then, after secretly
opening the air valve, Guericke easily
separated the hemispheres by hand. The
King of Prussia was so impressed that he
awarded Guericke a lifetime pension!

FIGURE 5.3

A simple manometer, a device for measur-
ing the pressure of a gas in a container. The
pressure of the gas is given by h (the differ-
ence in mercury levels) in units of torr
(equivalent to mm Hg). (a) Gas pressure =
atmospheric pressure — h. (b) Gas

pressure = atmospheric pressure + h.

and the water is boiled, which fills the can with steam. The can is then sealed and allowed
to cool. Why does the can collapse as it cools? It is the atmospheric pressure that crum-
ples the can. When the can is cooled after being sealed so that no air can flow in, the wa-
ter vapor (steam) condenses to a very small volume of liquid water. As a gas, the water
filled the can, but when it is condensed to a liquid, the liquid does not come close to fill-
ing the can. The H,O molecules formerly present as a gas are now collected in a very
small volume of liquid, and there are very few molecules of gas left to exert pressure out-
ward and counteract the air pressure. As a result, the pressure exerted by the gas mole-
cules in the atmosphere smashes the can.

A device to measure atmospheric pressure, the barometer, was invented in 1643 by
an Italian scientist named Evangelista Torricelli (1608—1647), who had been a student of
Galileo. Torricelli’s barometer is constructed by filling a glass tube with liquid mercury
and inverting it in a dish of mercury, as shown in Fig. 5.2. Notice that a large quantity of
mercury stays in the tube. In fact, at sea level the height of this column of mercury aver-
ages 760 mm. Why does this mercury stay in the tube, seemingly in defiance of gravity?
Figure 5.2 illustrates how the pressure exerted by the atmospheric gases on the surface of
mercury in the dish keeps the mercury in the tube.

Atmospheric pressure results from the mass of the air being pulled toward the center
of the earth by gravity—in other words, it results from the weight of the air. Changing
weather conditions cause the atmospheric pressure to vary, so the height of the column of
Hg supported by the atmosphere at sea level varies; it is not always 760 mm. The mete-
orologist who says a “low” is approaching means that the atmospheric pressure is going
to decrease. This condition often occurs in conjunction with a storm.

Atmospheric pressure also varies with altitude. For example, when Torricelli’s ex-
periment is done in Breckenridge, Colorado (elevation 9600 feet), the atmosphere sup-
ports a column of mercury only about 520 mm high because the air is “thinner.” That is,
there is less air pushing down on the earth’s surface at Breckenridge than at sea level.

Units of Pressure
Because instruments used for measuring pressure, such as the manometer (Fig. 5.3), of-

ten contain mercury, the most commonly used units for pressure are based on the height

Atmospheric
pressure (B,)

Atmospheric
pressure (By,,)

Y ] 0
N h )\ h
/ Gas
”/ pressure (Py,) pressure (Fy)
[ less than . greater than
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Checking tire pressure.

Sample Exercise 5.1
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of the mercury column (in millimeters) that the gas pressure can support. The unit mm
Hg (millimeter of mercury) is often called the torr in honor of Torricelli. The terms torr
and mm Hg are used interchangeably by chemists. A related unit for pressure is the
standard atmosphere (abbreviated atm):

1 standard atmosphere = 1 atm = 760 mm Hg = 760 torr
However, since pressure is defined as force per unit area,

force

Pressure =
area
the fundamental units of pressure involve units of force divided by units of area. In the
SI system, the unit of force is the newton (N) and the unit of area is meters squared (m?).
(For a review of the SI system, see Chapter 1.) Thus the unit of pressure in the SI system
is newtons per meter squared (N/m?) and is called the pascal (Pa). In terms of pascals,
the standard atmosphere is

1 standard atmosphere = 101,325 Pa

Thus 1 atmosphere is about 10° pascals. Since the pascal is so small, and since it is not
commonly used in the United States, we will use it sparingly in this book. However,
converting from torrs or atmospheres to pascals is straightforward, as shown in Sample
Exercise 5.1.

Pressure Conversions

1 atm = 760 mm Hg
= 760 torr
= 101,325 Pa
= 29.92 in Hg
= 14.7 Ib/in?

w

Wy ,
@\% Visualization: Boyle’s Law: A
Y

N Graphical View
N

The pressure of a gas is measured as 49 torr. Represent this pressure in both atmospheres
and pascals.

Solution
1 at
49 torf X —— M _ 64 % 102 atm
760 torf
101,325 P
6.4 X 102 atm X 2% _ 65 % 10°Pa
1 atm

See Exercises 5.27 and 5.28.

5.2 The Gas Laws of Boyle, Charles, and Avogadro

In this section we will consider several mathematical laws that relate the properties of
gases. These laws derive from experiments involving careful measurements of the rele-
vant gas properties. From these experimental results, the mathematical relationships among
the properties can be discovered. These relationships are often represented pictorially by
means of graphs (plots).

We will take a historical approach to these laws to give you some perspective on the
scientific method in action.

Boyle’s Law

The first quantitative experiments on gases were performed by an Irish chemist, Robert
Boyle (1627-1691). Using a J-shaped tube closed at one end (Fig. 5.4), which he report-
edly set up in the multistory entryway of his house, Boyle studied the relationship between
the pressure of the trapped gas and its volume. Representative values from Boyle’s
experiments are given in Table 5.1. These data show that the product of the pressure and
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FIGURE 5.4
A J-tube similar to the one used by Boyle.

Boyle’s law: V oc 1/P at constant
temperature.

Graphing is reviewed in Appendix 1.3.

FIGURE 5.5

Plotting Boyle’s data from Table 5.1. (a) A
plot of P versus V shows that the volume
doubles as the pressure is halved. (b) A plot
of V versus 1/P gives a straight line. The
slope of this line equals the value of the
constant k.

TABLE 5.1 Actual Data from Boyle’s Experiment

Volume Pressure Pressure X Volume
(in) (in Hg) (in Hg X in%)
117.5 12.0 14.1 X 10?

87.2 16.0 14.0 X 10?
70.7 20.0 14.1 X 10?
58.8 24.0 14.1 X 10?
442 32.0 14.1 X 10?
353 40.0 14.1 X 10?
290.1 48.0 14.0 X 10?

volume for the trapped air sample is constant within the accuracies of Boyle’s measurements
(note the third column in Table 5.1). This behavior can be represented by the equation

PV =k

which is called Boyle’s law and where k is a constant for a given sample of air at a spe-
cific temperature.

It is convenient to represent the data in Table 5.1 by using two different plots. The first
type of plot, P versus V, forms a curve called a hyperbola shown in Fig. 5.5(a). Looking at
this plot, note that as the volume drops by about half (from 58.8 to 29.1), the pressure dou-
bles (from 24.0 to 48.0). In other words, there is an inverse relationship between pressure
and volume. The second type of plot can be obtained by rearranging Boyle’s law to give

k 1

V=—=k
p p

which is the equation for a straight line of the type
y=mx +b

where m represents the slope and b the intercept of the straight line. In this case, y = V,
x = 1/P,m = k, and b = 0. Thus a plot of V versus 1/P using Boyle’s data gives a
straight line with an intercept of zero, as shown in Fig. 5.5(b).

In the three centuries since Boyle carried out his studies, the sophistication of measur-
ing techniques has increased tremendously. The results of highly accurate measurements show
that Boyle’s law holds precisely only at very low pressures. Measurements at higher pres-
sures reveal that PV is not constant but varies as the pressure is varied. Results for several
gases at pressures below 1 atm are shown in Fig. 5.6. Note the very small changes that occur
in the product PV as the pressure is changed at these low pressures. Such changes become

100
)
jan
& f 50 40
A p - slope = k
P £
Li \ =20
0
0 0.01 0.02 0.03
1/P (in Hg)

() V (in*) (b)
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FIGURE 5.6

A plot of PV versus P for several gases at pressures below 1 atm. An ideal gas is expected to have a con-
stant value of PV, as shown by the dotted line. Carbon dioxide shows the largest change in PV, and this
change is actually quite small: PV changes from about 22.39 L - atm at 0.25 atm to 22.26 L - atm at
1.00 atm. Thus Boyle’s law is a good approximation at these relatively low pressures.

more significant at much higher pressures, where the complex nature of the dependence of
PV on pressure becomes more obvious. We will discuss these deviations and the reasons for
them in detail in Section 5.8. A gas that strictly obeys Boyle’s law is called an ideal gas. We
will describe the characteristics of an ideal gas more completely in Section 5.3.

One common use of Boyle’s law is to predict the new volume of a gas when the pres-
sure is changed (at constant temperature), or vice versa. Because deviations from Boyle’s
law are so slight at pressures close to 1 atm, in our calculations we will assume that gases
obey Boyle’s law (unless stated otherwise).

Boyle’s Law |

5.6 % 10° Pa 1.5 10* Pa

V=153L V=17

As pressure increases, the volume of SO,
decreases.

Boyle’s law also can be written as
Py = Pl

Always check that your answer makes
physical (common!) sense.

Sample Exercise 5.3

Sulfur dioxide (SO,), a gas that plays a central role in the formation of acid rain, is found
in the exhaust of automobiles and power plants. Consider a 1.53-L sample of gaseous SO,
at a pressure of 5.6 X 10° Pa. If the pressure is changed to 1.5 X 10* Pa at a constant
temperature, what will be the new volume of the gas?

Solution
We can solve this problem using Boyle’s law,
PV =k
which also can be written as
pV,=k=prPV, or PV, =PV,

where the subscripts 1 and 2 represent two states (conditions) of the gas (both at the same
temperature). In this case,

P,=56X10°Pa P,=15X10*Pa
V,=153L V,=2?

We can solve the preceding equation for V,:

PV, 56X 10°Pa x 1.53L
L = = - =057L
P, 1.5 X 10* Pa

The new volume will be 0.57 L.

See Exercise 5.33.

The fact that the volume decreases in Sample Exercise 5.2 makes sense because the
pressure was increased. To help eliminate errors, make it a habit to check whether an an-
swer to a problem makes physical sense.

We mentioned before that Boyle’s law is only approximately true for real gases. To
determine the significance of the deviations, studies of the effect of changing pressure on
the volume of a gas are often done, as shown in Sample Exercise 5.3.

Boyle’s Law Il

In a study to see how closely gaseous ammonia obeys Boyle’s law, several volume measure-
ments were made at various pressures, using 1.0 mol NH; gas at a temperature of 0°C. Using
the results listed on the following page, calculate the Boyle’s law constant for NH; at the
various pressures.
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FIGURE 5.7

A plot of PV versus P for 1 mol of ammo-
nia. The dashed line shows the extrapola-
tion of the data to zero pressure to give the
“ideal” value of PV of 22.41 L - atm.

Visualization: Liquid Nitrogen
and Balloons
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FIGURE 5.8

Plots of V versus T (°C) for several gases.
The solid lines represent experimental mea-

surements on gases. The dashed lines repre-

sent extrapolation of the data into regions
where these gases would become liquids or
solids. Note that the samples of the various
gases contain different numbers of moles.

Experiment Pressure (atm) Volume (L)

1 0.1300 172.1

2 0.2500 89.28
3 0.3000 74.35
4 0.5000 44.49
5 0.7500 29.55
6 1.000 22.08

Solution

To determine how closely NH; gas follows Boyle’s law under these conditions, we cal-
culate the value of k (in L - atm) for each set of values:

Experiment 1 2 3 4 5 6
k= PV 22.37 22.32 22.31 22.25 22.16 22.08

Although the deviations from true Boyle’s law behavior are quite small at these low
pressures, note that the value of k changes regularly in one direction as the pressure is
increased. Thus, to calculate the “ideal” value of k for NH;, we can plot PV versus P, as
shown in Fig. 5.7, and extrapolate (extend the line beyond the experimental points) back
to zero pressure, where, for reasons we will discuss later, a gas behaves most ideally. The
value of k obtained by this extrapolation is 22.41 L - atm. Notice that this is the same value
obtained from similar plots for the gases CO,, O,, and Ne at 0°C, as shown in Fig. 5.6.

See Exercise 5.97.

Charles’s Law

In the century following Boyle’s findings, scientists continued to study the properties of
gases. One of these scientists was a French physicist, Jacques Charles (1746—1823), who
was the first person to fill a balloon with hydrogen gas and who made the first solo bal-
loon flight. Charles found in 1787 that the volume of a gas at constant pressure increases
linearly with the temperature of the gas. That is, a plot of the volume of a gas (at con-
stant pressure) versus its temperature (°C) gives a straight line. This behavior is shown
for samples of several gases in Fig. 5.8. The slopes of the lines in this graph are different

A snowmaking machine, in which water is blown
through nozzles by compressed air. The mixture
is cooled by expansion to form ice crystals of
Snow.
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FIGURE 5.9
Plots of V versus T as in Fig. 5.8, except here
the Kelvin scale is used for temperature.
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because the samples contain different numbers of moles of gas. A very interesting feature
of these plots is that the volumes of all the gases extrapolate to zero at the same temper-
ature, —273.2°C. On the Kelvin temperature scale this point is defined as 0 K, which leads
to the following relationship between the Kelvin and Celsius scales:

K =°C + 273

When the volumes of the gases shown in Fig. 5.8 are plotted versus temperature on the
Kelvin scale, the plots in Fig. 5.9 result. In this case, the volume of each gas is directly
proportional to temperature and extrapolates to zero when the temperature is 0 K. This
behavior is represented by the equation known as Charles’s law,

V=>bT

where T is in kelvins and b is a proportionality constant.

Before we illustrate the uses of Charles’s law, let us consider the importance of 0 K.
At temperatures below this point, the extrapolated volumes would become negative. The
fact that a gas cannot have a negative volume suggests that 0 K has a special significance.
In fact, 0 K is called absolute zero, and there is much evidence to suggest that this
temperature cannot be attained. Temperatures of approximately 0.000001 K have been
produced in laboratories, but O K has never been reached.

Charles’s Law

Charles’s law also can be written as
Zn 7
T

A sample of gas at 15°C and 1 atm has a volume of 2.58 L. What volume will this gas
occupy at 38°C and 1 atm?

Solution

Charles’s law, which describes the dependence of the volume of a gas on temperature at
constant pressure, can be used to solve this problem. Charles’s law in the form V = bT
can be rearranged to

Vv
=b

~ |

An equivalent statement is
i, %
where the subscripts 1 and 2 represent two states for a given sample of gas at constant
pressure. In this case, we are given the following (note that the temperature values must
be changed to the Kelvin scale):
T, = 15°C + 273 = 288 K T, = 38°C + 273 = 311K
V, =258L V, =7

Solving for V, gives

T 311K
Vv, = <2> Vv, = <> 258L =279L
T, 288 K

Reality Check: The new volume is greater than the initial volume, which makes physical
sense because the gas will expand as it is heated.

See Exercise 5.35.

Avogadro’s Law

In Chapter 2 we noted that in 1811 the Italian chemist Avogadro postulated that equal
volumes of gases at the same temperature and pressure contain the same number of
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“particles.” This observation is called Avogadro’s law, which is illustrated by Fig. 5.10.
Stated mathematically, Avogadro’s law is
V=an

where V is the volume of the gas, n is the number of moles of gas particles, and a is a
proportionality constant. This equation states that for a gas at constant temperature and
pressure, the volume is directly proportional to the number of moles of gas. This rela-
tionship is obeyed closely by gases at low pressures.

Avogadro’s Law

Avogadro’s law also can be written as

hi_bk

00
09

FIGURE 5.10

These balloons each hold 1.0 L of gas at
25°C and 1 atm. Each balloon contains
0.041 mol of das, or 2.5 X 10% molecules.

Suppose we have a 12.2-L sample containing 0.50 mol oxygen gas (O,) at a pressure of
1 atm and a temperature of 25°C. If all this O, were converted to ozone (Os) at the same
temperature and pressure, what would be the volume of the ozone?

Solution
The balanced equation for the reaction is
30,(g) — 204(g)

To calculate the moles of O; produced, we must use the appropriate mole ratio:

0.50 mok65; X 1% _ 33010
. ——=0.33mo
> 3 motO; ’
Avogadro’s law states that V = an, which can be rearranged to give
14
A
n

Since a is a constant, an alternative representation is
Vi Vs
=22
ny ny

where V| is the volume of n; moles of O, gas and V, is the volume of n, moles of O; gas.
In this case we have

n; = 0.50 mol n, = 0.33 mol
V,=122L V, =7

Solving for V, gives
n 0.33 mo‘I)
V,=\—|V,=|-———122L=8.1L
: <n1> ! <0.50mo1

Reality Check: Note that the volume decreases, as it should, since fewer moles of gas
molecules will be present after O, is converted to O;.

See Exercises 5.35 and 5.36.

5.3 The Ideal Gas Law

We have considered three laws that describe the behavior of gases as revealed by exper-
imental observations:

Boyle’s law: V= ? (at constant 7 and n)
Charles’s law: V=>T (at constant P and n)

Avogadro’s law: V=an (at constant T and P)
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The reaction of zinc with hydrochloric acid
to produce bubbles of hydrogen gas.
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These relationships, which show how the volume of a gas depends on pressure, temper-
ature, and number of moles of gas present, can be combined as follows:

o)

where R is the combined proportionality constant called the universal gas constant. When
the pressure is expressed in atmospheres and the volume in liters, R has the value
0.08206 L - atm/K - mol. The preceding equation can be rearranged to the more familiar
form of the ideal gas law:

PV = nRT

The ideal gas law is an equation of state for a gas, where the state of the gas is its
condition at a given time. A particular state of a gas is described by its pressure, volume,
temperature, and number of moles. Knowledge of any three of these properties is enough
to completely define the state of a gas, since the fourth property can then be determined
from the equation for the ideal gas law.

It is important to recognize that the ideal gas law is an empirical equation—it is
based on experimental measurements of the properties of gases. A gas that obeys this
equation is said to behave ideally. The ideal gas equation is best regarded as a limit-
ing law—it expresses behavior that real gases approach at low pressures and high tem-
peratures. Therefore, an ideal gas is a hypothetical substance. However, most gases
obey the ideal gas equation closely enough at pressures below 1 atm that only mini-
mal errors result from assuming ideal behavior. Unless you are given information to
the contrary, you should assume ideal gas behavior when solving problems involving
gases in this text.

The ideal gas law can be used to solve a variety of problems. Sample Exercise 5.6
demonstrates one type, where you are asked to find one property characterizing the state
of a gas, given the other three.

Ideal Gas Law |

A sample of hydrogen gas (H,) has a volume of 8.56 L at a temperature of 0°C and a
pressure of 1.5 atm. Calculate the moles of H, molecules present in this gas sample.

Solution

Solving the ideal gas law for n gives

PV
n=-—
RT
In this case P = 1.5 atm, V = 856 L, T = 0°C + 273 = 273 K, and R = 0.08206

L - atm/K - mol. Thus

1.5 atm)(8.56 &
n= ( X ) = (.57 mol

¥ - amm
(0.08206 >(273 K)
K - mol

See Exercises 5.37 through 5.42.

The ideal gas law is also used to calculate the changes that will occur when the con-
ditions of the gas are changed.
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e ENA ldeal Gas Law Il

As pressure increases, the volume

decreases.

Sample Exercise 5.8

Suppose we have a sample of ammonia gas with a volume of 7.0 mL at a pressure of
1.68 atm. The gas is compressed to a volume of 2.7 mL at a constant temperature. Use
the ideal gas law to calculate the final pressure.

Solution

The basic assumption we make when using the ideal gas law to describe a change in state
for a gas is that the equation applies equally well to both the initial and the final states.
In dealing with a change in state, we always place the variables that change on one side
of the equals sign and the constants on the other. In this case the pressure and volume
change, and the temperature and the number of moles remain constant (as does R, by
definition). Thus we write the ideal gas law as

PV = nRT
2 N
Change Remain constant

Since n and T remain the same in this case, we can write P,V, = nRT and P,V, = nRT.
Combining these gives

PIVI :nRT:P2V2 or P1V1 :P2V2

We are given P, = 1.68 atm, V; = 7.0 mL, and V, = 2.7 mL. Solving for P, thus gives

V 7.0 mE
P, = (‘)p] = < ) 1.68 atm = 4.4 atm
V, 2.7 mkb

Reality Check: Does this answer make sense? The volume decreased (at constant
temperature), so the pressure should increase, as the result of the calculation indicates.
Note that the calculated final pressure is 4.4 atm. Most gases do not behave ideally above
1 atm. Therefore, we might find that if we measured the pressure of this gas sample, the
observed pressure would differ slightly from 4.4 atm.

See Exercises 5.43 and 5.44.

Ideal Gas Law III

A sample of methane gas that has a volume of 3.8 L at 5°C is heated to 86°C at constant
pressure. Calculate its new volume.

Solution

To solve this problem, we take the ideal gas law and segregate the changing variables and
the constants by placing them on opposite sides of the equation. In this case, volume and
temperature change, and the number of moles and pressure (and, of course, R) remain
constant. Thus PV = nRT becomes

v _nR
T P
which leads to
V] nR 2 nRkR
— =— and =—
T, P ) P
Combining these gives
Vi_nR _Va Vi Vs
T, P T, T, T,
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We are given

T, =5°C + 273 =278K T, = 86°C + 273 = 359 K

V1:38L V2:?
Thus
T,V 359 K)(3.8 L
LTV _(WKESY o
T, 278 K

Reality Check: Is the answer sensible? In this case the temperature increased (at constant
pressure), so the volume should increase. Thus the answer makes sense.

See Exercises 5.45 and 5.46.

The problem in Sample Exercise 5.8 could be described as a “Charles’s law problem,”
whereas the problem in Sample Exercise 5.7 might be called a “Boyle’s law problem.” In
both cases, however, we started with the ideal gas law. The real advantage of using the ideal
gas law is that it applies to virtually any problem dealing with gases and is easy to remember.

Ideal Gas Law IV

"‘!!‘V Visualization: Changes in Gas
(‘?;% Volume, Pressure, and
\ Concentration

Always convert the temperature to the
Kelvin scale when applying the ideal
gas law.

A sample of diborane gas (B,Hy), a substance that bursts into flame when exposed to air,
has a pressure of 345 torr at a temperature of —15°C and a volume of 3.48 L. If condi-
tions are changed so that the temperature is 36°C and the pressure is 468 torr, what will
be the volume of the sample?

Solution

Since, for this sample, pressure, temperature, and volume all change while the number of
moles remains constant, we use the ideal gas law in the form

PV
— =nR
T
which leads to
PV, P,V, PV, PV,
—— =nR = or =
T, T, T, T,
Then
T,P,\V
v, = 2V
T\p,
‘We have
P, = 345 torr P, = 468 torr
T, = —15°C + 273 = 258 K T, = 36°C + 273 = 309 K
V,=348L V,=7
Thus
(309 K)(345 terf)(3.48 L)
Vv, = =3.07L
(258 K)(468 terr)

See Exercises 5.47 and 5.48.

Since the equation used in Sample Exercise 5.9 involves a ratio of pressures, it was
unnecessary to convert pressures to units of atmospheres. The units of torrs cancel. (You
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Sample Exercise 5.10

will obtain the same answer by inserting P, = % and P, = % into the equation.) How-

ever, temperature must always be converted to the Kelvin scale; since this conversion in-
volves addition of 273, the conversion factor does not cancel. Be careful.

One of the many other types of problems dealing with gases that can be solved us-
ing the ideal gas law is illustrated in Sample Exercise 5.10.

Ideal Gas Law V

Argon glowing in a discharge tube.

When 273.15 K is used in this calcula-
tion, the molar volume obtained in
Sample Exercise 5.3 is the same value
as 22.41 L.

A sample containing 0.35 mol argon gas at a temperature of 13°C and a pressure of
568 torr is heated to 56°C and a pressure of 897 torr. Calculate the change in volume that
occurs.

Solution

We use the ideal gas law to find the volume for each set of conditions:

State 1 State 2
n; = 0.35 mol n, = 0.35 mol
1 atm 1 atm
P, = 568 tort X = 0.747 atm P, = 897 tort X = 1.18 atm
760 tort 760 tert
T, = 13°C + 273 = 286 K T, = 56°C + 273 = 329K
Solving the ideal gas law for volume gives
Vo= mRT, (0.35 mot)(0.08206 L - atmi/K - mol)(286 K) L
oop (0.747 atm) a
and
_ mRT, (0.35 mot)(0.08206 L - aam/K - mol)(329 K) _soL

P (1.18 atm)

Thus, in going from state 1 to state 2, the volume changes from 11 L to 8.0 L. The change
in volume, AV (A is the Greek capital letter delta), is then

AV=V,-V,=80L—-11L=-3L

The change in volume is negative because the volume decreases. Note that for this prob-
lem (unlike Sample Exercise 5.9) the pressures must be converted from torrs to atmos-
pheres, as required by the atmosphere part of the units for R, since each volume was found
separately and the conversion factor does not cancel.

See Exercise 5.49.

5.4 Gas Stoichiometry

Suppose we have 1 mole of an ideal gas at 0°C (273.2 K) and 1 atm. From the ideal gas
law, the volume of the gas is given by

nRT _ (1.000 1mot)(0.08206 L - atmi/K - mol)(273.2 K)
P 1.000 a#rm

=2242L



STP: 0°C and 1 atm
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TABLE 5.2 Molar Volumes for
Various Gases at 0°C and 1 atm

Molar
Gas Volume (L)
Oxygen (O,) 22.397
Nitrogen (N,) 22.402
Hydrogen (H,) 22.433
Helium (He) 22.434
Argon (Ar) 22.397
Carbon dioxide (CO,) 22.260
Ammonia (NH;) 22.079

FIGURE 5.11
22.4 L of a gas would just fit into this box.

This volume of 22.42 liters is the molar volume of an ideal gas (at 0°C and 1 atm). The
measured molar volumes of several gases are listed in Table 5.2. Note that the molar
volumes of some of the gases are very close to the ideal value, while others deviate sig-
nificantly. Later in this chapter we will discuss some of the reasons for the deviations.

The conditions 0°C and 1 atm, called standard temperature and pressure (abbre-
viated STP), are common reference conditions for the properties of gases. For example,
the molar volume of an ideal gas is 22.42 liters at STP (see Fig. 5.11).

Gas Stoichiometry I

Sample Exercise 5.12

A sample of nitrogen gas has a volume of 1.75 L at STP. How many moles of N, are
present?

Solution

We could solve this problem by using the ideal gas equation, but we can take a shortcut
by using the molar volume of an ideal gas at STP. Since 1 mole of an ideal gas at STP
has a volume of 22.42 L, 1.75 L of N, at STP will contain less than 1 mole. We can find
how many moles using the ratio of 1.75 L to 22.42 L:

1 mol N,

175LN; X —————
2T 24N

=7.81 X 107 *mol N,

See Exercises 5.51 and 5.52.

Many chemical reactions involve gases. By assuming ideal behavior for these gases,
we can carry out stoichiometric calculations if the pressure, volume, and temperature of
the gases are known.

Gas Stoichiometry 11

Quicklime (CaO) is produced by the thermal decomposition of calcium carbonate (CaCOs).
Calculate the volume of CO, at STP produced from the decomposition of 152 g CaCO;
by the reaction

CaCO4(s) —> CaO(s) + CO,(g)
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Remember that the molar volume of an
ideal gas is 22.42 L when measured

at STP.

Sample Exercise 5.13

Solution

We employ the same strategy we used in the stoichiometry problems earlier in this book.
That is, we compute the number of moles of CaCO; consumed and the number of moles
of CO, produced. The moles of CO, can then be converted to volume using the molar
volume of an ideal gas.

Using the molar mass of CaCO; (100.09 g/mol), we can calculate the number of moles
of CaCOs:

1 mol CaCO;
100.09 g Ca€0;
Since each mole of CaCO; produces a mole of CO,, 1.52 mol CO, will be formed. We

can compute the volume of CO, at STP by using the molar volume:
22.42 L CO,
1 mol-€O;

152 g Ca€o; X = 1.52 mol CaCO,

1.52 melH€6; X = 34.1L CO,

Thus the decomposition of 152 g CaCO; produces 34.1 L CO, at STP.
See Exercises 5.53 through 5.56.

Note that in Sample Exercise 5.12 the final step involved calculation of the volume
of gas from the number of moles. Since the conditions were specified as STP, we were
able to use the molar volume of a gas at STP. If the conditions of a problem are different
from STP, the ideal gas law must be used to compute the volume.

Gas Stoichiometry IlI

A sample of methane gas having a volume of 2.80 L at 25°C and 1.65 atm was mixed
with a sample of oxygen gas having a volume of 35.0 L at 31°C and 1.25 atm. The mix-
ture was then ignited to form carbon dioxide and water. Calculate the volume of CO,
formed at a pressure of 2.50 atm and a temperature of 125°C.

Solution
From the description of the reaction, the unbalanced equation is
CHy(g) + O(g) — COx(g) + H,0(g)
which can be balanced to give
CH,(g) + 20,(g) — CO,(g) + 2H,0(g)

Next, we must find the limiting reactant, which requires calculating the numbers of moles
of each reactant. We convert the given volumes of methane and oxygen to moles using
the ideal gas law as follows:

PV (1.65 atm)(2.80 k) 0189 ol
T RT (008206 K - atm/K - mol)(298 K)
PV (1.25 atmi)(35.0 k) 175 mol

"0 T RT T (0.08206 K - atmi/K - mol)(304 K)

In the balanced equation for the combustion reaction, 1 mol CH, requires 2 mol O,. Thus
the moles of O, required by 0.189 mol CH, can be calculated as follows:

2 mol O,

0.189 mobeH; X ——
* 7 1 molEH;

= 0.378 mol O,



mass
volume

Density =

Sample Exercise 5.14
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Since 1.75 mol O, is available, O, is in excess. The limiting reactant is CH,. The number
of moles of CH, available must be used to calculate the number of moles of CO, produced:

1 mol CO,
0.189 mel-€H; X 174 = 0.189 mol CO,

Since the conditions stated are not STP, we must use the ideal gas law to calculate the
volume:

nRT
P

V:

In this case n = 0.189 mol, 7 = 125°C + 273 = 398 K, P = 2.50 atm, and R = 0.08206 L -
atm/K - mol. Thus
(0.189 mot1)(0.08206 L - atm/K - motl)(398 K)

V= =247L
2.50 atm

This represents the volume of CO, produced under these conditions.

See Exercises 5.57 and 5.58.

Molar Mass of a Gas

One very important use of the ideal gas law is in the calculation of the molar mass (mo-
lecular weight) of a gas from its measured density. To see the relationship between gas
density and molar mass, consider that the number of moles of gas n can be expressed as

grams of gas mass m

molar mass molar mass  molar mass

Substitution into the ideal gas equation gives

b nRT _ (m/molar mass)RT  m(RT)

v Vv ~ V(molar mass)

However, m/V is the gas density d in units of grams per liter. Thus
_ dRT
molar mass
or
dRT
Molar mass = Y 5D

Thus, if the density of a gas at a given temperature and pressure is known, its molar mass
can be calculated.

Gas Density/Molar Mass

The density of a gas was measured at 1.50 atm and 27°C and found to be 1.95 g/L.
Calculate the molar mass of the gas.

Solution
Using Equation (5.1), we calculate the molar mass as follows:

¥ - atm

(1.95 g>(0.08206 )(300. K)

dRT 1 K - mol

1.50 atm

Molar mass = = 32.0 g/mol



194 Chapter Five Gases

FIGURE 5.12

The partial pressure of each gas in a mix-
ture of gases in a container depends on the
number of moles of that gas. The total
pressure is the sum of the partial pressures
and depends on the total moles of gas par-
ticles present, no matter what they are.

Reality Check: These are the units expected for molar mass.

See Exercises 5.61 through 5.64.

You could memorize the equation involving gas density and molar mass, but it is
better simply to remember the total gas equation, the definition of density, and the rela-
tionship between number of moles and molar mass. You can then derive the appropriate
equation when you need it. This approach ensures that you understand the concepts and
means one less equation to memorize.

5.5 Dalton’s Law of Partial Pressures

Among the experiments that led John Dalton to propose the atomic theory were his stud-
ies of mixtures of gases. In 1803 Dalton summarized his observations as follows: For a
mixture of gases in a container, the total pressure exerted is the sum of the pressures that
each gas would exert if it were alone. This statement, known as Dalton’s law of partial
pressures, can be expressed as follows:

Protar = Py + P, + Py + -

where the subscripts refer to the individual gases (gas 1, gas 2, and so on). The symbols
P, P,, P5, and so on represent each partial pressure, the pressure that a particular gas
would exert if it were alone in the container.
Assuming that each gas behaves ideally, the partial pressure of each gas can be cal-
culated from the ideal gas law:
nRT m,RT n3RT

1: V, 2: V’ P3: V,

The total pressure of the mixture Prory, can be represented as
mRT  n,RT  n;RT
+ + +
Vv Vv Vv

o)

|4
RT
= N1oTAL 7

where npgrar, 1s the sum of the numbers of moles of the various gases. Thus, for a
mixture of ideal gases, it is the fotal number of moles of particles that is important,
not the identity or composition of the involved gas particles. This idea is illustrated
in Fig. 5.12.

ProraL = Py + Py + Py + -+

< =5 >

¢ © O

o\OoO
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This important observation indicates some fundamental characteristics of an ideal
gas. The fact that the pressure exerted by an ideal gas is not affected by the identity
(composition) of the gas particles reveals two things about ideal gases: (1) the volume
of the individual gas particle must not be important, and (2) the forces among the
particles must not be important. If these factors were important, the pressure exerted
by the gas would depend on the nature of the individual particles. These observations
will strongly influence the model that we will eventually construct to explain ideal gas
behavior.

Dalton’s Law |

Mixtures of helium and oxygen can be used in scuba diving tanks to help prevent “the
bends.” For a particular dive, 46 L He at 25°C and 1.0 atm and 12 L O, at 25°C and
1.0 atm were pumped into a tank with a volume of 5.0 L. Calculate the partial pressure
of each gas and the total pressure in the tank at 25°C.

Solution

The first step is to calculate the number of moles of each gas using the ideal gas law in
the form:

PV
n=—_—_
RT

(1.0 atm)(46 )
nyge = = 1.9 mol
(0.08206 K - atr/K - mol)(298 K)
(1.0 atm)(12 )

"0: 7 (0.08206 & - ami/K - mol)(298 K)

= 0.49 mol

The tank containing the mixture has a volume of 5.0 L, and the temperature is 25°C. We
can use these data and the ideal gas law to calculate the partial pressure of each gas:

nRT
P=—
\%
(1.9 mo1)(0.08206 & - atm/K - mot)(298 K)
Py = = 9.3 atm
50k
(0.49 mot)(0.08206 & - atm/K - mol)(298 K)
Po, = SO0L = 2.4 atm

The total pressure is the sum of the partial pressures:

ProtaL = Pye T Po, = 9.3 atm + 2.4 atm = 11.7 atm
See Exercises 5.65 and 5.66.

At this point we need to define the mole fraction: the ratio of the number of moles
of a given component in a mixture to the total number of moles in the mixture. The Greek
lowercase letter chi (X) is used to symbolize the mole fraction. For example, for a given
component in a mixture, the mole fraction X, is

ny ny

Xl = =
NrotaL My + 1y, + g+ oo
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Separating Gases

ssume you work for an oil company that owns a huge
natural gas reservoir containing a mixture of methane
and nitrogen gases. In fact, the gas mixture contains so much
nitrogen that it is unusable as a fuel. Your job is to separate
the nitrogen (N,) from the methane (CH,). How might you
accomplish this task? You clearly need some sort of “mo-
lecular filter” that will stop the slightly larger methane mole-
cules (size = 430 pm) and allow the nitrogen molecules
(size = 410 pm) to pass through. To accomplish the sepa-
ration of molecules so similar in size will require a very
precise “filter.”

The good news is that such a filter exists. Recent work
by Steven Kuznick and Valerie Bell at Engelhard Corpora-
tion in New Jersey and Michael Tsapatsis at the University
of Massachusetts has produced a “molecular sieve” in which
the pore (passage) sizes can be adjusted precisely enough to
separate N, molecules from CH, molecules. The material
involved is a special hydrated titanosilicate (contains H,O,
Ti, Si, O, and Sr) compound patented by Engelhard known

From the ideal gas equation we know that the number of moles of a gas is directly pro-
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as ETS-4 (Engelhard TitanoSilicate-4). When sodium ions
are substituted for the strontium ions in ETS-4 and the new
material is carefully dehydrated, a uniform and controllable
pore-size reduction occurs (see figure). The researchers
have shown that the material can be used to separate N,
(= 410 pm) from O, (= 390 pm). They have also shown that
it is possible to reduce the nitrogen content of natural gas
from 18% to less than 5% with a 90% recovery of methane.

Molecular sieve framework of titanium (blue), silicon (green), and
oxygen (red) atoms contracts on heating—at room temperature (left),
d = 4.27 A; at 250°C (right), d = 3.94 A.

portional to the pressure of the gas, since

()

That is, for each component in the mixture,

Vv Vv
"= P\kr) T k)

Therefore, we can represent the mole fraction in terms of pressures:

n

X1 =

NToTAL

In fact, the mole fraction of each component in a mixture of ideal gases is directly related

to its partial pressure:

noo P,(V/RT)
P\(V/RT) + Py(V/RT) + Py(V/RT) + -
B (V/_RT)PI »
" (V/RT)(P, + Py + Py + )
P, P,

Py + P, + Py + - ProraL

= n, P,
, = =
nroraL  Prora