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PREFACE

/

Leo Malone, sole author of the first seven editions, has joined forces with Ted Dolter
to create Basic Concepts of Chemistry, Eighth Edition. Professor Dolter’s academic
background in chemical education and professional duties as chairman of the
chemistry program at Southwestern Illinois College uniquely qualifies him to integrate
this new dimension of outcomes assessment into Basic Concepts of Chemistry.
Although the new edition continues its focus on the preparatory and basic chemistry
market, it now includes emphasis on chapter objectives and their assessment.

Why Did We Write This Book?

Basic Concepts of Chemistry was originally written in 1981 to address the needs of
students planning to take the general chemistry course, but with little or no
background in chemistry. Over the next seven editions, its mission has evolved, so
that in this new eighth edition we have focused on integrating meaningful
assessment and timely feedback into the book as well as the accompanying online
course management course (WileyPLUS). This book has been used extensively in
one semester, general-purpose courses, where professors find students at a variety
of levels. For some of these students a main sequence in chemistry may follow, but
for others the course precedes a semester of organic and biochemistry. Still others
enroll to satisfy a science requirement or a one semester stand-alone chemistry
requirement. The text was written at a level and with the functionality designed to
accommodate the needs of each of these groups of students, by structuring itself so
that an instructor could emphasize or omit certain clearly delineated sections.

Basic Concepts of Chemistry Today

Today, more and more students are entering post secondary education with a wider
variety of learning styles and varied levels of preparedness. Recent data on student
populations indicate that many of them are visual and kinesthetic learners and it is
vital that textbook authors both recognize and integrate this pedagogy into their
books. We have focused hard on accomplishing this goal. Furthermore, the
students that take this course have very diverse math backgrounds and we have
provided many valuable resources to allow those students with weak math skills to
succeed in this course. To accommodate the visual and kinesthetic learner and to
support those students with weaker math backgrounds, we have introduced several
new features, principle among these is a focus on outcomes assessment.

The Role of Outcomes Assessment in this Edition

Surveys of programs across the country show that chemistry is being taught in
numerous ways. From packed lecture halls to intimate classrooms, from Ph.D.s to
adjunct instructors to teaching assistants, chemistry education is being delivered in
multiple formats, often within the same institution. Outcomes Assessment is an

xXix
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PREFACE

PART A

SETTING A GOAL

You will learn how a sample of matter can be described

attempt to insure consistency in evaluating student achievement across these
multiple formats. By delineating the expected outcomes or objectives for each
chapter, and then devising assessment tools, such as homework and exam
questions, lab experiments, group work, and the like, that are designed to target
those specific objectives, schools can insure that all students in all sections are being
served. By incorporating outcomes assessment into the curriculum, students can
receive the same topical instruction and be evaluated against the same standard.

Implementing and justifying an outcomes assessment program can be time
consuming. To that end, the authors, having already been through an outcomes
assessment program, have designed a text with objectives and assessments already
in place, along with the required information needed to show how all of it ties
together. Each Part within chapters includes a list of the relevant objectives for that
chapter.

OBJECTIVES

=-1 List and define several properties of matter and
distinguish them as physical or chemical.

by its properties and how they can be quantitatively Z-2 Perform calculations involving the density of liquids

expressed.

and solids.

-3 (a) Describe the differences in properties between a
pure substance and a mixture. (b) Perform calculations
involving percent as applied to mixtures.

These are measurable outcomes that the student should master by the completion
of that part. Assessments of varying complexity follow each section so that the student,
upon completion, can evaluate to what degree the material has been internalized.

ASSESSING THE

OBJECTIVE FOR
SECTION 4-3

EXERCISE 4-3(a) KNOWLEDGE: For which of the following metals
must a charge be placed in parenthesis when naming one of its compounds?
Co, Li, Sn, Al, Ba

EXERCISE 4-3(b) ANALYSIS: Name the following compounds.

(a) Li,O (b) Crly (c) PbS (d) MgsNy (e) NigPy

EXERCISE 4-3(c) ANALYSIS: Provide the formula for the following chemicals.
(a) aluminum iodide (c) tin(IV) bromide

(b) iron (IIT) oxide (d) calcium nitride

EXERCISE 4-3(d) SYNTHESIS: Using an M to represent the metal and an

X to represent the nonmetal, write theoretical formulas for all possible combina-
tions of M and X with charges of +1, +2, +3 and —1, —2, and —3.

For additional practice, work chapter problems 4-18, 4-20, 4-22, and 4-24.

At the end of each chapter summary, there is an objectives grid which ties the
objectives to examples within the sections, assessment exercises at the end each
section, and relevant chapter problems at the end of each chapter. This grid has
utility for both the student and instructor so that both can easily locate tools within
the text to help address a specific student problem.
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OBJECTIVES

SECTION | YOU SHOULD BE ABLE TO... EXAMPLES EXERCISES CHAPTER PROBLEMS
5-1 Write a chemical equation from a word description 5-1 la, 1b, le, 2¢ 10, 11, 12, 13
of the reaction.
Balance a simple chemical equation by inspection. 5-1, 5-2, 5-3 lc, 1d 2,3,4,5
5-2 Classify certain chemical reactions as being 5-3 2a, 2b, 2c 14, 15, 16, 18, 19,
combustion, combination, or decomposition reactions. 20, 21, 22, 23
5-3 Write the ions formed when ionic compounds or 54 3a, 3b, 3c 24, 25, 26, 27
acids dissolve in water.
5-4 Given the activity series, complete several 5-5 4a, 4b, 4c, 4d | 28, 29, 30, 33
single-replacement reactions as balanced molecular,
total ionic, and net ionic equations.
5-5 Given a table of solubility rules, determine whether 5-6 5a, bb, bc 34, 35, 40, 42
a specific ionic compound is soluble or insoluble
in water.
Write balanced molecular, total ionic, and net ionic 5-7, 5-8, 59 5d, be 44, 45, 46, 47,
equations for precipitation reactions. 48, 49
5-6 Write balanced molecular, total ionic, and net ionic 5-10 6a, 6b 55, 56, 57, 58
equations for neutralization reactions.

Other changes to the eighth edition include:

Emphasizing outcomes assessment, each Chapter Part now begins with Setting
Goals, which serves to preview the important topics within that Part. Section
Objectives are presented alongside these Goals so that students can realistically
link the text’s goals to the objectives required of them.

Assessing the Objectives are a collection of problems that appear at the end of
each section, and provide students with the opportunity to assess their
understanding of each section’s objectives. The representative problems are
divided into three cognitive levels: Knowledge, Analysis, and Synthesis. Each level is
progressively more sophisticated and prompts the students to gauge their
conceptual understanding of the section content.

Every concept in the text is clearly illustrated with one or more step by step
examples. Most examples, in addition to a Procedure and Solution step, are
followed by two new steps Analysis and Synthesis. The Analysis step discusses the
problem in light of the reasonableness of the answer, or perhaps suggests an
alternate way to solve the problem involving different learning modes. The
concluding Synthesis step gives the student the opportunity to delve deeper,
asking the student to extend their knowledge. These added steps promote
critical thinking and facilitate deeper conceptual understanding.

Making it Real essays have been updated to present timely and engaging real-
world applications, emphasizing to the student the relevance of the material they
are learning. For example, in the high-interest field of forensics we describe how
glass shards from crime scenes can be identified by their density in Chapter 3,
and then in Chapter 8, explore how the refractive index of glass is also used as
important evidence in solving crimes. In Chapter 7, we take a look at the
chemical reactions involved in the breathalyzer and in Chapter 13, how salts are
used to analyze fingerprints.

New to this edition are end of chapter Student Workshop activities. These are
intended to cater to the many different student learning styles and to engage them
in the practical aspect of the material discussed in the chapter. Each “Student
Workshop” includes a statement of purpose and an estimated time for completion.
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Organization

The Prologue is a unique feature which introduces the origin of science in general
and chemistry in particular. There are no quizzes, exercises, or problems; rather, it
is meant to be a relaxing, historical glimpse at the origin of this fascinating subject
and how it now affects our lives. Our intent is build interest and engage the student
in further study. We recognize the changing needs of students and balance that with
the requirements to successfully study chemistry. As such, we continue to provide
the necessary support for students continuing on in the study of chemistry. Chapter
1, Measurements in Chemistry, provides the necessary math tools in a non-
threatening way. In Chapter 2, Elements and Compounds, the elements are
introduced starting from what we see and sense about us (the macroscopic) to the
atoms of which they are composed and finally into the structure within the atom
(the microscopic and submicroscopic.) We do the same for compounds in the
second part of this chapter. Chapter 3, The Properties of Energy and Matter
continues the discussion of matter and its properties. Some additional yet relevant
math concepts such as density, percent composition, and specific heat are
introduced in this chapter as properties of matter. Chapter 4, The Periodic Table
and Chemical Nomenclature, allows us to draw in one of the primary tools of the
chemist, the periodic table. We see its functionality and organization, and begin
using it in a thorough discussion of how to name most common chemicals, whose
structure was discussed in chapter 2.

In Chapter 5, Chemical Reactions we discuss the broad range of chemical
interactions that can occur. The quantitative aspects of chemistry are discussed in
Chapter 6, Quantities in Chemistry and Chapter 7, Quantitative Relationships in
Chemical Reactions. These chapters were split from a single, larger chapter in the
7th edition, and have been moved forward ahead of Chapter 8, Modern Atomic
Theory and Chapter 9, The Chemical Bond. Still, the two latter chapters can be
moved ahead of Chapter 5 without prejudice, depending on the preferences of the
instructor, and the ease with which the material can be incorporated into the
overall curriculum.

Chapter 10, The Gaseous State, begins a three chapter in depth study of the
states of matter by examining the unique and predictable behaviors of gases. This
is followed by similar discussions of the condensed states of matter in Chapter 11,
The Liquid and Solid States, which includes a thorough but understandable
discussion of intermolecular forces and how those affect the properties of matter.
This discussion continues in Chapter 12, Aqueous Solutions, where we discuss
both the qualitative and quantitative aspects of solute-solvent interactions. This
chapter serves as a wrap-up of the quantitative relationships introduced in
Chapters 6 and 7.

Chapter 13, Acids, Bases and Salts, begins a discussion of specific classes of
chemicals, and goes into depth as regards the ways acids and bases can react
together and with their environment. A second class of reaction is explored in
depth in Chapter 14, Oxidation-Reduction Reactions. The relationship of these
types of reactions to the creation of batteries and electrical currents is explained.

The remaining chapters offer a survey of topics that are of general chemical
interest, and are appropriate for those looking to expose their students to a broad
set of topics. Chapter 15, Reaction Rate and Equilibrium, introduces the concepts
of Kinetics and Equilibrium and gives a taste of the sophisticated mathematical
treatment these topics receive. Chapter 16, Nuclear Chemistry, explores how
radioactivity is a phenomenon associated with certain elements and isotopes.
Chapter 17, Organic Chemistry, gives the briefest introduction to organic
functional groups, structure, and bonding. Chapter 18, Biochemistry, gives a
similar treatment to common biochemical structures like carbohydrates, proteins,
lipids, and nucleic acids.
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Supplements

WileyPLUS with CATALYST

WileyPLUS is a powerful online tool that provides a completely integrated suite of
teaching and learning resources on one easy to use website. WileyPLUS integrates
Wiley’s world-renowned content with media, including a multimedia version of the
text, PowerPoint slides, digital image archive, online assessment, and more.

WileyPLUS with CATALYST partners with the instructor to teach students how
to think their way through problems, rather than rely on a list of memorized
equations, by placing a strong emphasis on developing problem solving skills and
conceptual understanding. WileyPLUS with CATALYST incorporates an online
learning system designed to facilitate dynamic learning and retention of learned
concepts. CATALYST was developed by Dr. Patrick Wegner (California State
University, Fullerton) to promote conceptual understanding and visualization of
chemical phenomena in undergraduate chemistry courses.

CATALYST assignments have multiple levels of parameterization and test on
key concepts from multiple points of view (visual, symbolic, graphical,
quantitative). Hundreds of end-of-chapter problems are available for assignment,
and all are available with multiple forms of problemsolving support.

Study Guide/Solutions Manual by Leo J. Malone is available to accompany this text. In
the Study Guide/Solutions Manual, the same topics in a specific section are also
grouped in the same manner for review, discussion, and testing. In this manner, the
Study Guide/Solutions Manual can be put to use before the chapter is completed.
The Study Guide/Solutions Manual contains answers and worked-out solutions to
all problems in green lettering in the text.

Experiments in Basic Chemistry by Steven Murov and Brian Stedjee, Modesto Junior
College. Taking an exploratory approach to chemistry, this hands-on lab manual for
preparatory chemistry encourages critical thinking and allows students to make
discoveries as they experiment. The manual contains 26 experiments that parallel
text organization and provides learning objectives, discussion sections outlining each
experiment, easy-to-follow procedures, postlab questions, and additional exercises.

Instructor’s Manual and Test Bank by Leo ]. Malone, St Louis University; Ted Dolter and
Steve Gentemann, Southwestern Illinois College; and Kyle Beran, University of Texas-
Permian Basin. The Instructor’s Manual consists of two parts; the first part includes
hints and comments for each chapter by Ted Dolter, followed by daily lesson plans by
Steve Gentemann. The second part of the manual contains answers and worked-out
solutions to all chapter-end problems in the text by Leo Malone. The test bank by
Kyle Beran consists of multiple choice, short answer, and fill in the blank questions.

Instructor’s Manual for Experiments in Basic Chemistry, written by the lab manual
authors, contains answers to postlab questions, lists of chemicals needed,
suggestions for other experiments, as well as suggestions for experimental set-ups.

Power Point Lecture Slides, created by Wyatt Murphy, of Seton Hall University, these
slides contain key topics from each chapter of the text, along with supporting
artwork and figures from the text. The slides also contain assessment questions that
can be used to facilitate discussions during lecture.

Digital Image Archive. The text web site includes downloadable files of text images
in JPEG format.

Computerized Test Bank The IBM and Macintosh compatible version of the entire
Test Bank has full editing features to help the instructor customize tests.

Most of the resources listed above can also be accessed at www.wiley.com/
college/malone.
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A revision of this magnitude involves efforts spanning several years and requiring
the input of many people. In particular, Dr. Malone thanks his colleagues at Saint
Louis University for their helpful comments in previous editions of this text. He’s
grateful to his wife Meg, who demonstrated patience and put up with occasional
crabbiness during the new text’s preparation. Dr. Malone also appreciates the
support of his children and their spouses: Lisa and Chris, Mary and Brian, Katie
and Rob, and Bill. They and their eleven children were both a source of great
inspiration and a large amount of noise.

Professor Dolter thanks his general chemistry instructor, who provided a sound
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Science and
the Magnificent
Human Mind

hat could be more peaceful than a campfire silhouetted
by the night sky? Actually, the sky and the fire were the
source of remarkable achievements of the human race but in

different ways. Observations of the sky and the stars provided
the keys, in an ongoing process, that are unlocking the
secrets of space, time, and the history of the cosmos.
The use of fire, an awesome force of nature,
provided the protection and the warmth that
allowed the human race to thrive in a
hostile world. Eventually, the use of fire
would be the instrument of huge
advances in civilization. The
Prologue relates how the study
of the stars and the use of
fire led us to the world of
science that serves us so
ably today.



A
B
C

The Origin of Matter
The Mystery of Fire

The Scientific Method

AMONG THE ANIMAL KINGDOM, only
humans have the ability to take their minds beyond simple
survival. We also analyze, ponder, and predict the future
based on observations. This has led us to a remarkable
understanding of all that we see and otherwise sense about
us. So this Prologue is dedicated to how the wonderful
workings of our minds have allowed us to establish the
realm of modern science. In Section A, we examine how the
first stirrings of curiosity about the night sky led eventually
to the still developing understanding of what has happened
since the beginning of time. As presented here, we are pre-
empting the use of some terms and concepts that will be
explained more thoroughly in later chapters. The readings in
the Prologue are meant to tweak your interest, not necessar-
ily to be learned. In Section B, we see how the taming of fire
by our ancient ancestors propelled us into huge scientific
discoveries and the basis of chemistry. Finally, in Section C,
we take note of how science in general and chemistry in
particular have progressed from random discoveries and
serendipity to the complex technical world in which we exist
today. After proceeding through the Prologue, we will build
the topic of chemistry from the most basic substances of the
universe to the complex world of chemistry that serves us in
so many ways today.
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A\ THE ORIGIN OF MATTER

Somewhere in ancient time, many thousands of years ago, someone looked up at
the night sky and wondered what this display of bright dots meant. It was a great
landmark in our existence, as humans became able to expand their minds beyond
just the concerns of everyday survival and existence. With the power of abstract rea-
soning, our earliest ancestors began to observe, consider, and speculate about the
world around them. Surely the glittering display of bright stars in the heavens would
have attracted the attention of their newly inquisitive minds. One can only imagine
what they must have thought they were observing. They probably sensed that some-
thing very vast and mysterious was involved, but they would not have known that the
secrets of our very existence are indeed “written in the stars.” What cosmologists have
garnered from the night sky in just the past few decades has given us a tantalizing
yet still incomplete understanding of the beginning, evolution, and ultimate destiny
of our entire universe.

From observations of the cosmos, many of the mysteries of the origin of all that
we see, from the paper in front of us to the farthest reach of the cosmos in infi-
nite space, have been revealed. On a small piece of dust in the universe, called
Earth, we peer out into distant space and back into ancient time. We observe the
flickering points of light that we call stars—the visible flashes from distant suns,
some like our own. Magnification of the heavens tells us that some of what appear
as individual stars to the naked eye are actually groups of stars called galaxies, each
containing hundreds of billions of individual stars. It was the motions of these
galaxies in the heavens that provided modern scientists with the clues about the
origin of everything. One observation divulged that groups of galaxies seem to be
pushing away from each other, indicating a dynamic, continually expanding uni-
verse. A logical conclusion from this is that the galaxies were closer together in
the past. In fact, if we go back a little less than 14 billion years, the entire cosmos
was coalesced into a single, infinitely dense point known as the singularity. The
spontaneous expansion of this point (which is referred to as “the big bang”)
marked the beginning of time and space. At the very start of time, the two com-
ponents of the universe—the stars, planets, and other forms of matter (which has
mass) as well as the heat, light, and other forms of energy (which has no mass)—
were to evolve from the singularity. How the singularity came to be and what was
present before time began is unknown to science and may never be known. But,
immediately after the big bang, there was only energy and unbelievable heat. It
wasn’t for another 10,000 years that our infant universe expanded and cooled
enough so that some of the energy of this nascent system evolved into the basic
building blocks of nature.

The first matter was composed of three basic particles known as protons, neu-
trons, and electrons, which evolved from energy and even more fundamental par-
ticles. At first they existed independently in the hot, dense universe. These
particles exist in the world of the submicroscopic—they are way too small to see
with even the most powerful magnification. The proton carries a positive electri-
cal charge; the neutron, about the same mass as a proton, carries no charge. The
third particle, the electron, tiny compared to protons and neutrons (about 1/2000
the mass), carries a negative charge equal but opposite to the charge on the pro-
ton. From these three particles, the entire stuff of the universe would eventually
evolve.

About 400,000 years after the big bang, a hugely significant event occurred. The
particles slowed down enough so that the attractive forces between a positively
charged proton and a negatively charged electron could hold the two particles
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together. Significantly, the electron and proton did not directly attach to each other.
Instead, the electron settled into a stable orbit around the central proton. Why this
happened is not easily explained but is understood in the realm of quantum mechan-
ics. Quantum mechanics is the science that deals with the forces involved in the very
small dimensions of these particles. For now we can accept some results of more com-
plex theories without going into detail.

A model of the hydrogen atom, with an electron in a set orbit, was first advanced
by Niels Bohr in 1923. It compares the orbiting of the electron around the proton
to the motion of the Earth around the sun. In fact, the nature of the electron in the
atom is now known to be more complex, but this classical orbiting model serves us
well at this point, so we will use it. The proton and the electron together now formed
aneutral atom. Normal matter is composed of variations of these tiny particles called
atoms. The smallness of atoms is a stretch for the human mind to comprehend. In
fact, the period at the end of this sentence contains a number of atoms compara-
ble to the number of grains of sand in the Sahara Desert (about 107, or one hun-
dred million billion atoms).

The proton is the center of this tiny two-particle universe and is known as the
nucleus of the atom. The vast volume of the atom is empty space in which the elec-
tron exists. If the minute size of the atom isn’t hard enough to imagine, the dimen-
sions within the atom itself are equally difficult for our modest and limited minds
to fathom. Imagine that the nucleus was the size of a basketball. In that case, the
electron, which defines the total size of the atom, would exist in a volume with a
two-mile radius. This model represents an atom of the element hydrogen, which
accounted for 90% of the atoms initially formed in the big bang. An element is a basic
form of matter.

Hydrogen
atom @

What of the other 10% of the matter that was formed? Some of the nuclei of
hydrogen contained one neutron as well as one proton. This form of hydrogen is
often referred to as deuterium or heavy hydrogen, but itis not a unique element. About
one out of 30,000 hydrogen atoms are actually deuterium atoms. Atoms of a certain
element that have a specific number of neutrons are known as isotopes. So, initially,
the element hydrogen existed as a mixture of two isotopes, normal hydrogen and a
very small amount of deuterium.

The earliest universe contained another type of nucleus that had two protons and
two neutrons. When combined with two electrons, these nuclei formed the atoms
of a second element known as Zelium. The atoms of a specific element have a definite
number of protons in the nucleus, and that is what determines the identity of an
element. At this point in time, essentially only two elements, hydrogen and helium,
existed in the entire cosmos.

It is believed that there may also have been trace amounts of a third element,
known as lithium, among the first atoms formed after the big bang. Lithium is
identified by the presence of three protons along with four neutrons in the
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nuclei of its atoms. The three other atoms in the primeval universe are illus-
trated below.

=}
o
® ®
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Deuterium Helium
D, He,
Li
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Lithium

Chemistry makes use of a good amount of convenient symbolism. The elements
are represented by symbols that are usually the first one or two letters of their English,
Latin, or, in one case, German, names. Thus H stands for hydrogen, He for helium,
and Li for lithium. To represent the information about the content of an isotope’s
nucleus, we use isotopic notation. The number in the upperleft-hand corner is known
as the mass number, which is the total number of protons and neutrons. The num-
ber in the lower-left-hand corner is the atomic number, which is the number of pro-
tons in that specific element. The atomic number and the element’s symbol are
redundant because each element has a specific atomic number.

H H iHe L

The complete list of elements, along with their symbols, is shown inside the front
cover.

For a time after the formation of the original neutral atoms, the universe turned
completely dark. However, about 1 billion years after the big bang, some of the hydro-
gen and helium began to gather into individual clouds of gas. We are not sure why
this happened, but it did. However, this was a significant event because within the
regions of gas, an elementary attractive force of nature, gravity, began to have its way.
Gravity caused some of the individual clouds of gas to contract. Changes began to
occur in the clouds as the atoms moved closer together. As the clouds contracted,
the temperature within increased dramatically. Heat relates to the velocity of the
atoms. Heat causes expansion, which actually counteracts gravity. However, gravity
continued to predominate in the huge cloud, so further contraction and heating
occurred. Crushing pressures and high temperature began to build in the center of
the cloud.

In the dynamic, churning center of the cloud, the extremely hot hydrogen nuclei,
now stripped of their orbiting electrons, collided frequently with each other.
However, the fact that they had the same electrical charge meant that they actually



did not touch but were repelled from each other
(like charges repel; unlike charges attract). At
some point, however, a phenomenal event hap-
pened in the evolution of our cosmos. Colliding
protons had enough velocity and energy to over-
come the repulsive forces between the two nuclei,
thus merging or fusing together to form a single
nucleus. This process is called nuclear fusion. Some
of the mass of the two fusing nuclei converted
back into energy (i.e., Einstein’s law, I = mc®). It
was like starting a campfire. Once the fire starts,
it continues until the wood is consumed. The heat
generated from the fusion of the atoms within the
cloud was enough to counteract the pull of grav-
ity, thus stabilizing the size of the cloud. The cloud
of gas began to glow and, at that time, a star was
born. The universe began to light up and appear
much like we see it today, except that the stars
were much closer together. (See Figure P-1.)
Fusion powers all of the stars, including our own
sun. (Nuclear fusion has only been understood
since the late 1930s.)

Deuterium @ 9 o
fusion O ?)Q ®
°H “He 2H

The fusion of protons to form helium occurs in several steps that are somewhat
complex. The fusion of deuterium nuclei to form a helium nucleus, which was men-
tioned previously, however, occurs in one simple step and is illustrated below.

Many of the earliest stars were massive (many times larger than our own sun) and
used up their hydrogen fuel in the core of the star in the course of several million
years. Our own sun uses its fuel much more slowly, so even though it is over 4 bil-
lion years old, it will go on at this rate for many more billion years. So far, however,
in our early universe, the number of elements had not changed—just a minuscule
increase in the amount of helium as a result of fusion. It is what happened next in
the stars that led to the formation of heavier elements.

As the supply of hydrogen began to diminish in the core of the star, the fusion
of protons began to wane and no longer supplied enough energy to keep the size
of the star stable. So again gravity predominated and contraction recommenced.
With the increasing pressure came increasing temperatures. Eventually the heat was
high enough and the nuclei crushed together enough to cause the helium nuclei
(with a +2 charge) to fuse to form the first elements heavier than lithium. (Stars in
this stage are known as red giants.) This process occurs at a higher temperature than
the proton fusion because of the higher nuclear charge to be overcome by the col-
liding nuclei. The fusion of helium in a series of steps eventually led to heavier ele-
ments such as carbon (mass number 12) and oxygen (mass number 16).

In time, the helium was exhausted and the contraction-heating process took over
once again. Another stage of elemental formation would begin, forming even heav-
ier elements such as aluminum and silicon. Each stage of this cycle was a result of
higher temperatures and higher pressures within the star and led to the creation of
heavier and heavier elements.

A The Origin of Matter 7
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FIGURE P-1 ATypical Star
Our sun is a typical star, generating
massive amounts of energy from
the fusion of hydrogen to form
helium.
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FIGURE P-2 ASupernova
The bright star in the center of the
photo is actually an exploding star.
Heavy elements are being formed

in this explosion.

This process of fusion, contraction, higher temperature, and pressure followed
by more fusion only goes so far. The fusing of lighter elements to form elements
up to the mass of iron (26 protons and 30 neutrons) releases energy. Formation of
any element heavier than that does not release energy, so the fusion process stops
abruptly at that point. It is as if iron forms the ashes of the nuclear fire. When a
fire is reduced to ashes, the fire goes out. However, in the stepwise evolution of a
star, the first 26 or 27 elements were formed. Yet we have many other familiar ele-
ments that are much heavier than iron, such as gold and uranium. What is their
origin if not from the interior of a star? The spectacular results of what happens
when a huge star exhausted the fuel in its now mainly iron core is what produced
the heaviest of the elements.

Other messages from space have given us insight into creation of the heavier
elements. In 1987, an extremely bright star was found in the heavens from an
observatory in Chile. Only an ordinary dim star had been there the night before.
The astronomers became immediately aware that they were witnessing the explo-
sion of a star known as a supernova. (See Figure P-2.) This phenomenon had been
previously known but was now being witnessed. Apparently, the star had suddenly
exhausted the supply of fuel for fusion in its core. Without an energy source to coun-
teract gravity, the star again collapsed. This time the collapse did not stop, causing
densities, temperatures, and pressures to go to the extreme. But in a matter of sec-
onds, the collapsing star rebounded in a cataclysmic explosion, propelling the outer
layers of the star into outer space along with a huge flux of neutrons (formed when
electrons are forced into a proton). Elements such as iron dramatically increased
their mass by adding neutrons during and after the explosion. The more massive
atoms formed at this time eventually underwent nuclear changes that produced
elements with higher and higher atomic numbers such as silver, lead, and gold.

To summarize the sequence of events: (1) A star explodes, sending elements
formed by fusion in the star rushing into space along with huge numbers of neu-
trons. (2) The atoms of the original elements absorb neutrons, increasing the atomic
mass. (3) The heavier elements undergo nuclear changes, leading to elements with
high atomic numbers. (The heaviest naturally occurring element found on Earth is
uranium-238.)

For billions of years, giant clouds of hydrogen have formed and contracted into new
generations of stars. Each generation had more and more of the heavier elements.
(In fact, astronomers have identified stars with few heavy elements, indicating that they
date to near the beginning of time.) Blasted by the force of supernovae, this matter
drifted through cold, dark space. About 4.6 billion years ago, a cloud of hydrogen con-
taining the dust and debris from previous stars condensed to form our sun, with
enough star dust left over to form eight (or more) planets and many other smaller
solid bodies trapped in perpetual orbits around this star. On the third planet out from
this ordinary star, atoms of some of the lighter elements assembled into living systems.
It sounds somewhat melodramatic, but we are indeed children of the stars.

The Origin of the Chemical Bond

So far, we have encroached into the disciplines of astronomy and physics. Chemistry
came into being when atoms began to bond to each other. Let’s return to the early
universe, about the time clouds of neutral hydrogen atoms (nuclei and orbiting elec-
trons) were beginning to form. At first, the new hydrogen atoms were very hot. When
two hydrogen atoms collided, they bounced away from each other like recoiling bil-
liard balls. When they cooled sufficiently, however, another important event
occurred. The two neutral atoms stuck together. The electrons of the two atoms acted
like glue, holding the two atoms together.

The sharing of electrons between two atoms is known as a covalent chemical bond
or simply a chemical bond. If it weren’t for the fact that two atoms are more stable
bonded together than existing apart, the universe would still be just a collection of
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gaseous atoms—no continents, no oceans, no moons, no us. The two hydrogen
atoms joined together to form a molecule. A molecule is composed of two or more
atoms chemically bonded together. This is illustrated by the formula Hy, where the
subscript 2 indicates the number of hydrogen atoms present in the molecule. The
hydrogen molecule is the primeval molecule. It is the way hydrogen exists except at
a very high temperature that forces the atoms apart.

As the universe became enriched in other elements, chemical bonds formed
between other elements. In the farthest reaches of space, we have detected many
other molecules that have formulas such as HyCO (formaldehyde whose molecules
contain two hydrogens, one carbon, and one oxygen), HCN (hydrogen cyanide),
HyO (water), NHs(ammonia), and even more complex species. Like the primeval
molecule, Hy, the atoms in these molecules are held together by chemical bonds.
(There is another type of bond that held lithium and hydrogen together in the early
universe called an ionic bond. It will be described in Chapter 2.) On Earth, we find
molecules ranging from the simplest two-atom hydrogen molecule to those of DNA,
which contain millions of atoms.

In Chapter 1, we begin our journey into chemistry by emphasizing mathematical
skills related to chemistry. In Chapter 2, we then examine the types of matter found
in our beautiful planet with its air, oceans, and solid earth. We will then develop and
master the topic one step at a time while continuing to emphasize the “big picture.”

3B THE MYSTERY OF FIRE

At about the same time (give or take 100,000 years) that humans may have started
to wonder about the meaning of the night sky, they did something more immedi-
ately practical with their new ability to reason. It would change their destiny and
order in the realm of all other animals. They tamed and put to use one of the most
powerful forces in nature: fire.

It is difficult to imagine how our ancient ancestors could have managed without
fire. Humans do not have sharp night vision like the raccoon, but fire brought light
to the long, dark night. We have no protective fur like the deer, but fire lessened the
chill of winter. We do not have sharp teeth or powerful jaws like the lion, but fire ren-
dered meat tender. Humans are not as strong or as powerful as the other large ani-
mals, but fire repels even the most ferocious of beasts. It seems reasonable to suggest
that the taming of fire was one of the most monumental events in the history of the
human race. The use of fire made our species dominant over all others.

Let’s fast-forward in time to near the end of the Stone Age, about
10,000 years ago, when fire became the agent that launched us into the
world of chemistry. In the Stone Age, weapons and utensils were fash-
ioned from rocks and a few chunks of copper metal (an element) that
were found in nature. Copper was superior to stone because pounding
could easily shape it into fine points and sharp blades. Unfortunately,
native copper was quite rare. But about 7000 years ago this changed.
Anthropologists speculate that some resident of ancient Persia found cop-
per metal in the ashes remaining from a hot charcoal fire. The free cop-
per had not been there before, so it must have come from a green stone
called malachite (see Figure P-3), which probably lined the fire pit.
Imagine the commotion that this discovery must have caused. Hot coals
could transform a particular stone into a valuable metal. Fire was the key
that launched the human population into the age of metals. The recov-
ery of metals from their ores is now a branch of chemical science called gEjGguURE P-3 Malachite Malachite is a
metallurgy. The ancient Persians must have considered this discovery a dra-  copper ore. When heated with charcoal, it
matic example of the magic of fire. forms metallic copper.
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Other civilizations used chemistry in various ways. About 3000 B.C., the Egyptians
learned how to dye cloth and embalm their dead through the use of certain chem-
icals found in nature. They were very good at what they did. In fact, we can still deter-
mine from ancient mummies the cause of death and even diseases the person may
have had. The Egyptians were good chemists, but they had no idea why any of these
procedures worked. Every chemical process they used was discovered by accident.

Around 400 B.c., while some Greeks were speculating about their various gods,
philosophers were trying to understand and describe nature. These great thinkers
argued about why things occurred in the world around them, but they were not
inclined (or able) to check out their ideas by experimentation or to put them to
practical use. At the time, however, people believed that there were four basic ele-
ments of nature—earth, air, water, and fire. Everything else was simply a specific com-
bination of these basic elements. Of the original four elements, fire was obviously
the most mysterious. It was the transforming element; that is, it had the capacity to
change one substance into another (e.g., certain rocks into metals). We now call such
transformations “chemistry.” Fire itself consists of the hot, glowing gases associated
with certain chemical changes. If fire is a result of an ongoing chemical transforma-
tion, then it is reasonable to suggest that chemistry and many significant advances
in the human race are very much related.

The early centuries of the Middle Ages (A.D. 500-1600) in Europe are sometimes
referred to as the Dark Ages because of the lack of art and literature and the decline
of central governments. The civilizations that Egypt, Greece, and Rome had previous-
ly built began to decline. Chemistry, however, began to grow during this period, espe-
cially in the area of experimentation. Chemistry was then considered a combination
of magic and art rather than a science. Many of those who practiced chemistry in
Europe were known as alchemists. Some of these alchemists were simply con artists who
tried to convince greedy kings that they could transform cheaper metals such as lead
and zinc into gold. Gold was thought to be the perfect metal. Such a task was impos-
sible, of course, so many of these alchemists met a drastic fate for their lack of success.
However, all was not lost. Many important laboratory procedures such as distillation
and crystallization were developed. Alchemists also discovered or prepared many pre-
viously unknown chemicals, which we now know as elements and compounds.

Modern chemistry has its foundation in the late 1700s when the use of the ana-
Iytical balance became widespread. Chemistry then became a quantitative science
in which theories had to be correlated with the results of direct laboratory experi-
mentation. From these experiments and observations came the modern atomic the-
ory, first proposed by John Dalton around 1803. This theory, in a slightly modified
form, is still the basis of our understanding of nature today. Dalton’s theory gave
chemistry the solid base from which it could serve humanity on an impressive scale.
Actually, most of our understanding of chemistry has evolved in the past 100 years.
In a way, this makes chemistry a very young science. However, if we mark the begin-
ning of chemistry with the use of fire, it is also the oldest science.

From the ancient Persians five millennia ago, to the Egyptians, to the alchemists
of the Middle Ages, various cultures have stumbled on assorted chemical procedures.
In many cases, these were used to improve the quality of life. With the exception of
the Greek philosophers, there was little attention given to why a certain process
worked. The “why” is very important. In fact, the tremendous explosion of scientific
knowledge and applications in the past 200 years can be attributed to how science
is now approached. This is called the scientific method, which we will discuss next.

(. THE SCIENTIFIC METHOD

In ancient times, scientific advances were discovered by accident. This still occurs
to some extent, but we have made great strides in how we approach science such
that most modern advances occur by design. Consider the case of tamoxifen, a chem-
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ical that is saving the lives of thousands of women in the United States alone. It is
thought to dramatically reduce the chances of recurrence of breast cancer, a fright-
ening disease that now strikes about one in nine American women. In 1998, the Food
and Drug Administration (FDA) approved use of the drug to prevent breast cancer
in women with a high risk of the disease. But the drug also has undesirable side
effects. It may increase the chances of other types of cancer in some women and, in
a few cases, causes depression, irritability, and short-term memory loss. However,
knowing how tamoxifen works led scientists to produce an improved drug. In
December 2004, the drug anastrazole was found to be at least as effective as tamox-
ifen but with fewer side effects. It is now under large-scale testing. How tamoxifen
was discovered in the first place and what led to the potentially improved drug are
examples of how the scientific method improves our lives. But the first step in the sci-
entific method is a long way from producing a useful drug. It simply involves mak-
ing observations and gathering data. As an example, imagine that we are the first to
make a simple observation about nature—“the sun rises in the east and sets in the
west.” This never seems to vary and, as far as we can tell from history, it has always
been so. In other words, our scientific observation is strictly reproducible. So now we
ask “Why?” We are ready for a hypothesis. A hypothesis is a tentative explanation of
observations. The first plausible hypothesis to explain our observations was advanced
by Claudius Ptolemy, a Greek philosopher, in A.p. 150. He suggested that the sun,
as well as the rest of the universe, revolves around the Earth from east to west. That
made sense. It certainly explained the observation. In fact, this concept became an
article of religious faith in much of the Western world. However, Ptolemy’s hypoth-
esis did not explain other observations known at the time, which included the move-
ment of the planets across the sky and the phases of the moon.

Sometimes new or contradictory evidence means a hypothesis, just like a broken-
down old car, must either receive a major overhaul or be discarded entirely. In 1543,
anew hypothesis was proposed. Nicolaus Copernicus explained all of the observations
about the sun, moon, and planets by suggesting that Earth and the other planets orbit
around the sun instead of vice versa. Even though this hypothesis explained the mys-
teries of the heavenly bodies, it was considered extremely radical and even heretical
at the time. (It was believed that God made
Earth the center of the universe.) In 1609,
a Venetian scientist by the name of Galileo
Galilei built a telescope to view ships still
far out at sea. When he turned the tele-
scope up to the sky, he eventually pro-
duced almost unquestionable proof that
Copernicus was correct. Galileo is some-
times credited with the beginning of the
modern scientific method because he pro-
vided direct experimental data in support
of a concept. The hypothesis had with-
stood the challenge of experiments and
thus could be considered a theory. A the-
ory is a well established hypothesis. A theory
should predict the results of future exper-
iments or observations.

The next part of this story comes in
1684, when an English scientist named Sir
Isaac Newton stated a law that governs the
motion of planets around the sun. A law
is a concise scientific statement of fact to which
no exceptions are known. Newton’s law of
universal gravitation states that planets
are held by gravity in stationary orbits FIGURE P-4 The Solar System The Copernican theory became the basis of
around the sun. (See Figure P-4.) a natural law of the universe.
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FIGURE P-5 The Pacific
Yew The bark of this tree is a
source of an anticancer drug
known as Taxol.

In summary, these were the steps that led to a law of nature:

1. Reproducible observations (the sun rises in the east)

2. A hypothesis advanced by Ptolemy and then a better one by Copernicus

3. Experimental data gathered by Galileo in support of the Copernican
hypothesis and eventual acceptance of the hypothesis as a theory

4. The statement by Newton of a universal law based on the theory

Variations on the scientific method serve us well today as we pursue an urgent
search for cures of diseases. An example follows.

The Scientific Method in Action

The healing power of plants and plant extracts has been known for thousands of
years. For example, ancient Sumerians and Egyptians used willow leaves to relieve
the pain of arthritis. We now know that extracts of the common willow contain a
drug very closely related to aspirin. This is the observation that starts us on our jour-
ney to new drugs. An obvious hypothesis comes from this observation, namely, that
there are many other useful drugs among the plants and soils of the world. We
should be able to find them. There are several recent discoveries that support this
hypothesis. For example, the rosy periwinkle is a common tropical plant not too
different from thousands of other tropical plants except that this one saves lives.
The innocent-looking plant contains a powerful chemical called vincristine, which
can cure childhood leukemia. Another relatively new drug called Taxol has been
extracted from the Pacific yew tree. (See Figure P-5.) Taxol is effective in treating
ovarian cancer and possibly breast cancer. Others include cyclosporine, isolated
from a fungus in 1957, which made organ transplants possible, and digoxin, isolated
from the foxglove plant, used for treatment of heart failure. In fact, many of the
best-selling medicines in the United States originated from plants and other natu-
ral sources. Besides those mentioned, other drugs treat conditions such as high
blood pressure, cancer, glaucoma, and malaria. The search for effective drugs from
natural sources and newly synthesized compounds is very active today. These chem-
icals are screened for potential anticancer, antiarthritic, and anti-AIDS activity. Since
the greatest variety of plants, molds, and fungi are found in tropical forests, these
species are receiving the most attention. The introduction of a new medicine from
a plant involves the following steps.

1. Collection of materials. “Chemical prospectors” scour the backwoods of the
United States and the tropical forests such as those in Costa Rica, collecting
and labeling samples of leaves, barks, and roots. Soil samples containing
fungi and molds are also collected and carefully labeled.

2. Testing of activity. Scientists at several large chemical and pharmaceutical
companies make extracts of the sample in the laboratory. These extracts are
run through a series of chemical tests to determine whether there is any
antidisease activity among the chemicals in the extract. New methods such
as high-throughput-screening (HTS) allow certain chemical companies to
screen thousands of chemicals in a single day. If there is antidisease activity,
it is considered a “hit” and the extract is taken to the next step.

3. Isolation and identification of the active ingredient. The next painstaking task is
to separate the one chemical that has the desired activity from among the
“soup” of chemicals present. Once that’s done, the particular structure of
the active chemical must be determined. A hypothesis is then advanced
about what part of the structure is important and how the chemical works.
The hypothesis is tested by attempting to make other more effective drugs
(or ones with fewer side effects) based on the chemical’s structure. It is then
determined whether the chemical or a modified version of it is worth
further testing.
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4. Testing on animals. If the chemical is considered promising, it is now ready to
be tested on animals. This is usually done in government and university labs
under strictly controlled conditions. Scientists study toxicity, side effects, and
the chemical’s activity against the particular disease for which it is being tested.
If, after careful study, the chemical is considered both effective and safe, it is
ready for the next step.

5. Testing on humans. The final step is the careful testing on humans in a series
of clinical trials carefully monitored by agencies such as the FDA.
Effectiveness, dosage, and long-term side effects are carefully recorded and
evaluated. All told, it currently takes from 10 to 15 years for a new drug to
make it all the way from research and development to market.

If a chemical with the desired activity is randomly discovered, only about one in
1000 may actually find its way into general use. Still, the process works. Many chem-
icals active against cancer and even AIDS (one has been isolated from the mulberry
tree) are now in the pipeline for testing. There is some urgency in all of this. Not
only are we anxious to cure specific diseases, but the tropical forests that contain the
most diverse plants are disappearing at an alarming rate. In any case, nature is cer-
tainly our most important chemical laboratory.

At this time, most of the drugs that originated from synthetic or natural sources
are considered cases of “serendipity.” We are now moving more toward the concept
of “rational drug design.” Here, the goal is to identify the active sites on the mole-
cules of diseases such as viruses, tumors, or bacteria. The next step is to deliberately
synthesize a drug that attaches to that active site and either destroys or otherwise alters
the disease molecules. This sounds easy, but it is not. It requires that we know more
about the structure and geometry of these disease molecules. We can then advance
hypotheses as to how designed molecules would interact. This is the direction in which
pharmaceutical chemists are heading, however.

The scientific method has produced cures for many diseases that have plagued
the human race for thousands of years. Eventually, it may lead to a cure or vaccine
for AIDS. Our modern scientific methods also produce materials for space travel,
all sorts of plastics and synthetic fibers, microchips for computers, and processes for
genetic engineering. Just a century ago, everything was made out of stone, wood,
glass, metal, or natural fibers (wool, cotton, and silk). Our modern society could
hardly function on those materials alone.
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Measurements
in Chemistry

o help fly and land this large aircraft safely, a huge number of dials and
I gauges are displayed in the cockpit. Ground speed, temperature, cabin

pressure, altitude, and location are just a few of the measurements

that must be continually available to the experienced
pilot. To a large degree, the study of nature in general
and chemistry in particular is based on observa-
tions. But there is much more. We require
reproducible, quantitative measurements.
How measurements in chemistry are
expressed and manipulated are the

subjects of this chapter.
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Ted Williams and Significant Figures
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Worlds from the Small to the Distant—DPicometers
to Terameters

1 —5 Conversion of Units by the
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1 —6 Measurement of Temperature

SETTING THE STAGE Before we were even
aware of our own existence, we were being subjected to
measurements. Within the first few minutes of our lives, we
were placed on a scale and against a tape measure to pro-
vide our first weight and length. Years later, as adults, we
now find ourselves immersed in a complex world that meas-
ures just about anything that lends itself to being measured.
For example, it is hard to conceive of being able to operate a
modern automobile without a speedometer as well as tem-
perature and fuel gauges. The more expensive the car, the
more measurements that are reported by more gauges and
dials. If one pays enough, a global positioning satellite will
even measure where you are and tell you how to get where
you are going. Pilots, carpenters, artists, teachers, and most
other professionals and skilled workers are usually involved
in some type of measurement. So chemists are hardly
unique in their reliance on measurements.

Chemistry is a science that requires us to deal with all the
stuff that we see around us. This stuff, which we call matter, is
subject to the laws of nature. Many of these laws originate
from reproducible quantitative measurements. Measurements
naturally contain numbers. The quality, meaning, magnitude,
and manipulation of the numbers we use in chemistry form
the beginning point of our study. Our journey into the actual
concepts of chemistry begins in the next chapter.

If you are not in at least fair physical shape, playing a
strenuous sport is not fun—it is exhausting and probably
frustrating. Likewise, doing chemistry can be frustrating if
you are not in at least fair mathematical shape. It is likely
that most students need at least a bit of a mathematical
workout to get into shape. For some, a simple review will do,
and that is provided in the text. At appropriate points in this
chapter, you will also be referred to a specific appendix in
the back of the book for more extensive review. Review
appendixes include basic arithmetical operations (Appendix A),
basic algebra operations (Appendix B), and scientific
notation (Appendix C). Also, Appendix E can aid you in the
use of calculators for the mathematical operations found in
the text. If you are worried about the math, you are not
alone. Just remember that this text was written with your
concerns in mind.

Measurements consist of two parts—a number and a
specific unit. We will discuss these two parts separately.

In Part A, we will address questions about the numerical
quantity of a measurement. The units that are used in the
measurement are then discussed in Part B.

15
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PART A

OBJECTIVES

SETTING A GOAL 1-1 (@) Describe the difference between accuracy and
precision. (b) Determine the number of significant figures

You will learn how to apply and manipulate f
in a measurement.

measurements to produce scientifically meaningful
outcomes. 1 -2 Perform arithmetic operations, rounding the answer to
the appropriate number of significant figures.

1-3 (a) Write very large or small measurements in scientific
notation. (b) Perform arithmetic operations involving
scientific notation.

POoBIECTIVES FOR 1-1 THE NUMERICAL VALUE OF A MEASUREMENT
(@) Describe the difference between

accuracy and precision. (b) Determine
the number of significant figures in a
measurement.

LOOKING AHEAD! Much of science is based on numbers. How reliable
are the numbers and what do they really tell us? In this section, we will
evaluate the quality and reliability of the numbers that are part of a
measurement. m

1-1.1 The Qualities of a Number

We will start this chapter with a formal definition of a measurement. A measurement
determines the quantity, dimensions, or extent of something, usually in comparison to a spe-
cific unit. A unit is a definite quantity adopted as a standard of measurement. Thus, a meas-
urement (e.g., 1.23 meters) consists of two parts: a numerical quantity (1.23)
followed by a specific unit (meters).

First let’s consider the numerical value of a measurement. Assume that the evening
news informs us that 12,000 people gathered for a concert. Did they mean exactly 12,0007
Not really—actually, it was just an estimate. Two other experts may have estimated the
same crowd at 13,000 and 11,000, respectively. This means that the original estimate had
an uncertainty of £1000. Thus only the 1 and 2 are considered significant in this esti-
mate. The three zeros simply tell us the magnitude of the number. In a measurement,
a significant figure is a digit that is either reliably known or closely estimated. In the number
12,000, we can assume the 1 is reliable and reproducible from any number of estimates,
but the 2 is estimated. The zeros are not significant since they actually have no specific
numerical meaning. Thus, in our example, there are two significant figures: the 1 and
the 2. The number of significant figures or digits in a measurement is simply the num-
ber of measured digits and refers to the precision of the measurement. Precision relates
to the degree of reproducibility or uncertainty of the measurement. Indeed, all measured values
have an uncertainty that is expressed in the last significant figure to the right.

Now assume the same crowd at the concert is seated in the bleachers of a stadi-
um instead of milling about. In this case, a more precise estimate is possible since
the exact capacity of the stadium is known. The crowd can now be estimated at
between 12,400 and 12,600, or an average of 12,500. This is a measurement with
three significant figures. The 1 and 2 are now reliable, but the third significant fig-
ure, the 5, is estimated. The extra significant figure means that the uncertainty is
now reduced to £100. The more significant figures in a measurement, the more
precise it is. If the crowd went through a turnstile before entering the stadium, an
even more precise number could be given. Notice that the significant figure farthest
to the right in a measurement is estimated.
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Participants in the sport of riflery
(target shooting) are judged on two
points: how close the bullet holes are to
each other (the pattern) and how close £}
the pattern is to the center of the tar- @
get known as the bull’s-eye. The preci-
sion of the contestant’s shooting is
measured by the tightness of the pat-
tern. How close the pattern is to the
bull’s-eye is a measure of the shooter’s High accuracy Low accuracy
accuracy. Accuracy in a measurement High precision Low precision
refers to how close the measurement is to the true value. Usually, the more precise the meas-
urement, the more accurate it is—but not always. In our example, if a certain com-
petitor has a faulty sight on the rifle, the shots may be close together (precise) but
off center (inaccurate). (See Figure 1-1.)

Accuracy in measurements depends on how carefully the instrument of measure-
ment has been calibrated (compared to a reliable standard). For example, what if
we attempted to measure length with a plastic ruler that became warped after being
left in the hot sun? We obviously would not obtain accurate readings. We would need
to recalibrate the ruler by comparing its length divisions to a reliable standard.

1-1.2 Zero as a Significant Figure

It would be easy to determine the number of significant figures in a measurement
if it were not for the number zero. Unfortunately, zero serves two functions: as a reli-
able or estimated digit, or simply as a marker to locate the decimal point (such as
the three zeros in the estimated crowd of 12,000 people). Since the zeros look alike
in both cases, it is important for us to know whether a zero is significant or is there
simply to locate the decimal point. The following rules can be used to tell us about
zero. Digits that are underlined are significant.

1. When a zero is between other nonzero digits, it is significant. 709 has three
significant figures. Zeros between two nonzero digits are always siginificant.

2. Zeros to the right of a nonzero digit and to the right of the decimal point
are significant. 8.0 has two significant figures, just as 7.9 and 8.1 do. 7.900
has four significant figures. There is no value difference between 8.0 and
just 8. Why, then, is the zero added? Quite simply because it is an estimated
digit and should be included.

3. Zeros to the left of the first nonzero digit are not significant. 0.0078 and
0.45 both have two significant figures; 0.04060 has four significant figures.
In this case, the zeros to the left of the digit are simply showing the decimal
place and are not measured or estimated digits. Therefore, they are not
significant.

4. Zeros to the left of an implied decimal point may or may not be significant.
In most cases, they are not. The crowd of 12,000 has two significant figures,
as does 6600. Just as in the above case, the zeros to the left are decimal place
holders, not actual measurements. What if the zero in a number such as 890
is actually an estimated digit and thus significant? This is a tough question.
Some texts use a line over the zero to indicate that it is significant (e.g., 890),
and others simply place a decimal point after the zero (e.g., 890.). As we will
see in Section 1-3, there is a solution to this dilemma.

In most problems used in this text, measurements are expressed to three sig-
nificant figures. Therefore, in calculations where other numbers have three
significant figures, we will assume that numbers such as 890 also have three
significant figures.

Low accuracy

High precision
FIGURE 1 -1 Precisionand
Accuracy High precision does not
necessarily mean high accuracy.
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Evaluating Zero as a Significant Figure

How many significant figures are in the following measurements? What is the uncertainty in each of the measurements?
(a) 1508 cm (b) 300.0 ft (c) 20.008 Ib (d) 0.00705 gal

To determine the number of significant figures, refer to the rules regarding zero that were listed. Since these numbers all involve
measurements, the last significant figure to the right is estimated. This digit indicates the uncertainty of the measurement.

SOLUTION

(a) The zero between the two nonzero digits is significant. There are four significant figures. The uncertainty is in the last
digit to the right, so is =1 cm.

(b) The zero to the right of the decimal point is significant because it is displayed. Therefore, the other two zeros are
also significant because they lie between significant figures. There are four significant figures. The uncertainty is in
the last zero to the right, so is 0.1 ft.

(c) All the zeros are between nonzero digits, so they are all significant. There are five significant figures. The uncertainty is
in the last digit to the right, so is £0.001 Ib.

(d) The three zeros to the left of the first nonzero digit are not significant. The zero between the two nonzero digits is sig-
nificant. Thus, there are three significant figures. The uncertainty is in the last digit to the right, so is +£0.00001 gal.

ANALYSIS

Be certain not to confuse the concept of “significant” with the idea of “important” In the measurement 0.00705 gallons, the
two zeros immediately following the decimal are most assuredly important to the value of the number. Without them, the value
changes. But significant refers to a measurement. In that particular example, the measurement doesn't start until you reach
the 7. Therefore, the zeros, while necessary, are not significant.

SYNTHESIS

The more significant figures there are in a measurement, the more precise it is. The closest the Earth and sun ever get to one
another is 147,098,000 km. The uncertainty is =1000 km. The distance between New York and Philadelphia is 127 km, known
with a precision to the nearest kilometer. One would assume that knowing a distance to a kilometer would be more precise
than to the nearest 1000 kilometers. And yet, because the measured distance to the sun has six significant figures in it, it is
1000 times more precise than the measured driving distance between the two cities. Which of the four measurements in the
problem is the most precise? 20.003 Ib. It has more significant figures than any of the others.

EXERCISE 1-1(a) KNOWLEDGE: Students in different class sections
attempted to measure the mass of a 100.0-gram object. Describe the series of
measurements as precise, precise and accurate, or neither.

(a) class 1: 94.2 2,938 g,94.4¢g,94.0 g

(b) class 2: 94.3 g, 89.7 g, 102.4 2,978 g

(c) class 3: 100.2 g, 100.0 g, 99.8 g,99.8 g

EXERCISE 1-1(b) SYNTHESIS: You are determining the boiling point of an
unknown compound in degrees Celsius. On three successive attempts, you record

145.5°C, 145.8°C, and 146.0°C. Are your data precise? Are your data accurate? Is
there extra information needed to make either of those claims?

EXERCISE 1-1(c) ANALYSIS: Determine the number of significant figures
in the following measurements:

(a) 45.00 oz (b) 0.045 1bs (c) 45000 s (d) 0.450 in.

EXERCISE 1-1(d) SYNTHESIS: Two models of analytical balance are
available for purchase. The first measures to * 0.01 gram. The second is more
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expensive, but measures to = 0.0001 gram. How many significant figures will each
give when measuring the mass of an object of about 25 grams? What considerations
would you include in determining which model to buy?

(Throughout the text, answers to all Assessing the Objectives exercises can be found at the
end of each chapter.)
For additional practice, work chapter problems 1-1, 1-3, 1-4, and 1-6.

SIGNIFICANT FIGURES AND
MATHEMATICAL OPERATIONS

LOOKING AHEAD! Inscience we are continually adding, multiplying, or
=) performing other calculations involving various measurements. Often these
measurements involve different degrees of precision, so we need to understand
how to report the results of such calculations. =

For under $10 we can own a small calculator that can almost instantly carry out any
calculation we may encounter in general chemistry. This device is truly phenome-
nal, especially to older scientists, who years ago had to carry out these calculations
using a slide rule. (This was a simple but effective device that performed many of
the calculations found on an electronic calculator but not as quickly or as precisely.)
The use of the calculator does have one serious drawback, however. It does not nec-
essarily report the answer to a calculation involving measurements to the proper pre-
cision or number of significant figures. For example, 7.8 divided by 2.3 reads
3.3913043 on a standard eight-digit display. However, if the numbers represented
measurements known to only two significant figures (e.g., 7.8 Ib and 2.3 qt), then
the calculator has created the illusion that these numbers were known to a much
greater precision. Since the calculator does not express the answer to the calcula-
tion with the proper precision, we must know how to prune the answer so that the
reported value is honest and appropriate.

1-2.1 Rules for Addition and Subtraction and Rounding Off

There are two sets of rules for properly expressing the result of a mathematical
operation: one applies to addition and subtraction and the other applies to multi-
plication and division. We will discuss the rule for addition and subtraction first.

When numbers are added or subtracted, the answer is expressed to the same num-
ber of decimal places as the measurement with the fewest decimal places. Or, in other
words, the summation must have the same degree of uncertainty as the measurement
with the most uncertainty (e.g., =100 has more uncertainty than *10 and *0.1 more
than =0.01). This is illustrated by the following summation.

10.6871 (four decimal places, or uncertainty of +0.0001)
1.42 (two decimal places, or uncertainty of & 0.01)
12.1071 = 12.11(two decimal places, or uncertainty of +0.01)

Notice that 1.42 and the answer have the same uncertainty. Therefore, expressing the
71 in the summation has no meaning and cannot be included except for rounding-off
purposes. The calculator does not give the answer to the proper number of decimal
places.

The rules for rounding off a number are as follows (the examples are all to be
rounded off to three significant figures).

1. If the digit to be dropped is less than 5, simply drop that digit (e.g., 12.44 is
rounded down to 12.4).

pOBJECTIVE FOR
SECTION 1-2

Perform arithmetic operations, round-

ing the answer to the appropriate

number of significant figures.

The calculator does not give the
answer to the proper number of deci-
mal places or significant figures.
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2. If the digit to be dropped is 5 or greater, increase the preceding digit by one
(e.g., 0.3568 is rounded up to 0.357, and 13.65 is rounded up to 13.7). Note
that the number 12.448 is rounded up to 12.45 if it is to be expressed to
four significant figures or two decimal places, and down to 12.4 if it is to be
expressed to three significant figures or one decimal place.

Recall our original example of a concert crowd estimated at 12,000 people. In cases
like this where a decimal point is not shown, we must be careful how we add or sub-
tract numbers from zeros that are not significant. The answer must still show the same
precision as before (e.g., =1000). For example, if we tried to subtract 8 or 80 from
12,000, it would not change our estimate, since the resulting numbers must still be
rounded off to 12,000. Subtracting 800, however, would affect the result, since we can
now round off the number to 11,000. These three operations are illustrated as follows.

12,000
- 8
11,992 = 12,000

12,000
- 80
11,920 = 12,000

12,000
— 800
11,200 = 11,000

Expressing Summations and Subtractions to the Proper Decimal Place

Carry out the following calculations, rounding off the answer to the proper decimal place.

(a) 7.56 (b) 14,000 (c) 0.0327
0.375 580 —0.00068
+14.2203 +75

Refer to the rules on addition. In (@) the answer should be rounded off to two decimal places since the uncertainty is =0.01,
as in 7.56. In (b), the zeros are all to be considered nonsignificant, so the answer should be rounded off to 1000, which
is the implied uncertainty in 14,000. In (c), the answer should have an uncertainty of =0.0001, as in 0.0327.

SOLUTION

(a) 22.16 (Round off 22.1553 to two decimal places.)
(b) 15,000 (Round off 14,655 to thousands.)
(c) 0.032 (Round off 0.03202 to three decimal places.)

ANALYSIS

Make certain to distinguish between the answer to a calculation and a measurement made in a lab setting. Calculations
need to be rounded according to the rules in order to make sense. Measurements themselves should be made as precise-
ly as the measuring device allows; they are never rounded.

SYNTHESIS

These are not just rules to be applied, but common sense ways of dealing with measurements. If you had two friends who lived in
a town 450 miles away, and one lived a mile farther down the road than the other, you wouldn't say that the one was 450 miles
from you and the other was 451 miles. You'd describe both friends as living 450 miles from you. Compared to the uncertainty in
the larger measurement, which may be several miles, that extra mile really makes no difference to the total distance.

1-2.2 Rules for Multiplication and Division

In multiplication and division, we consider the number of significant figures in the
answer rather than the number of decimal places. The answer is expressed with the
same number of significant figures as the multiplier, dividend, or divisor with the least
number of significant figures. In other words, the answer can be only as precise as the
least precise part of the calculation (i.e., the chain is only as strong as its weakest link).
We must be careful with this rule, however. If one of the multipliers represents a whole-
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number count, rather than a measurement, then the multiplication is essentially a short-
cut to addition. In this case, the rules for addition are appropriate. For example, if one
cheeseburger weighs 352.4 grams, then three cheeseburgers weigh 1057.2 grams
[i.e., 3 (exact) X 352.4 = 1057.2 grams]. In this case, because the multiplication of 352.4
by 3 is the same calculation as 352.4 + 352.4 + 352.4, the answer should be expressed
to one decimal place. This can be a confusing wrinkle to that rule, but we will remind
you of this exception when it shows up in some future exercises. Just remember that
in addition and subtraction we are concerned with the decimal point, but in multipli-
cation and division we are concerned with the number of significant figures.

Expressing Multiplications and Divisions to the Proper Number
of Significant Figures

Carry out the following calculations. Assume the numbers represent measurements; so the answer should be rounded off
to the proper number of significant figures or decimal places.
11.688
4.0

(a) 2.34 X 3.225 (b) (c) (0.56 x 11.73) + 22.34

Refer to the rules on multiplication and division. The answer should have the same number of significant figures as the
number in the calculation with the least.

SOLUTION

(a) The answer on the calculator reads 7.56465. Since the first multiplier has three significant figures and the second has
four, the answer should be expressed to three significant figures. The answer is rounded off to 7.55.

(b) The answer shown on the calculator is 2.922 but should be rounded off to two significant figures because 4.0 has two
significant figures. The answer is 2.9.

(c) In cases where we must use both rules, carry out the exercise in parentheses first, round off to the proper number of
significant figures, and then add and finally round off to the proper decimal place.

(0.56 X 11.73) = 6.6 6.6 + 22.34 = 28.9

ANALYSIS

Numbers in chemistry are fundamentally different from numbers in math. In math, a 6 is a 6 and nothing else. In chemistry, if
you measure something to be 6°C, it may actually only be 5.8°C. Every measurement has a degree of uncertainty in it. As
such, any time calculations are done with measured values, there is uncertainty in the calculations. When numbers are multi-
plied, the uncertainties are multiplied, too. Small errors in several measurements that are to be multiplied can lead to very large
uncertainties in the final values. Therefore, we always strive to make our measurements as accurate as we possibly can.

Consider another example of the difference between math and science: in math 6 X 6 = 36, but in science,
6in. X 6in. = 40 in.2. Do you understand why?

SYNTHESIS

Smaller measuring devices like graduated cylinders are generally more accurate than larger ones. Large devices hold more.
What's a good rule of thumb when using measuring equipment as regards which one to choose? Pick the smallest cylinder
that will hold what it is that you're trying to measure. Make only one measurement. The smallest device will give you the most
precise reading, but it defeats the purpose if you have to refill it several times.

EXERCISE 1-2(a) KNOWLEDG E: To how many significant figures should
the following calculations be rounded, assuming that the numbers are all
measurements?

(a) 45.0 X 1.43  (b) 0.0034 X 143.7  (c) 50 X 138
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EXERCISE 1-2(b) KNOWLEDGE: To what decimal place should the fol-
lowing calculations be rounded, assuming that the numbers are all measurements?

(@) 15.9 + 0.27  (b) 420 + 38.34  (c) 0.04 + 0.26

EXERCISE 1-2(c) ANALYSIS: Perform the following calculations and
round your answer to the appropriate number of significant figures.

(a) 19.63 + 0.366  (b) 0.200 X 12.765  (c) (12.45 — 11.65) X 2.68

EXERCISE 1-2(d) SYNTHESIS: Which calculation is more precise, one
made from many very precise measurements and a single less precise one, or one
made from several modestly precise measurements?

For additional practice, work chapter problems 1-8, 1-12, 1-14, and 1-22.

T
Ted Williams and Significant Figures

Ted Williams was possibly the a decimal fraction rounded off to three significant
best hitter that baseball has ever figures. Thus his official final average was 406
known. He played from 1939 to (i.e., 0.406).
1960, interrupted by service as But there is more to this story. With one final day of
a fighter pilot in World War |l baseball remaining, Williams had 179 hits in 448 at-bats for
and again in the Korean War. an average of 0.39955, which would officially round off to
He was a true American hero. 0.400. If he had had only one fewer hit for the entire
The “Splendid Splinter," as he season, his average would have been 0.397—great but still
was known, passed away on not 400. The Boston manager, Joe Cronin, offered to let
July 5, 2002, at age 83. Ted sit out the final day’s games (a double-header) and
So what does Ted Williams preserve his 400 average for the record books. Ted was a
have to do with chemistry? Not true professional, however, so he put his 400 average at
much, actually. But his most risk and played both games. If he got only three hits out of
important record has a lot to do eight at-bats for the day, his average would drop to
Ted Williams, a baseball yith significant figures and how 0.39912, which now rounds off to 0.399. He would have to
legend. numbers are rounded off. Among go four for eight or at least three for seven to preserve his
many other records that he set, Williams was the last average. Williams ended the day with a home run, a double,
major leaguer to hit the magical “400" in a season. In and four singles out of eight at-bats, which brought his
1941, Williams, of the Boston Red Sox, had 185 hits in average up to 0.4057 for an official average of 0.406.
456 at-bats. Baseball averages are computed by dividing The great Ted Williams did not want to settle for a
the number of hits by the number of at-bats, expressed as record that had to be “rounded off
> OBJECTIVES FOR ™ EXPRESSING LARGE AND SMALL NUMBERS:

SECTION 1-3
(a) Write very large or small measure-
ments in scientific notation.
(b) Perform arithmetic operations
involving scientific notation.

SCIENTIFIC NOTATION

LOOKING AHEAD! The study of chemistry requires that we deal with
some extremely large or small numbers. Keeping track of five or more nonsignificant
zeros in these numbers is close to impossible. So how can we express the numbers in
a more compact and readable form? That is the subject we review in this section, with
further information and exercises in Appendix C. =
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1-3.1 Changing Numbers into Scientific Notation

It takes more than a quick glance at a number such as 0.0000078 in. to have any
idea of its magnitude. However, if the number is written as 7.8 X 1076 in., one can
immediately gauge its value. When numbers require the use of many nonsignificant
zeros, we express these numbers in scientific notation. In scientific notation, a given
value is expressed as a number written with one nonzero digit to the left of the decimal point
and all other digits to the right of it. This number is then multiplied by 10 raised to a
given power, called the exponent. The exponent indicates the magnitude of the number.
Following are some powers of 10 and their equivalent numbers.

1
10° =1 107 =— =01
10
. 1
10! = 10 1072 = — =0.01
10
1
10% = 10 X 10 = 100 107 = — = 0.001
10
1
102 = 10 X 10 X 10 = 1000 1074 = T - 0.0001
10 = 10 X 10 X 10 X 10 = 10,000 etc.
etc.

A huge number that we will soon deal with is 602,200,000,000,000,000,000,000.

The way it is expressed, however, is in a much more readable form as follows.
/Exp()ucn[

6.022 X 10%
Notice that the number (6.022, known as the coefficient) expresses the proper pre-
cision of four significant figures. This expression means that 6.022 is multiplied by
10%* (which is 1 followed by 23 zeros).

1-3.2 Mathematical Manipulation of Scientific Notation

In the following exercises, we will give examples of how numbers are expressed in sci-
entific notation and how scientific notation is handled in multiplication and division.
These examples can serve as a brief review, but if further practice is needed, see
Appendix C for additional discussion on adding, squaring, and taking square roots of
numbers in scientific notation. Appendix E includes discussion of manipulation of sci-
entific notation with calculators. Before we consider the examples, we can see how sci-
entific notation can remove the ambiguity of numbers such as 12,000, where the zeros
may or may not be significant. Notice that by expressing the number in scientific nota-
tion, we can make it clear whether one or more of the zeros are actually significant.

1.2 X 10" has two significant figures
1.20 X 10* has three significant figures
1.200 X 10 has four significant figures

Changing Ordinary Numbers to Scientific Notation

Express each of the following numbers in scientific notation.
(a) 47500 (b) 5,030,000 (c) 0.0023 (d) 0.0000470

A practical way to convert ordinary numbers to scientific notation is to count places from the original decimal point to where
you wish to move the decimal point. In scientific notation we seek a number between 1 and 10 multiplied by 10*. For
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numbers greater than one, the decimal (which may not be shown) is on the right of the number. Count in from the original
decimal point to the point where the new one should be. The number of places the decimal is moved to the left will be the
positive exponent of ten. For numbers less than one, count in from the original decimal on the left to where the new one
should be. The number of places that the decimal is moved to the right will be the negative exponent of ten.

SOLUTION
(@) The number 47,500 can be factored as 4.75 X 10,000. Since 10,000 = 10* the number can be expressed as
4.75 X 10*

We can also obtain this result by moving the decimal point four places to the left.
4 3 2 1
4¥7Y5Y0Y0" = 4.75 X 10*

(b) The decimal will be moved six places to the left so the exponent will be six.

6 5 4 3 2 1
5¥0Y3Y0Y0Y0Y0"=5.03 x 10°

(c) The number 0.0023 can be factored into 2.3 X 0.001. Since 0.001 = 1072, the number can be expressed as
2.3 X 10°°

Or, we can move the decimal point three spaces to the right.
12 3

0./0Y0Y2¥3 =23 x 1072
(d) The decimal point is moved five places to the right.

1 2 3 4 5
OO\ _ -
0./0Y0Y0Y0Y4Y7 0=4.70x10"°

ANALYSIS

You may find a need to go back and forth between scientific notation and a number’s long form. Don't get lost when con-
sidering how many places to move the decimal point and in which direction. Quite simply, the exponent tells you the num-
ber of spaces to move the decimal point from where it is in the number to where it needs to be for the correct notation
format, or vice versa. In regards to whether to move it to the right or to the left, simply realize that positive exponents are for
numbers larger than 1 and negative exponents are for numbers smaller than 1, and adjust accordingly. Some may find it is
easier to imagine moving the exponent up or down rather than right or left . Consider Example C-2 in Appendix C.

SYNTHESIS

When should a number be written in scientific notation? When it has become so large or so small that its magnitude is dif-
ficult to see at a glance. Alternately, when it has so many zeros in it that it becomes more convenient to use scientific nota-
tion. What is 60.4 written in scientific notation? 6.04 X 10'. Clearly, scientific notation is not the appropriate choice here.
On the other hand, 1,240,000,000 is much more conveniently stated as 1.24 X 10°. What's the cutoff? That's generally
an issue of personal preference.

Multiplying and Dividing Numbers Expressed in Scientific Notation

(Consult Appendix E, Section 3, on how to express exponents of 10 on a calculator.)

Carry out the following operations. Express the answer to the proper number of significant figures.
(a) (8.25 X 107°) x (5.442 X 1079) (b) (4.68 x 10') + (9.1 X 1079

In both (a) and (b), group the digits and the powers of 10. In (a), carry out the multiplication of the digits and round off the
answer to three significant figures. Add the exponents. Change the number to scientific notation. In (b), group the digits and
carry out the division; express the answer to two significant figures. Change the number to scientific notation.
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SOLUTION

(a) (8.25 X 5.442) X (10® X 107%) = 449 x 1078
= 4.49 X 1077 (three significant figures)
468 X 10'® 468 10'°
= X

91 X 10° 91 10°°

051 x 1009

= 0.51 X 10

= 5.1 X 10%° (two significant figures)

(b)

ANALYSIS

One of the advantages to scientific notation is that, because of the format, you can tell instantly how many significant figures
are in a given measurement. It's always just the number of digits in the coefficient. By rule 2 in Section 1-1.2, any zeros
found in correctly written scientific notation are automatically significant.

SYNTHESIS

Scientific notation can be used when there is no other convenient way to express the answer. Consider this tricky little
problem: 15.6 X 64.1 = ???7?. When entered into a calculator, 999.96 is the answer returned. By the rules of significant
figures, the answer should have three digits, but nines round up, so then the answer rounds to 1000. As written, though,
there's no way to know the number of significant figures. Only scientific notation can clearly illustrate the three significant
digits. What, then, is the best expression of the answer? 1.00 X 103

ASSESSING THE

OBJECTIVES FOR
SECTION 1-3

EXERCISE 1-3(a) KNOWLED G E: Write the following numbers in scientif-
ic notation:

(@) 34,500  (b) 0.00000540  (c) 0.2

EXERCISE 1-3(b) KNOWLEDGE: Convert the following numbers to deci-
mal form:

(a) 9.854 x 10° (b) 1.400 X 1073 (c) 5.4 x 10°

EXERCISE 1-3(c) ANALYSIS: With the aid of a calculator, perform the
following calculations, rounding your answer as appropriate:

4.856 X 107

9.41 X 10'?) X (2.7722 X 107° b
(@) ( ) X ( ) (b) 50 X 10°

For additional practice, work chapter problems 1-30, 1-32, 1-34, and 1-36.

PART A

KEY TERMS

1-1.1 A measurement contains a numerical value and a specific unit. p.16

1-1.1 The number of significant figures in a measurement is the number of measured or
estimated digits. p.16

1-1.1 The precision of a measurement relates to the number of significant figures, while the
accuracy of a measurement relates to how close it is to the actual value. pp.16-17

1-2.1 The precision of a measurement relates to its uncertainty. p.19

1-3.1 Very large and very small numbers are conveniently expressed in scientific
notation. p. 23

1-3.1 In scientific notation, the power of 10 is known as the exponent, while the number

with one digit to the left of the decimal point is the coefficient. p. 23
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SUMMARY CHARTS

Measurement Qualities

Precision Accuracy
Refers to the degree of reproducibility Refers to how close the measurement
or the number of significant figures. is to the true value.
Calculations
Addition or Subtraction Multiplication or Division
Answer expressed to the proper Answer expressed to the proper
decimal place or uncertainty. number of significant figures.

THE MEASUREMENTS USED
IN CHEMISTRY

OBJECTIVES

SETTING A GOAL 1-4 List several fundamental and derived units of

You will learn how to manipulate the units of R STETR0E 7 12 [Rie (&) S

measurement for the purposes of problem solving. 1-5 Interconvert measurements by the factor-label method.

1-6 Identify several key points on the Celsius and Kelvin
temperature scales.

p>OBJECTIVE FOR
SECTION 1-4

List several fundamental and derived

units of measurement in the metric

(SI) system.

1 _4 MEASUREMENT OF MASS, LENGTH,

AND VOLUME

LOOKING AHEAD! Now that we have examined the numerical part of a

measurement, we are ready to examine the other part—the units that are expressed
in the measurement. We will consider some of the units used in chemistry and how
they are defined. m

1-4.1 The English System of Measurements

In the United States, we use a measurement of length called the foot. The standard
for this unit was not particularly scientific, as it referred to the length of a certain English
king’s foot (Henry VIII). Another disadvantage of the English system is that it can be
awkward. For example, a trophy bass out of a midwestern lake tips the scale at 9 Ib 6 oz.
An eagerly recruited basketball player for a men’s college team tops out at 6 ft 11 in.
Thus, we often need to use two units (e.g., feet and inches) to report only one meas-
urement. A third major problem with these units is that they lack any systematic rela-
tionship between units (see Table 1-1). The monetary system in the United States
is an exception because it is based on the decimal system. Therefore, only one unit
(dollars and decimal fractions of dollars) is needed to show a typical student’s dismal
financial condition (e.g., $11.98). The British system was decimalized in 1971. Before
that time, it had 12 pence to the shilling and 20 shillings to the pound.
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( TABLE 1-1 ) Relationships Among English Units

12 inches (in.) = 1 foot (ft) 2 pints (pt) = 1 quart (qt) 16 ounces (oz) = 1 pound (Ib)
3 ft = 1 yard (yd) 4 qt = 1 gallon (gal) 2000 1b = 1 ton
1760 yd = 1 mile (mi) 42 gal = 1 barrel (bbl)

1-4.2 The Metric System of Measurements

Most of the world and the sciences use the metric system of measurement for length,
volume, and mass. The principal metric unit for length is the meter. Volume is the
space that a sample of matter occupies and its principal metric unit is the liter. Mass is the
quantity of matter that a sample contains. The principal metric unit for mass is the gram. (See
Figure 1-2.) Since 1975, there have been plans to convert to the metric system in the
United States, but there has been little progress toward this goal. However, most
citizens are becoming more familiar with this system, such as purchasing soda in a
2-L plastic bottle. (See Figure 1-3.) Metric units also form the basis of the SI system,
after the French Systéeme International (International System). The fundamental SI
units that will concern us are listed in Table 1-2. (Other SI units designate measure-
ments that are not used in this text.) The fundamental units of the SI system have

(a)
FIGURE 1 -2 Length, Volume, and Mass These properties of a quantity of matter are
measured with common laboratory equipment: (a) metric ruler; (b) graduated cylinders, burets,
volumetric flasks, and pipet; (c) an electric balance.
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FIGURE 1 -3 Metric Units
The use of metric units in the United
States is becoming common.
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very precisely defined standards based on certain known proper-

( TABLE 1-2 ) Fundamental Sl Units ties of matter and light. For example, the unit of one meter is
...................................................................................................... defined as the distance light travels in a vacuum in
............................................................................. SYMBOL . 1/299,792,458th of a second. (Originally, it was one-millionth of

MEASUREMENT UNIT
Mass kilogram
Length meter
Time second
Temperature kelvin
Quantity mole

kg the distance between the North Pole and the equator on a merid-
m ian passing through Paris.) Obviously, the current standard is
s extremely precise, but when we are aiming a space ship at a plan-
K et billions of miles away (e.g., Neptune), we need a great deal of
mol precision in our units. Although some English units were former-

ly based on a king’s anatomy, in modern times many have been
redefined more precisely based on a corresponding metric unit. For example, one inch
is now defined as exactly equal to 2.54 centimeters. The relationship between the famil-
iar mile and the kilometer originated from a measurement, but 1 mile is now defined
as exactly equal t01.609344 km. For simplicity in our calculations, however, the rela-
tionship is rounded off to four significant figures. That is, 1.000 mi = 1.609 km.

1-4.3 Fundamental Versus Derived Units

Of the many, many possible measurements that can be made, only seven are con-
sidered fundamental, which means that they cannot be described in terms of any-
thing else. The five fundamental units listed in Table 1-2 can be combined in various
useful and meaningful ways to make many other derived units. For example, the
fundamental unit of distance can be divided by the fundamental unit of time to pro-
duce a derived unit called speed. In the English system, speed is measured in the
familiar distance and time units of miles per hour. In the metric system, the unit for
speed is the meter per second, or m/s. By combining two or more fundamental units
through multiplication and division, we can produce all of the other measurements
needed by scientists. In Table 1-3, three examples of common derived units are list-
ed. Only volume will concern us at this point. Energy and pressure will be applied
in later chapters.

( TABLE 1-3 ) Some Derived Sl Units

MEASUREMENT UNIT SYMBOL DERIVATION

Volume liter 1L Length3

Energy joule J Mass X Distance® / Time?
Pressure pascal Pa Mass / (Time? X Distance)

1-4.4 The Prefixes Used in the Metric System

The metric system uses prefixes, which are exact multiples of 10 of the basic unit
(e.g., meters, liters, or grams). Some of the prefixes refer to smaller portions of the
basic unit (e.g., centi-, milli- nano-) and others to larger portions (e.g., deca-, kilo-, mega-) .
(See Table 1-4.)

The most common prefixes used in chemistry are milli-and kilo-. Centi-is also com-
monly used in length (i.e., ¢m). In Making It Real, “Worlds From the Small to the
Distant—Picometers to Terameters,” we encounter the use of some of these prefix-
es as well as those expressing smaller and larger dimensions.

There is one other convenient feature of the metric system. There is an exact rela-
tionship between length and volume. The SI unit for volume is the cubic meter (m?).
Since this is a rather large volume for typical laboratory situations, liter is used. One liter
is defined as the exact volume of 1 cubic decimeter (i.e., 1 L = 1dm®). On a smaller
scale, 1 milliliter is the exact volume of 1 cubic centimeter (1 mL = 1 cm® = 1 cc). Thus
the units milliliter and cubic centimeter can be used interchangeably when expressing
volume. (See Figure 1-4.)
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( TABLE 1-4 ) Prefixes Used in the Metric System

RELATION TO RELATION TO
PREFIX SYMBOL BASIC UNIT PREFIX SYMBOL BASIC UNIT
tera- T 102 deci- d 107!
giga- G 10° centi- c 1072
mega- M 10° milli- m 1078
kilo- k 10% micro- we 1075
hecto- h 10? nano- n 1077
deca- da 10! pico- P 10712

“A Greek letter, mu.

The basic metric unit of mass is the gram, but the SI unit is the kilogram (kg),
which is equal to 1000 grams (g). The terms mass and weight are often used inter-
changeably, but they actually refer to different concepts. Weight is a measure of the
attraction of gravity for the sample. An astronaut has the same mass on the moon as on
Earth. Mass is the same anywhere in the universe. An astronaut who weighs 170 1b
on Earth, however, weighs only about 29 1b on the moon. In earth orbit, where the
effect of gravity is counteracted, the astronaut is “weightless” and floats free. You can
lose all your weight by going into orbit, but obviously your body (mass) is still there.
However, since our relevant universe is confined mostly to the surface of Earth, we
often use weight as a measure of mass. In this text, we will use the term “mass,” as
it is the more scientific term.

1-4.5 Relationships Between the Metric (_TABLE 1-5 ) The Relationship Between
and English Systems English and Metric Units

Several relationships between the metric and English sys- ENGLISH .. METRIC EQUIVALENT .

tems are listed in Table 1-5. (See also Figure 1-5.) The rela-  1ength 1.000 in. 92.540 cm (exact)

tionships within systems (e.g., Tables 1-1 and 1-4) are always 1.000 mi 1.609 km

defined and exact numbers. Because most of the relation-  pass 1.000 1b 453.6 g

ships between systems, however, are measured, they are not 9.905 1b 1.000 kg

necessarily exact. Thus, they can be expressed to various  vglume 1.057 qt 1.000 L.

degrees of precision. Most of the relationships shown in 1.000 gal 3.785 L,

Table 1-5 are known to many more than the four significant  Tjpe 1.000 s 1.000 s

figures given.

lem®=1mL

J— /A lcmr
/ 7 = ==
y ) dm = } 1cm1

1
- e
;
/ — lcm
dm

l ldm® =1L
~<—— 1ldm ———=

10 cm

1m FIGURE 1 -4 Volumeand Length The Sl unit for volume is 1 m3.
10 dm More practical units for the laboratory are 1dm3 (1 L) and 1 cm3 (1 mL).
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FIGURE 1-5
Comparison of Metric and
English Units (a) 1 meter and 1
yard, (b) 1 quart and 1 liter, and
(c) 1 kilogram and 1 pound.

ASSESSING THE
OBJECTIVE FOR
SECTION 1-4

EXERCISE 1-4(a) KNOWLEDGE: List the metric units for the following.
(a) mass (b) volume (c) energy (d) temperature.

EXERCISE 1-4(b) KNOWLEDGE: What are the powers of 10 for the
following metric prefixes?

(a) kilo- (b) centi- (c¢) milli- (d) Mega-

EXERCISE 1-4(c) SYNTHESIS: What are some of the advantages of using
the metric system as compared to the English system? Are there any drawbacks?

For additional practice, work chapter problems 1-47 and 1-48.

"s’.?é'i?J,'."F-?R 1 _5 CONVERSION OF UNITS
BY THE FACTOR-LABEL METHOD

Interconvert measurements by the
factor-label method.

LOOKING AHEAD! When one learns a new language, the first goal is to
be able to translate sentences from the new to the familiar. Likewise, to become
comfortable with a different system of measurement, we need to convert from one to
the other. Converting between systems can be accomplished with an important tool that
we will introduce in this section. This will give us a chance to practice solving many of the types
of problems that we will eventually encounter. m

1-5.1 Relationships as Conversion Factors

In 1999, a rocket destined to land softly on the planet Mars apparently crashed into
the surface instead. Apparently someone did not convert between English and met-
ric units in programming the onboard computers that controlled the landing. This
mistake cost about $1 billion and disappointed a lot of scientists. In fact, we convert
between one thing and another all the time. For example, electrical converters
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TR

Worlds from the Small to the Distant—Picometers to Terameters

2 meters
tall

Saturn is about 1 Tm from Earth.

The meter is just about right for the world of human beings.
For example, our height may be a little less than 2 meters
and the room may be about 7 square meters. If people were
the size of ants, however, the meter would not be a very
practical unit of length. Fortunately, the metric system allows
us to venture into the far reaches of other worlds, either
small or distant. All we need is a few prefixes to adjust the
unit. First, let's shrink ourselves into the world of the small.
Our first stop is the “milli” world (1 072 m), where normally
small specks now appear large. Those little bugs called
mites are of this size; if we lived in this world, it would look a
lot more hostile than our world of the meter. When we go to
the “micro” world (107% m), we are well into the invisible
world of the tiny. Blood cells that circulate in our veins have
these dimensions (i.e., 1 wm) Next, we descend to the
“nano” world (107° m), where we encounter one of the
tiniest forms of life, called viruses. Some of these nasty
creatures measure 10 nm across. Our final stop is the “pico”

Blood cells are about 1 pm in diameter.

region (10712 m), where we notice that the basic components
of matter, atoms, appear as large spheres. The aluminum
atom in a can of soda measures 125 pm in diameter.

Now we take ourselves out away from the surface of Earth
and view our surroundings as we ascend into the sky. One km
(10% m) from the surface we are not that far up. We can still
see cars and buildings. But if we ascend to one megameter
(108 m), we are certainly in outer space. In this region the
artificial satellites drift silently by. Our planet still looms large in
our vision, with a diameter of about 6 Mm. Now let's ascend
to one gigameter (10° m) from the surface. We find ourselves
well past the moon, which would lie about halfway between us
and Earth. Venus is still 32 Gm away. Finally, at one terameter
(102 m), we are nearly to the planet Saturn, which lies about
1.2 Tm from Earth at its closest approach.

The metric system obviously provides convenient units
from the smallest to the largest or farthest. Even more units
exist that take us to even smaller and farther regions.

change alternating current (AC) to direct current (DC) for devices such as electri-
cal razors or to charge a cell phone battery. What we need is a mathematical con-
verter to change measurements in one unit to those in another. In chemistry this
mathematical converter is known as a conversion factor. A conversion factor is a rela-
tionship between two units or quantities expressed in fractional form. The factor-label method
(also called dimensional analysis) converts a measurement in one unit to another by the use
of conversion factors. For example, a conversion factor can be constructed from the

exact relationship within the metric system.

10°m = 1km

This equality can be converted to two fractions as shown below.

1km 10°m
1

. d —_—
10°m " 2) 1km

. 10°m
or simply K
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To recharge this cell phone, AC current
must be converted into DC current.

These fractional relationships read as “1 kilometer per 10* meters” and “10°
meters per 1 kilometer.” The latter fraction is usually simplified to “10° meters per
kilometer.” When just a unit (no number) is read or written in the denominator,
it is assumed to be 1 of that unit. Factors that relate a quantity in a certain unit to 1 of
another unit are sometimes referred to as unit factors. Unit factors are written without the
1 in the denominator in this text. It should be understood, however, that the 1 in
the numerator or implied in the denominator can be considered exact in
calculations.

Two other conversion factors can be constructed from an equality between English
and metric units. For example, the exact relationship between inches (in.) and cen-
timeters (cm) is

lin. = 2.54 cm
which can be expressed in fractional form as

lin. 2.54
(3) 5oy and (@)=
2.54cm in.

Each of the four fractions can be used to convert one unit into the other. The gen-

eral procedure for a one-step conversion by the factor-label method is
(what’s given) X (conversion factor) = (what’s requested)

In most conversions, “what’s given” and “what’s requested” each have one unit.
The conversion factor has two: the requested or new unit in the numerator and the
given or old unit in the denominator. (In this scheme we are assuming that the new
or requested unit is in the numerator.)

B (requested unit)

A (given unit) X = D (requested unit)

C (given unit)

When combined in the calculation, the given units will appear in both the numer-
ator and the denominator and thus cancel, just like any numerical quantity. The
requested unit survives. This is illustrated as follows, where A, B, C, and D represent
the numerical parts of the measurements or definitions.

A(giverrunit) X B (requested unit)
C (giverrumnit)

Doing problems by this method is like taking a trip. The first two things we know
about a trip are where we start and where we want to end up. The conversion fac-
tor is “how” we get from here to there. The key to using the factor-label method is
to select the right conversion factor that relates the given and requested units. Recall
that the units are to be treated like numerical quantities; that is, they are multiplied,
divided, or canceled in the course of the calculation.

= D (requested unit)

1-5.2 One-Step Conversions and Unit Maps

We will now give some examples of how the factor-label method is used in some
one-step conversions. The first example (1-6) uses familiar units. The second exam-
ple (1-7) will put to use one of the two conversion factors that we constructed with-
in the metric system, and the next (Example 1-8) will use one of the two conversion
factors between the English and metric systems. In the examples, we proceed care-
fully through four steps.

1. From what is given and what is requested, decide what the conversion fac-
tor must do (e.g., convert in. to cm). You can express the procedure in a
shorthand method that we will refer to as the unit map in this text. (e.g.,

— [em).

2. Find the proper relationship between units from a table (if necessary).
Express the relationship as a conversion factor so that the new unit is in the
numerator.
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3. Put the problem together, making sure that the proper unit cancels and
your answer has the requested unit or units.
4. Express your answer to the proper number of significant figures.

Be aware of conversion factors that are not the result of measurements but
instead are exact definitions. The following relationships are examples of exact
definitions

12in. =1ft 4qt=1gal 1km=10"m

That is, there are exactly 12 in. (12.0000 etc.) in 1 ft (1.0000 etc.) and so forth.
Since exact relationships are considered to have unlimited precision in a calcula-
tion, they can be ignored in determining the number of significant figures in an
answer. Exact definitions are generally relationships within a measurement system
(e.g., in. and ft, km and m).

Measurements are never exact, so the number of significant figures shown reflects
the precision of the instrument used to make the measurement. The use of exact
relationships in calculations can be somewhat confusing at first, so we will remind
you when one is being used in calculations in this chapter.

Converting Hours to Days

Convert 129 hours to an equivalent number of days.

1. The unit map for the conversion is

hour ) ( day
(_hour )

2. The well-known relationship is that there are exactly 24 hours in one day. This exact relationship can be written as two

conversion factors
24 hr 1 day

day an 24 hr

The latter is the appropriate factor since hr (the given unit) is in the denominator and day (the new requested unit) is in the
numerator.

SOLUTION
129 hf X 1day 5.38d
oapr =2 CY

ANALYSIS

What would have happened if we had used the first conversion factor (i.e., 24 hr/day) by mistake? In that case, the strange
units that result (i.e., hr?/day) would alert us that we made a mistake. Paying close attention to the units that cancel and
those that don’t will be a big help in correctly solving equivalent chemistry problems. Notice also that if we multiplied, the
numerical answer would be 3096, which is not a reasonable value.

SYNTHESIS
Students sometimes have problems writing a proper conversion factor. For instance, if the conversion is between liters (L)
and millileters (mL), they recognize that there is a relationship of 1000 to 1 between the two. However, is it
1000 mL 1000 L
— or ?
L mL

Rarely would someone make that mistake with units that they're very familiar with, like feet and inches. We all know that it's

12in. 121t
not ——
ft in.

However, the concept here is worth noting. Notice that the larger numerical value goes with the smaller-sized unit. That is because
the two units in a conversion factor are meant to be equivalent. Keeping that in mind will help prevent you from writing and using
incorrect conversions like 100 m/cm.
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Converting Meters to Kilometers
Convert 0.468 m to (a) km and (b) mm.

1. The unit map for the conversion in (a) is
Cr—

2. From Table 1-4, we find the relationship is 10° m = 1 km. When expressed as the proper conversion factor, km is in
the numerator (requested) and m is in the denominator (given). The conversion factor is
1km

103m

SOLUTION (a)

0.468 a1 X

M 0.468 X 10%km = 4.68 X 10~* km
10% mri e

1. The unit map for the conversion in (b) is
Cro—

2. From Table 1-4, we find the proper relationship is Tmm = 1073m. When shown as the proper conversion factor, mm is
in the numerator (requested) and m is in the denominator (given). The conversion factor is
1mm
10%m

SOLUTION (b)

1 mm

0.468 Af X ——
1078 nf

= 0.468 X 102 mm = 468 mm

ANALYSIS

Notice that both conversion factors are exact definitions, so do not limit the number of significant figures in the answers.
We would expect (a) to be a smaller number than the given number, since the new unit is larger, and (b) to be larger, since
the new unit is smaller.

SYNTHESIS

How might you convert from mm and km? This could be done as a two-step conversion, as discussed in the next section:
millimeters — meters — kilometers, with each step having its own conversion factor.

10%m  1km

mm X X —
mm 10° it
Alternately, you can realize that it is six powers of 10 from milli to kilo, and write a single conversion factor:
1km
108 mm

Use the strategy that makes the most sense to you.

EXAMPLE 1-8

Converting Centimeters to Inches

Convert 825 cm to in.

1. The unit map for the conversion is

Cono— D
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2. From Table 1-5, we find that the proper relationship is 1 in. = 2.54 cm. Expressed as a conversion factor, in. is in the
numerator (requested) and cm is in the denominator (given). The conversion factor is
1in.
2.54 cm

SOLUTION
1in.

——— =3251n.
2.54 em

825 em X

ANALYSIS

Notice that the answer is reasonable, since we expect there to be fewer inches than cm.

SYNTHESIS

When it comes to having conversion factors at your fingertips, we assume that you are familiar with most English system
conversions, like 3 ft per yd, or 16 oz. per Ib. Conversions within the metric system are all based on factors of 10: 100, 1000,
0.01, etc. Learn these as quickly as possible. It would also be helpful to memorize one conversion from the English to the
metric system for mass, length, and volume. Then you will be able to convert from any given measurement to any other with-
out need for reference, by employing the multistep conversions discussed in the next section.

In conversions between the metric and English systems, we will use a conversion
factor with four significant figures. (Recall that the relationship between inches and
centimeters, used in Example 1-8, is exact, however.) Since most of the measure-
ments are given to three significant figures, this means that the conversion factor
does not limit the precision of the answer. The answer should then be expressed to
the same number of significant figures as the original measurement.

1-5.3 Multistep Conversions

A one-step conversion like those that have been worked so far is analogous to a direct,
nonstop airline flight between your home city and your destination. A multistep con-
version is analogous to the situation in which a nonstop flight is not available and you
have to make two or more intervening stops before reaching your destination. Each
stop in the flight is a separate journey, but it gets you closer to your ultimate destina-
tion. When one plans such a journey, one must carefully plan each step, perhaps with
the help of a map. Many of our conversion problems also require more than one step
and must be carefully planned. In multistep conversion problems, each step along the
way requires a separate conversion factor which will be illustrated by the unit map.

For example, let’s consider a problem requiring a conversion between two pos-
sible units of quantity—number of apples and boxes of apples. Let’s assume we
know that exactly six apples can be placed in each sack and exactly four sacks
make up one box. The problem is, “How many boxes of apples can be prepared
with 254 apples?” Since we don’t have a direct relationship between apples and
boxes, we need a “game plan,” which is our unit map. First, we can convert num-
ber of apples to number of sacks (conversion a) and then number of sacks to num-
ber of boxes (conversion b). The problem and the unit map are set up and
completed as follows.

Cappl&)&(sacks)g( boxes )

Lok bk 25
X X _ boxes = 10.6 boxes
6apptes 4sacks 6 X 4

254 apptes X

Notice that the two conversion factors represent exact relationships, so they do not
affect the number of significant figures in the answer.
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We are now ready to work through some real multistep conversions between units
of measurement.

Converting Dollars to Doughnuts

How many doughnuts can one purchase for $128 if doughnuts cost $3.25 per dozen?

1. A conversion factor between dollars and individual doughnuts is not directly given. We can solve this problem by mak-
ing a two-step conversion by (a) converting dollars ($) to dozen (doz) and then (b) converting dozen to number of dough-
nuts. The unit map for the conversions is shown as

2. The conversion factors arise from the two relationships: $3.25 per dozen and 12 doughnuts per dozen (an exact rela-
tionship). In conversion factor (a), $ must be in the denominator to convert to doz. In conversion factor (b) doz [the new
unit from the conversion in (a)] must be in the denominator to convert to doughnuts. The two conversion factors are

1 doz. 12 doughnuts

d (b L2oougnnuts

an
$3.25 doz.

(a)

SOLUTION (a) (b)

1 doz. 12 doughnuts

123 X X
$ $3.25 doz.

= 454 doughnuts

ANALYSIS

As you are writing conversion factors for a problem, realize that it's not critical to put it in the exact form needed in the prob-
lem immediately. Once you have all the factors that you need, you can tell what unit needs to go into the numerator and
what needs to be in the denominator, based on the units you are converting. You can enter them correctly when you're set-
ting up the problem.

SYNTHESIS

It's always wise to estimate your answer to see if what's calculated is at least reasonable. A quick estimate tells us that at
about $3.00 a dozen, about $120 will buy us about 40 dozen: 40 X 12 = 480, which means that our answer is reasonable.

Converting Liters to Gallons

Convert 9.85 L to gal.

1. A two-step conversion is needed. L can be converted into gt (a) and gt then converted into gal (b). The unit map for the

conversions is expressed as
(a) (b)
CO—@E@—

2. The two relationships needed are 1.057 qt = 1.000 L (from Table 1-5) for conversion (a) and 4 qt = 1 gal (from Table
1-1) for conversion (b). The two relationships properly expressed as conversion factors are

1.057 qt 1 gal

L an (b) 4 gt

SOLUTION
(a) (b)
1.057 gt 1 gal

9.85 k X
k 4 gt

= 2.60 gal
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ANALYSIS

Remember that the relationship between quarts and gallons is exact, since it is within the English system. We start with
about 10 L, which is about 10 gt. Ten quarts is 2.5 gal, so our answer is reasonable.

SYNTHESIS

There is not always just one way to do a multistep problem. Suppose you knew that there were 3785 mL in 1 gallon. What
conversion factors would be useful in solving the problem with this information? The unit map would be L — mL — gal, and the
conversion factors necessary would be:

1000 mL an 1 gal
1L 3785 mL

Converting Miles per Hour to Meters per Minute

Convert 55 mi/hr to m/min.

1. In this case, we can convert mi/hr to km/hr (a) and then km/hr to m/hr (b). It is then necessary to change the units of the
denominator from hr to min (c). The unit map for the conversions is expressed as

2. The needed relationships are 1.000 mi = 1.609 km (from Table 1-5), 10% m = 1 km (from Table 1-4), and 60 min = 1
hr. The relationships expressed as conversion factors are

1.609 km 103 m 1 hr
— (b)

mi km & 60 min

(a)

Notice that factor (c) has the requested unit (minutes) in the denominator and the given unit (hours) in the numerator. This
is different from all the previous examples because we are changing a denominator in the original unit.

SOLUTION

(@) (b) ()
55 T 1600k  10°m 1B _ 4 5 403 mimin
hf i ki Ol e T

ANALYSIS

Recall that the relationships between meters and kilometers and between hours and minutes are exact. Thus the answer
should be expressed to two significant figures because of the two digits in the original measurement (55).

SYNTHESIS

Though this text uses a single continuous calculation to solve most problems, many students prefer to break problems like
this down into two individual problems. First, you can convert the units of distance, miles into meters, and then you can con-
vert the units of time, hours into minutes. Finally, you can take those answers and divide the converted distance by the con-
verted time to arrive at the same answer.

EXERCISE 1-5(a) KNOWLEDG E: What are the conversion factors neces-
sary to perform the following conversions?

(a) g into kg (b) hrintos (c) in. into yd (d) m into cm

EXERCISE 1-5(b) KNOWLEDGE: What are the two conversion factors
necessary to perform the following conversions?

(a) oz into kg (b) cm into ft (c) mL into qt
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EXERCISE 1-5(c) ANALYSIS: How many miles are in 25.0 km?

EXERCISE 1-5(d) ANALYSIS: A certain size of nail costs $1.25/1b. What is
the cost of 3.25 kg of these nails?

EXERCISE 1-5(e) SYNTHESIS: Estimate how many times your heart beats
in one day. In one year.

EXERCISE 1-5(f) SYNTHESIS: A 2.0-L bottle of cola cost $1.09. A six-pack
of 12-0z cans costs $1.89. There are 355 mL in 12 oz. What is the cost per ounce of
the 2.0-L bottle and the cost per ounce of the cans? Which is the better deal?

For additional practice, work chapter problems 1-53, 1-54, 1-57, 1-58, 1-64, 1-69, and 1-78.

> oEcTIiON 1-6 0" 1-6G MEASUREMENT OF TEMPERATURE
Identify several key points on the

Celsius and Kelvin temperature scales.

LOOKING AHEAD!' The final measurement we will consider in this chapter
is temperature. Once again, those who grew up in the United States are at a
2 disadvantage. The scale we are most familiar with is not the same as that used by
science and most of the rest of the world. We will become more familiar with two
other temperature scales in this section.

When someone says an item is “hot,” we can interpret this in several ways. It could
mean that this item is something we should have, that it looks great, or that it has a
somewhat higher temperature than “warm.” In this section, we will be concerned with
the last concept. “Hot” in science refers to temperature. Temperature is a measure of
the heat energy of a substance. (We will have more to say about the meaning of heat ener-
gy in Chapter 3.) A thermometer is a device that measures temperature.

1-6.1 Thermometer Scales

The thermometer scale with which we are most familiar in the United States is the
Fahrenheit scale (°F), but the Celsius scale (°C) is commonly used elsewhere and in
science. Many U.S. television news shows once broadcast the temperature in both
scales, but, unfortunately, this practice has been mostly discontinued. Thermometer
scales are established by reference to the freezing point and boiling point of pure
water. These two temperatures are constant and unchanging (under constant air
pressure). Also, when pure water is freezing or boiling, the temperature remains con-
stant. We can take advantage of these facts to compare the two temperature scales
and establish a relationship between them. In Figure 1-6, the temperature of an ice
and water mixture is shown to be exactly 0°C. This temperature was originally estab-
lished by definition and corresponds to exactly 32°F on the Fahrenheit thermometer.
The boiling point of pure water is exactly 100°C, which corresponds to 212°F.

1-6.2 Relationships Between Scales

On the Celsius scale, there are 100 equal divisions (div.) between these two temper-
atures, whereas on the Fahrenheit scale, there are 212—32 = 180 equal divisions
(div.) between the two temperatures. Thus, we have the following relationship
between the scale divisions:

100 C div. = 180 F div.

This relationship can be used to construct conversion factors between an equiv-
alent number of Celsius and Fahrenheit degrees. The relationship results from
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il E 100°C i E 212°F
0°C i E 32°F | E
NS [ I
Em ol
T2 ke
UJ U U FIGURE 1-6 The
Temperature Scales The freezing
and boiling points of water are
I | used to calibrate the temperature
scales.

exact definitions, so it does not affect the number of significant figures in the
calculation.
100 C div. 1 C div. . . .. 1.8 Fdiv.
= The inverse relationship is “Cdiv.
iv.

180 Fdiv. 1.8 F div.

To convert the Celsius temperature [7(°C)] to Fahrenheit temperature [7(°F)]:

1. Multiply the Celsius temperature by the proper conversion factor
(1.8°F/1°C) to get the equivalent number of Fahrenheit degrees.

2. Add 32°F to this number so that both scales start at the same point (the
freezing point of water).

o

1°C

T(°F) = {T("C) X } + 32°F = [T(°C) X 1.8] + 32

To convert the Fahrenheit temperature to the Celsius temperature,

1. Subtract 32°F from the Fahrenheit temperature so that both scales start at
the same point.

2. Multiply the number by the proper conversion factor (1°C/1.8°F) to convert
to the equivalent number of Celsius degrees.

1°C_ [T(°F) — 32]
1.8°F 1.8

T(°C) = [T(°F) — 82°F] X

Converting Between Fahrenheit and Celsius

A person with a cold has a fever of 102°F. What would be the reading on a Celsius thermometer?

T(°F)] — 32
Use the equation that converts °F to °C: T(°C) = %

SOLUTION
102 — 32

Tce 1.8

(&)
O

go
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Converting Between Celsius and Fahrenheit

On a cold winter day the temperature is —10.0°C. What is the reading on the Fahrenheit scale?

PROCEDURE
Use the equation that converts °C to °F: T (°F) = (1.8 X °C) + 32

SOLUTION
T(°F) = (=10.0 X 1.8) + 32 = 14.0°F

ANALYSIS

These two calculations represent one of the few times in this text that memorization of an equation is necessary. For most
of the problems you'll be doing, the factor-label method is useful and strongly encouraged. In this way, relatively few things
need to be committed to memory. In this case, however, because the two scales are offset by 32 degrees, the specific
formula is the only way to convert them.

SYNTHESIS
Since both scales, Fahrenheit and Celsius, represent straight-line relationships, there is a point where both lines intersect.

Said another way, there is a temperature that is the same value on both scales. Put an x into the equation for both °F and
°C, and solve. What value do you calculate for x? (See chapter problem 1-103.)

The SI temperature unit is called the kelvin (K). Notice that a degree symbol (°)
is not shown with a kelvin temperature. The zero on the Kelvin scale is theoretically
the lowest possible temperature (the temperature at which the heat energy is zero).
This corresponds to —273°C (or, more precisely, —273.15°C). Since the Kelvin scale
also has exactly 100 divisions between the freezing point and the boiling point of
water, the magnitude of a kelvin and a Celsius degree is the same. Thus we have the
following simple relationship between the two scales. The temperature in kelvins is
represented by T(K), and T(°C) represents the Celsius temperature.

T(K) = T(°C) + 273

Thus, the freezing point of water is 0°C or 273 K, and the boiling point is 100°C or
373 K. We will use the Kelvin scale more in later chapters.

ASSESSING THE

OBJECTIVE FOR
SECTION 1-6

EXERCISE 1-6(a) KNOWLED G E: Fill in the following table with appropri-
ate temperatures

Water boiling

Water freezing

Absolute zero

EXERCISE 1-6(b) ANALYSIS: The temperature of cooking oil reaches
248°F. What is this on the Celsius and Kelvin scales?

EXERCISE 1-6(c) SYNTHESIS: Despite U.S. insistence on using the
Fahrenheit scale, Celsius seems to make much more sense. It is divided into 100
equal parts and has obvious set points at 100°C and 0°C. Why do you suppose
Fahrenheit uses such odd numbers for boiling and freezing?

For additional practice, work chapter problems 1-94, 1-95, 1-100, and 1-101.
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SUMMARY

KEY TERMS

1-4.2 Most measurements in chemistry are expressed using the metric system. p. 27

1-4.2 Volume is the space that a given sample of matter occupies and mass refers to the
quantity of matter that the sample contains. p. 27

1-4.2 In the metric system, the principal unit for length is the meter, for volume it is the
liter, and for mass it is the gram. p. 27

1-4.3 Five fundamental units can produce many derived units. p. 28

1-4.4  Weight refers to the attraction of gravity for a quantity of matter. p. 29

1-5.1 Converting from one unit of measurement to another requires the use of conversion
factors. If the factor relates a quantity in one system to 1in another system, is called

a unit factor. p. 31

1-5.1 The procedure to convert from one measurement to another is the factor-label

method. p. 31

1-5.2 An outline of a conversion procedure is expressed as a unit map. p. 32
1-6 The temperature is measured by a device called a thermometer. p. 38
1-6.1 The Fahrenheit scale is used in the United States, but the Celsius scale is used

in science. p. 38
1-6.2 The Kelvin scale begins at absolute zero. p. 39

SUMMARY CHART

Sample Conversion

Problem: Convert 10.0 km to miles.

Relationship: 1.609 km = 1.000 mi
1mi (requested)
1.609 km (given)
1mi
1.609 km

Conversion factor:

Solution: 10.0 km X = 6.22mi

Chemistry, probably more than any other science, is a
science of measurements. Certainly, that is not all
there is—many other concepts are also central to the
science—but handling measurements properly is of the
highest priority. That is why we needed to address this
subject very early in the text. A measurement consists of
a number and a unit. Our first item of business was to
examine the numerical part of a measurement as to the
significance of the numbers that are reported. The
numerical value has two qualities: precision (number of
significant figures or uncertainty) and accuracy.

Perhaps a greater challenge than just understanding
the precision of one measurement is to handle meas-
urements of varying precision in mathematical opera-
tions. Addition and subtraction focus on the precision,
or decimal place, in the answer, while multiplication
and division are concerned with the number of signifi-
cant figures.

We won'’t get too far into the text before we encounter
some extremely small and extremely large numbers.
Writing large numbers of zeros is cuambersome. Scientific
notation, however, allows us to write a number in an easy-
to-read manner, that is, as a number (the coefficient)
between 1 and 10 multiplied by 10 raised to a power indi-
cated by the exponent. Some of the ambiguities of zero
as a significant figure are removed when the number is
expressed in scientific notation. Remember, help is avail-
able in Appendix C if you are uneasy with scientific nota-
tion and using it in calculations.

Next, we turned our attention to units of measure-
ments. Most of us have to become familiar with the SI
system and the metric system on which it is based,
specifically with regard to units of length (meters),
mass or weight (grams), and volume (liters). Compared
to the rather unsystematic English system, the metric
system has the advantage of decimal relationships
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between units. The most common prefixes are milli,
centi, and kilo.

Because we need to convert between systems of
measurement, we then introduced our main problem-
solving technique—the factor-label method, also
called dimensional analysis. In this, we change
between units of measurement using conversion fac-
tors (usually unit factors), which are constructed from
relationships between units. When a direct relation-
ship is available between what’s given and what’s
requested, conversion can be accomplished in a one-
step calculation as shown in a unit map. If not, the cal-
culation is more involved and requires a game plan
that outlines step-by-step conversions from given to

requested. This problem-solving method is the lan-
guage of this text. If you do not follow this method, it
is hard to take full advantage of the worked-out exam-
ples in this and future chapters.

The final topic of this chapter concerned the meas-
urement of temperature using thermometers. By com-
paring the number of divisions between the freezing
point and boiling point of water, we can set up conver-
sion factors between the two temperature scales,
Fahrenheit (°F) and Celsius (°C). A third system, close-
ly related to the Celsius scale, is the Kelvin scale. Using
an algebraic approach, we are able to convert between
Fahrenheit and Celsius as well as between Celsius and
Kelvin temperatures.

OBJECTIVES

CHAPTER

SECTION | YOU SHOULD BE ABLE TO... EXAMPLES EXERCISES | PROBLEMS

1-1 Describe the difference between accuracy and precision. la, 1b, 1d,2d | 1,2,3
Determine the number of significant figures in a 1-1 1c 4,5
measurement.

1-2 Perform arithmetic operations, rounding the answer 1-2, 1-3 2a, 2b, 2¢ 8,9, 10, 14, 16,
to the appropriate number of significant figures. 18, 20, 24

1-3 Write very large or small measurements in scientific 1-4 3a, 3b 28, 30, 32, 34
notation.
Perform arithmetic operations involving scientific 1-5 3c 38, 40, 42, 44
notation.

1-4 List several fundamental and derived units of 4a, 4b, 4c 47, 48, 49
measurement in the metric (SI) system.

1-5 Interconvert measurements by the factor-label method. 1-6, 1-7, 1-8, 1-9, | ba, 5b, bc, bd, | b4, 56, 58, 60, 63, 66,

1-10, 1-11 be, bf 70, 74, 78, 83

1-6 Identify several key points on the Celsius and Kelvin 1-12, 1-13 6a, 6b, 6¢ 100, 101, 102

temperature scales.

ANSWERS TO ASSESSING THE OBJECTIVES

PART A

EXERCISES

1-1(a) class 1—precise; class 2—neither; class 3—precise
and accurate

1-1(b) The data are precise, based on the consistency of
values. Without knowing what the chemical is and knowing
its exact boiling point, it is impossible to say whether or not
the data are accurate.

1-1(c) (a) four significant figures
(d) three

(b) two (c) two

1-1(d) The first balance would give four significant figures.
The second balance would give six significant figures. Which
one to buy really depends on the need for the extra preci-

sion versus the cost of the balance. In a teaching lab, it is
probably reasonable to purchase the cheaper balance. In a
research lab, the extra added precision is the more valuable
commodity.

1-2(a) (a) three significant figures (b) two (c) just one

1-2(b) (a) rounded to the tenths place
(c) hundredths place

(b) tens place

1-2(c) (a) 20.00 (b) 255 (c) 2.1

1-2(d) One very large error destroys the accuracy of many
precisely made measurements. The calculation with several
modestly precise measurements will probably be more
accurate.

1-3(a) (a) 3.45 X 10* (b) 5.40 X 10°° ()2 X 107!
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1-3(b) (a) 985,400,000 (b) 0.001400 (be sure to include
the trailing zeroes to show the precision in the number)
() 5.4 (10" = 1)

1-3(c) (a) 2.61 X 10° (b) 2.4 X 10°

EXERCISES

1-4(a) (a) kilogram (b) liter (c) Joule (d) Kelvin
1-a(b) (a) 10> (b) 1072 (c) 107 (d) 10°

1-4(c) The metric system is accepted worldwide. Each
prefix is 10 times larger or smaller than the one before it,

so changing from one unit to another is as easy as moving

a decimal. Each prefix can be applied to any unit, so less
memorization is required. It can easily be scaled up or down
as far as we need to go. The only real drawback might be
our lack of familiarity with it. Full immersion would take
care of this problem in a very short period of time.

1-5(a) (a) 1 kg/1000 g (b) 3600 s/hr (c) 1yd/36 in.
(d) 100 cm/m

1-5(b) (a) 11b/16 ozand 1 kg/2.2051b (b) 1in./2.54 cm
and 1 ft/12in. (c) 1 L/1000 mL and 1.057 qt/1 L

1-5(c) 15.5 mi

1-5(d) $8.96

1-5(e) At 75 beats per minute; 1.1 X 10° beats per day;
3.9 X 107 beats per year. Adjust up or down for your particu-
lar heart rate.

1-5(f) For the 2.0-L bottle, the cost is 1.6¢/0z. For the
six-pack, the cost is 2.6¢/0z. Buying soda in 2.0-L bottles is
about 40% cheaper. Of course, the downside is that it goes
flat faster, and cans are more convenient. Generally, as you
know, people buy 2.0-L bottles for parties and cans for indi-
vidual consumption.

1-6(a)

Fahrenheit Celsius Kelvin
Water boiling 212 100 373
Water freezing 32 0 273
Absolute zero —460 —273 0

1-6(b) 120°C; 393 K

1-6(c) The reason Fahrenheit has such odd numbers for
boiling and freezing is that it wasn’t based on those measure-
ments. Instead, it was based on two other specific points.

Is it a coincidence that body temperature is approximately
100°F? Consider checking Wikipedia for a number of possi-
ble sources.

Throughout the text, answers to all exercises in color are given in Appendix G. The more difficull exercises are marked with an asterisk.

Significant Figures (secTionN 1-1)

1-1. Which of the following measurements is the most precise?
(a) 75.2 gal (c) 75.22 gal
(b) 74.212 gal (d) 75 gal

1-2. How can a measurement be precise but not
accurate?

1-3. The actual length of a certain plank is 26.782 in.
Which of the following measurements is the most precise
and which is the most accurate?

(a) 26.5in.
(b) 26.8 in.

(c) 26.202 in.
(d) 26.98 in.

1-4. How many significant figures are in each of the follow-
ing measurements?

(@) 7030 g (d) 0.01 ft () 8200 km
(b) 4.0 kg (e) 4002 m (h) 0.00705 yd
(c) 4.011b (f) 0.060 hr

1-5. How many significant figures are in each of the follow-
ing measurements?

(a) 0.045 in. (d) 21.0 m (g) 0.0080 in.
(b) 405 ft (e) 7.060 qt (h) 2200 1b
(c) 0.340 cm (F) 2.0010 yd

1-6. What is the uncertainty in each of the measurements
in problem 1-4? Recall that the uncertainty is *1
expressed in the last significant figure to the right (e.g.,
5670 = =10).

1-7. What is the uncertainty in each of the measurements in
problem 1-5? Recall that the uncertainty is =1 expressed in
the last significant figure to the right.

Significant Figures in Mathematical Operations
(SECTION 1-2)

1-8. Round off each of the following numbers to three
significant figures.

(a) 15.9994 (e) 87,550
(b) 1.0080 (F) 0.027225
(c) 0.6654 (g) 301.4
(d) 4885

1-9. Round off each of the following numbers to two signif-
icant figures.

(a) 115 (f) 0.0396
(b) 27.678 (g) 1,557,000
(c) 37,500 (h) 321

(d) 0.47322

(e) 55.6
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1-10. Express the following fractions in decimal form to
three significant figures.

1 b4 5 7
(a) 4 (b) 5 (c) 3 (d) o

1-11. Express the following fractions in decimal form to
three significant figures.

2 2 5 13
(a) 3 (b) 5 (c) 3 (d) Y

1-12. Without doing the calculation, determine the uncer-
tainty in the answer (e.g., if the answer is to two decimal
places, uncertainty = =0.01).

(a) 12.34 + 0.003 + 1.2
(b) 26,000 + 450 + 132,500

(c) 45.66 + 12 + 0.002
(d) 0.055 + 13.48 + 1.202

1-13. Without doing the calculation, determine the uncer-
tainty in the answer.

(a) 13,330 + 0.8 + 1554
(b) 0.0002 + 0.164 + 0.00005

(c) 14,230 + 34 + 1932
(d) 567 + 7 + 47

1-14. Carry out each of the following operations. Assume
that the numbers represent measurements, and express the
answer to the proper decimal place.

(d) 47 + 0.91 — 0.286
(e) 0.125 + 0.71

(@) 14.72 + 0.611 + 173
(b) 0.062 + 11.38 + 1.4578
(c) 1600 — 4 + 700

1-15. Carry out each of the following operations. Assume
that the numbers represent measurements and express the
answer to the proper decimal place.

(@) 0.013 + 0.7217 + 0.04 () 35.48 — 4 + 0.04
(b) 15.3 + 1.12 — 3.377 (d) 337 + 0.8 — 12.0

1-16. A container holds 32.8 qt of water. The following
portions of water are then added to the container:

0.12 qt, 3.7 qt, and 1.266 qt. What is the new volume of
water?

1-17. A container holds 3760 1b (three significant fig-
ures) of sand. The following portions are added to the
container: 1.8 1b, 32 Ib, and 13.55 1b. What is the final
mass of the sand?

1-18. Supply the missing measurements.

(a) 6.03 (d) 0.5668
+ ( ) —( )
18.0 0.122
(b) ( ) (e) 0.0468
+09 + ( )
138 3.25
(c) ( ) (f 479
+ 0.48 —( )
192 45.0

1-19. Supply the missing measurements.

(a) 98.732 @ )
+ ( ) + 0.0468
98.780 2.997
(b) 98.732 (e) 9.05
R G | + )
98.90 11.6
(©) 98.732 () 0.0377
+ ) )
99.7 0.16

1-20. Without doing the calculation, determine the
number of significant figures in the answer from the
following.

(a) 0.59 X 87 X 23.0 176 X 0.20
© 3345
17.0 :
® 953 @ 030 % 2242
0.03

1-21. Without doing the calculation, determine the num-
ber of significant figures in the answer from the following.

0.4005 X 1.2236

135,200 X 0.330

(@) 1352 ©) 50821 x 2985
0.0303 9344 X 0.050

®) 5092 @ ~5.006 x 75

1-22. Supply the missing measurements.

(a) 22.4 X () = 1386 (e) 878.8/() =221
(b) 22.400 X () = 135.5 (f) 878.8/() =221.2
(c) 6.482 X () =559 (g) 0.7820/() = 1.534
(d) 7X () =50

1-23. Supply the missing measurements.

(a) 0.515 X () =1.65 (d) ()/0.22 =110
(b) 0.517 X () = 0.04 (e) 25.1/() =114
(c) 6.482 X () = 55.90 (f) 0.782/() =15

1-24. Carry out the following calculations. Express your answer
to the proper number of significant figures. Specify units.
4.386 cm®

(a) 40.0 cm X 3.0 cm (c)
2 cm

14.65 in. X 0.32 in.
2.00 in.

(b) 179 ft X 2.20 ft (d)

1-25. Carry out the following calculations. Express your answer
to the proper number of significant figures. Specify units.

43 m?
(a) ?).051 (¢) 0.0575 in. X 21.0 in.
1.84 yd X 42.8 yd
(b) 3.0 ft X 472 ft @ —— "

0.8yd
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*1-26. Carry out the following calculations. Express your
answer to the proper number of significant figures or deci-
mal places.

146
(a) 93 + 75.0 (c) (12.688 — 10.0) X (7.85 + 2.666)

(b) (157 — 112) X 25.6

1-27. Carry out the following calculations. Express your answer
to the proper number of significant figures or decimal places.
(a) (67.43 X 0.44) — 23.456

(b) (0.22 + 12.451 + 1.782) X 0.876

(c) (1.20 X 0.8842) + (7.332 X 0.0580)

Scientific Notation (secTioN 1-3)

1-28. Express the following numbers in scientific notation
(one digit to the left of the decimal point).

(a) 157 (e) 0.0349
(b) 0.157 () 32,000
(c) 0.0300 (g) 32 billion

(d) 40,000,000
(two significant figures)

(h) 0.000771
(i) 2340

1-29. Express the following numbers in scientific notation
(one digit to the left of the decimal point).

(a) 423,000 (f) 82,000,000

(b) 433.8 (three significant
fi

(c) 0.0020 igures)

(d) 880 (g) 75 trillion

(e) 0.00008 (h) 0.00000106

1-30. Using scientific notation, express the number
87,000,000 to (a) one significant figure, (b) two significant
figures, and (c) three significant figures.

1-31. Using scientific notation, express the number
23,600 to (a) one significant figure, (b) two significant fig-
ures, (c) three significant figures, and (d) four significant
figures.

1-32. Express the following as ordinary decimal
numbers.

(a) 4.76 x 107*
(b) 6.55 X 103
(c) 788 X 107°

(d) 0.489 X 10°
(e) 475 X 1072
(f) 0.0034 x 1073

1-33. Express the following as ordinary decimal
numbers.

(a) 64 X 1073
(b) 8.34 x 10°

(¢) 0.022 x 10*
(d) 0.342 X 1072

1-34. Change the following numbers to scientific notation
(one digit to the left of the decimal point).

(a) 489 X 107° (d) 571 x 107*
(b) 0.456 X 107* (e) 4975 X 10°
(c) 0.0078 x 10° (f) 0.030 x 1072

1-35. Change the following numbers to scientific notation.
(a) 0.078 X 1078 (d) 280.0 X 108

(b) 72,000 X 1075 (e) 0.000690 x 10717

(c) 3450 X 10'° (f) 0.0023 x 10°

1-36. Order the following numbers from the smallest to
the largest.

(a) 12 (d) 0.084 X 102 (g) 0.0022
(b) 0.042 X 107®  (e) 3.7 X 10°
(c) 48 x 10° (f) 8.6 X 107

1-37. Order the following numbers from smallest to largest.

(a) 0.40 X 10? (d) 4.8 X 10° (g) 2.7 X 107*
(b) 40 x 10* (e) 510 X 10?
(c) 0.077 X 1072 (f) 8.9

1-38. Carry out each of the following operations. Assume
that the numbers represent measurements, so the answer
should be expressed to the proper decimal place.

(@) (1.82 X 107% + (0.037 X 107 + (14.11 X 107%

(b) (13.7 X 10% — (2.31 X 10% + (116.28 X 10°)

(c) (0.61 X 1075 + (0.11 X 107% + (0.0232 X 107%)
(d) (372 X 10'%) + (1200 X 10'%) — (0.18 x 10'%)
1-39. Carry out each of the following operations. Assume

that the numbers represent measurements, so the answer
should be expressed to the proper decimal place.

(a) (1.42 X 1071% + (0.17 X 1071% — (0.009 X 10719
(b) (146 X 10%) + (0.723 X 10'% + (11 X 10%)
(c) (1.48 X 1077) + (2911 X 107%) + (0.6318 X 107%)
(d) (299 X 10'% + (823 x 10%) + (0.75 x 10'h

1-40. Carry out the following calculations.

10%

10° x 10* —

(a) (©) 100
_ 10* x 1078
(b) 105 x 107° (d) EET=CE

1-41. Carry out the following calculations.

@ 108 © 10'% x 10712

Y 1078 ¢ 10°*
102 x 1074

b) —— d) 10! x 10728

(®) 10'7 x 108 )

1-42. Carry out each of the following operations. Assume that
the numbers represent measurements, so the answer should be
expressed to the proper number of significant figures.

(@) (149 x 10% X (0.21 X 10%)
14

(c) (6 X 10% X (6 X 10%

(d) (0.1186 X 105 X (12 X 107%)

18.21 x 10710

© 50712 x 10°
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1-43. Carry out each of the following operations. Assume that
the numbers represent measurements, so the answer should be
expressed to the proper number of significant figures.

(@ (76.0 X 107) X (0.6 X 10%)
(b) (7 X 107°) X (7.0 X 107%)

© 0.786 X 1077
o) 2706 x 10 7
0.47 X 107
3798 x 10"
(d)

0.00301 X 10'?
(e) (0.06000 X 10'8) X (84,921 X 1079

1-44. Supply the missing measurement. Express in scientific
notation.

(a) (4.0 X 10'%) /( )y =20
) ( ) X (518 X 107%) = 1.9 x 10°

(¢) (6.0 X 10% X ( ) = 3.6 X 107
(d) (4.0 X 10'%) /( ) =2 x 10*
(e) (8.520 X 107%) X ( )y =16

1-45. Supply the missing measurement. Express in scientific
notation.

(@) ( Y/ (7.890 X 10°) = 1.552

(b) ( )/ (7.50 X 10%) = 1.20 x 10716
(c) (9.00 X 107'%) /( ) = 3.0 X 10"
(d) (9.0 X 10% X ( )y =8 % 10°

(e) (8.002 X 10'%) /( )y =8 X 10°

1-46. Supply the missing measurement. Express in scientific
notation.
@ ( )/(5.32 X 10") = 3.4 X 10°

(b) (8.55 X 10'%) /( y =2 x 108
(c) (8.55 X 10'%)/( ) = 4.13
(d) (9.00 X 10%) x ( )y = 8.1 % 10°

Length, Volume, and Mass in the Metric System
(SECTION 1-4)

1-47. Write the proper prefix, unit, and symbol for the
following. Refer to Tables 1-2, 1-3 and 1-4.

(@) 107°L (¢) 107%] (e) 10°¢g
. R o
(b) 10%*g @ 750 ™ (f) 10" Pa

1-48. Write the proper prefix, unit, and symbol for the
following. Refer to Tables 1-2, 1-3, and 1-4.

R

10° L 107°

(@) m (©) 1000 (e) m
1

107° s ——mol
(b) 10~ g (d) 10°s ) 1000 mo
1-49. Complete the following table.

mm cm m km

Example 108 10.8 0.108 1.08 X 107*
(a) 7.9 X 10°
(b) 56.4
(c) 0.250

1-50. Complete the following table.

mg G kg
(a) 8.9 x 10°
(b) 25.7
() - - 1.25

1-51. Complete the following table.

mL L kL
(a) 6.8

(b) 0.786 o
(c) 4452 _

Conversions Between Units of Measurement
(SECTION 1-5)

1-52. Which of the following are “exact” relationships?

(a) 12 =1doz (d) 1.06qt =1L
(b) 1gal = 3.78 L (e) 10°m = 1km
(c) 3ft=1yd (f) 454g=11b

1-53. How many significant figures are in each of
the following relationships? (If exact, the answer is
“infinite.”)

(@) 10°m = lkm
(b) 4 qt =1 gal
(c) 28.38g=1o0z

(d) 1.609 km = 1 mi

(e) 1gal =38L

() 2pt=1qt

1-54. Write a relationship in factor form that would
be used in making the following conversions. Refer to
Table 1-4.
(a) mgtog
(b) m to km

(c) cLtoLL

(d) mm to km (two factors)
1-55. Write a relationship in factor form that would be used
in making the following conversions. Refer to Table 1-4.

(a) kL to L
(b) mgtog

(c) kg to mg (two factors)
(d) cg to hg (two factors)

1-56. Write a relationship in factor form that would be

used in making the following conversions. Refer to Tables
1-1 and 1-5.
(a) in. to ft (d) Ltoqt
(b) in. to cm (e) ptto L (two steps)

(c) mi to ft
1-57. Write a relationship in factor form that would be used
in making the following conversions. Refer to

Tables 1-1 and 1-5.
(a) qtto gal

(b) kg tolb

(c) galto L

(d) ft to km (three steps)
1-58. Convert each of these measurement to a unit in the
same system that will produce a number between 1 and 100
(e.g., 150 cm converts to 1.5 m).
(@) 4.7 X 10" mL =

(b) 98 X 10 °km =

(c) 9780 ft =

() 9.2 X 10" nm =
(F) 1725 qt =
(g) 32 X 102 mg =
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1-59. Convert each of these measurements to a unit in
the same system that will produce a number between 1
and 100.

(a) 9.5 X 10* 0z =
(b) 1548 in. =

(c) 8.22 X 10° mm =
(d) 652 X 1077 KL =

() 49 X 10° cm =
(f) 2.52 X 102 pt =
(g) 1.5 X 10 mg =

1-60. Complete the following table.

mi ft m km
(a) 7.8 X 10°
(b)  0.450
() 8.98 x 10°
(d) 6.78

1-61. Complete the following table.

gal qt L
(a) 6.78
(b) 670
(c) 7.68 X 10°

1-62. Complete the following table.

1b g kg
(a) 0.780
(b) 985
(c) 16.0

1-63. If a person has a mass of 122 1b, what is her mass in
kilograms?
1-64. The moon is 238,700 miles from Earth. What is this

distance in kilometers?

1-65. A punter on a professional football team averaged
28.0 m per kick. What is his average in yards? Should he be
kept on the team?

1=-66. A can of soda has a volume of 355 mL. What is this
volume in quarts?

1-67. If a student drinks a 12-oz (0.375-qt) can of soda,
what volume did she drink in liters?

1-68. The meat in a “quarter-pounder” should weigh 4.00 oz.

What is its mass in grams?

1-69. A prospective basketball player is 6 ft 10% in. tall and
weighs 212 1b. What are his height in meters and his weight
in kilograms?

1-70. Gasoline is sold by the liter in Europe. How many
gallons does a 55.0-L. gas tank hold?

1-71. If the length of a football field is changed from

100 yd to 100 m, will the field be longer or shorter than the
current field? How many yards would a “first and ten” be on
the metric field?

1-72. Bourbon used to be sold by the “fifth” (one-fifth
of a gallon). A bottle now contains 750 mL. Which is
greater?

1-73. A marathon runner must cover 26 mi 385 yd. How
far is this in kilometers?

1-74. If the speed limit is 65.0 mi/hr, what is the speed
limit in km/hr?

1-75. Mount Everest is 29,028 ft in elevation. How high is
this in kilometers?

1-76. It is 525 mi from St. Louis to Detroit. How far is this
in kilometers?

1-77. A small pizza has a diameter of 9.00 in. What is this
length in millimeters?

1-78. Gasoline sold as low as $0.899 per gallon in 2001.
(That’s hard to believe.) What was the cost per liter? What
did it cost to fill an 80.0-L tank in the good old days? In
2008, the price was $3.759 per gallon. What did it cost to fill
the 80.0-L tank in 2008?

1-79. At the price of gas in the preceding problem (in
2008), how much does it cost to drive 551 mi if your car aver-
ages 21.0 mi/gal? How much does it cost to drive 482 km?

1-80. Using the information from the two preceding prob-
lems, how many kilometers can you drive for $75.00?

1-81. An aspirin contains 0.324 g (5.00 grains) of aspirin.
How many pounds of aspirin are in a 500-aspirin bottle?

1-82. A hamburger in Canada sold for $4.55 (Canadian
dollars) in 2002. The exchange rate at that time was $1.56
Canadian per one U.S. dollar. (In 2008, they were about
even.) What was the cost in U.S. dollars?

1-83. A certain type of nail costs $0.95/1b. If there are 145
nails per pound, how many nails can you purchase for $2.50?

1-84. Another type of nail costs $0.92/1b, and there are
185 nails per pound. What is the cost of 5670 nails?

1-85. If a hybrid automobile gets 38.5 mi/gal of gasoline
and gasoline costs $3.759/gal, what would it cost to drive
858 km? How much would it cost if the car is an SUV that
gets only 18.5 mi/gal?

1-86. If a train travels at a speed of 85 mi/hr, how many
hours does it take to travel 17,000 ft> How many yards can it
travel in 37 min?

1-87. If grapes sell for $2.15/1b and there are 255 grapes
per pound, how many grapes can you buy for $8.15?

1-88. A high-speed train in Europe travels 215 km/h.
How long would it take for this train to travel nonstop from
Boston to Washington, D.C., which is 442 miles?

1-89. The exchange rates among currencies vary from
day to day and are usually expressed with up to five signifi-
cant figures. The new currency in Europe since the begin-
ning of 2002 is the Eurodollar (or simply the “euro”).

It began trading at about 1.12 euros per U.S. dollar.

(a) What was the cost in euros of a sandwich that would
cost $6.50 in the United States? (b) What was the cost

in U.S. dollars of 1 liter of wine in France that sold for
12.65 euros? The exchange rate in 2008 was $1.46/euro.
(c) What is the cost in dollars for 1 liter of wine that now
sells for 15.58 euros?
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1-90. The traditional pound as well as the euro is used in
Britain. The British pound traded for 0.592 pound per U.S.
dollar in 2008. What is the current conversion rate between
the pound and the euro using the conversion rate between
the dollar and euro? If an automobile sells for 25,500 euros
in Germany, how much would it cost in pounds?

1-91. In Mexico, the peso exchanged for 10.92 pesos per
U.S. dollar in 2008. What is the cost in dollars for a Corona
beer that sells for 25.0 pesos in Cancun? What would it cost
in euros and in British pounds? (See the previous two
problems.)

*1-92. At a speed of 35 mi/hr, how many centimeters do
you travel per second?

*1-93. The planet Jupiter is about 4.0 X 10® mi from
Earth. If radio signals travel at the speed of light, which is
3.0 X 10'° cm/s, how long would it take a radio command
from Earth to reach a spacecraft passing Jupiter?

Temperature (SECTION 1-6)

1-94. The temperature of the water around a nuclear reac-
tor core is about 300°C. What is this temperature in degrees
Fahrenheit?

1-95. The temperature on a comfortable day is 76°F. What
is this temperature in degrees Celsius?

1-96. The lowest possible temperature is —273°C and is
referred to as absolute zero. What is this temperature in
degrees Fahrenheit?

1-97. Mercury thermometers cannot be used in cold arctic
climates because mercury freezes at —39°C. What is this tem-
perature in degrees Fahrenheit?

1-98. The coldest temperature recorded on Earth was
—110°F. What is this temperature in degrees Celsius?

1-99. A hot day in the U.S. Midwest is 35.0°C. What is this
in degrees Fahrenheit?

1-100. Convert the following Kelvin temperatures to
degrees Celsius.

(@) 175K (d) 225 K

(b) 295 K (e) 873K

(c) 300 K

1-101. Convert the following temperatures to the Kelvin
scale.

(a) 47°C (d) —12°C

(b) 23°C (e) 656°F

(c) —73°C ) —20°F

1-102. Make the following temperature conversions.
(a) 37°Cto K (d) 127 K to °F

(b) 135°Cto K (e) 100°F to K

(c) 205 K to °C () —25°CtoK

*1-103. At what temperature are the Celsius and
Fahrenheit scales numerically equal?

General Problems

1-104. Carry out the following calculations. Express the
answer to the proper number of significant figures.

12.61 + 0.22 + 0.037

@ 0.04

(b) 0.333 g X (23.60 + 1.2) cm
6.986 g

(c)

(13.68 — 12.48)mL
44.35 + 0.03 + 0.057
92.35 — 20.018

(d)

1-105. Write in factor form the two relationships needed
to convert the following.
(a) mgtolb

(b) L to pt

1-106. Convert 5.34 X 10'° ng to pounds.
1-107. Convert 7.88 X 10~* mL to gallons.

1-108. If gold costs $720/0z, what is the cost of 1.00 kg of
gold? (Metals are traded as troy ounces. There are exactly 12
troy ounces per troy pound, and one troy pound is equal to

373 g, to three significant figures.)

(¢) hm to mi
(d) cm to ft

1-109. Construct unit factors from the following informa-
tion: A 82.3-doz. quantity of oranges weighs 247 Ib.

(a) What is the mass per dozen oranges?
(b) How many dozen oranges are there per pound?

1-110. A unit of length in horse racing is the furlong.
The height of a horse is measured in hands. There are
exactly 8 furlongs per mile, and 1 hand is exactly 4 inches.
How many hands are there in 12.0 furlongs? (Express the
answer in standard scientific notation.)

1-111. The unit price of groceries is sometimes listed in
cost per ounce. Which has the smaller cost per ounce: 16 oz
of baked beans costing $1.45 or 26 oz costing $2.10?

1-112. A cigarette contains 11.0 mg of tar. How many
packages of cigarettes (20 cigarettes per package) would
have to be smoked to produce 0.500 1b of tar? If a person
smoked two packs per day, how many years would it take to
accumulate 0.500 Ib of tar?

1-113. An automobile engine has a volume of 306 in.”.
What is this volume in liters?

1-114. A U.S. quarter has a mass of 5.70 g. How many
dollars is 1 pound of quarters worth?

1-115. The surface of the sun is at a temperature of
about 3.0 X 107°C. What is this temperature in degrees
Fahrenheit? In kelvins?

1-116. In Saudi Arabia, gasoline costs 30.0 hillala per liter.
If there are exactly 100 hillalas in 1 ryal and 1 ryal
exchanges for about 25.0 cents (U.S.), what is the cost in
cents/gal?

*1-117. If snow were piled up by 1.00 ft on a roof 30.0 ft X
50.0 ft, what would be the mass of snow on the roof in
pounds and in tons? Assume that 1 ft* of snow is equivalent
to 0.100 ft® of water and that 1 ft® of water has a mass of
62.0 1b.
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Accuracy and Precision

Purpose: To make measurements that illustrate the difference
between precision and accuracy. (Work in groups of three to five.
Estimated time: 15 min.)

Equipment: 2 disposable pipettes per group. One small
graduated cylinder per group.

1.

Each person in the group counts the number of drops
from one of the pipettes needed to fill the graduated
cylinder to the 5.0-mL line. (If there are only three in a
group, each person should do this twice.)

. Determine how precise your four to six measurements

are. If any value is dramatically different from the others,
it should be discarded.

STUDENT WORKSHOP

. Use all the good measurements to determine the average

volume per drop.

. Calculate how many drops it would take to fill the gradu-

ated cylinder to 8.0 mL.

. Perform the experiment twice, once with each pipette.

Count out the number of drops that was calculated in
(4). What is the measured volume? Was the calculation
correct for the first pipette? Do the results for the second
pipette indicate that most disposable pipettes deliver
approximately the same volume per drop?

. Calculate the number of drops in 1 oz.
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Elements
and Compounds

diamond is a pure form of
A an element carbon. It is
composed of atoms arranged in a

specific geometric arrangement.
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SETTING THE STAGE Inearly 2004, two small
rovers named Spirit and Opportunity began their historic
exploration on opposite sides of the dry, harsh surface of the
planet Mars. Their primary mission was to explore this bar-
ren landscape for signs of the familiar substance we know as
water. Apparently their mission was successful; photos and
analysis of nearby rock formations did indeed indicate that
water had at one time been present in the form of a lake or
shallow ocean. At the time of this writing the journey of the
rovers has continued in late 2008, sending back more and
more important information. In fact, spacecraft sent to Mars
decades ago relayed photos showing channels that must
have been formed from a flowing liquid. Since then, we have
wondered whether, at one time, conditions on Mars may
have allowed liquid water to exist on its surface much like it
does on Earth today. If so, then there is a reasonable chance
that some elementary form of life may have existed on Mars
and perhaps still does below the surface. Water is a neces-
sary component for the formation of living creatures. It is
the medium in which other substances can rearrange and
combine into the most basic forms of living creatures.

Water is just one example of matter. Matter is defined as
anything that has mass and occupies space. Mars, the
moon, and all of the flickering stars in the night sky are all
composed of the same kinds of matter that we find on Earth.
The forms of matter that we see on Earth are often
changing. Plants grow, die, and decay; rocks weather,
crumble, and become part of the fertile soil of the plains or
deposits in the oceans. These changes are also the domain
of chemistry. Chemistry can be defined as the study of
matter and the changes it undergoes.

There are basically two types of matter—elements and
compounds. In Part A in this chapter we will discuss
elements, which are the most basic form of visible matter.

In Part B we will explore the more complex form of matter,
compounds. In both parts we begin our discussion with the
matter that we can see in front of us (the macroscopic) and
then delve into the unseen world within the matter (the
microscopic).
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PART A

SETTING A GOAL

You will become familiar with the basic components of

OBJECTIVES

2-1 (a) Distinguish between elements and compounds.
(b) Match the names and symbols of common elements.

matter and the properties that make each type of 2-2 List the postulates of the atomic theory.

matter unique.

P> OBJECTIVES FOR
SECTION 2-1

(a) Distinguish between elements

and compounds. (b) Match the

names and symbols of common

elements.

2-3 List the components of an atom and their relative
masses, charges, and location in the atom.

2-4 (a) Define the terms atomic number, mass number,
and isotope. (b) Using the table of elements, determine
the number of protons, neutrons, and electrons in any
isotope of an element. (c) Demonstrate how the atomic
mass of an element is determined from isotopes and their
percent abundance

-1 THE ELEMENTS

LOOKING AHEAD! Many of the most basic forms of matter—the
elements—are familiar to us, but some are not. The names and symbolic
representation of the elements are the first topics that we will discuss. =

1)

At first glance, the world around us seems so complex. However, we can simplify our
understanding by organizing it into general classifications. Many sciences group their
disciplines into categories. For example, biology is divided into the study of plants
(the flora) and animals (the fauna.) Geology divides its study into the continents
and the oceans. The matter we study in chemistry can also be placed into one of
two categories.

All of the matter that we see around us from the contents of your room to the far-
thest stars in space is essentially composed of fewer than 90 unique substances called
elements. Because it cannot be broken down into simpler substances, an element is the most
basic form of matter that exists under ordinary conditions. The more complex forms of mat-
ter are known as compounds. A compound is a unique substance that is composed of two
or more elements that are chemically combined. When we say chemically combined we do
not mean merely a mixture of elements. Rather, the elements are intimately joined
together into a unique form of matter that is distinct from the elements that com-
pose the compound. We will return to a discussion of compounds in Part B.

2-1.1 Free Elements in Nature

Only a few elements are found around us in their free state; that is, they are not
combined with any other element. The shiny gold in a ring, the life-supporting oxy-
gen in air, and the carbon in a sparkling diamond are examples of free elements.
(See Figure 2-1.)

Other free elements that we have put to use include the aluminum in a can and
the iron in a bridge support. These elements were not originally found in the free
state in nature but in compounds containing other elements. (A small amount of
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FIGURE 2-1 Some Elements Found in Nature Three elements found in their free state
are diamond (left), oxygen, and gold nuggets (right).

iron is found in the free state in certain meteorites.) In most cases, elements are
extracted from their compounds by rigorous chemical processes.

2-1.2 The Names of Elements

The names of elements come from many sources. Some are derived from Greek, Latin,
or German words for colors—for example, bismuth (white mass), iridium (rainbow),
rubidium (deep red), and chlorine (greenish-yellow). Some relate to the locality where
the element was discovered (e.g., germanium, francium, and californium). Four elements
(yttrium, erbium, terbium, and ytterbium) are all named after a town in Sweden (Ytterby)
near where they were discovered. Other elements honor noted scientists (e.g., einsteini-
um, fermium, and curium) or mythological figures (e.g., plutonium, uranium, titanium,
and mercury.) Many of the oldest known elements have names with obscure origins.

2-1.3 The Distribution of the Elements

In the Prologue, we traced the origins of the elements from the big bang to the cur-
rent day on our comfortable planet, Earth. The original universe was composed of
just three elements, hydrogen (90%), helium (10%), and just a trace of lithium. For
the last 14 billion years, all the other elements have been produced from the orig-
inal hydrogen in the cores of billions of stars and from the supernova explosions at
the end of the stars’ lives. Still, since the beginning of time, the abundances of the
elements have changed little. In fact, all of this solar activity has converted only about
0.25% of the mass of the universe into elements heavier than helium. Fortunately,
that was enough to form the solid earth on which we exist.

Earth and the other planets were formed 4.5 billion years ago from the debris of
earlier stars. There is comparatively little hydrogen and helium on Earth, although
these elements are predominant in the universe as a whole. Figure 2-2a shows the
relative abundances of the elements present in Earth’s crust in percent by weight.
The crustis the outer few miles of the solid surface plus the oceans and atmosphere.
Since the core of this planet is mostly iron and nickel, these two elements are more
plentiful for Earth as a whole. However, the crust is the region from which we can
most easily acquire all our natural resources. It is therefore more meaningful to us
to evaluate the distribution of elements found there. Notice that of all the elements,
just the top 10 constitute 99% of the mass of the crust. Similarly, consider the human
body. Over 96% of the mass of our bodies is composed of only four elements: oxy-
gen, carbon, nitrogen, and hydrogen. This is shown in Figure 2-2b.
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Titanium (Ti) 0.86%

Potassium (K) 1.68%

Sodium (Na) 2.32%
Magnesium (Mg) 2.77%
Calcium (Ca)

Hydrogen (H) 0.14%
Manganese (Mn) 0.10%
Phosphorus (P) 0.10%
All other elements 0.77%

5.06%
Iron (Fe)
‘5-8 % Oxygen (O)
Aluminum (Al) 45.2%
8% '

Continental
crust

Silicon (Si)
27.2%

The 11 bulk elements Oceanic

O Oxygen (O) 64.6% crust
Carbon (C) 18.0%

Hydrogen (H) 10.0%

Y Nitrogen (N) 3.1%
/ Calcium (Ca) 1.9%
// Phosphorus (P)  1.1% (a)
— Chlorine (Cl)
~— *Jj VV Potassium (K)
—— - Sulfur (S) 1.2%

Sodium (Na)
— Magnesium (Mg)

Trace elements

— lodine (1)

Iron (Fe)

Zinc (Zn)

Copper (Cu

( TABLE 2-1 ) Ma?lgan(ese)(Mn) 0.1%

Some Common Elements Nickel (Ni)

Cobalt (Co)
SLemEnT  svmsor T andothers
Aluminum Al
Bromine Br (b)
Calcium Ca FIGURE 2-2 The Distribution of the Elements Most of Earth’s crust is composed of
Carbon C surprisingly few elements. (a) The human body is composed mostly of just three elements. (b)
Chlorine Cl
Chromium Cr
Fluorine F
Helium He
Hydrogen H
lodine I 2-1.4 The Symbols of the Elements
Magnesium Mg
Nickel Ni An element can be conveniently identified by a symbol. A symbol is usually the
Nitrogen N Jirst one or two letters of the element’s English or Latin name. When an element has a two-
Oxygen o) letter symbol, the first is capitalized but the second is not. The table on the inside
Phosphorus P cover of the text includes a complete list of elements along with their symbols.
Silicon Si Some common elements and their symbols are listed in Table 2-1. The symbols
Sulfur § of some common elements are derived from their original Latin names (or, in
e 7 the case of tungsten, its German name—Wolfram). The symbols of these ele-

ments are listed in Table 2-2.
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( TABLE 2-2

) Elements with Symbols from Earlier
or Alternate Names

et S SYMBOL ... FORMERLATIN NAME .
Antimony Sb Stibium
Copper Cu Cuprum
Gold Au Aurum

Iron Fe Ferrum
Lead Pb Plumbum
Mercury Hg Hydragyrum
Potassium K Kalium
Silver Ag Argentum
Sodium Na Natrium

Tin Sn Stannum
Tungsten W Wolfram

D 2

1T

Iridium, the Missing Dinosaurs, and the Scientific Method

The dinosaurs such as the T-rex
probably had a catastropic end.

“It's elementary, my dear
Watson! If Sherlock Holmes
had been on the case of the
missing dinosaurs, that
statement would have been
brilliant. The first major clue
was indeed “elementary” or,
more specifically,
“elemental!’ Iridium is a very
rare element found on
Earth’s surface. Four billion
years ago the Earth was

molten, and most iridium (which is very dense) sank deep
into the interior. However, matter from space including

meteors, asteroids, and comets also contain comparatively
high amounts of this element. The following application of
the scientific method, as discussed in the Prologue, provides
us with a theory of how the element iridium is connected to
the extinction of the dinosaurs.

In 1979, American scientists discovered a thin layer of
sediment in various locations around the world that was
deposited about 65 million years ago, coincidentally the
same time frame in which the dinosaurs became extinct.
Indeed, there were dinosaur fossils below that layer but
none above. Interestingly, that layer contained comparatively
high amounts of iridium. Scientists proposed that this layer

contained the dust and debris from a collision of a huge
asteroid or comet (about 6 miles in diameter) with Earth.
They concluded that a large cloud of dust must have
formed, encircling Earth and completely shutting out the
sunlight. A bitter cold wave followed, and most animals and
plants quickly died. A hypothesis (a tentative explanation of
facts) was proposed that the dinosaurs must have been
among the casualties. After many months the dust settled,
forming a thin layer of sediment. Scientists further proposed
that small mammals and some reptiles had survived and
inherited the planet.

More information has since been discovered to support
the original hypothesis. Perhaps most important was the
discovery in 1991 of a huge impact crater near the Yucatan
Peninsula in Mexico. The crater, 110 miles wide, is buried
miles under the ocean surface and was formed about 65
million years ago, evidence that surely a huge asteroid or
comet had collided with Earth. Since it landed in the ocean,
huge tidal waves must have formed. Evidence of waves over
1 mile high has been found in North and Central America.

Based on all the evidence, most scientists have now
embraced the originally proposed hypothesis as a plausible
theory (a well-established hypothesis). Apparently, the end
of the dinosaurs was sudden and dramatic. Now, instead of
worrying about a nasty Tyrannosaurus Rex lurking in the
forest, we can instead worry about collisions with asteroids!
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ASSESSING THE

OBJECTIVES FOR
SECTION 2-1

p>OBJECTIVE FOR
SECTION 2-2

List the postulates of the atomic

theory.

EXERCISE 2-1(a) KNOWLEDGE: The following chemicals are either
elements or compounds. Which are elements and which are compounds?

(a) tin (b) baking soda (c) water (d) quartz (e) mercury
EXERCISE 2-1(b) KNOWLEDGE: Provide the symbols for the following
elements.

(a) copper (b) sulfur (¢) calcium

EXERCISE 2-1(c) KNOWLED G E: Provide the name of the element from
its symbol.

(a) Pb (b) P (c¢) Na

EXERCISE 2-1(d) ANALYSIS: There are nearly 120 different elements.

Would you expect the number of compounds to be roughly the same, slightly more,
or significantly more than that?

EXERCISE 2-1(e) SYNTHESIS: What might you assume about the possibil-
ity of finding elements in their free state based on the name being of Latin origin?

EXERCISE 2-1(f) SYNTHESIS: How could you tell if an unknown sub-
stance was an element or a compound?

For additional practice, work chapter problems 2-1, 2-5, 2-7, and 2-32.

2_2 THE COMPOSITION OF ELEMENTS:

ATOMIC THEORY

LOOKING AHEAD! We are now ready to look deeper into the composition of
the elements. We will see that they are composed of basic particles called atoms. =

~

Our modern understanding of the particulate nature of matter actually had its
beginning over 2000 years ago. A Greek philosopher named Democritus suggest-
ed that all matter is like grains of sand on a beach. In other words, he proposed
that matter is composed of tiny indivisible particles that he called atoms. However,
as recently as two centuries ago, the idea of matter being composed of atoms
was not accepted. Most knowledgeable scientists thought that a sample of an ele-
ment such as copper could be divided (theoretically) into infinitely smaller
pieces without changing its nature. In other words, they believed that matter was
continuous.

2-2.1 The Atomic Theory

In 1803 an English scientist named John Dalton (1766-1844) proposed a theory of
matter based on the original thoughts of Democritus. His ideas are now known as
atomic theory. The major conclusions of atomic theory are as follows:

® Matter is composed of small, indivisible particles called atoms.

e Atoms of the same element are identical and have the same properties.

® Chemical compounds are composed of atoms of different elements com-
bined in small whole-number ratios.

® Chemical reactions are merely the rearrangement of atoms into different
combinations
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The atomic theory is now universally accepted as our cur-
rent view of matter. Thus, we may define an atom as the
smallest fundamental particle of an element that has the proper-
ties of that element.

Democritus’ proposal 2000 years ago was simply the
product of his own rational thought. Dalton’s theory was
a brilliant and logical explanation of many experimental
observations and laws that were known at the time but had
not been explained. One of these laws, the law of conser-
vation of mass, will be discussed in the next chapter.

Why are we so sure that Dalton was right? Besides the
overwhelming amount of indirect experimental evidence,
we now have direct proof. In recent years, a highly sophis-
ticated instrument called the scanning tunneling micro-
scope (STM) has produced images of atoms of several
elements. Although these images are somewhat fuzzy, they
indicate that an element such as gold is composed of
spherical atoms packed closely together, just as you would
find in a container of marbles all of the same size. (See
Figure 2-3.)

FIGURE 2-3 STM of the Atoms of an Element
The atoms are shown in an orderly pattern.

2-2.2 The Size of an Atom

When we look at a small piece of copper wire, it is hard to imagine that it is not con-
tinuous. This is because it is so difficult to comprehend the small size of the atom.
Since the diameter of a typical atom is on the order of 0.00000001 cm (108 em), it
would take about 10 quadrillion atoms to appear as a tiny speck. The piece of cop-
per wire is like a brick wall: from a distance it looks completely featureless, but up
close we notice that it is actually composed of closely packed basic units.

EXERCISE 2-2(a) KNOWLEDGE: Fill in the blanks.

An is composed of small, indivisible particles called

Atoms of the same are identical and have the same .
Chemical are composed of atoms of different elements combined in
small ratios. Chemical are rearrangements of into

different combinations.

EXERCISE 2-2(b) ANALYSIS: Are each of the following statements sup-
ported by any of Dalton’s postulates?

(a) Any chemical experiment on an element should always yield the same result.
(b) Any two elements will always form the same compound.
(c¢) There is a limit to how far a substance can be divided.

(d) All atoms involved before a chemical reaction are there after the chemical
reaction.

EXERCISE 2-2(c) SYNTHESIS: The ideas of Democritus and Dalton are
very similar. Why, then, is Dalton considered the father of modern chemistry? Why
is Dalton’s statement of his ideas superior to that of Democritus?

For additional practice, work chapter problem 2-8.
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> SEcTion 2-5 2-3 COMPOSITION OF THE ATOM
List the components of an atom and

their relative masses, charges, and
location in the atom.

LOOKING AHEAD! We now look even deeper into the nature of matter—
the structure of the atom itself. In this section, we will describe the contents of the
) atom as we journey into its tiny confines. m

Just over 100 years ago, scientists perceived the atom to be a hard, featureless sphere.
However, beginning in the late 1880s and continuing today, the mysteries and com-
plexities of the atom have been slowly discovered and understood. Ingenious exper-
iments of brilliant scientists such as Thomson, Rutherford, Becquerel, Curie, and
Roentgen, among others, contributed to the current model of the atom.

Metal spheres with 2-3.1 The Electron and Electrostatic Forces

opposite charges
are attracted to

If we had a magical microscope that could peer into the atom, we would find that
each other.

there are even more fundamental particles within. As we enter the confines of the
atom, we would first encounter a relatively small particle (compared to the other
particles in the atom) called an electron. The electron was the first subatomic parti-
cle to be identified. In 1897, J. J. Thomson characterized the electron by proving
that it has a negative electrical charge (assigned a value of —1) and is common to
the atoms of all elements. The identification of electrons indicated that matter is
electrical in nature and that electrostatic forces are at work within the confines of
the atom. Electrostatic forces consist of forces of attraction between unlike charges and forces

Metal spheres with

like charges are of repulsion between like charges. (See Figure 2-4.) Atoms themselves have no net elec-
repelllfdt;rom trical charge, so they must contain positive charges that counterbalance the nega-
each other.

tive charge of the electrons.

The first model of the atom based on this information was proposed by Thomson
and was known as the plum pudding model of the atom (plum pudding was a pop-
ular English dessert). It was suggested that the positive charge would be diffuse and
evenly distributed throughout the volume of the atom (analogous to pudding). This
is logical—the like positive charges would tend to spread out as much as possible

FIGURE 2-4 Electrostatic
Forces Opposite charges attract;
like charges repel.

FIGURE 2-5 The Plum because of their mutual repulsion. The negative particles (electrons) would be
Pudding Model Electrons were embedded throughout the atom like raisins in the pudding. There would be enough
thought to be like tiny particles electrons to balance the positive charge. Since few of us identify with plum pudding,
distributed in a positively charged  a better analogy would be to picture the atom as a ball of cotton with tiny seeds (rep-
medium. resenting electrons) distributed throughout the cotton. (See Figure 2-5.)
.9+
A - 2-3.2 The Nuclear Model of the Atom
o ik e + o The next major development in understanding the atom occurred in 1911. Ernest
+ o L Rutherford in England conducted experiments that he fully expected would sup-

port the accepted model of Thomson. His results, however, suggested a radically dif-
ferent model. Radioactivity had recently been discovered, one form of which is called
alpha radiation. It is composed of positively charged helium atoms that are sponta-
neously ejected at high velocities from certain heavy elements. When students in his
laboratories bombarded a thin foil of gold with the small, fastmoving alpha parti-
cles, they expected that the alpha particles would pass right through the large atoms
of gold with very little effect. The small, hard alpha particles should easily push the
tiny electrons within the gold atoms aside and pass unaffected through the diffuse
positive charge, similar to bullets through a bale of cotton. Instead, a small number
of the alpha particles were deflected significantly from their path; a few even came
straight back. Imagine shooting a volley of bullets into a thin bale of cotton and find-
ing one or two bullets being ricocheted at a large angle. The conclusion would have
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to be that something hard, like a rock, was embedded in the soft cotton. Likewise,
Rutherford was forced to conclude that the gold atoms had a small, hard core con-
taining most of the mass of the atom and all of the positive charge.

Rutherford’s new model was needed to explain the experimental results. The
close encounters between the alpha particles and core, or nucleus, would cause the
alpha particles to be deflected because of the repulsion of like positive charges.
Occasional “direct hits” onto the nucleus would reflect the alpha particle back toward
the source. (See Figure 2-6.) The alpha particles that were unaffected indicated that
most of the volume of the atom is actually empty space containing the very small
electrons. At first scientists wondered why the electrons were not pulled into the
nucleus. However, an explanation of this puzzle would eventually be advanced
through modern theories. To get an idea about proportions of the atom, imagine
anucleus expanded to the size of a softball. In this case, the radius of the atom would
extend for about 1 mile.

2-3.3 The Particles in the Nucleus

Later experiments showed that the nucleus is composed of particles called nucleons.
There are two types of nucleons: protons, which have a positive charge (assigned a
value of +1, equal and opposite to that of an electron), and neutrons, which do not
carry a charge. (See Figure 2-7.) Data on these three particles in the atom are sum-

Electron
marized in Table 2-3. The proton and neutron have roughly the same mass, which eers
is about “I amu” (1.67 X 10~2* g). The amu (atomic mass unit) is a convenient unit
for the masses of individual atoms and subatomic particles. This unit will be
defined more precisely in the next section.

For some time, it was thought that the atom was composed
of just these three particles. As experimental procedures
became more elaborate and sophisticated, however, this Proton
model became outdated. It now appears that the % A N
ucleus Neutron

proton and the neutron are themselves =N carbon
composed of various combinations of even @ atom FIGURE 2-7 The
more fundamental particles called quarks. Diamond Composition of the Atom The
Fortunately for us, the original three-particle atom is composed of electrons,

model of the atom still meets the needs of the chemist. neutrons, and protons.
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ASSESSING THE
OBJECTIVE FOR
SECTION 2-3

» OBJECTIVES FOR
SECTION 2-4
(@) Define the terms atomic number,
mass number, and isotope. (b) Using
the table of elements, determine the
number of protons, neutrons, and
electrons in any isotope of an
element. (¢) Demonstrate how
the atomic mass of an element is
determined from isotopes and their
percent abundance.

( TABLE 2-3 ) Atomic Particles

ELECTRICAL
DA SVYMB O CHARGE NN A5 SE(2m u ) R MASS (g9)
Electron e -1 0.000549 9.110 X 10
Proton ) +1 1.00728 1.678 X 1072
Neutron n 0 1.00867 1.675 X 10724

EXERCISE 2-3(a) KNOWLED G E: Identify the specific subatomic particle(s).
(a) smallest of the three

(b) found in the nucleus

(c) most massive

(d) positive in charge

EXERCISE 2-3(b) KNOWLEDG E: Complete the following table.

Proton

Outside of nucleus

EXERCISE 2-3(c) ANALYSIS: Answer the following questions.

(a) Where is virtually all of the mass of an atom located?

(b) What takes up most of the volume of an atom?

(c) Historically, which was the first particle to be identified?

EXERCISE 2-3(d) SYNTHESIS: It has been proposed that neutrons are

simply particles formed when protons and electrons are combined into one parti-
cle. What facts about neutrons suggest this might be the case?

For additional practice, work chapter problems 2-9 and 2-10.

2_4 ATOMIC NUMBER, MASS NUMBER,
AND ATOMIC MASS

LOOKING AHEAD! We are now ready to look into how protons, neutrons,

and electrons define the atoms of a particular element. We will see in this section
why not all atoms of an element are exactly the same and how the atoms of one
element differ from another. m

2-4.1 Atomic Number, Mass Number, and Isotopes

In Dalton’s original atomic theory, he suggested that all atoms of an element are
identical. But if we look at a number of atoms of most elements, we find that
this statement is not exactly true. For example, consider the atoms of the ele-
ment copper. Most atoms are composed of a nucleus containing a total of 63
nucleons, of which 29 are protons and 34 are neutrons. The atom also contains
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29 electrons that exactly balance the positive charge of the protons, resulting in
a neutral atom. The number of protons in the nucleus (which is equal to the total posi-
tive charge) is referred to as the atom’s atomic number. The total number of nucleons (pro-
tons and neutrons) is called the mass number. Therefore, this particular copper atom
has an atomic number of 29 and a mass number of 63. There are other copper
atoms that are not exactly the same, however. These atoms of copper have a mass
number of 65 rather than 63. This means that these atoms have 36 neutrons as
well as 29 protons. An atom of a specific element with a specific mass number is known
as an isotope. Isotopes of an element have the same atomic number but differ-
ent mass numbers.

Most elements that are present in nature exist as a mixture of isotopes. It is the
atomic number, however, that distinguishes one element from another. Any atom with an atom-
ic number of 29, regardless of any other consideration, is an atom of copper. If the
atomic number is 28, the element is nickel; if it is 30, the element is zinc.

Specific isotopes are written in a form known as isotopic notation. In isotopic nota-
tion, the mass number is written as a superscript to the left of the element. Sometimes,
the atomic number is written as a subscript, also on the left. The indication of the
atomic number is strictly a convenience. Since the atomic number determines the
identity of the element, it can therefore be determined from the symbol. The iso-
topic notations for the two isotopes of copper are written as follows.

Mass number (number of nucleons) (29 protons and
(29 protons and 34 neutrons) \ / 36 neutrons)

Atomic number (number of protons)
(29 protons)

The convention for verbally naming specific isotopes is to use the element’s name
followed by its mass number. For example, ®*Cu is called copper-63, and ®*Cu is called
copper-65. From either the written isotopic notation or the isotope name, we can
determine the number of each type of particle in an isotope, as we will see in
Example 2-1.

Calculating the Number of Particles in an Isotope

How many protons, neutrons, and electrons are present in 33Sr?

The subscript (and symbol) provide us information on protons. Since this is a neutral atom, the number of protons and electrons
is the same. The superscript gives us the total number of protons and neutrons. The number of neutrons alone is the difference.

SOLUTION

number of protons = atomic number = 38

number of neutrons = mass number — number of protons 90 — 38 = 52

number of electrons = number of protons = 38

ANALYSIS

If you knew only the name of an element, which, if any, of the fundamental particles could you determine? Protons and electrons
can be determined directly from the identity of the element, but the number of neutrons must be determined from the mass num-
ber. Knowing the specific isotope of an element allows you to determine the exact numbers of protons, neutrons, and electrons.

SYNTHESIS

What would happen in an atom if the number of protons and electrons were not exactly balanced? What if there was an
extra electron? Or one too few? Would the positive and negative charges cancel out? Clearly not. If there was an extra elec-
tron, the atom would have an overall negative charge. If there was one too few, there would be an overall positive charge.

This situation occurs and is explored later in this chapter.
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Reay

In Chapter 6, we’ll consider how the mass of one element compares to another.
The mass of the electrons is extremely small compared to the masses of the protons
and neutrons, so it is not included in the mass of an isotope. Thus, the mass num-
ber of an isotope is a convenient but rather imprecise measure of its mass. It is impre-
cise because electrons are not included and protons and neutrons do not have
exactly the same mass.

2-4.2 Isotopic Mass and Atomic Mass

A more precise measure of the mass of one isotope relative to another is known as
the isotopic mass. Isotopic mass is determined by comparison to a standard, '*C, which is
defined as having a mass of exactly 12 atomic mass units. Therefore, one atomic mass unit
(amu) is a mass of exactly 1/12 of the mass of ">C. For example, precise measurements
show that the mass of !B is 0.83442 times the mass of '2C, which means it has an
isotopic mass of 10.013 amu. From similar calculations, we find that the atomic mass
of "B is 11.009 amu. Since boron, as well as most other naturally occurring elements,
is found in nature as a mixture of isotopes, the atomic mass of the element reflects
this mixture. The atomic mass of an element is obtained from the weighted average of the
atomic masses of all isotopes present in nature. A weighted average relates the isotopic
mass of each isotope present to its percent abundance. It can be considered as the
isotopic mass of an “average atom,” although an average atom does not itself exist.
Example 2-2 illustrates how atomic mass relates to the distribution of isotopes.

Isotopes and the History of Earth’s Weather

This means that the amount of water with the heavier

Lately it seems like we are
always hearing of some
great storm or heat record.
Is something strange going
on, or are the media just
doing a better job of
reporting these events?
Actually, we are all anxious
to know whether the
climate is permanently
changing and, if so,
whether it is going to get
worse. The key to predicting the future, however, may lie
in understanding the past. An ingenious key to past
climates is found with the naturally occurring isotopes of
oxygen and hydrogen. We will consider here how the
isotopes of oxygen are put to use.

Oxygen is composed of 99.76% '®0, 0.04% 'O, and
0.20% '80, which produces a weighted average of
15.9994. This means that only 24 out of 10,000 oxygen
atoms are “heavy” oxygen atoms (i.e., '7O or '80). When
70 or 80 is part of a water molecule, the properties are
very slightly different from normal water (H, '®0). For
example, the heavier water evaporates just a little more
slowly than normal water. The colder the temperature of
the oceans, the less heavy oxygen ends up in the clouds.

Greenland.

oxygen is slightly less in fresh water (which comes from
precipitation of the evaporated water) than in the ocean.
But even this can vary ever so slightly. When the climate is
colder than normal, less water evaporates from the ocean
and so the amount of heavy water in precipitation is less
than normal.

Greenland and Antarctica are our natural weather-
history laboratories. Greenland has been covered with ice
for more than 100,000 years and Antarctica for almost
1 million years. In some areas of Greenland, the ice is
now 2 miles deep. Year by year, the snow has been
accumulating and has been pressed down into layers that
resemble tree rings. Scientists have bored through the
ice and analyzed the layers for their content of dust,
trapped gases, and the ratio of oxygen isotopes. Results
of isotope studies indicate that the Northern Hemisphere
was a whopping 20°C (or 36°F) colder during the last ice
age (about 30,000 years ago) than it is now. More
important, variations in the weather from then to now
have also been determined. These studies will help us
understand and perhaps predict what's going to happen
to our weather in the future. Is our current warming a
natural occurrence or a new phenomenon? Most
evidence indicates that humans have a hand in the
warming weather.
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Calculating the Atomic Mass of an Element
from Percent Distribution of Isotopes

In nature, the element boron occurs as 19.9% '°B and 80.1% '"B. If the isotopic mass of '°B is 10.013 and that of ''Bis
11.009 amu, what is the atomic mass of boron?

PROCEDURE

Find the contribution of each isotope toward the atomic mass by multiplying the percent in decimal form by the isotopic
mass. Recall that percent can be expressed as a normal fraction or a decimal fraction. (e.g., 256% = 1/4 = 0.25)

SOLUTION
98 0.199 X 10.013 = 1.99 amu
"B 0.801 X 11.009 = 8.82 amu
atomic mass of boron = 10.81

ANALYSIS

Based on the percentages of boron-10 and boron-11, does this answer seem reasonable? Since the atomic mass is a weight-
ed average of the two isotopes, and they have mass numbers of 10 and 11, the answer should be between those values.
It should be closer to the isotope with the higher percent abundance. The answer of 10.81 is between the two numbers
and closer to the isotope of 80.1% abundance.

SYNTHESIS

The atomic mass of boron is approximately 80% of the way between the mass numbers of boron-10 and boron-11. What
can you conclude about the percentages of various isotopes of an element whose atomic mass is very close to an integer?
Consider carbon as an example. Its atomic mass is 12.011, just a little higher than 12 exactly. We would most likely con-
clude that the isotope with mass 12 is by far the most common (actually, more than 99%).

ASSESSING THE

OBJECTIVES FOR

EXERCISE 2-4(a) KNOWLEDGE: Identify the following as atomic num-
ber, mass number, or isotopic mass.

(a) always an integer value

(b) the superscript in isotopic notation

(c) the total mass of the atom

(d) the number of protons

(e) determines the number of protons and neutrons combined.

EXERCISE 2-4(b) ANALYSIS: Determine the number of protons, neu-
trons, and electrons in the following isotopes.

@ %C () H (9 U

EXERCISE 2-4(c) ANALYSIS: Write the isotopic notation for the following
three species.

(a) protons = 9, neutrons = 10, electrons = 9

(b) protons = 35, neutrons = 44, electrons = 35

(c) protons = 20, neutrons = 20, electrons = 20

EXERCISE 2-4(d) ANALYSIS: Antimony (Sb) has two naturally occurring
isotopes: 12181 with a mass of 120.903 amu and a 57.3% abundance, and '>*Sb, with
amass of 122.904 amu and a 42.7% abundance. Determine antimony’s atomic mass.
EXERCISE 2-4(e) ANALYSIS: Lithium has two naturally occurring iso-
topes: °Li has a mass of 6.015 and is 7.42% abundant; "Li has a mass of 7.016 and is
92.58% abundant. Calculate the atomic mass of lithium.

EXERCISE 2-4(f) SYNTHESIS: All through the Middle Ages, alchemists
searched for ways to turn base metals, such as lead, into gold. Why was this a chem-
ically fruitless endeavor?

SECTION 2-4
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EXERCISE 2-4(g) SYNTHESIS: Bromine has two naturally occurring iso-
topes, "Br and *!Br. From its atomic weight, estimate the percentage abundances
of the two isotopes.

For additional practice, work chapter problems 2-11, 2-13, 2-15, 2-26, and 2-28.
PART A

KEY TERMS

2-1 All substances can be classified as either elements or compounds. p. 52

2-1.4 Each element is designated by a unique symbol. p. 54

2-2.1 According to atomic theory, the basic particle of an element is an atom. p. 56

2-3.1 The discovery of the electron proved the presence of electrostatic forces in the atom.
p. 58

2-3.2 Experiments indicated that the atom contained a central positively charged core called
a nucleus. p.s59

2-3.3 The nucleus consists of particles called nucleons, which are either neutrons or
protons. p. 59

2-4.2  The number of protons in a nucleus is known as its atomic number, and the number of
nucleons is known as its mass number. p. 61

2-4.1 Naturally occurring elements are composed of one or more isotopes. p. 61

2-4.2 The standard of mass is ">C, which is defined as exactly 12 atomic mass units (amu).
The isotopic mass of an isotope is determined experimentally by comparison to this
standard. p. 62

2-4.2  The atomic mass of an element is determined by its naturally occurring isotopes and
their percent abundance. p. 62

SUMMARY CHART

Two Common Elements

/\

Name: Chromium Name: Arsenic
Symbol: Cr Symbol: As

Isotopic composition: Isotopic composition:
5°Cr (4%), °*Cr (84%), 75As(100%)

3Cr(10%), 24Cr(2%)

Atomic mass: 51.9961 Atomic mass: 74.92159

COMPOUNDS AND THEIR

COMPOSITION OBJECTIVES

SETTING A GOAL 2-5 and 2-6 Describe the difference between a
You will learn to distinguish between ionic and molecular and an ionic compound.
molecular compounds based on their chemical 2-6 Write the formulas of simple ionic compounds given
structure and general properties. the charges on the ions.

pOBJECTIVES

FOR SECTION 2—5 MOLECULAR COMPOUNDS

2-5 AND 2-6
Describe the difference between a
molecular and an ionic compound.

LOOKING AHEAD! The atoms of elements are usually joined together with
other atoms of the same element or other elements into a more complex form of
particulate matter. In this section, we will examine one of the two principal forms of

matter formed by the combined atoms. =
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Every element and compound has a unique set
of properties. Properties describe the particular
characteristics or traits of a substance. We will have
more to say about specific properties in the next
chapter. Elements and compounds can be
referred to as pure substances. Pure substances
have definite compositions and definite, unchanging
properties. (See Figure 2-8.)

CVS
O™
Frmpnpnt
RUBBING
i

2-5.1 Recognizingthe Names  &op |
of Compounds

The names of the simplest compounds are usu-
ally based on the elements from which they are
composed, and most contain two words. Carbon dioxide, sodium sulfite, and silver
nitrate all refer to specific compounds. Notice that the second word ends in -ide, -
ite, or -ate. A few compounds have three words, such as sodium hydrogen carbon-
ate. A number of compounds have common names of one word, such as water,
ammonia, lye, and methane. We will talk in more detail about how we determine
the names of compounds in Chapter 4.

2-5.2 Molecules, Molecular Compounds,
and Covalent Bonds

About three centuries ago, water was thought to be an element. When scientists were
able to decompose water into hydrogen and oxygen, it became apparent that water
is a compound. Just as the basic particles of most elements are atoms, the basic par-
ticles of a particular type of compound are known as molecules. A molecule is formed
by the chemical combination of two or more atoms. Molecules composed of different atoms are
the basic particles of molecular compounds. The atoms in a molecule are joined and held togeth-
er by a force called the covalent bond. (The nature of the covalent bond will be exam-
ined in more detail in Chapter 9.) If it were possible to magnify a droplet of water
and visualize its basic particles, we would see that it is an example of a molecular com-
pound. Each molecule of water is composed of two atoms of hydrogen joined by cova-
lent bonds to one atom of oxygen. (See Figure 2-9.) Molecules can contain as few as
two atoms or, in the case of the complex molecules on which life is based, millions
of atoms. We will concentrate on molecular compounds in the remainder of this sec-
tion. In the next section we will discuss a second category of compounds known as
ionic compounds.

2-5.3 The Formulas of Molecular Compounds

A compound is represented by the symbols of the elements of which it is composed. This is called
the formula of the compound. The familiar formula for water is therefore HyO. Note that
the 2 is written as a subscript, indicating that the molecule has two hydrogen atoms.
When there is only one atom of a given element present (e.g., oxygen), a subscript of
“1” is assumed but not shown.

What makes one molecular compound different from another? The answer is that
each chemical compound has a unique formula or arrangement of atoms in its mol-
ecules. For example, there is another compound composed of just hydrogen and
oxygen, but it has the formula HyOy. Its name is hydrogen peroxide, and its prop-
erties are distinctly different from those of water (HyO). Figure 2-10 illustrates how
the atoms of hydrogen and oxygen combine to form the molecules of two different
compounds. The formulas of other well-known compounds are C;9Hy9O1; (sucrose,
which we know as table sugar), CgHgO, (aspirin), NH3 (ammonia), and CHy
(methane).

NETWT 2 i 0T m)

FIGURE 2-8 Some Familiar
Compounds These products all
contain one compound. Notice their
common names do not indicate the
elements in the compounds.

9

Hydrogen atom Oxygen atom

(a)

Hydrogen

O/ Oxygen

Water molecule

(b)

(c)

FIGURE 2-9 Molecules
of Water A molecule of water is
composed of one atom of oxygen
and two atoms of hydrogen.
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Atoms

Sometimes two or more compounds may share
the same chemical formula. What, then, makes them
unique? In this case, their difference stems from the
sequence of the atoms within the molecule. For
example, ethyl alcohol and dimethyl ether are two
distinct compounds, but both have the formula
CyoHgO. The difference in the two compounds lies in
the order of the bonded atoms.

Notice that in ethyl alcohol the order of bonds is
C—C—O0 and in ether the order is C—O—C. (The
dashes between atoms represent covalent chemical
bonds, which hold the atoms together.) The differ-
ence in the arrangement has a profound effect on the
properties of these two compounds. Ingestion of alco-
hol causes intoxication, while a similar amount of
ether may cause death. Formulas that show the order and
arrangement of specific atoms are known as structural

A hydrogen peroxide molecule (H,05) formulas
FIGURE 2-10 Atomsand Molecules Atoms of hydrogen
and atoms of oxygen can combine to form molecules of two different ethyl alcohol dimethyl ether
compounds. H H H H
|
H—(IZ—C|3—O—H H—(l.T—O—(|3—H
H H H H

FIGURE 2-11 The
Composition of the Atmosphere
Our atmosphere is composed
mostly of nitrogen and oxygen
molecules with a small amount of
argon atoms.

2-5.4 Molecular Elements

Each breath of fresh air that we inhale is primarily just three elements—nitrogen
(78%), oxygen (21%), and argon (less than 1%), although there are traces of
other gases as well. What would we see if we could magnify a sample of air so that
the atoms of these three elements could become visible? The most noticeable
difference among these elements is that argon exists as solitary atoms, but atoms
of nitrogen and oxygen are joined together in pairs to form molecules. (See
Figure 2-11.)

Hydrogen, fluorine, chlorine, bromine, and iodine in their elemental form also
exist as diatomic (two-atom) molecules under normal temperature conditions.
A form of elemental phosphorus consists of molecules composed of four atoms, and
a form of sulfur consists of molecules composed of eight atoms. There is also a
second form of elemental oxygen, known as ozone, which is composed of three
atoms of oxygen. Molecules composed of two or more atoms of the same element
are also referred to by formulas such as I, (iodine), Oy (oxygen), Os (ozone), and
P, (phosphorus).
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-0 10NIC COMPOUNDS

LOOKING AHEAD! Thereisa second classification of compounds known as
ionic compounds. You may have noticed that molecular compounds are often found
as gases or liquids. lonic compounds are always solids at normal temperatures. We

will discuss ionic compounds next. m

2-6.1 Cations and Anions

When you scrape your stocking feet along a carpet in a dry room, you often pick up
a charge of static electricity that discharges when you touch something metallic,
resulting in an unpleasant shock. Atoms can also achieve an electrostatic charge.
When atoms have an electrostatic charge, they are known as ions. Positively charged ions are
known as cations, and negatively charged ions are called anions. Ordinary table salt is a
compound named sodium chloride. In sodium chloride, the sodium exists as a cation
with a single positive charge and the chlorine exists as an anion with a single nega-
tive charge. This is illustrated with a + or — as a superscript to the right of the sym-
bol of the element as follows.

Nat and CI”

2-6.2 The Origin of the Charge on lons

To understand why the Na* cation has a positive charge, we must look at its basic par-
ticles and how an atom of Na differs from a Na* cation. A cation contains fewer elec-
trons than the number of protons found in a neutral atom. An anion contains more
electrons than there are protons in a neutral atom. In both cases, it is the electrons that
are out of balance, not the protons. A +1 charge on a cation indicates that it has one less
electron than its number of protons (its atomic number), and a +2 charge indicates
that the cation has two fewer electrons than its atomic number. For example, the Na™
cation has 11 protons (the atomic number of Na) and 10 electrons. The +1 charge
arises from this imbalance [i.e., (11p X +1) + (10e X —1) = +1]. An anion with
a —1 charge has one more electron than the atomic number of the element, and a —2
charge indicates two more electrons than its atomic number. For example, the
S?” ion has 16 protons in its nucleus and 18 electrons. The —2 charge arises from
the two extra electrons [i.e., (16p X +1) + (18e X —1) = —2].

2-6.3 The Formulas of lonic Compounds

Since the sodium cations and the chlorine anions are oppositely charged, the ions
are held together by electrostatic forces of attraction. In Figure 2-12 the ions in sodi-
um chloride are shown as they would appear if sufficient magnification were possi-
ble. Note that each cation (one of the smaller spheres) is

attached to more than one anion. In fact, each ion

/ Gl
Na*

> OBIJECTIVE FOR
SECTION 2-6

Write the formulas of simple ionic com-

pounds given the charges on the ions.

FIGURE 2-12
The lons in Sodium
Chloride A solid ionic
compound such as sodium
chloride exists as an
arrangement of ions.
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is surrounded by six oppositely charged ions. The reason that cations are usually small
compared to anions will be discussed in Chapter 8. Bonding in these compounds is
much different from that of the previously discussed molecular compounds, in which
atoms bond together to form discrete entities (molecules.)

Compounds consisting of ions are known as ionic compounds. The electrostatic forces hold-
ing the ions together are known as ionic bonds. The ions in ionic compounds are locked
tightly in their positions by the strong electrostatic attractions. This results in solid
compounds that are almost all hard and rigid. They are the material of most rocks
and minerals.

The formula of sodium chloride is

1/ Na* + 14 Cly = NaCl
+1 + -1 =0

This represents the simplest ratio of cations to anions present (in this case, one
to one). This ratio reflects the fact that the two ions have equal and opposite charges
and that in any ionic compound, the anions and cations exist together in a ratio such that
the negative charge balances the positive charge [e.g., + 1 + (—1) = 0]. Notice that the
charges are not displayed in the formula. The simplest whole-number ratio of ions in an
ionic compound is referred to as a formula unit.

Ions may also have charges greater than 1. In these cases, the ratio of ions in the
formula may not be simply one-to-one.

Calcium chloride is a compound composed of Ca?" cations and CI~ anions.
Two chlorine anions are needed to balance the +2 charge on the calcium
[+2 + (2X — 1) = 0]. Thus the formula is

+ Ccr

Cat = CaCl,
+ Ccr

+2 + (2X-1) =0

Determining the Formula of an lonic Compound

What is the formula unit of an ionic compound formed from the AI*" cation and the S?~ anion?

In an ionic compound, the total positive charge of all cations and the total negative charge of all anions must be the same
absolute value. We need to determine how many +3's will cancel with how many —2's. Look for the least common multi-
ple of the charges.

SOLUTION
The least common multiple of 2 and 3 is 6:
2 X (+3) = +6
3X(-2)=-6
(+6) + (—6) = 0, a neutral compound. It will take 2 AI** and 3 S?™ to form an ionic compound. The formula is written Al,S;.

ANALYSIS

Do you notice a pattern between the charges on the ions and the subscripts? The absolute value of the charge on the
sulfur, 2, becomes the subscript for the aluminum. Similarly, the charge on the aluminum, 3, becomes the subscript for
the sulfur. This works in most cases, but don't lose sight of the fact that we do this to balance the charge. Do not write
Mg»,S,, even though the charges on the ions are +2 and —2 respectively. It is sufficient to have one of each to balance
the charge: MgS.
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SYNTHESIS

A positive charge means a loss of electrons. What happened to these electrons? A negative charge means a gain of elec-
trons. Where did they come from? It becomes clear that the electrons lost by one atom in a compound were gained by the
other. It now makes all the more sense that charges have to balance. As electrons shift from one atom to another, there must
always be the same number of electrons lost as gained.

2-6.4 The Formulas of Compounds Containing Polyatomic lons

Groups of atoms that are covalently bonded to each other may as a whole also be cations or

anions. They are known as polyatomic ions. Examples include the nitrate anion (NOg3"), + Cloz
the perchlorate anion (ClO, "), and the ammonium cation (NH,"). When more than =~ ga?+ - = Ba(ClO,),
one polyatomic ion is in a formula unit, parentheses and a subscript are used. When there . clo,”
is only one polyatomic ion, no parentheses are used. Barium perchlorate (a com- J
pound containing one Ba*" ion and two ClO,~ ions) is represented in margin in 2+ o+ (@X-1) =0
(a), and calcium carbonate (a compound containing one Ca?" ion and one CO52~ (@
ion) is represented in (b).
Sometimes the formulas of molecular compounds are confused with those of ions. Gy -+ 005 = CaCOs

(See Figure 2-13.) For example, NOy is the formula of a molecular compound known  (+2)  + -2) =0
as nitrogen dioxide. The NOy molecules are neutral entities. It is a brownish gas ®)
responsible for some air pollution. Notice that no charge is shown by the formula.
The NOy ™ species (known as the nitrite ion) contains a negative charge, which means
that it is a polyatomic ion. It exists only with a cation as part of an ionic compound
(e.g., NaNOy, sodium nitrite). Remember that cations and anions do not normally
exist alone but only as the two oppositely charged parts of an ionic compound. We
will spend more time writing and naming ionic compounds in Chapter 4.

The charge on polyatomic ions also arises from an imbalance of electrons. For
example, the C0327 ion has a total of 30 protons in the four nuclei [i.e., 6(C) +
(83 X 8)(0) = 30]. The presence of a —2 charge indicates that 32 negatively charged
electrons are present.

In the next chapter we will see how the properties of molecular and ionic com-
pounds differ. In a later chapter, we will discuss why specific atoms tend to acquire
positive charges while others tend to acquire negative charges.

FIGURE 2-13 Moleculesandlons NO, is a gaseous compound composed of discrete
neutral molecules, whereas the NO, ™ (nitrite) ion is part of a solid, ionic compound.

Determining the Formula of an lonic Compound Containing a Polyatomic lon

What is the formula unit of an ionic compound formed from the Fe®* cation and the NO5~ anion?

PROCEDURE

Again, the total positive charge of all cations and the total negative charge of all anions must be the same absolute value.
Determine the least common multiple of the two charges, and then use the necessary numbers as subscripts to get a neu-
tral entity.
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SOLUTION

The least common multiple of 3 and 1 is 3:
1X (+8) = +3
3X (=1)=-38

(+3) + (—8) = 0, a neutral compound. It will take 1 Fe®" and 3 NO3~ to form an ionic compound with no net charge (neu-
tral). Remember to include parentheses around the NO3™ ion with “3” as a subscript to indicate three NO3~ ions along with
the one Fe®" ion: Fe(NO3);.

ANALYSIS

How many atoms of each type—Fe, N and O—are present in one formula unit of Fe(NOgz)3? When the subscript is “1)" as
in the case of iron, it is understood to be present. Subscripts apply only to what they immediately follow. The interior “3;
next to oxygen, applies only to the oxygen. The exterior “3," by the parenthesis, applies to everything within the parenthesis.
The formula unit therefore consists of one Fe atom, three N atoms, and nine O atoms.

SYNTHESIS

Is it possible to form an ionic compound composed of only two anions or of only two cations? If we again think of charges
as resulting from the gain or loss of electrons, we realize that a theoretical substance made from two anions would have a
total number of electrons greater than the number of protons. The substance would not be neutral and therefore not stable.
The same argument applies to theoretical substances made entirely of cations. You must always match a cation with an
anion to generate a neutral compound.

ASSESSING THE
OBJECTIVES FOR

SECTIONS
2-5 AND 2-6 EXERCISE 2-6(a) KNOWLEDGE: Determine whether the following state-

ments apply to molecular compounds, ionic compounds, or both.
(a) composed of charged particles
(b) have properties different than their constituent elements

(c) consist of individual molecules

(d) have an overall neutral charge

(e) formula written as the smallest whole-number ratio of elements
(f) held together by a covalent bond

EXERCISE 2-6(b) ANALYSIS: Whatis the formula of the ionic compounds
formed by combining the following?

(a) Mg* and I~ (b) Li*and SO,*~ (c) AP" and Se?”

EXERCISE 2-6(c) ANALYSIS: Complete the table by writing the chemical
formula for ionic compounds formed from the corresponding cations and anions:

Cst Zn>* Fe3*

ClO,~

0

PO,

EXERCISE 2-6(d) SYNTHESIS: If you saw that the formula of a com-
pound was CgH;9Og and were asked whether the compound was ionic or molecu-
lar, which would you answer, and what evidence would you cite?

EXERCISE 2-6(e) SYNTHESIS: You are a research scientist analyzing ath-
letes’ blood for a particular illegal chemical whose formula is CsH;909N. You found
a chemical with that exact formula in one of the athlete’s blood sample. Is that
enough evidence to indict the athlete?

For additional practice, work chapter problems 2-36, 2-42, 2-45, 2-46, and 2-56.



2-6 lonic Compounds 71
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lonic Compounds and Essential Elements

As our bodies age, it becomes more important that we
include adequate amounts of trace elements in our diets.
Some of these elements include boron, calcium, chromium,
copper, iodine, iron, magnesium, phosphorus, potassium,
and zinc. This is not an all-inclusive list—there are several
others. In fact, we are learning more all the time about the
role of other trace elements in our body chemistry. As a
result, the list will only grow. Deficiencies of any of these
elements can cause serious health effects. For example,
one of the most widespread maladies is anemia. Anemia is
caused by a shortage of red blood cells, which are involved
in the transport of oxygen from the lungs to the tissues. Iron
plays a key role in the action of the hemoglobin in red blood
cells. If there is too little iron in the body, anemia results; on
the other hand, too much iron in the body can also cause
serious problems. Genetic problems can cause some
individuals to accumulate excess iron in certain organs,
resulting in a condition known as hemochromotosis. The
victims of such “iron overload” can also be very sick indeed.
This condition is usually treated by periodically removing
blood from the individual. However, iron deficiency is the
more common malady.

Of course, we all hear on television of the need for older
individuals to take plenty of calcium supplements. As we
age, bones may become brittle, especially among women.
This condition is known as osteoporosis. It is important to
take calcium supplements so as to slow or even stop this
degenerative process.

The best way to make sure our bodies get all the necessary
elements is to eat a balanced diet. This includes green leafy

vegetables as well as the usual meats, vegetables, dairy
products, and carbohydrates. If that isn't enough, we may
include a multivitamin on a daily basis. A typical multivitamin
includes (besides vitamins) all of the trace elements, usually
referred to as minerals, that we need. Actually, the minerals are
not present as free elements but rather as components of a
compound. For example, the most common calcium
supplement is actually calcium carbonate (CaCQyg). In nature,
CaCOgs is known as limestone, chalk, or marble.

The essential element, the name of the compound
containing the element, and its formula are shown in the
accompanying table. Except for boric acid, all of the
compounds shown are ionic. All are solid compounds that
can be included in a solid pill.

NAME OF FORMULA OF
ELEMENT COMPOUND COMPOUND
Boron (B) boric acid H3BOg
Calcium (Ca) calcium carbonate  CaCOgq

calcium citrate Cag(CgH507)9

Chromium (Cr) chromic chloride CrClg

Copper (Cu) cupric sulfate CuS0Oy4
cupric gluconate Cu(CeH1107)9
lodine (1) sodium iodide Nal
Iron (Fe) ferrous sulfate FeSO4
ferrous fumarate FeC4H-0,

ferrous gluconate Fe(CgH1107)9
Magnesium (Mg) magnesium oxide ~ MgO
Phosphorus (P)  calcium phosphate  Caz(PO,)s

Refer to Student Workshop at the end of the chapter.

KEY TERMS

SUMMARY

2-5 A sample of a particular element or compound is known as a pure substance. p. 65
2-5.2 Molecular compounds are composed of discrete molecules. p. 65

2-5.2 The atoms in molecules are held together by covalent bonds. p. 65

2-5.3 The formula of a molecular compound indicates the number of atoms of each element

in one molecule. p. 65

2-5.3 The structural formula of a compound shows the position of the atoms relative to

each other. p. 66

2-6.1 lons are charged species that are either cations (positive) or anions (negative). p. 67
2-6.3 lonic compounds are held together by ionic bonds, which are electrostatic

interactions between positive and negative ions. p. 68

2-6.3 A formula unit of an ionic compound contains the simplest whole-number ratio of

ions that balances the positive and negative charge. p. 68

2-6.4  lonic compounds may contain polyatomic ions, which are groups of atoms that are
held together by covalent bonds but that have a positive or negative charge. p. 69
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SUMMARY CHART

Compounds

-—

Molecular

lonic

Composition: discrete neutral molecules

Example formula: NH3 (ammonia)
One formula unit:

H—N—H molecules

H

Binding force: covalent bonds between atoms

Composition: cations (+) and anions (=)
Example formula: Na,S (sodium sulfide)
One formula unit:

2Na*S?” ions

Binding force: ionic bonds between cations and anions

CHAPTER SUMMARY

All of the various forms of nature around us, from the
simple elements in the air to the complex compounds
of living systems, are composed of only a few basic forms
of matter called elements. Each element has a name and
a unique one- or two-letter symbol.

A little more than 200 years ago, John Dalton’s atom-
ic theory introduced the concept that elements are com-
posed of fundamental particles called atoms. It has been
about 30 years since we have been able to produce
images of these atoms with a special microscope.

The atom is the smallest unique particle that charac-
terizes an element. It is composed of more basic parti-
cles called electrons and nucleons. There are two types
of nucleons, protons and neutrons. The relative charges
and masses of these three particles are summarized in
Table 2-3. The proton and electron are attracted to each
other by electrostatic forces.

Rather than being a hard sphere, an atom is mostly
empty space containing the negatively charged elec-
trons. The protons and neutrons are located in a small
dense core called the nucleus. The number of protons
in an atom is known as its atomic number, which distin-
guishes the atoms of one element from those of anoth-
er. The total number of nucleons in an atom is known
as its mass number. Atoms of the same element may have
different mass numbers and are known as isotopes of
that element. An atom is neutral because it has the same
number of electrons as protons.

Since protons and neutrons do not have exactly the
same mass, the mass number is not an exact measure of
the comparative masses of isotopes. A more precise meas-
ure of mass is the isotopic mass. This is obtained by com-
paring the mass of the particular isotope with the mass
of '>C, which is defined as having a mass of exactly 12
atomic mass units (amu). The atomic mass of an element
is the weighted average of all of the naturally occurring
isotopes found in nature.

Most elements are present in nature as aggregates of
individual atoms. In some elements, however, two or

more atoms are combined by covalent bonds to produce
basic units called molecules. Molecular compounds are
also composed of molecules, although, in this case, the
atoms of at least two different elements are involved. The
formula of a molecular compound represents the actu-
al number of atoms of each element contained in a
molecular unit. Each compound has a unique arrange-
ment of atoms in the molecular unit. These are some-
times conveniently represented by structural formulas.

There is another type of compound, however. Atoms
can become electrically charged to form ions. An atom
can have a net positive charge if there are fewer electrons
than protons in the nucleus or a net negative charge
when there are more electrons than protons. Groups of
atoms that are covalently bonded together can also have
anet charge and are known as polyatomic ions. An ionic
compound is composed of cations (positive ions) and
anions (negative ions). The interactions of cations and
anions are known as ionic bonds. The formula of an ionic
compound shows the type and number of ions in a for-
mula unit. A formula unit represents the smallest whole-
number ratio of cations and anions, which reflects the
fact that the positive charge is balanced by the negative
charge. The four most common ways that we find atoms
in nature are summarized as follows:

A
U
(Two or more atoms of
the same elements)

Qo

(Two or more atoms of
different elements)

Molecules

Pure
substances

Molecules

Compounds

(Charged atoms or
groups of atoms)
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CHAPTER
SECTION | YOU SHOULD BE ABLE TO... EXAMPLES EXERCISES PROBLEMS
2-1 Distinguish between elements and compounds. la, 1b, le, 1g 31, 32, 34
Match the names and symbols of common 1c, 1d, 1f 1,5,6,7
elements.
2-2 List the postulates of the atomic theory. 2a, 2b, 2¢ 8
2-3 List the components of an atom, and their relative 3a, 3b, 3¢, 3d 9,10
masses, charges, and location in the atom.
2-4 Define the terms atomic number, mass number, 4a, 4 14, 18, 19
and isotope.
Using the table of elements, determine the 2-1 4b, 4c 11, 13, 22
number of protons, neutrons, and
electrons in any isotope of an element.
Demonstrate how the atomic mass of an 2-2 4d, 4e, 4g 26, 27, 28
element is determined from isotopes and
their percent abundance.
2-5 and | Describe the difference between a 44, 45, 56, 63
2-6 molecular and an ionic compound.
2-6 Write the formulas of simple ionic compounds 2-3, 2-4 6a, 6d, 6e 39, 41, 43, 46, 50
given the charges on the ions.
ANSWERS TO ASSESSING THE OBJECTIVES
2-2(b) (a) True. If all atoms of an element are identical,
PART A . .
then an experiment should always yield the same result.
EXERCISES (b) False. Even though compounds have specific whole num-

2-1(a) Look at the table of elements inside the front cover.
If the substance is present, it is an element. (a) element
(b) compound (made from Na, C, H, and O) (c) com-
pound (made from H and O) (d) compound (made from
Siand O) (e) element

2-1(b) (@) Cu (b)S (c¢)Ca

2-1(c) (a) lead (b) phosphorus (c) sodium

2-1(d) Compounds are combinations of elements. How
many different ways can 120 objects be combined?
Theoretically, there are an infinite number of combinations.
The actual number is in the tens of millions, with new ones
created every day.

2-1(e) The elements with Latin roots for their names and
symbols were likely discovered in ancient times (like gold).
Since technology was not as advanced back then, it stands to
reason that those elements must be the most stable and the
most easily found in their free state.

2-1(f) You would have to run some sort of chemical test on
it to see if it could be broken down any further. If test after
test failed to break the substance down any further, you might
begin to assume that the unknown substance was an element.

2-2(a) An element is composed of small, indivisible particles
called atoms. Atoms of the same element are identical and
have the same properties. Chemical compounds are composed
of atoms of different elements combined in small whole-num-
ber ratios. Chemical reactions are rearrangements of atoms
into different combinations.

ber ratios of atoms, nothing prohibits them from combining
in different numbers to form a different compound.

(c) True. Indivisible means indivisible, at least as far as chem-
ical properties are concerned. (d) True. The rearrange-
ment that occurs in a chemical reaction ensures that no
atoms disappear, nor are any atoms formed, in the reaction.

2-2(c) Democritus, the philosopher, based his ideas on
nothing more than rational thought. Dalton used experi-
mental evidence to support his conclusions. These conclu-
sions have stood up to 200 years of scrutiny.

2-3(a) (a) electron (b) proton and neutron (c) neu-
tron (just barely) (d) proton

2-3(b)
Particle Mass (amu) Charge Location
Proton 1 +1 Nucleus
Neutron 1 Neutral Nucleus
Electron 0 -1 Outside nucleus

2-3(c) (a) Virtually all of the mass is in the nucleus with
the protons and neutrons. (b) The electrons take up most
of the volume. (c) The electron was first to be identified by
Thompson in 1897. Its existence implied the proton. The
neutron was the last identified.
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2-3(d) Neutrons are neutrally charged, which is what
would happen if a positive proton and negative electron
combined into one particle. Also, the mass of the neutron is
just a little more than the combined mass of the proton and
the electron.

2-4(a) (a) atomic number and mass number (b) mass
number (c) isotopic mass (d) atomic number (e) mass
number

2-4(b) The protons are determined by matching an ele-
mental symbol to its atomic number. The number of elec-
trons in these neutral species are the same. The number of
neutrons is equal to the difference between the atomic num-
ber and the mass number. (a) protons = 6, neutrons = 7,
electrons = 6 (b) protons = 1, neutrons = 0, electrons =

1 (c) protons = 92, neutrons = 146, electrons = 92

(b) ™Br (c) “Ca
2-a(d) 120.903 X 0.573 + 122.904 X 0.427 = 122

2-4(e) 6.015 X 0.0742 + 7.016 X 0.9258 = 6.94. Compare
this answer to lithium’s atomic mass on the periodic table.
It’s a match.

2-a(c) (a) F

2-4(f) Lead and gold are both elements with their own sets
of protons, neutrons, and electrons. To convert one element
to another, these three particles, and specifically the number
of protons, would have to change. There is no chemical way
to add or subtract protons from the nucleus of an atom.

2-4(g) The weighted average (atomic mass) of the two
isotopes is 79.9, or almost 80. This is halfway between the

two isotopes. It stands to reason that each isotope con-
tributes roughly evenly to the mass number. Therefore the
percentage abundance of each is nearly 50%.

EXERCISES

2-6(a) (a) ionic (b) both (c) molecular (d) both
(e) ionic  (f) molecular

2-6(b) (a) Mgl, (b) Li;SO, (c) Al,Se;

2-6(c)

Cs* Zn?" Fe®*
ClO5~ CsClO; Zn(Cl0s)s Fe(ClO3)5
0% Csy0O ZnO FeyO4
PO,*" CssPO, Zng(PO,)s FePO,

2-6(d) In ionic compounds, atoms are present in the small-
est whole-number ratio. If this were an ionic compound, the
formula would be CH5O. Since the formula is six times big-
ger, it must be molecular.

2-6(e) No, not nearly. Two or more compounds can share
the same formula, but the order of their bonds might be
quite different. Further tests would be required to establish
the identity of the substance beyond a reasonable doubt.

CHAPTER PROBLEMS

Throughout the text, answers to all exercises in color are given in Appendix G. The more difficull exercises are marked with an asterisk.

Names and Symbols of the Elements (secTiON 2-1)

2-1. Write the symbols of the following elements. Try to do
this without referring to a table of elements.

(a) bromine (c) lead (e) sodium
(b) oxygen (d) tin (f) sulfur

2-2. The following elements all have symbols that begin
with the letter C: cadmium, calcium, californium, carbon,
cerium, cesium, chlorine, chromium, cobalt, copper, and
curium. The symbols are C, Ca, Cd, Ce, Cf, Cl, Cm, Co, Cir,
Cs, and Cu. Match each symbol with an element and then
check with the table of elements inside the front cover.

2-3. The names of seven elements begin with the letter B.
What are their names and symbols?

2-4. The names of nine elements begin with the letter S.
What are their names and symbols?

2-5. Using the table inside the front cover, write the
symbols for the following elements.
(a) barium

(c) cesium (e) manganese

(b) neon (d) platinum (f) tungsten

2-6. Name the elements corresponding to the following sym-
bols. Try to do this without reference to a table of the elements.
(a) S (c) Fe (e) Mg

(b) K (@) N () Al

2-7. Using the table, name the elements corresponding to

the following symbols.
(a) B (c) Ge (e) Cl (g) Be
(b) Bi (dU (f) Hg (h) As

Composition of the Atom (secTiONS 2-2 AND 2-3)

2-8. Which of the following were not part of Dalton’s atom-
ic theory?

(a) Atoms are the basic building blocks of nature.

(b) Atoms are composed of electrons, neutrons, and protons.
(c¢) Atoms are reshuffled in chemical reactions.

(d) The atoms of an element are identical.

(e) Different isotopes can exist for the same element.

2-9. Which of the following describes a neutron?
(a) +1 charge, mass 1 amu (c) 0 charge, mass 1 amu

(b) +1 charge, mass 0 amu  (d) —1 charge, mass 0 amu

2-10. Which of the following describes an electron?
(a) +1 charge, mass 1 amu (c) —1 charge, mass 1 amu

(b) +1 charge, mass 0 amu  (d) —1 charge, mass 0 amu

2-11. Give the mass numbers and atomic numbers of the
following isotopes. Refer to the table of the elements inside
the front cover.

@ "PAu (b) P*Te

(C) 1181 (d) 39cl
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2-1 2. Give the numbers of protons, neutrons, and elec-
trons in each of the following isotopes. Refer to the table of
the elements inside the front cover.

@@ *Sc (b) **Th (c) **Fr (d) *Sr

2-13. Three isotopes of uranium are 234U, 235U, and 2%8U.
How many protons, neutrons, and electrons are in each isotope?

2-14. Using the table of elements inside the front cover,
complete the following table for neutral isotopes.

Isotopic  Atomic Mass Subatomic Particles

Isotope Notation Number Number Protons Neutrons Electrons
molybdenum-96 | Mo 42 96 42 54 42
(@) lAg 61

(b) 14 14

() 39 20

(d) cerium-140

(e) 26 30
® 50 110

) 8y

(h) mercury-? 116

2-15. Using the table of elements inside the front cover,
complete the following table for neutral isotopes.

Isotopic Atomic  Mass Subatomic Particles

Isotope Notation Number Number Protons Neutrons Electrons
(a) tungsten-? 184

(b) 12 11

(c) 20AL

(d) Pm 87

(e) 109 46

(€] 48 23

() 21 29

2-16. Write the isotopic notation for an isotope of cobalt
that has the same number of neutrons as **Ni.

2-17. Write the isotopic notation for an isotope of uranium
that has the same number of neutrons as ?1°Pu.

Atomic Number and Mass (SECTION 2-4)

2-18. How do the following concepts relate and differ?
(a) element and atomic number

(b) atomic mass and atomic number

(¢) mass number and atomic mass

(d) isotopes and number of protons

(e) isotopes and number of neutrons

2-19. Determine the atomic number and the atomic mass

of each of the following elements. Use the table inside the
front cover.

(a) Re (b) Co (c) Br (d) Si

2-20. About 75% of a U.S. “nickel” is an element with an
atomic mass of 63.546 amu. What is the element?

2-21. White gold is a mixture of gold containing an element
with an atomic mass of 106.4 amu. What is the element?

2-22. The elements O, N, Si, and Ca are among several
that are composed primarily of one isotope. Using the table
inside the front cover, write the atomic number and mass
number of the principal isotope of each of these elements.

2-23. The atomic mass of hydrogen is given inside the
front cover as 1.00794. The three isotopes of hydrogen are
'H, ?H, and *H. What does the atomic mass tell us about the
relative abundances of the three isotopes?

2-24. A given element has a mass 5.81 times that of '*C.
What is the atomic mass of the element? What is the element?

2-25. The atomic mass of a given element is about 3.13
times that of 2C. Give the atomic mass, the name, and the
symbol of the element.

2-26. Bromine is composed of 50.5% ™Br and 49.5% °'Br.
The isotopic mass of "Br is 78.92 amu and that of *!Br is
80.92 amu. What is the atomic mass of the element?

2-27. Silicon occurs in nature as a mixture of three iso-
topes: 2Si (27.98 amu), °Si (28.98 amu), and *°Si (29.97
amu). The mixture is 92.21% 28Si, 4.70% *Si, and 3.09%
Si. Calculate the atomic mass of naturally occurring silicon.

2-28. Naturally occurring Cu is 69.09% %Cu (63.96 amu).
The only other isotope is %Cu (64.96 amu). What is the
atomic mass of copper?

#2-29. Chlorine occurs in nature as a mixture of **Cl and
7C1. If the isotopic mass of **Cl is approximately 35.0 amu
and that of ¥Cl is 87.0 amu, and the atomic mass of the mix-
ture as it occurs in nature is 35.5 amu, what is the propor-
tion of the two isotopes?

*2-30. The atomic mass of the element gallium is 69.72
amu. If it is composed of two isotopes, “*Ga (68.926 amu)
and "'Ga (70.925 amu), what is the percent of Gar

Molecular Compounds and Formulas (secTioN 2-5)

2-31. How do the following concepts relate and differ?
(a) a molecule and an atom

(b) a molecule and a compound

(c) an element and a compound

(d) a molecular element and a monatomic element

2-32. Which of the following are formulas of elements
rather than compounds?

(a) P40y (c) F.O (e) MgO
(b) Bry (d) Sg (H Py

2-33. Name the elements in the previous problem.
2-34. What is the difference between Hf and HF?
2-35. What is the difference between NO and No?

2-36. Which of the following is the formula of a diatomic
element? Which is the formula of a diatomic compound?
(@) NO, (©) KO (e) Ny

(b) CO (d) (NHy)oS (f) CO,

2-37. Give the name and number of atoms of each element
in the formulas of the following compounds.

(a) HySeOs (c) NI (e) Ba(BrOs),
(b) Na SiOy (d) Nily (f) BsN3(CHs)
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2=-38. What is the total number of atoms in each formula
unit for the compounds in problem 2-37?

2-39. Determine the number of atoms of each element in
the formulas of the following compounds.

(a) CgH,Cly

(b) CoH;OH (ethyl alcohol)

(c) CuSOy - 9H,0O (HyO'’s are part of a single formula unit)
(d) CyHgOy (aspirin)

() Aly(SOy)s

(f) (NHy)oCOs

2-40. What is the total number of atoms in each molecule
or formula unit for the compounds listed in problem 2-39?
2-41. How many carbon atoms are in each molecule or for-
mula unit of the following compounds?

(©) Fe(CoOy)9

(d) Aly(COs3)3

(a) CgH,g (octane in gasoline)
(b) NaC;H,O3NS (saccharin)

2-42. Write the formulas of the following molecular

compounds.

(a) sulfur dioxide (one sulfur and two oxygen atoms)

(b) carbon dioxide (one carbon and two oxygen atoms)

(c) sulfuric acid (two hydrogens, one sulfur, and four oxy-
gen atoms)

(d) acetylene (two carbons and two hydrogens)

2-43. Write the formulas of the following molecular

compounds.

(a) phosphorus trichloride (one phosphorus and three
chlorines)

(b) naphthalene (ten carbons and eight hydrogens)

(c) dibromine trioxide (two bromines and three oxygens)

lons and lonic Compounds (SECTION 2-6)

2-44. How do the following concepts relate and differ?
(a) an atom and an ion

(b) a molecule and a polyatomic ion

(¢) a cation and an anion

(d) a molecular and an ionic compound

(e) a molecular unit and an ionic formula unit

2-45. The gaseous compound HF contains covalent bonds,
and the compound KF contains ionic bonds. Sketch how the
basic particles of these two compounds appear.

2-46. Write the formulas of the following ionic com-

pounds.

(a) calcium perchlorate (one Ca®" and two ClO,~ ions)

(b) ammonium phosphate (three NH," ions and one
PO, ion)

(c) iron(II) sulfate (one Fe?" and one 8042_ ion)

2-47. What is the number of atoms of each element present
in the compounds in problem 2-46?

2-48. Write the formulas of the following ionic com-
pounds.
(a) calcium hypochlorite (one Ca?" ion and two ClO™ ions)
(b) magnesium phosphate (three Mg?* ions and two
PO, ions)
(c¢) chromium (III) oxalate (two Cr’" ions and three
Cy0,% ions)

2-49. What is the number of atoms of each element pres-
ent in the compounds in problem 2-48?

2-50. The formula of an ionic compound indicates one
Fe?" ion combined with one anion. Which of the following
could be the other ion?

@ F (b)) Ca*"

2-51. An ionic compound is composed of two ClOy ions and
one cation. Which of the following could be the other ion?
(@) SO, (b) NiZ"  (¢) AP"  (d) Na'

(c) 8%~ (d) N>

2-52. An ionic compound is composed of one SO5% and
two cations. Which of the following could be the cations?
(@ I (b) Ba*  (¢) Fe** (d) Li'

2-53. An ionic compound is composed of two AI** ions
and three anions. Which of the following could be the
anions?

(a) S* (b) CI” (c) St (d) N>

2-54. Write the formulas of the compounds in problems
2-50 and 2-52.

2-55. Write the formulas of the compounds in problems
2-51 and 2-53.

2-56. Explain the difference between SO3 and SO,
Which one would be a gas?

2-57. What are the total number of protons and the total
number of electrons in each of the following ions?

(a) K (c) S* (d) NOy~
(b) Br~ (d) NOy~ (f) NH,"

2-58. What are the total number of protons and the total
number of electrons in each of the following ions?

(a) Sr** (c) V¥ (e) SO;*
(b) P*~ (d) NO*

2-59. Write the element symbol or symbols and the charge
for the following ions.

(a) 20 protons and 18 electrons
(b) 52 protons and 54 electrons

(c) one phosphorus and three oxygens with a total of
42 electrons

(d) one nitrogen and two oxygens with a total of 22 electrons

2-60. Write the element symbol or symbols and the charge
for the following ions.
(a) 50 protons and 48 electrons
(b) 53 protons and 54 electrons
(c) one aluminum and two oxygens with a total of
30 electrons
(d) one chlorine and three fluorines with a total of
43 electrons

2-61. A monatomic bromine species has 36 electrons. Does
it exist independently?

2-62. A species is composed of one chlorine atom chemi-
cally bonded to two oxygen atoms. It has a total of 33 elec-
trons. Is this species most likely a gaseous molecular
compound or part of an ionic compound?
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General Problems

2-63. Describe the difference between a molecular and an
ionic compound. Of the two types of compounds discussed,
is a stone more likely to be a molecular or an ionic com-
pound? Is a liquid more likely to be a molecular or an ionic
compound?

2-64. Write the symbol, mass number, atomic number, and

electrical charge of the element given the following informa-

tion. Refer to the table of the elements.

(a) An ion of Sr contains 36 electrons and 52 neutrons.

(b) An ion contains 24 protons, 28 neutrons, and 21 electrons.

(¢) An ion contains 36 electrons and 45 neutrons and has a
—2 charge.

(d) An ion of nitrogen contains 7 neutrons and 10
electrons.

(e) An ion contains 54 electrons and 139 nucleons and has
a +3 charge.

2-65. Write the symbol, mass number, atomic number, and

electrical charge of the element given the following informa-

tion. Refer to the table of the elements.

(a) An ion of Sn contains 68 neutrons and 48 electrons.

(b) An ion contains 204 nucleons and 78 electrons and has
a +3 charge.

(¢) An ion contains 45 neutrons and 36 electrons and has a
—1 charge.

(d) An ion of aluminum has 14 neutrons and a +3 charge.

2-66. Give the number of protons, electrons, and neutrons
represented by the following species. These elements are
composed almost entirely of one isotope, which is implied
by the atomic mass.

(a) Naand Na* (¢) Fand F~

(b) Caand Ca*" (d) Scand Sc**

2-67. Give the number of protons, electrons, and neutrons
represented by the following species. These elements are
composed almost entirely of one isotope, which is implied
by the atomic mass.

(@) Crand Cr*f (c) Tand I”

(b) Au and Au®* (d) Pand P*

*2-68. An isotope of iodine has a mass number that is 10
amu less than two-thirds the mass number of an isotope of
thallium. The total mass number of the two isotopes is 340
amu. What is the mass number of each isotope? (Hint:
There are two equations and two unknowns.)

*2-69. An isotope of gallium has a mass number that is 22
amu more than one-fourth the mass number of an isotope
of osmium. The osmium isotope is 122 amu heavier than the
gallium isotope. What is the mass number of each isotope?
(Hint: There are two equations and two unknowns.)

*2-70. A given element is composed of 57.5% of an isotope
with an isotopic mass of 120.90 amu. The remaining per-
centage of isotope has an isotopic mass of 122.90 amu. What
is the atomic mass of the element? What is the element?
How many electrons are in a cation of this element if it has a
charge of 32 How many neutrons are in each of the two iso-
topes of this element? What percent of the isotopic mass of
each isotope is due to neutrons?

2-71. A given isotope has a mass number of 196, and
60.2% of the nucleons are neutrons. How many electrons
are in a cation of this element if it has a charge of 2?

2-72. A given isotope has a mass number of 206. The iso-
tope has 51.2% more neutrons than protons. What is the
element?

2-73. A given molecular compound is composed of one
atom of nitrogen and one atom of another element. The
mass of nitrogen accounts for 46.7% of the mass of one mol-
ecule. What is the other element? What is the formula of the
compound? This molecule can lose one electron to form a
polyatomic ion. How many electrons are in this ion?

2-74. A given molecular compound is composed of one
atom of carbon and two atoms of another element. The
mass of carbon accounts for 15.8% of the mass of one
molecule. What is the other element? What is the formula of
the compound?

2-75. If the isotopic mass of '*C were defined as exactly 8
instead of 12, what would be the atomic mass of the following
elements to three significant figures? Assume that the ele-
ments have the same masses relative to each other as before:
that is, hydrogen still has a mass of one-twelfth that of carbon.
(a) H (b) N (c) Na (d) Ca

2-76. Assume that the isotopic mass of 12 is defined as
exactly 10 and that the atomic mass of an element is 43.3
amu on this basis. What is the element?

2-77. Assume that the isotopic mass of 12G is defined as
exactly 20 instead of 12 and that the atomic mass of an ele-
ment is 212.7 amu on this basis. What is the element?

Chemical Formulas

Purpose: To evaluate chemical compounds for their composition, and to
create new compounds from their constituent parts. (Work in groups of
three or four. Estimated time: 25 min.)

Divide up the compounds listed in Making It Real, “Tonic
Compounds and Essential Elements,” so that each person
has three or four. Using a periodic table, do the following:

® Name the elements found in each compound.

® Determine how many atoms of each element are con-
tained within each compound.

® Calculate the total number of protons in each compound.

STUDENT WORKSHOP

® Do the same for the number of neutrons. (You should
assume that the isotope present is the one with the closest
integer value to the mass number found on the periodic
table.)

® Determine whether the compound contains a polyatomic
ion.

Now, using the following ions (all found in the compounds
above), construct three or four new compounds each, with
the necessary numbers to make their formulas neutral.

Cations: H™ Cr¥™  Cu?t Na' FeZ" Mg2+ Ca%t
Anions: BOs*” COs* I SO 0% POS~
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Dark Matter and Energy

SETTING THE STAGE In 2007, a spacecraft
orbiting the planet Saturn made a close pass by its mysteri-
ous moon, Titan. Titan's surface is perpetually hidden from
view by thick clouds. However, measurements and scans of
the surface from the orbiter, named Cassini, indicated that
there were huge lakes of liquid on the surface as well as val-
leys that seemed to be formed from flowing liquids. Because
of the low temperature on Titan, however, the liquid could
not be water. More likely, the bodies of liquid and the rain
that formed the valleys would be composed of methane
(CH,). How did the scientists determine all this? The answer
lies in the known characteristics or properties of the com-
pounds involved, like ice and methane. Under such cold con-
ditions methane, which is a gas (i.e., natural gas) on Earth,
would be a liquid on Titan. In fact, the liquid methane could
evaporate and condense into clouds and rain just like water
does on our planet. Our knowledge of the characteristics or
properties of the matter involved, such as water and
methane, allows us to determine what we are probably seeing.

Now we turn our focus to our home planet, with its
abundant life. Life is dependent not only on the presence of
liquid water but also on the constant supply of energy from
the sun. Energy is a second massless component of the
universe in addition to matter. When a log burns in the
fireplace, it is obvious that a change in matter has occurred.
The log is transformed into a small pile of ashes and hot
gases. But there is more involved than simply a change in
matter. The burning of the log warms us—it has given off
heat. The heat and light liberated by the burning process are
forms of energy. Energy is a more abstract concept than
matter. It can’t be weighed, and it doesn’t have shape, form,
or dimensions. But energy can be measured, and it does
interact with matter (e.g., it warms us, starts our car, and
makes trees grow). Since energy is involved in the changes
that matter undergoes, it is also important in the study of
the properties of matter.

How we describe the properties of matter is the topic of
Part A of this chapter. In Part B, we will discuss the
properties and measurement of energy.
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PART A

SETTING A GOAL

You will learn how a sample of matter can be described

OBJECTIVES

3-1 List and define several properties of matter and
distinguish them as physical or chemical.

by its properties and how they can be quantitatively 3-2 Perform calculations involving the density of liquids

expressed.

p>>OBJECTIVE FOR
SECTION 3-1

List and define several properties

of matter and distinguish them as

physical or chemical.

and solids.

5-2 (a) Describe the differences in properties between a
pure substance and a mixture. (b) Perform calculations
involving percent as applied to mixtures.

3_1 THE PHYSICAL AND CHEMICAL

PROPERTIES OF MATTER

LOOKING AHEAD! People have a physical description, such as that found
on a driver’s license, and a personality description. Your physical description tells
how you are observed, and your personality description tells how you interact with
others. Similarly, there are two ways to describe an element or compound, depending on
whether it is an observable description (a physical property) or on how it interacts with other
substances (a chemical property). We will first consider physical properties and then proceed to
chemical properties. =

“The suspect in the robbery was a 6 ft 2 in. male with a heavy build, short hair, and
a thin mustache.” These are a few of the physical properties of a person that we may
hear in a news bulletin. These properties can be observed without interacting with
this individual or getting too close. Like an individual, the physical properties of a sub-
stance are those that can be observed or measured without changing the substance into anoth-
er substance. Some physical properties can simply be observed. Color, physical state,
and sometimes odor are such properties that a substance may display. First we will
consider physical state.

3-1.1 The Physical States of Matter

In the previous chapter, you learned that all matter is categorized as either elements
or compounds. Recall that elements and compounds are composed of extremely tiny
particles (atoms, molecules, or ions). Sometimes a sample of matter, such as in a
container of argon, is composed of single atoms, but most matter is made of mole-
cules or ions. The distance between these particles and their relative motion is what
determines the physical state of a sample of matter: solid, liquid, or gas.

A solid is composed of matter where the particles are close together and remain
in relatively fixed positions. Movement of the particles is very restricted and confined
mostly to vibrations about these positions. Because of the fixed positions of the par-
ticles, solids have a definite shape and a definite volume.

A liquid is composed of matter where the particles are close together but are able
to move past one another. Because of the movement of the particles, liquids flow
and take the shape of the lower part of a container. Liquids have a definite volume but
not a definite shape.

A gas is made up of atoms or molecules that are not all close to one another and
move independently in all directions with random motion. The particles in gases
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4 ™

FIGURE 3-1 TheThree States of Matter (a) Solids have a definite shape and volume.
(b) Liquids have a definite volume but an indefinite shape. (c) Gases have an indefinite shape
and volume.

fill a container uniformly. Gases have neither a definite volume nor a definite shape. (See
Figure 3-1.)

We are already familiar with many examples of all three physical states. Ice, rock,
salt, and steel are substances that exist as solids; water, gasoline, and alcohol are lig-
uids; ammonia, natural gas, and the components of air are present as gases. However,
whether a particular element or compound is a solid, liquid, or gas depends not only
on the nature of the substance but also on the temperature. For example, at low
temperatures (i.e., below 0°C), liquid water freezes to form a solid (ice), and at high
temperatures (i.e., above 100°C), liquid water boils to form a gas (vapor or steam).
Atvery low temperatures (below —196°C), even the gases that form our atmosphere
condense to liquid.

3-1.2 Changes in Physical State

The temperature at which a pure substance changes from one physical state to
another is a fundamental and constant physical property. A substance melts when
it changes from the solid to the liquid state and freezes when it changes from the
liquid to the solid state. The melting point is the temperature at which a particular
element or compound changes from the solid state to the liquid state. For example, ice
begins to melt when the temperature is 0°C. In the reverse process, liquid water
begins to change to the solid state when it is cooled to 0°C. This is known as the
freezing point.
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FIGURE 3-2 APhysical
Change The ice is undergoing a
physical change to liquid water at
its melting point (32°F, or 0°C).

At a higher temperature, the liquid begins to boil. Boiling occurs when bubbles
of vapor form in the liquid and rise to the surface. The boiling point is the temperature
at which boiling begins. In the reverse process, the change from the gaseous state to
the liquid state is known as condensation. The formation of dew on the grass on a
summer morning is a result of condensation. The boiling point of a liquid is also a
constant, but only at specific atmospheric pressure. For example, water boils at 100°C
at average sea-level pressure but boils at 69°C on the top of Mt. Everest, the world’s
highest mountain. Boiling-point temperatures are usually listed as the boiling point
of the liquid at average sea-level atmospheric pressure. These phase changes are sum-
marized as follows:

boil
-
N | _
NS LY condense
S
Solids Liquids Gases

When a liquid freezes or boils, it undergoes a change to another physical state.
However, it is still the same substance. A physical change in a substance does not involve
a change in the composition of the substance but is ssmply a change in physical state or dimen-
sions. Liquid water, ice, and steam are all physical states of the same compound. (See
Figure 3-2.)

3-1.3 Types of Physical Properties

Intensive properties, such as clarity, color, and density, are those whose value does not
depend on the amount of material present. Extensive properties, such as mass and volume,
are those whose value does depend on the amount of material present. Both types of proper-
ties are used to identify a particular unknown substance, but intensive properties
are more definitive. For example, an unidentified clear, colorless liquid (an exten-
sive property) that freezes at 0°C and boils at 100°C and that has a density of 1.0
g/ml (three intensive properties) is most likely water.

3-1.4 Chemical Changes and Chemical Properties

When water is cooled, it solidifies into ice. When it is allowed to warm, the ice melts
back to liquid water. Ice and liquid water are two different physical states of the
same compound. On the other hand, when we heat a raw egg, it solidifies. When
we cool the egg, however, it stays solid. Obviously, the contents of the egg are not
the same—they have undergone profound changes into other compounds. When
iron rusts, vegetation decays, and wood burns, the original substances have been
transformed into one or more other substances. These processes all describe
chemical changes.

Chemical properties of a pure substance refer to its tendency to undergo chemical changes.
Chemical changes transform one substance into one or more other substances. A chemical
property of the element iron is its tendency to react with oxygen from the air in the
presence of water to form rust (a compound composed of iron and oxygen). The
conversion of rust back into iron and oxygen is an involved and difficult chemical
process. In some cases, chemical properties relate to the absence of specific changes.
For example, a chemical property of the element gold is that it maintains its lustrous
appearance because it resists rusting or tarnishing. Chemical properties of three sub-
stances are shown in Figure 3-3.
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(a) (b)

FIGURE 3-3 Chemical Properties and Changes Zinc reacts with acid (a), sulfur burns
in air (b), and iron rusts (c).

3-1.5 Chemical Change and Conservation of Mass

What happens when a chemical change occurs? In fact, the total mass of the ele-
ments and compounds involved does not change—only the identity of the substances
involved. The law of conservation of mass states that matler is neither created nor destroyed
in a chemical reaction. Only three centuries ago, scientists were still puzzled over the
apparent disappearance of mass when wood burned, since only a small portion of
the original mass remained in the form of ashes. At that time, however, the involve-
ment of gases in chemical reactions was not understood. We now know that most of
the solid compounds of the wood have been simply transformed in the combustion
process into gaseous compounds and smoke that drift away in the atmosphere. The
mass of the wood plus the mass of the oxygen from the air equals the mass of the
ashes plus the mass of the gaseous combustion products, as stated by the law of con-
servation of mass.

ASSESSING THE

OBJECTIVE FOR

EXERCISE 3-1(a) KNOWLEDGE: Calcium, an element, is a dull, gray s

solid that melts at 839°C. When it is placed in water, bubbles form, as the solid cal-
cium slowly disappears in the water. When the water is evaporated, a white powder
remains, but elemental calcium is not recovered. Which are the physical properties
of calcium? Which is a chemical property?

EXERCISE 3-1(b) ANALYSIS: A beaker of an unknown clear and colorless
liquid has a volume of 100.0 mL and a mass of 78.9 g. Initially, its temperature is
25°C. When heated, it boils at 78.5°C. If ignited, it burns completely with a blue
flame, leaving no residue behind. Which of these pieces of information will be help-
ful in identifying the liquid?

EXERCISE 3-1(c) SYNTHESIS: In lab you are handed a metallic object
and charged with determining its identity. What types of things can you do to fig-
ure out what the object is made from?

For additional practice, work chapter problems 3-4, 3-6, and 3-10.
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p>OBJECTIVE FOR
SECTION 3-2

Perform calculations involving the

density of liquids and solids.

3-2 DENSITY—A PHYSICAL PROPERTY

LOOKING AHEAD! Some physical properties such as odor, color, and
physical state can be determined by observation. Others, such as melting or boiling
ety point, must be determined by measurements. Another important intensive physical
property that is obtained from measurements is density. =

A Styrofoam coffee cup is “light,” but a lead car battery is “heavy.” Actually, by them-
selves these terms, light and heavy, are not very useful because a truckload of
Styrofoam would be quite heavy. The volume and mass of a substance are extensive
properties that depend on the size of the sample. The physical property of density
is an intensive property that allows us to compare the mass of substances for a spe-
cific volume. Density is the ratio of the mass (usually in grams) to the volume (usually in
milliliters for a solid or liquid or liters for a gas). The density of a substance does not
depend on the amount present. The density of lead will always be greater than the
density of Styrofoam, no matter how much is present.

3-2.1 Density as a Physical Property

The density of a pure substance is a property that can be used to identify a
particular element or compound. The densities of several liquids and solids are
listed in Table 3-1. (Because the volume of liquids and solids expand slightly as the
temperature rises, densities are usually given at a specific temperature. In this case,
20°C is the reference temperature.) Because 1 mL is the same as 1 cm®, density is
also expressed as g/cmg. The densities of gases are discussed in Chapter 10.

You can prove that the density of a substance does not depend on sample size with
a simple demonstration. If you had a beaker of water, you could measure its volume
and mass and from those two measurements calculate its density. If your lab partners
were evaluating some water in a smaller beaker, they would measure an appropriate-
ly smaller mass and smaller volume. If you compared the results, you would find that
the density of water is the same regardless of the original amount present.

The calculation of density from the two measurements is discussed in the follow-
ing two examples. As we will see, the volume of an unknown sample is often meas-
ured by the displacement of water. When a substance is added to water it will either
sink or float depending on its density. (Assuming that it doesn’t dissolve in or react
with water.) If the unknown is less dense than water, it will float and it is said to be
buoyantin water. If it is more dense, it sinks. In the example that follows, the unknown
sinks, so we can conclude that it is more dense than water and we can measure its
volume by the volume of water that is displaced.

( TABLE 3-1 ) Density (at 20°C)

SUBSTANCE DENSITY SUBSTANCE DENSITY
(LAQUID) oo (@/mL) (sotb) (e/mL) .
Ethyl alcohol 0.790 Aluminum 2.70
Gasoline (a mixture) ~0.67 (variable) Gold 19.3

Carbon tetrachloride 1.60 Ice 0.92 (0°C)
Kerosene (a mixture) 0.82 Lead 11.3

Water 1.00 Lithium 0.53
Mercury 13.6 Magnesium 1.74

Table salt 2.16
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Determining Density

A sample of a pure substance is found to have a mass of 52.11 g. As shown below, a measured quantity of water has a
volume of 12.5 mL. When the substance is placed in the water, it sinks and the volume of the water and substance now
read 31.8 mL. What is the density?

The density equals the mass measured in grams divided by the volume measured in milliliters. The volume of the sample is
the volume of water displaced when the substance is placed in the water. Therefore, the volume is calculated as the differ-
ence in the volume of the water before and after the sample is added.

SOLUTION

Determine volume:
sample volume = total volume — original volume

sample volume = 31.8 mL — 125 mL = 19.3 mL
Determine density:
density = mass + volume
density = 562.11 g + 19.3 mL = 2.70 g/mL
As shown below, the mass is obtained by placing the substance on an electronic balance, while the volume is measured
from the volume differences of the water.

Substance

.

Mass =| 52.11 g Add
substance
vy =12.5mL v, =31.8 mL
Volume of substance = 31.8 - 12.5=19.3 mL

Density = %1”1% =2.70 gimL

ANALYSIS

The problem stated that the sample was a pure substance. With the information given to you in Table 3-1, can you deter-
mine the substance? (Yes. Table 3-1 indicates that aluminum has a density of 2.70 g/mL. Therefore, the sample is most like-
ly aluminum.)

SYNTHESIS

The volume of a symmetrical, uniform solid, like a cube, is easy to measure if you know its dimensions. You just witnessed an
example of how to measure the volume of an asymmetrical, or nonuniform, solid using water displacement. Can you measure
the volume of all asymmetrical solids using this method? (No. Not if they float above the surface, like Styrofoam, or dissolve,
like salt.)

Identifying a Substance from Density

A person was interested in purchasing a ring of pure gold having a mass of 89.9 g. Being wise, she wished to confirm that
it was actually gold before she paid for it. With a quick test using a graduated cylinder like that shown in the previous exam-
ple, she found that the ring had a volume of 7.96 mL. Was it made of gold?

By calculating the density of the ring, we can provide evidence as to its identity. Density is a constant and unchanging prop-
erty of a pure element or compound (at a specific temperature). From the volume and the mass, the density can be calcu-
lated by dividing the mass by the volume. Compare this value to that of gold in Table 3-1.
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SOLUTION
density of the ring = 89.9 g + 7.96 mL = 11.3 g/mL

ANALYSIS

Is the ring pure gold? Should she buy it? Comparing the result to the values in Table 3-1, we see that it's not pure gold.
Pure gold would have a density of 19.3 g/mL

SYNTHESIS

What do you think the ring is made of? What might be going on here? On reexamining Table 3-1, you will discover that the ring
has the same density as lead. It's probably a lead ring plated with a thin layer of gold to fool the unsuspecting. Lead is cheap-
er than gold, and so it would seem that the seller is trying to pull a fast one.

Density also has medical applications. The density of a person can be a measure
of his or her amount of body fat. The density of fat is 0.900 g/mL, fatfree muscle
is 1.066 g/mL, and normal bone is 3.317 g¢/mL. The more fat on a person, the lower
the person’s density and the less he or she will weigh when submerged in water. By
consulting a chart, a specialist can give an accurate estimate of body fat from the
person’s density. For example, if a person has a density of 1.07 g/mL, the individ-
ual has about 12% body fat. If the density is down to 1.03 g/mL, the person has about
28% body fat.

3-2.2 Density as a Conversion Factor

Density is not only an important physical property but can also be used to convert
the mass of a substance with a known density to an equivalent volume, or vice versa.
These two conversions are illustrated in the following examples. Notice that since
density originates from two measurements, it is not an exact factor such as the fac-
tor between meters and kilometers.

Determining the Mass from the Volume Using Density

What is the volume in milliliters occupied by 485 g of table salt?

Use the density of table salt as a conversion factor from mass to volume.

(o — D

2. The density of table salt is given in Table 3-1 as 2.16 g/mL. We need to invert this relationship so that g is in the
denominator and mL is in the numerator. This factor then converts mass to the equivalent volume. The factor for this
conversion is

1. The unit map for the conversion is

1 mL
216 g

SOLUTION

1 mL
4854 X — = = 295 mL
2164

ANALYSIS
To check your answer, you can plug it back into the density formula.
density = mass + volume
density = 485 g + 225 mL = 2.16 g/ml

This is the original reported density. The answer checks out.
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SYNTHESIS

Does this answer make sense? If 1 mL has a mass of about 2 g, there would be about 240 mL (i.e., 485 g ~ 2 g/mL = 242
mL) in the given sample. 225 mL is very close to the estimated value. The answer makes sense. Could you measure the vol-
ume by adding the salt to water as in the previous examples? No. Salt dissolves in water, so the use of density as a con-
version factor is appropriate.

Determining the Volume from the Mass Using Density

What is the mass in grams of 1.52 L of kerosene?

Using the density of kerosene from Table 3-1 as a conversion factor, convert volume to mass. Notice that the volume is not
given in milliliters, however. A two-step conversion is necessary.

1. In the first step (a), L is converted into mL, and in the second step (b), mL is converted into g. The unit map for the con-

version is
(a) (b)
(L O =CnD—=C9 )

2. The proper relationships are 1 mL = 10~° L (from Table 1-4) and 0.82 g/mL (from Table 3-1). Expressed as proper con-
version factors, the relationships are

1 mL 0.82¢g
(a) = and (b) v
SOLUTION
1 mt 0.82g
152k X X =1.2 x 10°
0%y " w2209

ANALYSIS

The same value for the density can also be expressed as kg/L as well as g/mL (i.e., 0.82 kg/L and 0.82 g/mL). If the den-
sity is a little less than 1 kg per liter, we would expect the mass of 1 L to be around 1 kg, which it is. What does the unit
map for the conversion using kg/L look like?

(L —CE—CeD

The necessary conversions are 0.82 kg/L and 1000 g/kg.

SYNTHESIS

When solving a problem involving conversion of units, is there a single correct way to work it out? Clearly, there isn't. We've
supplied two different pathways for this single problem. Interestingly, though the pathways differ, the exact same numbers end
up being manipulated. We multiply by 0.82 and then either multiply by 10° or divide by 10~2, which works out the same.

3-2.3 Specific Gravity

In place of density, certain applications, especially in the medical field, use the term
specific gravity. Specific gravity is the ratio of the mass of a substance to the mass of an equal
volume of water under the same conditions. Since the mass of water is 1.00 g/mL, spe-
cific gravity has the same value as density, only expressed without units. For exam-
ple, the density of aluminum is 2.70 g/mL, so its specific gravity is simply 2.70.



88 CHAPTER 2 The Properties of Matter and Energy

1T

Identifying a Glass Shard from a Crime Scene by Density

A woman is struck down by a hit-and-run driver, but there
are glass fragments from the car in the street. A burglar
breaks through a glass display window but doesn't realize
that some small glass shards stick to his clothes.
Identification of the origin of a tiny piece of glass by
matching it to a specific automobile or to a certain plate-
glass window provides strong forensic evidence that can
help connect the car or a suspect to a crime scene.

Glass may all look the same, but it is not. Even glass
from different glass windows in the same building may have
very small variations in properties depending on the type,
the manufacturer, or even the time when it was made.
However, these small differences can be used effectively by
the crime scene investigator. Glass fragments can be
matched with other glass by the use of density and
refractive index. When two pieces of glass have the same
or very close values for these two measurements, it can be
assumed that they have the same origin. We will see how
density is used at the crime scene in this discussion.
Refractive index relates to the nature of light, so it will be
discussed at the appropriate time in Chapter 5.

The density of a piece of glass can be determined by its
buoyancy. Two liquids are used for the determination of
glass density, bromoform (CHBrs, density 2.8899 g/mL)
and bromobenzene (CgHsBr, density 1.4950 g/mL).
Window glass has a density range of 2.47 to 2.54 g/mL.
Thus, all glass sinks in pure bromobenzene but floats in

pure bromoform. By mixing the two liquids, however, we
can produce a mixture that has a precise range of densities
intermediate between the two pure liquids. By adding the
less dense liquid to the more dense, the mixture of the two
liquids gradually becomes less dense. Eventually, a mixture
is produced whereby the glass shard is no longer buoyant
and becomes suspended in the liquid. At that point, the
density of the glass is the same as that of the liquid. The
density is then determined from a table that relates the
density of the mixture to the measured proportion of the two
liquids. Under ideal conditions, this procedure has a
precision of around +0.0001 g/mL. It is a very simple
laboratory procedure but can provide valuable information. If
two fragments of glass have the same density, they most
likely originated from the same source. Refractive index,
which is described later, should confirm this evidence.

mixture
2.51 g/mL

(glass shard suspended)

bromobenzene
1.495 g/mL

(glass shard sinks)

bromoform
2.890 g/mL

(glass shard floats)

Refer to Student Workshop at the end of the chapter.

ASSESSING THE

OBJECTIVE FOR
SECTION 3-2

EXERCISE 3-2(a) KNOWLEDGE: What is the volume in milliliters occu-
pied by 285 g of mercury? (See Table 3-1.)

EXERCISE 3-2(b) KNOWLEDGE: The volume of water in a graduated
cylinder measures 21.95 mL. After addition of a 53.5-g sample of cadmium metal,
the volume of the water and metal reads 32.72 mL. What is the density of the metal?

EXERCISE 3-2(c) ANALYSIS: A sample of a given pure liquid has a mass
of 254 g and a volume of 159 mL. What might the liquid be? Refer to Table 3-1.
Does this liquid float or sink when mixed in a beaker with water?

EXERCISE 3-2(d) SYNTHESIS: Antifreeze is made up of equal portions
of ethylene glycol and water. Ethylene glycol is more dense than water, but the two
liquids mix together. How can density be used to determine the quality of the
antifreeze in a radiator?

For additional practice, work chapter problems 3-12, 3-17, and 3-21.
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3-3 THE PROPERTIES OF MIXTURES

LOOKING AHEAD! ltisnotofteninthe world around us that we encounter

an element or compound in such a highly concentrated state that we may judge it as
= “pure.” Even the water we drink contains other compounds (e.g., salt) and elements
(e.g., oxygen). How we describe mixtures is the subject of this discussion. =

3-3.1 Heterogeneous Mixtures

You probably know that you can’t mix oil and water. Oil and water form a hetero-
geneous mixture. A heterogeneous mixture is a nonuniform mixture containing two or more
phases with definite boundaries or interfaces between the phases. A phase is one physical state
(solid, liquid, or gas) with distinct boundaries and uniform properties.

Besides oil and water (two liquid phases), an obvious heterogeneous mixture is
a handful of soil from the backyard. If we look closely, we see bits of sand, some black
matter, and perhaps pieces of vegetation. One can easily detect several solid phases
with the naked eye. Other examples of heterogeneous mixtures are carbonated bev-
erages (liquid and gas) and muddy water (liquid and solid). Heterogeneous mix-
tures can often be separated into their components by simple laboratory procedures.
For example, suspended solid matter can be removed from water by filtration.
(See Figure 3-4.) When the turbid water is passed through the filter, the suspended
matter remains on the filter paper and the clear liquid phase passes through. In the
purification of water for drinking purposes, the first step is the removal of suspended
particulate matter.

Sometimes heterogeneous mixtures cannot be detected with the naked eye. For
example, creamy salad dressing and smoke both appear uniform at first glance.
However, if we were to magnify each, it becomes apparent that these are actually
heterogeneous mixtures. The salad dressing has little droplets of oil suspended in
the vinegar (two liquid phases), and the smoke has tiny solid and liquid particles
suspended in the air (solid, liquid, and gas phases).

3-3.2 Homogeneous Mixtures and Solutions

Oil and water don’t mix, but when you pour alcohol into water, both liquids disperse
into each other and no boundary between the two liquids is apparent. A homoge-
neous mixture is the same throughout and contains only one phase. In Figure 3-5, a hetero-
geneous mixture, on the left, is compared to a homogeneous mixture, on the right.
Notice on the left that the oil floats on top of the water because the density of oil
(=0.90 g/mL) is less than that of water (1.00 g/mL).

(b) (c)

FIGURE 3-5 Mixtures Water and oil (a, b) form a heterogeneous mixture with two lig-
uid phases. Water and an alcohol (c) form a homogeneous mixture with one liquid phase (d).

pOBJECTIVES FOR
SECTION 3-3

(a) Describe the differences in prop-

erties between a pure substance and

a mixture. (b) Perform calculations

involving percent as applied to

mixtures.

FIGURE 3-4 Filtration

A heterogeneous mixture of a solid
and liquid can be separated by
filtration.




90 CHAPTER 2 The Properties of Matter and Energy

FIGURE 3-6 Distillation
A homogeneous mixture of a solid
in a liquid or two liquids can be
separated by distillation.

FIGURE 3-7 The
Classification of Matter
Heterogeneous mixtures can even-
tually be separated into elements.

In heterogeneous mixtures, portions of each
component are large enough to be detected,
although some magnification may be necessary.
In homogeneous mixtures, the components dis-
perse uniformly into each other. As mentioned
earlier, matter is composed of fundamental par-
ticles. In a typical homogeneous mixture, the
mixing extends all the way to the molecular
level. Thus, there is no detectable boundary
between components. No amount of magnifica-
tion would reveal pieces of solid salt when it is
dissolved in the water. When table salt is added
to water, it forms a solution. A solution usually
refers to homogeneous mixtures with one liquid phase.
Thus components of a solution cannot be sep-
arated by filtration. However, the two compo-
nents can be separated by a laboratory
procedure called distillation. (See Figure 3-6.) In
the distillation of a salt solution, the water is boiled away from the solution and then
retrieved by condensation through a water-cooled tube. When all the water has boiled
away, the solid table salt remains behind in the distilling flask.

A glass of salt water and a glass of pure water look exactly the same. They do taste
different, however. In fact, since both solutions and pure substances (elements and com-
pounds) are homogeneous matter, one must examine the physical properties to distinguish between
the two. Mixtures have properties that vary with the proportion of the components.
Elements and compounds have definite and unchanging properties. A simple exam-
ple of a variable property is the taste and color of a cup of coffee. The more coffee
that is dissolved in the water, the stronger the taste and the darker the solution.

Now consider the properties of two compounds alone: table salt and water. Solid
table salt (sodium chloride) melts at 801°C and water ice melts at 0°C. A solution
of salt in water begins to freeze anywhere from —18°C to just under 0°C, depend-
ing on the amount of salt dissolved. Also, a particular saltwater solution does not
have a sharp, unchanging boiling point or freezing point, as does pure water.

Density is another physical property that is different for a solution compared
to the pure liquid component. For example, battery acid is a solution of a

MATTER
Has mass
and volume

Can be separated into

HETEROGENEOUS
Two or more N HO%SGEL\‘ EOUS
phases e phase

Can be separated into

Scillélrji::aoleNS ,| PURE SUBSTANCES
I Fixed properties
properties

Can be separated into

COMPOUNDS ELEMENTS
Two or more > Basic
elements substances




3-3 The Properties of Mixtures

91

compound, sulfuric acid, in water. Its density is greater than that of pure water.
The more sulfuric acid present, the denser the solution. In a fully charged bat-
tery, the density is about 1.30 g/mlL,; if it is mostly discharged, the density is about
1.15 g/mL.

The classification of matter from the most complex, a sample of heterogeneous
matter (at the upper left), to the most basic form of homogeneous matter, a pure
element (at the lower left), is illustrated in Figure 3-7.

3-3.3 Alloys—Homogeneous Mixtures of Metals

Many of the metals that we use in our daily lives are actually alloys. An alloy is a homo-
geneous mixture of metallic elements existing in one solid phase. Although an alloy is consid-
ered a solid solution, it is made by mixing the metals in the molten state and then
allowing the liquid solution to cool and resolidify. Pure gold (24 K) is a comparative-
ly soft element and is easily bent. It is made harder by mixing with other elements. For
example, 18-K gold is 75% (by mass) gold, with the rest silver and/or copper. Stainless
steel is a mixture of three elements: 80% iron, 12% chromium, and 8% nickel.

Since the composition of alloys and other chemical mixtures is often expressed
as a percent by mass, it would serve us well to review the use of percent in calcula-
tions. We will do this using alloys as examples.

Percent can be used as a conversion factor that relates the component part
of a sample to the total mass of that sample. These calculations are illustrated
in the following two examples. Further examples in the use of percent are found
in Appendixes A and B.

Determining the Mass of a Component Using Percent

An artificial hip joint is made of a
titanium-iron alloy.

Manganese steel is very strong and is used as railroad rails. It is composed of 86.0% iron, 13.0% manganese, and 1.0%
carbon. What is the mass of each of the three elements in a 254-kg sample of manganese steel?

The most common use of percent is to calculate the mass of a component part, such as the mass of each element in a given
sample of a mixture. Percent means “parts per 100 In this case, a conversion factor can be constructed from each per-
cent, relating kilograms of a component to kilograms of the steel as follows.

86.0 kg iron 13.0 kg manganese

86.0% iron = —————— 13.09 =
% iron 100 kg steel o manganese 100 kg steel

If there are three components, the third can be determined by subtraction of the first two from the total. These conversion
factors can now be used as written to convert kilograms of steel to kilograms of a component.

SOLUTION

i « 86.0 kg iron 512 vl
kg-stee = g iron
100 kg-stesl ———
13.0 kg manganese
254 kg-steel X 100 = = 33.0 kg manganese

254 kg — 218 kg iron — 33.0 kg manganese = 3 kg carbon

ANALYSIS
Notice that any units of mass can be used. The problem would have been solved the same way if pounds were given rather
than kilograms. What would the conversion factor be for the amount of manganese in pounds?
13.0 Ib manganese
100 Ib steel

Notice also that the total masses of the components all add to the original mass of the steel, which is 254 kg. If a problem
with three components gave you only two of the percentages, could you determine the third? It is clearly the difference between
the sum of the first two and 100.
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SYNTHESIS

Besides finding the mass of a component given the percent, what other types of problems could you solve using compo-
nent masses and percentages? You can solve for any component mass or percent as long as only one variable is missing.
You could also solve for total mass if you can determine all the component masses and their corresponding percentages.
The following example demonstrates this calculation.

Determining a Component Mass from the Total Mass Using Percent

A sample of brass is composed of 72% copper with the remainder being zinc. What mass of brass can be made from 25
kg of zinc?

Percent can also be used as a factor to convert the mass of a component part to the mass of the total, which in this case
is brass. The percent composition of zinc is 100% — 72% = 28% zinc. The conversion factor and its reciprocal are

28 kg zinc q 100 kg brass
100 kg brass an 28 kg zinc
The latter factor can now be used to convert kg zinc to kg brass.

SOLUTION
100 kg brass

25 mc X ———————— = 89k
kg-zmnc o8 G g brass

ANALYSIS

We could also set up a conversion factor that would allow us to figure out the amount of copper that would mix with the 25
kg of zinc. What would that conversion factor look like?

72 kg copper
28 kg zinc

SYNTHESIS

Let's consider what would happen if we used the wrong factors in the conversions. 25 kg zinc times the inverted conver-
sion factor 28/100 gives 7 kg of brass as an answer. 25 kg zinc times the inverted conversion factor 28/72 gives 9.7 kg of
copper needed to form the alloy. How would we know automatically that these aren’t correct? In the first case, the mass of
the component is greater than the mass of the total product. In the second case, the mass of the smaller-percentage com-
ponent is greater than the mass of the larger-percentage component. Applying a little common sense alerts us to when a
mistake is made. Based on the numbers, we'd expect the amount of copper to be roughly three times greater, and the amount
of brass four times greater, than the amount of zinc.

Actually, everything is a mixture, at least to some extent, since complete 100% puri-
ty may be impossible. What we call fresh drinking water is hardly pure. It contains
dissolved gases and solids. Even rainwater contains some dissolved gases from the air.
What we consider pure may depend on the application. For example, if a sample of
matter is composed of 99% of one element or compound, it may be considered pure
for most purposes. On the other hand, the element silicon must be ultrapure to be
used in computer chips. In this case, it is composed of more than 99.9999% silicon.

EXERCISE 3-3(a) KNOWLEDGE: Is the listed property a description of a
heterogeneous or homogenous mixture?

(a) has distinct boundaries

(b) visibly shows several components

(c) contains only one phase

(d) has a single concentration throughout

EXERCISE 3-3(b) ANALYSIS: Carbon tetrachloride and water are two lig-

uids that do not mix homogeneously with one another. What type of mixture will
they form? Describe the appearance of the mixture.
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EXERCISE 3-3(c) ANALYSIS: Inafishbowl, there appears to be only water.
A fish placed in there, however, can retrieve oxygen from the water with its gills.
What type of mixture do the water and oxygen form?

EXERCISE 3-3(d) SYNTHESIS: The separation technique you use is
dependent on the type of mixture you have. Could you use distillation to separate
the heterogeneous mixture of water and sand? Could you use filtration to separate
the homogeneous mixture of water and salt?

EXERCISE 3-3(e) ANALYSIS: 14K gold is 58.0% gold. What is the weight
of pure gold in 4.00 oz of 14-K gold?

EXERCISE 3-3(f) ANALYSIS: What mass of 14-K gold can be made from
128 g of pure gold?

EXERCISE 3-3(g) ANALYSIS: Solder is an alloy made from 60.0% tin and
40.0% lead. What mass of each metal is found in a 72-g roll of solder?

For additional practice, work chapter problems 3-41, 3-48, 3-50, and 3-54.

KEY TERMS

3-1 A physical property can be observed or measured without changing the substance. p. 8o

3-1.1 Physical state describes whether the substance is a solid, liquid, or gas at a specific
temperature. p. 8o

3-1.2 Melting and freezing point is the temperature at which a substance changes between
the liquid and solid states. p. 81

3-1.2 Boiling and condensation refer to the changes between the gaseous and liquid states.
The boiling point of a pure liquid is a constant at a specific pressure. p. 82

3-1.2 A physical change involves a change in phase or dimensions. p. 82

3-1.3 An extensive property depends on the amount present, while an intensive property
is independent of the amount. p. 82

3-1.4 A chemical property refers to the tendency to undergo a chemical change from one
substance into another substance. p. 82

3-1.5 Chemical reactions illustrate the law of conservation of mass. p. 83

3-2.1 Density is the mass per unit volume. It is an intensive physical property that can be
used to help identify a substance and convert between mass and volume. p. 84

3-2.3 Specific gravity is used in certain medical applications and has the same numerical
value as density. p. 87

3-3.1 Heterogeneous mixtures exhibit more than one identifiable phase. p. 89
3-3.2 Homogeneous mixtures and solutions involve an intimate mixture with one phase.
pp- 89, 90

3-3.3 Alloys are homogeneous mixtures of metals in one solid phase. Their composition is
often described in terms of percent by mass. p. 91

SUMMARY CHARTS

Properties of Matter
Physical Chemical
Odor, color, and physical state Combustion in air
Melting point and boiling point Stability over time or toward heat (compounds)
Density (see Section 3-2) Reactions with other elements and/or compounds
Specific heat (see Section 3-5) Corrosiveness
Density
Units Involved Uses
Mass (g) and Identify a pure substance
Volume (mL or cm3) Convert mass to equivalent volume, and vice versa

Determine an unknown density by buoyancy

PART
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THE PROPERTIES

OF ENERGY

SETTING A GOAL

You will be able to qualitatively and quantitatively
describe processes in terms of the forms and types of
energy associated with them.

p>OBJECTIVES FOR
SECTION 3-4

(a) Distinguish among the forms and

types of energy. (b) Define the terms

endothermic and exothermic, provid-

ing several examples of each type of

process.

Light \

Chemical

}

Mechanical

Electrical

FIGURE 3-8 Energy
Energy is neither created nor
destroyed but can be transformed.

OBJECTIVES

3-4 (a) Distinguish among the forms and types of energy.
(b) Define the terms endothermic and exothermic,
providing several examples of each type of process.

3-5 Perform calculations involving the specific heat of a
substance, and use them to identify a substance.

3—4 THE FORMS AND TYPES OF ENERGY

LOOKING AHEAD! We baskin the heat from the sun, but energy can take
other forms as well. How we describe and measure heat energy is the focus of this
section. m

When we don’t feel like we have much energy, we sure don’t feel like working. Actually,
that is the definition of energy. Energy is the capacity or the ability to do work. Work involves
the transfer of energy when an object is moved a certain distance.

3-4.1 Forms of Energy

Just as matter has more than one physical state, energy has more than one form.
Most of the energy on Earth originates from the sun. Deep in the interior of
our ordinary star, transformations of elements occur that liberate a form of ener-
gy called nuclear energy. Some of this energy, however, changes in the sun into
light or radiant energy that then travels through space to illuminate Earth. Light
energy from the sun bathes our planet and shines on the surface vegetation,
where some of it is converted into chemical energy by a process called photo-
synthesis. Chemical energy is stored in the energy-rich compounds that make
up the bulk of the vegetation. When logs from a tree are burned, the chemical
energy is released in the form of heat energy. In a similar process, the metabo-
lism of food in our bodies releases energy to keep us alive. In the burning, or
metabolism, process, energy-poor compounds are produced and recycle to the
environment.

In the production of electrical power, the heat energy is used to produce steam
that turns a turbine. The movement of the turbine is mechanical energy. The mechan-
ical energy powers a generator that converts the mechanical energy into electrical
energy. (See Figure 3-8.) Other conversions between energy forms are possible. For
example, in the chemical change that occurs in a car battery, chemical energy is con-
verted directly into electrical energy. Energy changes are subject to the same law as
matter changes in chemical reactions.

Thelaw of conservation of energy states that energy cannot be created or destroyed but only
transformed from one form to another. In the production of electrical energy in Figure
3-8, only about 35% of the chemical energy is eventually transformed into electri-
cal energy. The rest of the energy is lost as heat energy in the various transforma-
tions. However, the total energy remains constant.

3-4.2 Exothermic and Endothermic Changes

Chemical or physical changes may be accompanied by either the release or the absorp-
tion of heat energy. When a change releases heat, it is said to be exothermic. When a change
absorbs heal, it is said to be endothermic. Combustion (burning) is a common example
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of an exothermic chemical reaction. An “instant cold pack” is an example of an
endothermic process. When the compounds ammonium nitrate (a solid) and water
are brought together in a plastic bag, a solution is formed. The endothermic solution
process causes enough cooling to make an ice pack useful for treating sprains and
minor aches. (See Figure 3-9.) Melting ice is a physical change but s also an endother-
mic process. That is, to melt ice cubes, we supply heat by taking a tray of cubes out of
the freezer and letting it sit in the warmer room. Boiling water is another example of
an endothermic process: when water absorbs enough heat from the stove, it boils.

3-4.3 Kinetic and Potential Energy

In addition to the forms of energy, there are two types of energy. These depend on
whether the energy is available but not being used or is actually in use. Kinetic ener-
gy is the energy produced from motion. A moving baseball, a speeding train, and water
flowing down a spillway from a dam (see Figure 3-10) all have kinetic energy. Potential
energy is energy that is available because of position or composition. For example, a weight sus-
pended above the ground has energy available because of its position and the attrac-
tion of gravity for the weight. Water stored behind a dam (Figure 3-10), a compressed
spring, and a stretched rubber band all have potential energy. The chemical ener-
gy stored in the compounds of a tree log is also classified as potential energy.

FIGURE 3-1 0 Potential

FIGURE 3-9 Instant Cold and Kinetic Energy Water stored
Pack When capsules of ammonium behind a dam has potential energy.
nitrate are broken and mixed with The water flowing over the spillway
water, a cooling effect results. has kinetic energy.

ASSESSING THE

OBJECTIVES FOR
SECTION 3-4

EXERCISE 3-4(a) KNOWLEDGE: Identify the following as endothermic
or exothermic.

(a) sweat evaporating

(b) natural gas combusting

(c) wax melting

(d) leaves decaying

EXERCISE 3-4(b) KNOWLEDGE: Identify the principal type of energy,
kinetic or potential, exhibited by each of the following.

(a) a car parked on a hill

(b) a train traveling at 60 mph

(c) chemical energy of a nutrition bar

(d) an uncoiling spring in an alarm clock

(e) a falling brick

EXERCISE 3-4(c) SYNTHESIS: Sunlight causes corn to grow. A substance
in corn can be converted to ethanol. The ethanol is used as automobile fuel. What

forms of energy are involved in each of these changes? Is a particular form of ener-
gy potential or kinetic energy?

For additional practice, work chapter problems 3-56, 3-59, and 3-62.



96 CHAPTER 3 The Properties of Matter and Energy

oSN s Len 3-5 ENERGY MEASUREMENT AND SPECIFIC HEAT
Perform calculations involving the

specific heat of a substance, and use
them to identify a substance.

LOOKING AHEAD! Heating a substance may cause it to melt or boil. If
adding heat does not cause a physical or chemical change, it just raises the
) temperature. However, each compound or element is affected to a different extent
- by the same amount of heat. We will now consider how heat affects the temperature
of a given substance. m

The most obvious thing that happens when heat is applied to a pan of water is
that the temperature of the pan and water increases. The amount of temperature
change for a specific mass of substance is an intensive physical property known as
specific heat capacity, or simply specific heat. Specific heat is defined as the amount of
heat required to raise the temperature of 1 gram of a substance 1 degree Celsius (or kelvin).

3-5.1 Units of Heat Energy

Units of heat energy are based on the specific heat of water. A calorie is the amount
of heat energy required to raise the temperature of 1 gram of water from 14.5°C to 15.5°C. The
unit of heat energy most often used in chemistry is the SI unit called the joule. The
calorie is now defined in terms of the joule.

1 cal = 4.184 joule(]) (exactly)

( TABLE 3-2 ) Specific Heats The definition of the calorie provides us with the
....................................................................................................................... speciﬁc heat of water injoules:

SUBSTANCE .. [eal(g - *Cn ... Dig -"en cal J

Water 1.000 4.184 1.000 g.°C 4.184 g.°C

Ice 0.492 2.06 ) ) )

Aluminum (Al) 0.214 0.895 Notice that there are approximately 4 joules per calo-
Gold (Au) 0.031 0.129 rie. The units read: calories (or joules) per gram per
Copper (Cu) 0.092 0.385 degree Celsius. The degree Celsius unit represents a tem-
Zinc (Zn) 0.093 0.388 perature change, not a specific temperature reading.
Tron (Fe) 0.106 0.444 (Change is represented by the Greek letter A, pro-

nounced delta.) Thus, a change in temperature is rep-
resented as A7. The Kelvin scale can also be used in
place of the Celsius scale since the Kelvin and Celsius degrees are the same. The for-
mula used to calculate the specific heat is
amount of heat energy( J or cal)

mass (g) X AT (°C)

specific heat =

The specific heats of several pure substances are listed in Table 3-2.
The following two examples illustrate the calculation of specific heat and the use
of specific heat to calculate temperature change.

Determining Specific Heat

It takes 628 J to raise the temperature of a 125-g quantity of silver from 25.00°C to 32.14°C. What is the specific heat of
silver in joules?

PROCEDURE

Determine a specific heat from the heat required to change a given mass and a given temperature change.
(a) Calculate the actual temperature change [AT = T(final) — T(initial)]

(b) The specific heat is calculated by substituting the appropriate quantities in the formula.
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SOLUTION
AT = 32.14°C — 25.00°C = 7.14°C
628 )

ific heat = ———————— = 0.704
SPeCe NGa = o5 g x 7.14°C g.°C

ANALYSIS
What would this value be in units of cal/g°C? Use the relationship that 1 cal = 4.184 J. Then

4 1 cal 0.168 cal
« _

0.704 =
9.°C = 41844 g.°C

SYNTHESIS

From an evaluation of Table 3-2, what seems to be the relationship between the atomic mass of a metal and its specific heat? The
higher the atomic mass, the lower the specific heat of an element. That is referred to as an inverse relationship. It results from there
being fewer atoms in a gram of a heavier metal compared to a lighter metal. Therefore, there are fewer particles to absorb energy.

EXAMPLE 3-8

Determining Temperature Change Using Specific Heat

If 1.22 kJ of heat is added to 50.0 g of water at 25.0°C, what is the final temperature of the water? [The specific heat of
water is 4.184 J/(g - °C).]

Calculate how much the temperature increases (from 25°C) by addition of a specific amount of heat to a specific mass of
water.

(a) Convert kJ to J using the relationship 1 kJ = 10° J.

(b) Solve the specific heat formula for AT and substitute in the known values.
heat energy (J)
mass (g) X AT (°C)

heat energy (J)

specific heat =

AT =

mass (g) X specific heat
(c) Find the final temperature of the water by adding the temperature change to the original temperature.
SOLUTION

103) 1.22 X 10%
=1.22 X 10%) (b) AT = ]
50.0 g X 4.184 o5

= 5.83°C

(@) 1.22k7 X

The temperature change of the water is 5.83°C. Make sure you read on.

ANALYSIS

Is 5.83°C the answer to the question “what is the final temperature™? It can't be. Heat was added, and yet the answer is
less than the original temperature of 25.0°C. The 5.83 is the change in temperature, and since heat was added, it makes
sense that the new temperature is 5.83 degrees higher than the initial temperature.

(©) T;na(°C) = 25.0 + 5.83 = 30.8°C

SYNTHESIS
Is our answer reasonable now? Adding heat to the water will cause the temperature to go up. Notice from the specific heat

that about 4 joules raises 1 gram of water 1 degree, so it would take about 200 J (50 X 4) to raise 50 g of water 1 degree.
1220 J divided by 200 J indicates a temperature rise of about 6 degrees. The answer is reasonable.

You may have noticed how fast an iron skillet heats up compared to an equiva-
lent amount of water. It takes longer to heat water because it has a comparatively
high specific heat. Notice in Table 3-2 that the specific heat of water is almost 10
times higher than that of the iron in the skillet. Thus, in a calculation similar to the
one in Example 3-8b, the same amount of heat will raise the temperature of the iron
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Nutrition Facts

Serving Size 1 Tablespoon (14g)

Servings Per Container 96

Amount Per Serving

Calories 120 Fat Calories 120

. % Daily Value*

Total Fat 149 22%
Saturated Fat 1g 6%
Polyunsaturated Fat 59
Monounsaturated Fat 79

Sodium Omg 0%

Total Carbohydrate 0g 0%

Protein 0g 0%

s R

Many people are very conscious of the
energy content (Calories) of the food
they eat.

Counting Calories

almost 10°C for every 1°C for the same weight of water. (Iron also conducts heat
rapidly from the fire to the handle.)

3-5.2 The Nutritional Calorie and Heat Exchange

The amount of energy that we obtain from food can also be measured and expressed
in calories. The nutritional calorie is actually one kilocalorie (10° cal) as defined above.
To distinguish between the two calories, the ¢ in calorie is capitalized in the nutri-
tional Calorie (1 Cal).

The Calorie content of a portion of food is measured by burning the dried food.
The heat released by the combustion process is then used to heat a known amount
of water at a known original temperature. The principle of heat exchange states that
heat lost equals heat gained, assuming no heat is lost to the surroundings. Heat
exchange is a practical example of the conservation of energy. In this case, the water
gains the heat lost by the portion of food. This is illustrated in Example 3-9.

The application of the principle of heat exchange can also be used to measure
the specific heat of a substance When two substances at different temperatures are
mixed, the hotter item will lose heat energy and the cooler one will gain heat ener-
gy. Thus, the temperature of the hotter item comes down as the temperature of the
other increases. Eventually, the two substances come to the same temperature, which
is somewhere in between the two original temperatures. In the following example,
we have a known mass of water and a metal with an unknown specific heat. The metal
starts at a high temperature and the water at a lower temperature. When the two
are mixed, the temperature settles between the two original temperatures.

A piece of cake is dried and burned so that all the heat energy released heats some water. If 3.15 L of water is heated a
total of 75.0°C, how many Calories does the cake contain?

Use the equation for specific heat to solve for the amount of heat in calories. The heat required to heat the specific amount

of water is the heat content of the piece of cake.

(a) Determine the mass. First, convert the volume of water in liters to milliliters using 1 L = 103 mL. Next, convert the vol-
ume of water in milliliters to the mass of water using the density, which is 1.00 g/mL.

(b) Use the formula for specific heat (in cal) to solve for the amount of heat energy.

amount of heat energy = mass X AT X specific heat

(c) Convert calories to Calories using the relationship 1 Cal = 102 cal.

SOLUTION
103 mt

(a) 8.15k X

1 Cal

(c) 236 X 10%eal X e

ANALYSIS

1.00g
X
K mt

1.00 cal
(b) 3.15 X 10% g X 75.0°C X Tca

=3.15 X 10%g

= 9236 X 10° cal
8 cal

= 236 Cal

We could have saved a step if we had noted that specific heat could be expressed as 1.00 kcal (Cal)/kg (water) X AT. If
we use those units, what does the second calculation look like? 315 kg X 75°C - 1.00 Cal/kg - °C = 236 Cal.

SYNTHESIS

Does this answer make sense? If we were interested in weight control, we'd have to exercise off that amount of energy.
Typical exercise machines like stairs, rowing machines, and bikes that allow you to count calories can burn about 500 Calories
each hour, depending on the activity. Is eating the cake worth it? 236 Calories for a piece of cake is a very reasonable answer.
At 500 Calories each hour, it would take half that time to burn 236 Calories, or about a half an hour of constant exercise.
Only you can decide whether the enjoyment of a slice of cake is worth that amount of exertion.



3-5 Energy Measurement and Specific Heat 99

1T

Body Solutions—Lose Weight (actually money) While You Sleep

There are two ways to lose weight.
Either reduce the total amount of
Calories that you consume to a level
lower than you burn, or increase your
activity so that the amount of
Calories you burn rises above the
amount you consume. Ideally,
someone interested in weight loss
would do both at the same time.
Back in 1999, however, there
appeared to be a third option that
was receiving a lot of attention.

A company called Mark
Nutritionals Inc. began marketing a
product called Body Solutions
Evening Weight Loss Formula. Its claim was that by using
its product, you could lose weight while you slept. By taking
a teaspoon of the product with a glass of water before you
went to bed and by refraining from eating for three hours
before going to bed, you would begin to lose weight. The
marketing strategy was to have well-known and respected
DJs in major markets use and promote the product. The
airwaves were busy with testimonials touting the product'’s
benefits. Many people who tried the product initially
experienced weight loss, which they were happy to talk

about, adding to the excitement about the product. By May
2002, Body Solutions was becoming available in reputable
drugstores throughout the country.

By October, though, the Federal Trade Commission
(FTC) was actively pursuing Mark Nutritionals Inc. for
advertising fraud. The company had paid the radio
personalities to make claims without merit and given them a
percentage of the profits that their market generated.
Scientific studies found no evidence supporting Body
Solutions as a weight-loss supplement, and there were
even reports of adverse health effects from some of Mark
Nutritionals’ supplementary products. In the settlement of
the case, Body Solutions was put out of business. Why,
then, did so many people experience an initial weight loss?

If it is part of your normal lifestyle to eat throughout the
evening, but instead you stopped eating for three hours
before you went to bed, it is possible that you would eat
400 or 500 fewer Calories each day than you otherwise
would. A pound of fat in the body stores 3500 Calories,
so by refraining from eating for three hours before going
to bed, and not consuming more during the other hours, you
could expect to lose 1 pound per week by doing nothing
else. It really comes down to just reducing Calories; it had
nothing to do with the diet supplement, for which consumers
had paid a total of $155 million over three years.

Determining a Specific Heat by Heat Exchange

A 440-g quantity of a certain metal is heated to 100.0°C. It is immediately thrust into 258 g of water that is initially at 25.0°C.
The temperature of the metal-water mixture eventually settles at 36.5°C. What is the metal? (Refer to Table 3-2.)

To establish its specific heat, we need the metal's mass, temperature change, and the heat released by cooling to cause the change.
The heat released by the metal is the same as the heat gained by the water.

(a) The heat gained by the water is given by the equation

heat gained = A°C(water) X mass(g water) X specific heat(water)
A°C = Tina = Tinitia

(b) The heat gained by the water is equal to the heat lost by the metal. Heat lost is assigned a negative sign by conven-

tion. The heat lost by the metal is

heat lost = — A°C(metal) X mass(g metal) X specific heat (metal)

(c) Set the heat gained by the water equal to the heat lost by the metal. Solve for the specific heat of the metal.

— heat lost = heat gained

— A°C(water) X mass(water) X specific heat(water) = A°C(metal)

X mass(metal) X specific heat (metal)
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SOLUTION

Substituting all of the given values we have
—(25.0 — 36.5)°C X 258 g X 4.184 J/°C-g = (100 — 36.5)°C
X 440 g X specific heat (metal)

Solving for specific heat (metal),

— (25.0 — 36.5)°€ X 258 g X 4.184 J/g -°C

(100 — 36.5)°€ X 440 ¢g
specific heat (metal) = 0.444 J/g°C

specific heat (metal) =

ANALYSIS
What is the metal? Matching the calculated value with those in Table 3.2, we find that the metal is iron.

SYNTHESIS

Notice that the temperature of the water increases by only 11.5°C, while the temperature of the metal decreases by 63.5°C.
This is mostly due to the comparatively low specific heat of a metal. The same amount of heat causes more temperature
change in the metal compared to water. If the metal in question were gold, instead of iron, how would that have affected
the overall temperature change of the water and the metal? Since gold has an even lower specific heat than iron, there is
less heat to transfer into the water. The overall temperature change of the water would be even less than before, while the

temperature change of the gold would be greater.

Rea)

Dark Matter and Energy

In this chapter we have discussed the matter and energy
components of the universe that we can see or measure.
However, there is apparently much more out there, and it
borders on the bizarre. In recent years, scientists have
come to understand that there may be other forms of matter
and energy that reveal their presence only indirectly.

First consider the possibility of invisible matter. A Swiss
astronomer, Fred Zwicky, first proposed its existence in
1933 by observation of the stars. Galaxies are huge
groupings of stars rotating around a central core. (Our
home galaxy is known as the Milky Way.) Zwicky noted
that the visible matter in the galaxy could not control the
motion of the stars around the core. It was as if some
unseen, exotic part of nature was at work controlling the
motions of stars. Most scientists now accept the
existence of this invisible stuff, known as dark matter. In
fact, as much as 95% of the matter in the universe may
actually be dark matter. But it is hard to prove its
existence if it is invisible. We have only indirect evidence
(gravity) of its existence.

1T

Quite recently, in 1998, more science fiction became
reality. While dark matter accounts for most of the motion of
the stars within a galaxy, it now appears that the galaxies of
the universe are moving more and more rapidly away from
one another. This is a reversal of thinking of just a few years
ago, when we thought the expansion of the universe was
slowing because of gravity. It has been proposed that an exotic
form of energy also exists that causes matter to move apart.
This “antigravity” energy has been called dark energy. The effect
of dark energy would be opposite that of normal gravity.

Science fiction has long suggested an invisible world
and devices that defy gravity. Maybe they are not as far out
as we think. There seems to be an invisible mass around us
that leaves only gravity as the marker of its existence. And
now we also have antigravity—a force that would make us
“fall up” rather than “fall down’

The study of dark matter and dark energy are rapidly
developing and exciting areas of astronomy. We will know
more in the next few years as we look for ways to prove
their existence.
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ASSESSING THE

OBJECTIVE FOR
SECTION 3-5

EXERCISE 3-5(a) KNOWLED G E: Compare the specific heats of water and
copper. If a hot piece of copper was placed in a similar mass of cool water, would
the final temperature of the two be closer to the original temperature of the water
or the copper?

EXERCISE 3-5(b) ANALYSIS: A 44.0-g sample of an element absorbs
1870 J of energy and increases in temperature from 25.0°C to 72.5°C What is the
specific heat of the element? What is the element?

EXERCISE 3-5(c) ANALYSIS: How much energy (in joules) is released
when 18.5 g of copper cools from 285°C down to 45°C?

EXERCISE 3-5(d) ANALYSIS: A 20.0-g piece of hot iron at 225°C is placed
in 51.0 g of water. No heat escapes to the surroundings. The water and iron equili-
brate at 45.0°C. How much did the temperature of the water increase?

EXERCISE 3-5(e) ANALYSIS: A 0.0625-1b sample of fat (1 oz) is burned.
The heat from the combustion raises the temperature of 10.0 L of water from
25.0°C to 45.5°C. How many Calories are in the sample of fat?

EXERCISE 3-5(f) SYNTHESIS: If you've ever been camping, and used alu-
minum foil to cook with, you know you can reach right into the fire and pull out the
aluminum foil without burning yourself. Why doesn’t the aluminum foil feel hot?

For additional practice, work chapter problems 3-63, 3-66, and 3-74.

SUMMARY

KEY TERMS

3-4 Energy has several different forms, including heat, electrical, mechanical, chemical,
and nuclear energy. p. 94

3-4.1 The law of conservation of energy states that energy cannot be created
or destroyed. p. 94

3-4.2  An exothermic process refers to the production of heat, while endothermic refers
to the absorption of heat. p. 94

3-4.3 Energy may either be used as kinetic energy or stored as potential energy. p. 95

3-5 Specific heat is a physical property that interrelates heat, mass, and temperature
change. p.96

3-5.1 Heat is measured in joules or calories. p. 96

3-5.2 The specific heat of water can be used to calculate calories or unknown specific heats.
p. 96

SUMMARY CHART

Specific Heat
Units Involved Uses
Heat (cal or J) and Helps identify a pure substance
AT (change in Kelvin or Converts among mass, heat,
Celsius degrees) and and temperature change
Mass (g) Uses the specific heat of water

to calculate heat exchange
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Elements and compounds are distinguished by their
properties. They display physical properties and under-
go physical changes. An important physical property of
a substance is its physical state: solid, liquid, or gas. A
physical change takes place when the substance changes
to a different physical state. The temperatures at which
an element or compound changes to a different phase
are known as the melting point of a solid (or freezing
point of a liquid) and boiling point of a liquid (or con-
densation point of a gas). A pure substance also has
chemical properties that relate to the chemical changes
it undergoes. In chemical changes the law of conserva-
tion of mass is observed.

An important physical property of a substance is its
density. Density relates the mass of a substance to its vol-
ume; thus, it is independent of the size of the sample.
Mass and volume are extensive properties, which may
vary. Density is independent of the amount present, so
it is an intensive property. Density can be used as an
identifying property as well as a conversion factor
between the mass and volume of a sample. When den-
sity is expressed in units of g/mL or g/cm?, specific grav-
ity has the same numerical quantity but is expressed
without units.

Elements and compounds may form either homo-
geneous or heterogeneous mixtures. Heterogeneous
mixtures of solids and liquids can be separated by

filtration. Two types of homogeneous mixtures are
solutions, which are composed of one liquid phase,
and alloys, which are found in one solid phase. The
components of a solution can be separated by distilla-
tion. Aqueous (water) solutions and pure water often
look identical. Pure water, however, has definite
and unchanging properties. The properties of a solu-
tion vary according to the proportions of the mixture.
Among those properties that vary for a solution is
density.

The other component of the universe, energy, is also
intimately involved in physical and chemical processes.
Besides heat, there are other forms of energy such as
chemical, mechanical, and electrical energy. There are
also two types of energy: potential energy and kinetic
energy. Forms and types of energy can be converted into
each other, but in all cases the law of conservation of
energy is observed. When a chemical or physical process
liberates heat energy, the chemical change is said to be
exothermic. When heat energy is absorbed, the reaction
is said to be endothermic.

How much the temperature of 1 gram of a substance
is affected by a certain amount of heat is a physical prop-
erty known as specific heat. Specific heat is a measure
of the amount of heat in calories or joules (or kcal or
Kk]) that will raise the temperature of 1 gram of the sub-
stance 1 degree Celsius.

SECTION | YOU SHOULD BE ABLE TO... EXAMPLES EXERCISES CHAPTER PROBLEMS
3-1 List and define several properties of matter la, 1b, 1c 4,5,6,9, 11
and distinguish them as physical or chemical.
3-2 Perform calculations involving the 3-1, 3-2, 2a, 2b, 2c 12, 14, 16, 20, 22,
density of liquids and solids. 3-3, 34 24, 28, 29
3-3 Describe the differences in properties between 3a, 3b, 3¢, 3d | 41, 42, 48, 49
a pure substance and a mixture.
Perform calculations involving percent 3-5, 3-6 3e, 3f, 3g 50, 52, 53, 55
as applies to mixtures.
3-4 Distinguish among the forms and types of energy. 4b, 4c 57, 59, 60
Define the terms endothermic and exothermic, 4a 56
providing several examples of each type of process.
3-5 Perform calculations involving the specific heat 3-7, 3-8, Ha, bb, bc, 63, 64, 67, 68,
of a substance, and use them to identify a substance. 39, 3-10 5d, be, 5f 69,71, 79, 81
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PART A

EXERCISES

3-1(a) The physical properties of calcium are its gray color,
its solid state, its dull sheen, and its reported melting point.
The chemical property is its reactivity with water to form a
gas and a chemical soluble in water.

3-1(b) The fact that it’s a liquid at room temperature tells
us its melting point is lower than 25°C. Clear and colorless
are also important properties. The fact that it’s flammable
gives us a good idea of the type of chemical it is. The most
important piece of information is its exact boiling point.

3-1(c) Make note of the intensive properties of the sub-
stance. Is it silver or gold? Heavy or light? Hard or soft? At
what temperature does it melt? Consult a handbook or
Internet site to find a list of physical properties of metals,
and see if you can find a match.

3-2(a) Mercury’s reported density is 13.6 g/mL. The vol-
ume the sample occupies is 21.0 mL.

3-2(b) The volume of the cadmium is 10.77 mL. Its density
is 4.97 g/mL (three significant figures).

3-2(c) Density = 1.60 g/mL. We can now scan the list of
densities in Table 3-1 and note that carbon tetrachloride also
has a density of 1.60 g/mL. It is very likely that the pure lig-
uid is carbon tetrachloride. Since the liquid does not dissolve
in water and its density is greater than 1.0 g/mL, carbon
tetrachloride sinks to the bottom of a beaker of water.

3-2(d) The density of antifreeze should be halfway
between the densities of water and ethylene glycol. If you
measured the density of a small sample of antifreeze, and it
was closer to the density of water, then clearly some of the
glycol has broken down and more needs to be added.

3-3(a) (a) heterogeneous (b) heterogeneous (c) homo-
geneous (d) homogeneous

3-3(b) Since they do not mix, one will not dissolve in the
other. Therefore, they will form two individual phases sepa-
rated by a visible interface (or boundary). This is a heteroge-
neous mixture. A quick check of densities reveals the water
layer to be the less dense, which means that it will be found
on top.

3-3(c) The oxygen is completely dissolved (no bubbles).
Furthermore, the concentration of the oxygen is the same
throughout the bowl. This is a solution of a gas dissolved in a
liquid.

3-3(d) Distillation will separate water and sand, but filtra-
tion would be easier. The water boils away, leaving the sand
behind. Filtration will not separate water and salt. Since the

ANSWERS TO ASSESSING THE OBJECTIVES

salt is dissolved, it will pass through the filter along with the
water. Distillation is necessary to separate salt and water.

3-3(e) 2.32 0z
3-3(f) 221 g of 14-K gold
3-3(g) 43 g of tin and 29 g of lead

EXERCISES

3-4(a) Does the process require energy, in the form of
heat? Or does the process release heat energy when it
occurs? (a) endothermic (b) exothermic

(c) endothermic (d) exothermic

3-4(b) Is the energy stored? Or does it result from motion?
(a) potential (b) kinetic (c) potential (d) kinetic
(e) kinetic

3-4(c) The sunlight is solar energy that becomes stored
potential chemical energy in the corn. The energy in the
corn is converted into a useful source by its fermentation to
ethanol. As the ethanol combusts in the car’s engine, both
the form and type of energy change. Potential energy stored
in the ethanol is converted to kinetic energy as the car
moves. This is also a conversion of chemical into mechanical
energy.

3-5(a) The water. With the higher specific heat, it takes
more energy to change water’s temperature.

3-5(b) The temperature change is 47.5°C. The specific
heat is 0.895 J/(g-°C). The element is most likely aluminum.

3-5(c) 1.71 X 10%]

3-5(d) The hot piece of iron lost 1.60 X 10° J of energy.
The water absorbed the same. The water’s temperature
would have increased 7.5°C. (Its original temperature before
heating was therefore 37.5°C.)

3-5(e) 205 Cal (8.58 X 10°])

3-5(f) There are two reasons. The aluminum foil is very
thin, so its mass is not great. Further, metal (in this case,
aluminum) has a much lower specific heat than water (a
major component of your fingers). Both these factors
combine to produce very little heat transfer to your fin-
gertips, which then do not heat up very much at all.
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CHAPTER PROBLEMS

Throughout the text, answers to all exercises in color are given in Appendix G. The more difficult exercises are marked with an asterisk.

Physical and Chemical Properties
and Changes (SECTION 3-1)

3-1. Which of the following describes the liquid phase?
(a) It has a definite shape and a definite volume.

(b) It has a definite shape but not a definite volume.

(c) It has a definite volume but not a definite shape.

(d) It has neither a definite shape nor a definite volume.
3-2. Which state of matter is compressible? Why?

3-3. A fluid is a substance that flows and can be poured.
Which state or states can be classified as fluids?

3-4. Identify the following as either a physical or a chemical
property.

(a) Diamond is one of the hardest known substances.

(b) Carbon monoxide is a poisonous gas.

(c) Soap is slippery.

(d) Silver tarnishes.

(e) Gold does not rust.

(f) Carbon dioxide freezes at —78°C.

(g) Tin is a shiny, gray metal.

(h) Sulfur burns in air.

(i) Aluminum has a low density.

3-5. Identify the following as either a physical or a chemical
property.

(a) Sodium burns in the presence of chlorine gas.

(b) Mercury is a liquid at room temperature.

(c) Water boils at 100°C at average sea-level pressure.

(d) Limestone gives off carbon dioxide when heated.

(e) Hydrogen sulfide has a pungent odor.

3-6. Identify the following as a physical or a chemical change.
(a) the frying of an egg

(b) the vaporization of dry ice

(c) the boiling of water

(d) the burning of gasoline

(e) the breaking of glass

3-7. Identify the following as a physical or a chemical change.
(a) the souring of milk

(b) the fermentation of apple cider

(c) the compression of a spring

(d) the grinding of a stone

3-8. When table sugar is heated to its melting point, it bub-

bles and turns black. When it cools, it remains a black solid.
Describe the change as chemical or physical.

3-9. Aluminum metal melts at 660°C and burns in oxygen
to form aluminum oxide. Identify a physical property and
change and a chemical property and change.

3-10. A pure substance is a green solid. When heated, it
gives off a colorless gas and leaves a brown, shiny solid that
melts at 1083°C. The shiny solid cannot be decomposed to
simpler substances, but the gas can. List all the properties
given and tell whether they are chemical or physical. Tell
whether each substance is a compound or an element.

3-11. A pure substance is a greenish-yellow, pungent gas that
condenses to a liquid at —35°C. It undergoes a chemical reac-
tion with a given substance to form a white solid that melts at
801°C and a brown, corrosive liquid with a density of 3.12
g/mL. The white solid can be decomposed to simpler sub-
stances, but the gas and the liquid cannot. List all the proper-
ties given and tell whether they are chemical or physical. Tell
whether each substance is a compound or an element.

Density (SECTION 3-2)

3-12. A handful of sand has a mass of 208 g and displaces a
volume of 80.0 mL. What is its density?

3-13. A 125-g quantity of iron has a volume of 15.8 mL.
What is its density?

3-14. A given liquid has a volume of 0.657 L and a mass of
1064 g. What might the liquid be? (Refer to Table 3-1.)

3-15. A 25.0-g quantity of magnesium has a volume of 14.4
mL. What is its density? What is the volume of 1.00 kg of
magnesium?

3-16. What is the volume in milliliters occupied by 285 g
of mercury? (See Table 3-1.)

3-17. What is the mass of 671 mL of table salt? (See Table 3-1.)
3-18. What is the mass of 1.00 L of gasoline? (See Table 3-1.)

3-19. What is the mass in pounds of 1.00 gal of gasoline?
(See Tables 3-1 and 1-5.)

3-20. What is the mass of 1.50 L of gold? (See Table 3-1.)

3-21. What is the volume in milliliters occupied by 1.00 kg
of carbon tetrachloride?

3-22. The volume of liquid in a graduated cylinder is 14.00
mL. When a certain solid is added, the volume reads 92.5
mL. The mass of the solid is 136.5 g. What might the solid
be? (Refer to Table 3-1.)

3-23. A 1.05-1b quantity of a solid has a volume of 1.00 L.
What is its density? Does this material float on water?

3-24. Pumice is a volcanic rock that contains many trapped
air bubbles. A 155-g sample is found to have a volume of 163
mL. What is the density of pumice? What is the volume of a
4.56-kg sample? Will pumice float or sink in water? In ethyl
alcohol? (Refer to Table 3-1.)

3-25. A bottle weighs 44.75 g. When 13.0 mL of a liquid is
added to the bottle, it weighs 59.20 g. What might the liquid
be? (Refer to Table 3-1.) Does it form a layer below water or
above water?

3-26. The density of diamond is 3.51 g/mL. What is the
volume of the Hope diamond if it has a mass of 44.0 carats?
(1 carat = 0.200 g)
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3-27. A small box is filled with liquid mercury. The dimen-
sions of the box are 3.00 cm wide, 8.50 cm long, and

6.00 cm high. What is the mass of the mercury in the box?
(1.00 mL = 1.00 cm®)

3-28. A 125-mL flask has a mass of 32.5 g when empty.
When the flask is completely filled with a certain liquid, it
weighs 143.5 g. What is the density of the liquid?

3-29. Which has a greater volume, 1 kg of lead or 1 kg of gold?

3-30. Which has the greater mass, 1 L of gasoline or 1 L. of
water?

3-31. A large nugget of a shiny metal is found in a moun-
tain stream. It weighs 5.65 oz (16 oz/Ib). 25.0 mL of water is
placed in a graduated cylinder. When the nugget is placed
in the cylinder, the water level reads 33.3 mL. Did we find a
nugget of gold? (Refer to Tables 3-1 and 1-5.)

3-32. What is the difference between density and specific
gravity?
*3=33. What is the mass of 1 gal of carbon tetrachloride in

grams? In pounds?

*3-34. Calculate the density of water in pounds per cubic
foot (Ib/ft%).

*3-35. In certain stars, matter is tremendously compressed.
In some cases the density is as high as 2.0 X 107 g/mL. A
tablespoon full of this matter is about 4.5 mL. What is the
mass of this tablespoon of star matter in pounds?

Mixtures and Pure Substances (secTiON 3-3)

3-36. Carbon dioxide is not a mixture of carbon and
oxygen. Explain.

3-37. Which of the following is a mixture: water, sulfur
dioxide, pewter, or ammonia?

3-38. List the following waters in order of increasing
purity: ocean water, rainwater, and drinking water. Explain.

3-39. Iron is attracted to a magnet, but iron compounds are
not. How could you use this information to tell whether a
mixture of iron and sulfur forms a compound when heated?

3-40. When a teaspoon of solid sugar is dissolved in a glass of
liquid water, what phase or phases are present after mixing?

(a) liquid only

(b) still solid and liquid

(c) solid only

3-41 Identify the following as homogeneous or heteroge-
neous matter.

(a) gasoline (e) a new nail

(b) dirt (f) vinegar
(c) smog (g) aerosol spray
(d) alcohol (h) air

3-42. Identify the following as homogeneous or heteroge-
neous matter.

(a) a cloud

(b) dry ice

(c) whipped cream

(d) bourbon
(e) natural gas
(f) a grapefruit

3-43. In which physical state or states does each of the sub-
stances listed in problem 3-41 exist?

3-44. In which physical state or states does each of the sub-
stances listed in problem 3-42 exist?

3-45. Carbon tetrachloride and kerosene mix with each
other, but neither mixes with water. How can water be
used to keep the carbon tetrachloride and kerosene apart?
Which liquid is on the top? (Refer to Table 3-1.)

3-46. How could liquid mercury be used to tell whether a
certain sample of metal is lead or gold? (Refer to Table 3-1.)

3-47. Why does ice float on water? (Refer to Table 3-1.) Is
ice water homogeneous or heterogeneous matter? Pure or a
mixture?

3-48. Tell whether each of the following properties
describes a heterogeneous mixture, a solution (homoge-
neous mixture), a compound, or an element.

(a) a homogeneous liquid that, when boiled away, leaves a
solid residue

(b) a cloudy liquid that, after a time, seems more cloudy
toward the bottom

(c) a uniform red solid that has a definite, sharp melting point
and cannot be decomposed into simpler substances

(d) a colorless liquid that boils at one unchanging temperature
and can be decomposed into simpler substances

(e) aliquid that first boils at one temperature but, as the
heating continues, boils at slowly increasing tempera-
tures (there is only one liquid phase)

3-49. Tell whether each of the following properties
describes a heterogeneous mixture, a solution (homoge-
neous mixture), a compound, or an element.

(a) a nonuniform powder that, when heated, first turns mushy
and then continues to melt as the temperature rises

(b) a colored gas that can be decomposed into a solid and
another gas (the entire sample of the new gas seems to
have the same chemical properties)

(c) asample of colorless gas, only part of which reacts with
hot copper

3-50. A sample of bronze is made by mixing 85 kg of
molten tin with 942 kg of molten copper. What is the mass
percent tin in this bronze?

3-51. A sample of brass weighs 22.8 1b. It contains 14.8 1b
of copper, and the rest is zinc. What is the mass percent zinc
in this brass?

3-52. A U.S. “nickel” is actually only 25% nickel. What
mass of the element nickel is in 255 kg of “nickels”?

3-53. 10K gold is only 42% gold. What mass of gold is in
186 g of 10-K gold?

3-54. Duriron is used to make pipes and kettles. It contains
14% silicon, with the remainder being iron. What mass of
duriron can be made from 122 1b of iron?

3-55. A sample of a gold alloy is 7% copper and 10% silver
in addition to the gold. What mass of the gold alloy can be
made from 175 kg of pure gold?
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Energy (SECTION 3-4)

3-56. From your own experiences, tell whether the follow-
ing processes are exothermic or endothermic.

(a) decay of grass clippings

(b) melting of ice

(c) change in an egg when it is fried

(d) condensation of steam

(e) curing of freshly poured cement

3-57. A car battery can be recharged after the engine starts.
Trace the different energy conversions from the burning of
gasoline to energy stored in the battery.

3-58. Windmills are used to generate electricity. What are
all of the different forms of energy involved in the genera-
tion of electricity by this method?

3-59. Identify the principal type of energy (kinetic
or potential) exhibited by each of the following.

(a) a book on top of a table

(b) a mud slide

(c) methane gas (CHy)

(d) the wind

(e) waves on a beach

3-60. Identify the following as having either potential or
kinetic energy or both.

(a) an arrow in a fully extended bow

(b) a baseball traveling high in the air

(c) two magnets that are separated from each other

(d) a chair on the fourth floor of a building

3-61. When you apply your brakes to a moving car, the car
loses kinetic energy. What happens to the lost energy?

3-62. When a person rides on a swing, at what point in
the movement is kinetic energy the greatest? At what point
is potential energy the greatest? Assume that once started,
the person will swing to the same height each time without
an additional push. At what point is the total of the kinetic
energy and the potential energy greatest?

Specific Heat (secTiON 3-5)

3-63. It took 73.2 J of heat to raise the temperature of 10.0 g of
a substance 8.58°C. What is the specific heat of the substance?

3-64. When 365 g of a certain pure metal cooled from
100°C to 95°C, it liberated 56.6 cal. Identify the metal from
among those listed in Table 3-2.

3-65. A 10.0-g sample of a metal requires 22.4 J of heat to
raise the temperature from 37.0°C to 39.5°C. Identify the
metal from those listed in Table 3-2.

3-66. If 150 cal of heat energy is added to 50.0 g of copper
at 25°C, what is the final temperature of the copper?
Compare this temperature rise with that of 50.0 g of water
initially at 25°C. (Refer to Table 3-2.)

3-67. A large cube of ice weighing 558 g is cooled in a
freezer to —15.0°C. It is removed and allowed to warm to
0.0°C but does not melt. What is the specific heat of ice if
17.2 KJ of heat is required in the process?

3-68. How many joules are evolved if 43.5 g of aluminum is
cooled by 13°C? (Refer to Table 3-2.)

3-69. What mass of iron is needed to absorb 16.0 cal if the
temperature of the sample rises from 25°C to 58°C?

3-70. If one has a copper and an iron skillet of the same
weight, which would fry an egg faster? Explain.

3-71. When 486 g of zinc absorbs 265 J of heat energy,
what is the rise in temperature of the metal?

3-72. Given 12.0-g samples of iron, gold, and water, calcu-
late the temperature rise that would occur when 50.0 J of
heat is added to each.

3-73. A 10.0-g sample of water cools 2.00°C. What mass of alu-
minum is required to undergo the same temperature change?

3-74. A can of diet soda contains 1.00 Cal (1.00 kcal) of
heat energy. If this energy was transferred to 50.0 g of water
at 25°C, what would be the final temperature?

3-75. The specific heat of platinum is one of the lowest
among the metals. What is its specific heat if a 5.44-g quantity
evolves 7.36 cal when it cools from 55.0°C to 12.3°C?

3-76. 1f 50.0 g of aluminum at 100.0°C is allowed to cool to
35.0°C, how many joules are evolved?

3-77. A 22.5-] quantity of heat raises the temperature of a
piece of zinc 2.0°C. How many degrees Celsius would the
same amount of heat raise the temperature of the same
amount of aluminum?

3-78. In the preceding problem, assume that the hot alu-
minum was added to water originally at 30.0°C. What mass
of water was present if the final temperature of the water was
35.0°C?

3-79. If 50.0 g of water at 75.0°C is added to 75.0 g of
water at 42.0°C, what is the final temperature?

*3-80. A 100.0-mL volume of water is originally at 25.0°C.
When a chunk of lead that is originally at 42.8°C is added to
the water, the temperature of the water increases to 28.7°C.
If the specific heat of lead is 0.128 J/g - °C, what was the
weight of the lead?

*3-81.1f100.0 g of a metal at 100.0°C is added to 100.0 g of
water at 25.0°C, the final temperature is 31.3°C. What is the
specific heat of the metal? Identify the metal from Table 3-2.

General Problems

3-82. A 22-mL quantity of liquid A has a mass of 19 g. A
35-mL quantity of liquid B has a mass of 31 g. If they form a
heterogeneous mixture, explain what happens.

3-83. The volume of water in a graduated cylinder reads
25.5 mL. What does the volume read when a 25.0-g quantity
of pure nickel is added to the cylinder? (The density of nick-
elis 8.91 g/mL.)

3-84. A solution of table sugar in water is 14% by mass
sugar. The density of the solution is 1.06 g/mL. What is the
mass of sugar in 100 mL of the solution?
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3-85. A solid metal weighing 62.485 g was introduced into
a small flask having a total volume of 24.96 mL. To com-
pletely fill the flask, 18.22 mL of water was required. What is
the density of the metal expressed to the proper number of
significant figures?

3-86. What is the volume occupied by 22.175 g of the
metal in problem 3-85?

3-87. A 10.0-g quantity of table salt was added to 305 mL of
water. What is the percent table salt in the solution?

3-88. Battery acid is 35% sulfuric acid in water and has a
density of 1.29 g/mL. What is the mass of sulfuric acid in
1.00 L of battery acid?

3-89. An alloy is prepared by mixing 50.0 mL of gold with
50.0 mL of aluminum. What is the mass percent gold in the
alloy?

3-90. How many kilocalories are required to raise 1.25 L of ice
from —45°C to its melting point? (Refer to Tables 3-1 and 3-2.)

3-91. When 215 J of heat is added to a 25.0-g sample of a
given substance, the temperature increases from 25°C to
91°C. What is the volume of the sample? (Refer to Tables 3-1
and 3-2.)

3-92. A 21.8-mL quantity of magnesium is at an initial
temperature of 25.0°C. When 18.4 cal of heat energy is
added to the sample, the temperature increases to 27.0°C.
What is the specific heat of magnesium? (Refer to Tables 3-1
and 3-2.)

3-93. 25.0 mL of a given pure substance has a mass of
67.5 g. How much heat in kilojoules (k]) is required to
heat this sample from 15°C to 88°C? (Refer to Tables 3-1
and 3-2.)

3-94. When a log burns, the ashes have less mass than the
log. When zinc reacts with sulfur, the zinc sulfide has the
same mass as the combined mass of zinc and sulfur. When
iron burns in air, the compound formed has more mass than
the original iron. Explain each reaction in terms of the law
of conservation of mass.

Graphing Physical Properties

Purpose: To depict a physical property using graphical analysis, and
evaluate an unknown by comparison to a standard. (Work in groups of
three or four. Estimated time: 20 min.)

This exercise is based on Making It Real, “Identifying a
Glass Shard from a Crime Scene by Density.” Assuming that
the volumes of solutions of bromoform and bromobenzene
are additive, we can construct a graph that shows what

the density of each exact mixture of the two chemicals
would be.

1. Obtain a piece of graph paper. Draw your x-axis 20 spaces
across. This axis will be your solution percentage, and
each space will represent a 5% increase in the amount of
bromoform (0% on the left, 100% on the right). Label
every other line.

2. Draw your y-axis 28 spaces high. This axis is your density
and will start at 1.50 g/mL, the approximate density of
bromobenzene. It will continue to 2.90 g/mL, the density
of bromoform. Each line, then, is 0.05 g/mL. Label every
fourth line.

3. The density of the different percent solutions should be
a straight-line relationship. Plot a point at 0% and
1.50 g/mL for pure bromobenzene, and at 100% and
2.90 g/mL for bromoform. Connect the two points with
a straight line.

STUDENT WORKSHOP

You now have a graph on which you can read the density for
any percentage of bromoform and bromobenzene or can
find a percentage for any given density. Now proceed to ana-
lyze some data. Several glass samples were obtained, and
they were experimentally analyzed in the bromobenzene/
bromoform mixtures. The percentage of bromoform indi-
cates the mixture that suspended the particles.

PERCENTAGE ESTIMATED
GLASS SAMPLES OF BROMOFORM DENSITY
A 71% 277
B 75% 27?7
C 63% 27?7
D 78% 27?7
E 67% PP?

Note that the glass samples were all suspended over a very
small range of mixtures. That’s because the densities of glass
do not vary much, one from another. In reality, the range is
even smaller.

Using your graph, determine the approximate densities
for the five samples. A sixth sample of glass found on a sus-
pect had a density of 2.60 g/ml. Which of the five evidence
samples matches up with the suspect’s? If that was the sam-
ple taken from the crime scene, our suspect will have some
explaining to do.
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The Periodic Table
and Chemical
Nomenclature

T he periodic table helps the chemist systematize the properties of
the elements. It is also used for the naming of compounds formed

by the elements. The origin of this table and its use

in naming compounds are the

subjects of this chapter.



PART A

4— 1 The Origin of the Periodic Table

4—2 Using the Periodic Table

D <:>MAKING IT REAL

The Discovery of a Group VIIA Element, lodine

THE FORMULAS AND NAMES

OF COMPOUNDS

4-3 Naming and Writing Formulas of
Metal-Nonmetal Binary Compounds

4—4 Naming and Writing Formulas of
Compounds with Polyatomic lons

D <:>MAKING IT REAL

Tonic Compounds in the Treatment of Disease

4—5 Naming Nonmetal-Nonmetal Binary
Compounds

4—6 Naming Acids

SETTING THE STAGE Two things may strike
the casual and uninformed observer about chemists and stu-
dents of chemistry: (1) they seem to glance frequently at an
ever-present wall poster containing the symbols of the ele-
ments, and (2) they seem to have their own language. The
observer is correct on both counts. The wall poster is obvi-
ously important, since it hangs in almost every chemical lab-
oratory and classroom. Known as the periodic table, it is as
important to a chemist as a map is to a world traveler. The
location of a city on a map tells us a wealth of information
about climate and culture. Likewise, the location of a specific
element on the periodic table gives us important informa-
tion about physical and chemical properties of the element.

Now consider the language of chemistry. Chemists have
their own vocabulary for the 10 million or so known
compounds. Why is it necessary for us to learn the language
of chemistry? The answer is the same as why you learn any
language other than your native tongue—so you can
communicate directly with others who speak the same
language. The vocabulary of chemistry is known as chemical
nomenclature. Like learning any other tongue, learning
chemical nomenclature requires some memorization.

These two topics, the periodic table and chemical
nomenclature, may at first seem unrelated. However,
the periodic table groups the elements into two broad
categories, and the naming of compounds relates to these
classifications. The periodic table displays this information in
an easy-to-read manner that simplifies the rules of chemical
nomenclature.

In Part A of this chapter, we will present the periodic
table and much of the information found in it. We will put
the periodic table to use in Part B, by writing formulas and
naming compounds.
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PART A
OBJECTIVES
Describe the origins of the periodic table.
SETTING A GOAL Using the periodic table, identify a specific element as
You will be able to explain the significance of the a metal or nonmetal and give its period, group number,
periodic table, its origins, and how different properties the name of the group if appropriate, and its physical
of an element can be predicted by its location on the state.
table.
>
4—1 THE ORIGIN OF THE PERIODIC TABLE
Describe the origins of the periodic

table.

LOOKING AHEAD! [thadbeen known for centuries that there were
chemical similarities among certain elements. How these similarities led to a chart
called the periodic table is the subject of this section. =

4-1.1 Metals and Nonmetals

It seems like many sciences divide their subject into two categories. Biology studies
flora (plants) and fauna (animals). Geology studies the continents and the oceans.
Chemistry also divides the elements into two categories, metals and nonmetals.

Metals are generally hard, lustrous elements that are malleable (can be pounded
into thin sheets) and ductile (can be drawn into wires). (See Figure 4-1.). We also
know they readily conduct electricity and heat. Many metals such as iron, copper,
and aluminum form the strong framework on which our modern society is built.
Recall from the Prologue that the discovery and use of metals over 5000 years ago
moved civilization beyond the Stone Age.

The second type of element is noted by its lack of metallic properties. These are
the nonmetals. Nonmetals are generally gases or soft solids that do not conduct elec-
tricity. (See Figure 4-2.)

FIGURE 4-1 Two Properties of Metals (a) Metals can be pressed into thin sheets
(malleable) or (b) drawn into wires (ductile).
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There are notable exceptions to the general properties of metals and
nonmetals. Still, almost everyone has a general idea of what a metal is
like. In addition to these physical properties, there are some very impor-
tant chemical differences between metals and nonmetals, which we will
explore in Chapter 9. The division between metallic and nonmetallic
properties is not distinct. Some elements have intermediate properties
and are sometimes classified as a separate group called metalloids.

4-1.2 Two Kinds of Metals

Classifying the elements doesn’t stop with the division of elements into
metals and nonmetals. Further classification is possible because some ele-
ments have remarkable chemical similarities to each other. For exam-
ple, several important metals are found in the free state in nature
because of their low chemical reactivity. Copper, silver, and gold are met-
als that are very resistant to the chemical reactions of corrosion and rust.
Because of this as well as their luster and beauty, they are the prized met-
als of coins and jewelry. Gold and silver coins on the ocean bottom,
deposited from ships that foundered hundreds of years ago, can be eas-
ily polished to their original luster. (See Figure 4-3.)

Other metals are very much different. They are found in nature only
as parts of compounds because of their high chemical reactivity. In fact,
their free metals react spontaneously with air and water. Lithium, sodi-
um, and potassium must be stored under oil because they react violently
(to the point of explosion) when placed in water.

Historically, elements with similar or related properties were grouped

FIGURE 4-2 Nonmetals The bottle on
the left contains liquid bromine and its vapor.
The flask in the back contains pale-green chlo-
rine gas. Solid iodine is in the flask on the right.
Powdered red phosphorus is in the dish in the
middle, and black powdered graphite (carbon)

into what was referred to as families of elements. Thus, copper, silver, and s i the watch glass in front. Lumps of yellow
gold were classified as one family, sometimes referred to as the noble met-  sulfur are shown in the front.

als, while lithium, sodium, and potassium were classified into another fam-

ily, sometimes referred to as the active metals. There are many other

elements that early chemists grouped into families with similar chemical properties.
The fact that many elements could be grouped into families seemed to suggest

some sort of systematic relationships among the elements. Indeed there is. In fact,

about 140 years ago, the big picture of the relationships among the elements was

presented in a chart known as the periodic table. (See Figure 4-4.)

4-1.3 The Origin of the Periodic Table

The earliest version of this table was introduced in 1869 by Dmitri Mendeleev of
Russia. Lothar Meyer of Germany independently presented a similar table in 1870.
When these two scientists arranged the elements in order of increasing atomic mass-
es (atomic numbers were still unknown), they observed that elements in families
appeared at regular (periodic) intervals. The periodic table was constructed so that
elements in the same families (e.g., Li, Na, and K) fell into vertical columns.

At first this did not always happen. Sometimes the next-heaviest element did not
seem to chemically fit in a certain family. For example, the next-heaviest known ele-
ment after zinc (Zn) was arsenic (As). Arsenic seemed to belong under phosphorus
(P), not aluminum (Al). Mendeleev solved this problem by leaving two blank spaces.
For example, a space was left under silicon (Si) and above tin (Sn) for what Mendeleev
suggested was a yet-undiscovered element. Mendeleev called the missing element
“ekasilicon” (meaning one place away from silicon). Later, an element was discovered
that had properties intermediate between silicon and tin, as predicted by the loca-
tion of the blank space. The element was later named germanium (Ge). Gallium (Ga)
was eventually discovered and fit comfortably under aluminum.

A second problem involved some misfits when the elements were ordered accord-
ing to atomic mass. For example, notice that tellurium (number 52, Te) is heavier

FIGURE 4 -3 Silverand Gold
With a little polish, these gold and
silver coins regained their original
luster after three centuries at the
bottom of the ocean.



112 CHAPTER 4 The Periodic Table and Chemical Nomenclature

Atomic number Noble
gases
IA metal metalloid nonmetal VIIA
(1) 1 (18)
1 H 2
1 H 1A 1.00794 1A 1A IVA VA VIA  VIIA He
roores | (2) (2) (13)  (14) (15) (16) (17) | so02e0
3 4 5 6 7 8 9 10
2| Li Be B © N 0] F Ne
6.941 9.01218 10.811 12.011 14.00674 | 15.9994 18.99840 | 20.1797
VIIIB
11 12 . 13 14 15 16 17 18
3| Na Mg 1B IVB VB VIB  VIIB r \ 1B 1B Al S p S cl Ar
22.98977 | 24.3050 (3) (4) (5) (6) (7) (8) (9) (10) (1 1) (12) 26.98154 28.0855 30.97376 32.066 35.4527 39.948
) 19 20 21 22 23 24 25 26 27 28 29 30 31 32 33 34 35 36
24 K Ca Sc Ti ) Cr Mn Fe Co Ni Cu Zn Ga Ge As Se Br Kr
& 39.0983 40.078 44.95591 47.88 50.9415 51.9961 54.9380 55.847 58.93320 58.69 63.546 65.39 69.723 72.61 74.92159 78.96 79.904 83.80
37 38 39 40 41 42 43 44 45 46 47 48 49 50 51 52 53 54
5| Rb Sr Y Zr Nb Mo Tc Ru Rh Pd Ag Cd In Sn Sb Te | Xe
85.4678 87.62 88.90585 91.224 92.90638 95.94 98.9072 101.07 102.90550 106.42 107.8682 | 112.411 114.82 118.710 121.75 127.60 126.90447 131.29
55 56 57 72 73 74 75 76 77 78 79 80 81 82 83 84 85 86
6| Cs Ba *La Hf Ta w Re Os Ir Pt Au Hg Tl Pb Bi Po At Rn
132.90543 | 137.327 138.9055 178.49 180.9479 183.85 186.207 190.2 192.22 195.08 196.96654| 200.59 204.3833 207.2 208.98037| 208.9824 § 209.9871 | 222.0176
87 88 89 104 105 106 107 108 109 110 111 112 114 116
71 Fr Ra tAc Rf Db Sg Bh Hs Mt Uun | Uuu | Uub
223.0197 | 226.0254 | 227.0278 261.11 262.114 263.118 262.12 (265) (266) (269) (272) 277) (285) (289)
58 59 60 61 62 63 64 65 66 67 68 69 70 71

ASSESSING THE

OBJECTIVE FOR

SECTION 4-1

p>OBJECTIVE FOR
SECTION 4-2
Using the periodic table, identify a
specific element as a metal or non-
metal and give its period, group
number, the name of the group if
appropriate, and its physical state.

*| Ce Pr Nd Pm Sm Eu Gd Tb Dy Ho Er Tm Yb Lu

140.115 |[140.90765( 144.24 144.9127 150.36 151.965 157.25 |158.92534| 162.50 |164.93032| 167.26 |168.93421 173.04 174.967

90 91 92 93 94 95 9% 97 98 99 100 101 102 103
t]1 Th Pa U Np Pu Am Cm Bk Cf Es Fm Md No Lr

232.0381 [ 231.0359 | 238.0289 | 237.0482 | 244.0642 | 243.0614 | 247.0703 | 247.0703 | 242.0587 | 252.083 | 257.0951 258.10 259.1009 | 260.105

FIGURE 4-4 ThePeriodic Table

than iodine (number 53, I). But Mendeleev realized that iodine clearly belonged
under bromine and tellurium under selenium, not vice versa. Mendeleev simply
reversed the order, suggesting that perhaps the atomic masses reported were in error.
(That was known to happen sometimes.) We now know that this problem does not
occur when the elements are listed in order of increasing atomic number instead
of atomic mass. This method of ordering conveniently displays the periodiclaw, which
states that the properties of elements are periodic functions of their atomic numbers.

EXERCISE 4-1(a) KNOWLEDGE: Fill in the blanks.

The periodic table was first displayed by in the year . Elements are
grouped vertically into that share the same . are lustrous
and malleable. are dull and brittle.

EXERCISE 4-1(b) SYNTHESIS: Many individuals attempted to create
arrangements of atoms that illustrated their repetitive properties. Why did
Mendeleev succeed where others failed?

For additional practice, work chapter problems 4-1 and 4-2.

4 -2 USING THE PERIODIC TABLE

LOOKING AHEAD! Thereisagood deal of information that can be
determined about a specific element from its position in the periodic table. We will
discuss some of the categories and properties of elements that are predictable from

- their positions in the table. =



4-2 Using the Periodic Table

113

4-2.1 Locating the Metals and Nonmetals

A quick glance at the periodic table shown in Figure 4-4 reveals the two broad clas-
sifications of the elements that we discussed. The heavy stair-step line separates the
metals and nonmetals. Metals (about 80% of the elements) are on the left of the
line and are shown in blue; nonmetals are on the right and are shown in pink.
Hydrogen appears to the left of the line but is definitely a nonmetal. The metalloids,
on either side of borderline, are shown in orange. For example, silicon is a brittle
solid typical of nonmetals, but it is shiny like a metal and conducts a limited amount
of electricity (a semiconductor). Conduction of electricity is also a metallic proper-
ty. In any case, we will use only the two broad classifications (metal and nonmetal)
in the nomenclature discussed later in the chapter.

4-2.2 Periods

The periodic table allows us to locate families of elements in vertical columns. In
fact, there are common characteristics in the horizontal rows as well. Horizontal rows
of elements in the table are called periods. Each period ends with a member of the fam-
ily of elements called the noble gases. The first period contains only 2 elements, hydro-
gen and helium. The second and third contain 8 each (Figure 4-4); the fourth and
fifth contain 18 each; the sixth, 32; and the seventh, 31, as of this writing. (The sev-
enth would also contain 32 if there were enough elements.)

4-2.3 Groups

Families of elements fall into vertical columns called groups. Each group is designated by
a number at the top of the group. The most commonly used label employs Roman
numerals followed by an A or a B. Another method, which eventually may be accept-
ed, numbers the groups 1 through 18. It is not clear at this time which method will
win out, or if some alternative will yet be proposed and universally accepted. The
periodic tables used in the text display both numbering systems. In the discussion,
however, we will use the traditional method involving Roman numerals along with
the letters A and B.

The groups of elements can be classified even further into four main categories
of elements.

1. The Main Group or Representative Elements (Groups IA-VIIA)
Most of the familiar elements we will discuss and use as examples in this text
are main group or representative elements. These are the elements labeled A in
the periodic table. For example, the four main elements of life—carbon,
oxygen, nitrogen, and hydrogen—are in this category. One group of the
representative elements includes the highly reactive metals that we discussed
earlier. Notice that lithium, sodium, and potassium are found in Group IA.
This family of elements (not including hydrogen) is known as the alkali
metals. Another set of metals that are also chemically reactive is found in
Group IIA and are known as the alkaline earth metals. Group VIIA elements
are all nonmetals and are known as the halogens. Group VIA elements are
known as the chalcogens, although this title is rarely used anymore. The
other representative element groups (IIIA, IVA, and VA) are not generally
referred to by a family name but are instead identified by the element at the
top of the column. Hence, any element in column VA is part of the nitrogen
family. In Chapter 9, we will discuss in more detail some of the physical and
chemical properties of the representative elements.

2. The Noble or Inert Gases (Group VIIIA)
These elements form few chemical compounds. In fact, helium, neon, and
argon do not form any compounds. They all exist as individual atoms in
nature.
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3. The Transition Metals (Group B Elements)
Transition metals include many of the familiar structural metals, such as iron
and chromium, as well as the noble metals—copper, silver, and gold (Group
IB)—which we discussed earlier.

4. The Inner Transition Metals
The 14 inner transition metals between lanthanum (number 57) and hafnium
(number 72) are known as the lanthanides or rare earths, and the 14 metals
between actinium (number 89) and rutherfordium (number 104) are
known as the actinides.

4-2.4 Physical States and the Periodic Table

Next we will consider what the periodic table can tell us about the physical state of
an element. We must be cautious, however, as to the temperature conditions we
define. If the temperature is low enough, all elements exist as solids (except helium);
if it is high enough, all elements are in the gaseous state. On Triton, a moon of the
planet Neptune, the temperature is —236°C (37 K). The atmosphere is very thin
because most substances that are gases under Earth conditions are solids or liquids
under Triton conditions. At the outer part of the sun, however, the temperature is
50,000°C, so only gases exist. Thus, we must come to some agreement as to a reference
temperature to define the physical state of an element. Room temperature, which is
defined as exactly 25°C, is the standard reference temperature used to describe physical

1T

The Discovery of a Group VIIA Element, lodine

It was a cold day in a small
seaside town on the Atlantic
coast of France in 1811. A few
dozen seamen were extracting
potassium salts with acid from
the sludge of seaweed. Bernard
Courtois, the employer of these
seamen, was a chemist by
training and a graduate of the
Polytechnical Institute in Paris.
His factory prepared saltpeter
(potassium nitrate) to be used in ammunition for Napoleon's
armies. Today, however, the workers' efforts turned fruitless.

One of the workers decided to use a more concentrated
form of acid. At that point, a huge volume of violet fumes
rose from the tanks and dark crystals started depositing on
every cold surface that was nearby. Their observations
would lead to the discovery of a very important element.
Courtois collected those unique crystals for examination
and found out they would combine with hydrogen and
phosphorus, but not with oxygen. He also discovered they
would form an explosive compound with ammonia. He later
gave samples to two of his Paris Polytechnical Institute
friends, C. Desormes and N. Clement, who published the
discoveries two years later. Soon thereafter, Frenchman

Joseph Louis Gay-Lussac and Englishman Sir Humphry
Davy announced the discovery of a new element, which
was first named jode (from the Greek word for “violet”) by
Gay-Lussac and finally /odline, to give it the same ending as
chlorine, an element with similar properties. (Because of its
chemical properties, iodine would later be classified as a
halogen along with chlorine and bromine in Group VIIA.)

What happened on that day in 1811? Seaweed
concentrates several ionic compounds other than sodium
chloride (table salt), but no one had attached very much
importance to them. That day, however, the iodine
compounds must have become considerably concentrated
after the extraction of the sodium chloride. The
concentrated acid converted the iodine compounds to
elemental iodine. The iodine vaporized (sublimed) but
quickly condensed on the cool surfaces.

The practical applications of the new element had an
immediate impact on patients with goiter, the enlargement
of the thyroid gland. In 1820, Jean Francois Coinder
associated the lack of goiter among seamen with the
presence of iodine compounds in their working
environment. The thyroid gland, he concluded, needs iodine
to function properly and this could be achieved by adding
small amounts of sodium iodide to table salt (i.e., iodized
salt).
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state. At this temperature, all three physical states are found "
among the elements on the periodic table. Fortunately, H,* 5
except for hydrogen, the gaseous elements are all found at He
the extreme right top of the table (nitrogen, oxygen, fluo- 5 6 7 3 s | 10
rine, and chlorine) and in the right-hand vertical column B © N, | O, F, | Ne
(the noble gases). There are only two liquids: a metal, mer- 13 2 | 15 | 16 | 17 | 18
cury, and a nonmetal, bromine. All other elements are solids. ‘ Al Si P, | Sg | Cl, | Ar
(See Figure 4-5.) (Two solid metals, gallium and cesium, melt Solids P e N .. | s
to become liquids at approximately 29°C, slightly above the Zn | Ga | Ge | As | Se | Br, | Kr
reference temperature. Since body temperature is 37°C, both Gas 48 | 49 | 50 | 51 | 52 | 53 | 82
of these elements would melt in your hand.) cd In | sn | Sb | Te ly Xe

Many of the nonmetals exist as diatomic molecules rather Lo 0 | 81 | 82 | 83 | 84 | 85 | 86
than individual atoms. The periodic table can help us locate iquids Hg | T [ 2pb | Bi | Po | At | Rn

these elements. All the gaseous elements except for the
noble gases, which exist as individual atoms, are composed
of diatomic molecules (e.g., Ng, Og, and Hy). Or one may notice that all the natu-
rally occurring halogens (Group VIIA) are diatomic. Not all molecular nonmetals
are diatomic, however. The formula for the most common form of phosphorus is
P4, which indicates the presence of molecules composed of four atoms. The most
common form of sulfur is Sg, indicating eight-atom molecules. The forms of carbon
will be discussed in Chapter 11.

(Answer these questions using a periodic table.)

EXERCISE 4-2(a) KNOWLEDGE: Fill in the blanks.

Of the two general classifications of elements, nickel is a and sulfur is a

. Some borderline elements such as germanium are sometimes referred to
as . In the periodic table, elements are ordered according to increasing
so that of elements fall into vertical columns. Of the four
general categories of elements, calcium is a element, nickel is a

, and xenon is a . An element in Group IIA, such as calci-
um, is also known as an metal. A solid nonmetal that is composed
of diatomic molecules is in the group known as the . Metals are all solids
except for

EXERCISE 4-2(b) ANALYSIS: Assign each of the following elements to
one of the four major categories, give its symbol and physical state, tell whether it’s
a metal or nonmetal, and give its period and group number.

(a) copper (b) argon (c) barium (d) bromine (e) uranium

EXERCISE 4-2(c) ANALYSIS: Identify the element that fits each description.

(a) the fourth-period alkaline earth metal

(b) the liquid halogen

(c) the ITIIA nonmetal

(d) the last transition metal of the fifth period
(e) the gaseous chalcogen

EXERCISE 4-2(d) SYNTHESIS: A few elements that have been created in
recent years have never existed outside of a laboratory. Yet we can still use the peri-
odic table to predict what these elements would be like if we could somehow isolate
a measurable quantity. Evaluate element 118 and the hypothetical 119 for category,
physical state, period, group number, and whether they are metals or nonmetals.

For additional practice, work chapter problems 4-4, 4-10, 4-12, and 4-14.

*The subscript 2 indicates diatomic molecules at 25°C

FIGURE 4-5 The Physical
States of the Elements The ele-
ments are found in all three physi-
cal states at room temperature.

ASSESSING THE

OBJECTIVE FOR
SECTION 4-2
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PART A
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SsuUMM

THE FORMULAS AND N
OF COMPOUNDS

SETTING A GOAL

You will learn how to systematically nam
of molecular and ionic compounds and d
formulas of compounds from the names.

The elements can be classified as either metals or nonmetals. p. 110

The metalloids are elements with intermediate properties between metals and
nonmetals. p. 111

The periodic table is a chart that displays the relationships among the elements. p. 11
The periodic law describes the ordering of the elements based on atomic numbers. p. 112
All elements can be assigned to a specific period. p. 113

The main classifications of groups of elements are the main groups or
representative elements, the noble gases, the transition metals, and the inner
transition metals. pp. 113-114

The named groups of representative elements are the alkali metals, the alkaline
earth metals, and the halogens. p. 113

The inner transition elements are known as either the lanthanides or actinides. p. 114
The physical state of an element at room temperature can be determined from the
periodic table. p.114
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OBJECTIVES

4-3 Write and name ionic compounds involving a metal and
e various types nonmetal using IUPAC conventions.
etermine the 4.-4 Write and name compounds containing polyatomic ions
using IUPAC conventions.
4-5 Name binary molecular (nonmetal-nonmetal)
compounds using proper Greek prefixes.
4-6 Name and write the formulas of acids.
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4_ NAMING AND WRITING FORMULAS OF

METAL-NONMETAL BINARY COMPOUNDS

LOOKING AHEAD! Thereare now over 1o million recorded compounds.
With such a number, systematic methods of naming the compounds must be
= employed. We will need a periodic table, since we need to know whether an element
n is a metal or nonmetal. Our first task is to look at binary (i.e., two-element)
compounds made from a metal and a nonmetal. For the most part, these are ionic compounds,
which is one of the two major classes of compounds described in Chapter 2. =

Chemical compounds can be roughly divided into two groups: organic and inorganic.
Organic compounds are composed principally of carbon, hydrogen, and oxygen.
These are the compounds of life and will not be discussed at this time. All other com-
pounds are called inorganic compounds, and we will focus on these. As mentioned,
many inorganic compounds were given common names, and some of these names
have survived the years. For example, HyO is certainly known as water rather than
the more exact systematic name of hydrogen oxide. Ammonia (NHj) and methane
(CHy,) are two other compounds that are known exclusively by their common names.
Other compounds have ancient common names but are best described by their more
modern systematic names, which we will use here.

One of the most important chemical properties of a metal is its tendency to form
positive ions (cations). Most nonmetals, on the other hand, can form negative ions
(anions). (The noble gases form neither cations nor anions.) Inorganic compounds
composed of just two elements—metal cations and nonmetal anions—will be referred
to as metal-nonmetal binary compounds. Metals fall into two categories. Some metals form
cations with only one charge (e.g., Ca*"). Others form cations with two or more charges
(e.g., Fe?" and Fe™). The rules for the latter compounds are somewhat different from
those for the first. So we initially consider metals with ions of only one charge.

4-3.1 Metals with lons of Only One Charge

As organized by Mendeleev, the periodic table places elements with similar chemical
properties in the same column. It is not surprising, then, to find out that the charge
of an atom’s ion can in many cases be predicted based on what column it is in. Almost
all metals that have only one charge on their ions are located in one of two groups.
Representative element metals in Group IA (alkali metals) form +1 cations exclu-
sively. Likewise, the metals in Group IIA (alkaline earth metals) form +2 ions exclu-
sively. Aluminum, in Group IIIA, forms a +3 ion exclusively, but other metals in this
group also form a +1 ion. (See Figure 4-6.) (There are also several transition metals
that form only one cation charge, but they are not included in this discussion.)

When present in metal-nonmetal binary compounds, the nonmetals form one type
of anion. Hydrogen and Group VIIA (halogens) form —1 ions, Group VIA elements
form —2ions, and N and P in Group VA form —3 ions. (Figure 4-6.) Note that positive
and negative ions do not exist separately. They are always found together in ordinary matter. In
both naming and writing the formula for a binary ionic compound, the metal comes
first and the nonmetal second. The unchanged English name of the metal is used. (If
a metal cation is named alone, the word éon is also included to distinguish it from the
free metal.) The name of the anion includes only the English root plus -ide. For exam-
ple, chlorine as an anion is named chloride and oxygen as an anion is named oxide. So the
names for NaCl and CaO are sodium chloride and calcium oxide.

Some other examples of writing names from formulas are shown in Example 4-1.
Writing formulas from names can be a somewhat more challenging task, since we must
determine the number of each element present in the formula. In Chapter 2, we prac-
ticed writing formulas given specific ions with specific charges. In this chapter, we are
now able to determine the charge on the ion by reference to the periodic table. Recall

p>OBJECTIVE FOR
SECTION 4-3

Write and name ionic compounds

involving a metal and nonmetal using

IUPAC conventions.
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FIGURE 4 -6 Monatomic
lons of the Representative
Elements Metals form specific
cations, and nonmetals form
specific anions.

IA 1A 1A IVA VA VIA VIIA
Hydride
e
Lithium Beryllium Carbide Nitride Oxide Fluoride
Li* Be?* Cis N3~ 0% F
Sodium Magnesium Aluminum Phosphide Sulfide Chloride
Na* Mg?* At p3- S cr-
Potassium Calcium Selenide Bromide
K* Ca?* Se?” Br-
Rubidium Strontium Telluride lodide
Rb* Sre+ Te? I-
Cesium Barium
Cs* Ba®*

also from Chapter 2 that the formulas represent neutral compounds where the positive
and negative charges add to zero. In other words, the total positive charge is canceled
by the total negative charge. Thus, NaCl is neutral because one Na' is balanced by one
CI" [i.e., +1 + (—1)=0] and CaO is neutral because one Ca®' is balanced by one
0% [ie., +2 + (—2)=0]. The formula for magnesium chloride, however, requires two
Cl ions to balance the one Mg2+ ion, so it is written as MgCl, [i.e., +2 + (2 X —1) = 0].
We will practice writing formulas from names in Example 4-2.

Naming Binary lonic Compounds

Name the following binary ionic compounds: K, Li,S, and MgsN,.

A quick glance at the periodic table reveals that the first element in each compound is a representative metal and the sec-

ond is a representative nonmetal

SOLUTION

. Use the metal name unchanged, and change the ending of the nonmetals to -ide.

FormuLA ML NONME AL COMPOUND NAME .
KI potassium iodine potassium iodide

Li,S lithium sulfur lithium sulfide

MgsN, magnesium nitrogen magnesium nitride

Writing the Formulas

of Binary lonic Compounds

Write the formulas for the following binary metal-nonmetal compounds: (a) aluminum fluoride and (b) calcium selenide.

From the names, recognize that these compounds are representative elements. Identify their charges based on their column

on the periodic table. Determine
subscripts in the formula.

how many of each element are necessary to produce a neutral compound. Use these as
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SOLUTION

(a) Aluminum is in Group llIA, so it forms a cation with a +3 charge exclusively. Fluorine is in Group VIIA, so it forms an
anion with a —1 charge. Since the positive charge must be balanced by the negative charge, we need three F'~ anions
to balance one AI*" ion [e.g., +3 + (3 X —1) = 0]. Therefore, the formula is written as

AT + 3(F) = AlF,

(b) Calcium is in Group lIA, so it forms a +2 cation. Selenium is in Group VIA, so it forms a —2 anion. Together the charges
add to zero, so one of each atom is sufficient in the formula:

Ca%" + Se? = CaSe

ANALYSIS

Another convenient way to establish the formula is to write the ions with their appropriate charges side by side. The numerical
value of the charge on the cation becomes the subscript on the anion, and vice versa. The number 1 is understood instead of
written as a subscript. This is known as the cross-charge method. Notice that, in (b), by exchanging values of the charge, we first
indicate a formula of CaySe,. This is not a correct representation, however. lonic compounds should be expressed with the sim-
plest whole numbers for subscripts. Therefore, the proper formula is written as CaSe.

SYNTHESIS

What is the formula of a compound made from a metal (M) with a +3 charge and a nonmetal (X) with a —2 charge? Using
the cross-charge method, we get a formula of MyX3. Charges are rarely higher than +3 or —3, so this is typically as com-
plicated as balancing the charges in ionic compounds ever gets.

4-3.2 Metals with lons of More Than One Charge

Except for Groups IA, IIA, and aluminum, other representative metals and most tran-
sition metals can form more than one cation. Therefore, a name such as iron chlo-
ride would be ambiguous since there are two iron chlorides, FeCl, and FeCls. An even
more dramatic case is that of the oxides of manganese—there are five different com-
pounds (MnO, Mn3Oy4, MnyOs, MnOy, and MnyOy). To distinguish among these com-
pounds, the charge on the metal ion follows the name of the metal in Roman numerals
and in parentheses. This is referred to as the Stock method. By this convention, the two
chlorides of iron are named iron (II) chloride (FeCly) and iron(III) chloride (FeCls).

Another method of naming compounds is known as the classical method. Though
no longer widely used in chemistry, it is still found in many pharmaceuticals and drug
labels. In this system, the name of the metal ion that has the lower charge ends in -ous and
the higher ends in -ic.

If the symbol of the element is derived from a Latin word, the Latin root is gener-
ally used rather than an English root. Thus the two chlorides of iron are named fer-
rous chloride (FeCly) and ferric chloride (FeCls). The disadvantage of this method
is that you have to know in advance what the possible charges of a metal are. The Stock
method, on the other hand, tells you explicitly. The classical method will not be includ-
ed in examples or problems in this text. However, several common examples of names
of ions of metals that form more than one cation are shown in Table 4-1.

In order to use the Stock method, it is necessary to determine the charge on the
metal cation by working backward from the known charge on the anion. For exam-
ple, in a compound with the formula FeS, we can establish from Figure 4-6 that the
charge on the S is —2. Therefore, the charge on the one Fe must be +2. The
compound is named ron(Il) sulfide. In the following examples, we will use a simple
algebra equation that will help us determine the charge on the metal and thus the
proper Roman numeral to use for more complex compounds. The equation is

(number of metal cations) X (+ charge on metal) +
(number of nonmetal anions) X (— charge on nonmetal) = 0
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( TABLE 4-1 ) Metals That Form More Than One lon

STOCK CLASSICAL STOCK CLASSICAL
ION NAME NAME ION NAME NAME
crt chromium (IT) chromous Cu* copper(I) cuprous
Cr* chromium (III)  chromic Cu?* copper (II) cupric
Fe?* iron (IT) ferrous Mn?* manganese (IT) manganous
Fe®t iron (III) ferric Mn®* manganese (I1I) manganic
Pb>* lead (II) plumbous Sn** tin (II) stannous
Pb** lead (IV) plumbic Sn** tin (IV) stannic
Au’ gold (I) aurous Co?* cobalt(II) cobaltous
Au®t gold (III) auric Co™* cobalt(IIT) cobaltic

Naming Binary Compounds with Metals with More Than One Charge

Name the following compounds: SnO, and Co,Ss.

To determine the charge on the metal cation, we can work backward from the known charge on the anion. Recall that Group
VIA nonmetals form a —2 charge in binary compounds. We can use the general algebra equation introduced in the preced-
ing discussion to determine the proper Roman numeral to use for the metal.

SOLUTION
The equation applied to the given compound is
[1 X (Sn charge)] + [2 X (O charge)] = 0
Substitute the known charge on the oxygen and solve for the charge on the tin.

Sn+(2xXx-2 =0
Sn—4=0
Sn = + 4(IV)

The name of the compound is, therefore, tin(IV)oxide.
For Co,S3, we can construct the following equation.

[2 X (Co charge)] + [8 X (S charge)] = 0
The charge on a Group VIA nonmetal such as S is —2.

2Co+ 83X —-2)=0
2Co = +6
Co = +3(IlN

The name of the compound is cobalt(lll)sulfide.

EXAMPLE 4-4

Writing the Formulas of Compounds with Metals That Form
More Than One Charge

Write the formulas for lead(lV) oxide, nickel(ll) bromide, and chromium(lll) sulfide.

These types of compounds are actually easier than those with normal representative elements. The charge on the metal is
already stated explicitly for you. Determine the charge on the nonmetal, balance the charges, and write the formula.
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SOLUTION
Lead(IV) oxide: If lead has a +4 charge, two O? ions are needed to form a neutral compound [i.e., (1 X +4) — (2 X —2) = 0].

PbO,

Nickel(ll) bromide: Two bromines are needed to balance the +2 nickel [i.e,, 1 X +2) — (2 X —1) = 0].
NiBr,

Chromium(lll) sulfide: Two Cr®" ions are needed to balance three S%~ ions [i.e., 2 X +3) — (3 X —2) = 0].
CryS3

ANALYSIS

The key to successful nomenclature is recognizing the type of compound you are dealing with, and then naming it accord-
ing to the rules set down for that type of compound. A periodic table is indispensable in this regard. With it, you can deter-
mine whether the metal in question is in column | or Il (or Al) and therefore does not require a charge in the name, or whether
it is any of the other metals available to us and therefore does.

SYNTHESIS

Students often become confused over the meaning of the number in parenthesis. Remember that it is the charge on the
metal, not the number of metal atoms in the compound. So what are the formulas of copper(l) sulfide and copper(ll) sul-
fide? Cu,S and CusS, respectively. Notice that copper(l) requires two atoms of copper and copper(ll) requires one atom of
copper. Can you see from the charges why this is so?

ASSESSING THE
OBJECTIVE FOR

EXERCISE 4-3(a) KNOWLEDGE: For which of the following metals SRt Ll el

must a charge be placed in parenthesis when naming one of its compounds?
Co, Li, Sn, Al, Ba

EXERCISE 4-3(b) ANALYSIS: Name the following compounds.

(a) Li,O (b) Crly (c) PbS (d) MgsNy (e) NigPy

EXERCISE 4-3(c) ANALYSIS: Provide the formula for the following compounds.
(a) aluminum iodide (c) tin(IV) bromide

(b) iron (III) oxide (d) calcium nitride

EXERCISE 4-3(d) SYNTHESIS: Using an M to represent the metal and an

X to represent the nonmetal, write theoretical formulas for all possible combina-
tions of M and X with charges of +1, +2, +3 and —1, —2, and —3.

For additional practice, work chapter problems 4-18, 4-20, 4-22, and 4-24.

/-2 NAMING AND WRITING FORMULAS OF > OBJECTIVE FOR
COMPOUNDS WITH POLYATOMIC IONS Write and name compounds contain-

ing polyatomic ions using I[UPAC
conventions.

LOOKING AHEAD! Two or more atoms that are chemically combined

with covalent bonds may have an imbalance of electrons and protons just like

monatomic cations and anions. This results in a charged species called a
polyatomic ion. How compounds containing these ions are named is our next topic.
Again, you should recognize these as ionic compounds, so we find them as solids under
normal conditions. =

-

We use bicarbonates and carbonates for indigestion, as well as sulfites and nitrites
to preserve foods. So we are probably familiar with some of these names, which are
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( TABLE 4-2 ) Polyatomic lons

acetate

ammonium

carbonate

chlorate

chlorite

chromate

cyanide

dichromate

dihydrogen phosphate
hydrogen carbonate

or bicarbonate
monohydrogen phosphate
hydrogen sulfate or bisulfate
hydrogen sulfite or bisulfite
hydroxide

hypochlorite

nitrate

nitrite

oxalate

perchlorate
permanganate

phosphate

sulfate

sulfite

commonly used. A list of some common polyatomic ions is given in
Table 4-2. Notice that all but one (NH," ammonium) are anions.

4-4.1 Oxyanions

There is some systematization possible that will help in understand-
ing Table 4-2. In most cases, the anions are composed of oxygen and one
other element. Thus these anions are called oxyanions. When there are
two oxyanions of the same element (e.g., SO3*~ and SO,?"), they, of
course, have different names. The anion with the smaller number of
oxygens uses the root of the element plus -ite. The one with the high-
er number uses the root plus -ate.

SO5? sulfite SO,* sulfate

There are four oxyanions containing Cl. The middle two are
named as before (i.e., with -ite and -ate). The one with one less oxy-
gen than the chlorite has a prefix of 4ypo-, which means “under.” (as
in hypoglycemic, meaning “low blood sugar”). The one with one
more oxygen than chlorate has a prefix of per-, which in this usage
means “highest” (a shortening of Ayper, as in hyperactive, meaning
“overactive”).

ClO™  hypochlorite ClO3  chlorate
ClOy ™ chlorite ClO,  perchlorate

Certain anions are composed of more than one atom but behave
similarly to monatomic anions in many of their chemical reactions.
Two such examples in Table 4-2 are the CN~ ion and the OH" ion.
Both of these have -ide endings similar to the monatomic anions. Thus,
the CN™ anion is known as the cyanide ion and the OH™ as the hydrox-
ide ion, just as the CI” ion is named the chloride ion.

Most of the ionic compounds that we have just named are also referred to as salts.
A salt is an ionic compound formed by the combination of a cation with an anion. (Cations
combined with hydroxide or oxide form a class of compounds that are not consid-
ered salts and are discussed in the next chapter.) For example, potassium nitrate is
a salt composed of K" and NO; ™ ions, and calcium sulfate is a salt composed of Ca®*
and SO4* ions. Ordinary table salt is NaCl, composed of Na* and CI™ ions.

4-4.2 Naming and Writing the Formulas of Salts with

Polyatomic lons

In naming and writing the formulas of compounds with polyatomic ions, as in Example
4-5, we follow the same procedures as with metal-nonmetal compounds. The metal
is written first with its charge (if it is not Al or in Group IA or IIA) followed by the
name of the polyatomic ion. To calculate the charge on the cation, if necessary, we
can use the same simple algebra equation as before. For example, consider Cry(SO,)s.
Since the sulfate ion has a —2 charge, the charge on the chromium is

2XCr)+(3X —2)=0
2Cr = +6
Cr=+3

The name of the compound is chromium(III) sulfate.

When writing formulas from names, as in Example 4-6, we recall from Chapter 2
that when more than one polyatomic ion is present in the compound, parentheses
enclose the polyatomic ion. If only one polyatomic ion is present, parentheses are
not used (e.g., CaCOs).
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Naming Compounds Containing Polyatomic lons

Name the following compounds: K,COg and Fe,(SO,)s.

Evaluate the metal as in Section 4-3. Recognize that after the metal in each compound is a grouping of atoms that form polyatom-
ic ions. Name the anion with the appropriate ending: -ate, -ite, or -ide.
SOLUTION

K,COg: The cation is K" (Group IA). The charge is not included in the name because it forms a +1 ion only. The anion is
CO3?% (the carbonate ion).

potassium carbonate

Fe,(SO,)3: The charge on the Fe cation can be determined from the charge on the SO,2~ (sulfate) ion.
2Fe + 350, =0

2Fe + 3(—2) =0
2Fe = +6
Fe = +3

iron(lll)sulfate

EXAMPLE 4-6

Writing the Formulas for lonic Compounds Containing Polyatomic lons

Give the formulas for barium acetate, ammonium sulfate, and manganese(ll) phosphate.

Write the formulas for the metal ion and the polyatomic ion, including their charges. Determine how many of each are need-
ed to balance the charges. Write the formulas with those appropriate subscripts.

SOLUTION

Barium acetate: Barium is in Group IlA, so it has a +2 charge. Acetate is the C,H30, ion. Two acetates are required to
balance one Ba?" ion. The formula is
Ba(C2H302)2

Ammonium sulfate: From Table 4—2, ammonium = NH,", sulfate = SO,%". Two ammoniums are needed to balance one sul-
fate. The formula is
(NH4)QSO4

Manganese(ll) phosphate: The stated charge on manganese is +2. Phosphate is the PO,%" ion. Using the cross-charge
method [(Example 4-2(b)], we will need three manganese ions to balance two phosphate ions. Since there is more than one
polyatomic ion, the whole ion is placed in parentheses.

Mn3(PO4)2

ANALYSIS

While it is not a major mistake to use parentheses when there is only one polyatomic ion, as in Mg(SOy3), parentheses do
have an important purpose. Subscripts affect only what they immediately follow. In order to demonstrate two or three of the
group of atoms that make up the polyatomic ion, parentheses are placed around the entire group so that the subscript refers
to all. What is the formula of calcium hydroxide? Ca(OH),. Some students may write CaOH,, assuming that because hydrox-
ide has no subscript itself, no parentheses are necessary. However, notice the difference in the two formulas. The first shows
one calcium, two oxygens, and two hydrogens. The second incorrectly shows one calcium, one oxygen, and two hydrogens.
The parentheses are necessary to indicate the correct number of elements.

SYNTHESIS

There are clear patterns in the names of the polyatomic ions that can be used to decipher the names of compounds with
ions that are not in Table 4-2. What would we name NaBrO, and Cu(lO),? When Mendeleev organized the periodic table,
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he placed elements with similar properties in the same column. Notice that Br and | are in the same column as ClI. It is not
unreasonable, then to assume that the ions BrO, and IO might be named similarly to ClO,~ and ClIO™. Perchlorate, then,
becomes the model for perbromate and hypochlorite suggests hypoiodite. The charges, too, should remain constant. NaBrO,
then becomes sodium perbromate. Cu(lO), requires two —1's to balance the single Cu ion. Copper in this compound, then,
must be +2, and the compound is named copper(ll) hypoiodite.

1T

lonic Compounds in the Treatment of Disease

NorDrowsy — ] Since antiquity, it has been

UDAFED believed that drinking mineral
Lﬁxf_{fgny,ﬁm,,m waters from certain spas can have
a soothing effect on the mood as
well as the body. Some of these
magical minerals may have been
compounds containing the lithium
ion. Lithium (in the form of the
Li* ion) is found in certain rocks, in
seawater, and in some freshwater
springs. It is not known for sure
that lithium was present in these
waters, but it may have been an ancient treatment for manic-

ks
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depressive disorder, which is now known more commonly
as bipolar disorder. This is a debilitating disease that affects
about 2.5 million Americans alone. Its symptoms include
exaggerated mood swings from exhilarating highs to extremely
depressive lows. In the manic mood, a person has boundless
energy but acts impulsively and makes poor judgments. In the
depressive state, the same person goes in the other direction
and the world feels hopelessly glum. If untreated, about one in
five commit suicide when in the depressive stage. The disease
in known to be hereditary, with a neurological basis in certain
chromosomes. It is certainly not due to weakness or any
character flaw.

In 1949 John Cade, an Australian physician, found that
lithium compounds had a calming effect on small animals. He
then tested the toxicity of the compound on himself. Since he

ASSESSING THE

OBJECTIVE FOR
SECTION 4-4

ions?

(a) NOy~

(b) OH™

seemed OK and suffered no adverse effects, he began treating
manic patients with lithium. Unfortunately, it was not known at
the time that lithium can build up to toxic levels in the blood. In
other uses, such as for cardiac patients, lithium caused several
deaths so its use in treating bipolar disorder did not gain much,
ground at that time in the United States. In the1960s, however,
it was reintroduced along with careful monitoring of the levels
of lithium in the patient's blood. Under controlled conditions,
studies quickly found that lithium was extremely effective. It was
approved by the Food and Drug Administration (FDA) in 1970
to treat mania. In 1974 it was approved for use as a preventive
(i.e., prophylactic) treatment for bipolar disease.

Treatment for bipolar disorder is most effective when
lithium is combined with “talk therapy” with a trained
professional. It is taken in the form of lithium carbonate
(LioCQOg) or lithium citrate (LisCgH505). In any case, those that
suffer from this iliness can now lead normal, productive lives.

There are many other ionic compounds that we ingest
for their curative value. Magnesium hydroxide [Mg(OH),]
and calcium carbonate (CaCOj) treat indigestion or
“heartburn!” Many antihistamines and decongestants
are also ionic compounds. If the drug name ends in
“hydrochloride” or “HCI," it is an ionic compound.

For example, pseudoephedrine hydrochloride
(CyoH14NOH,*CI7) is an ionic compound used as a
nasal decongestant in products such as Sudafed. Like
other ionic compounds, it is a solid and can be taken in
pill form.

EXERCISE 4-4(a) KNOWLEDGE: What are the names of the following

() CoHsOy™  (d) PO (e) HSO;

EXERCISE 4-4(b) ANALYSIS: What are the formulas for the following

compounds?
(a) nickel(II) cyanide
(b) aluminum sulfite

(d) iron(III) perchlorate
(e) ammonium phosphate

(c) magnesium bicarbonate
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EXERCISE 4-4(c) ANALYSIS: What are the names of the following
compounds?
(a) Ba(OH), (b) LiH,PO, (c) AgClO (d) KyCrO, (e) Cos(CO3)5

For additional practice, work chapter problems 4-29, 4-32, 4-34, and 4-35.

NAMING NONMETAL-NONMETAL >OBIECTIVE FOR
— SEC o -
4 5 BINARY COMPOUNDS NameEbinz;lr-yI moI'::cu‘Il:;r (Er:onmetal—

nonmetal) compounds using proper
Greek prefixes.
LOOKING AHEAD! The compounds that we have named so far are
generally ionic compounds. They constitute much of the hard, solid part of nature.
When nonmetals bond to other nonmetals, however, molecular compounds are
formed. These are very likely to be gases or liquids. How we name molecular
compounds is the topic of this section. =

-

4-5.1 Writing the Formulas of Binary Molecular Compounds

When a metal is combined with a nonmetal, it is simple to decide which element to
name and write first. But which do we write first if neither is a metal? In these cases,
we generally write the one closer to being a metal first—that is, the nonmetal clos-
er to the metal-nonmetal border in the periodic table (farther down or farther to
the left). Thus, we write COy rather than OyC but OF, rather than F,O. In cases
where both elements are equidistant from the border, Cl is written before O (e.g., Chemical names are familiar to us in
Cl,0) and the others in the order S, N, then Br (e.g., S4N; and NBrs). When hydro- ~ Many common drugs and cleansers.
gen is one of the nonmetals and is combined with nonmetals in Groups VIA and
VIIA (e.g., HyO and HF), hydrogen is written first. When combined with other non-

metals (Groups IIIA, IVA, and VA) and metals, however, it is written second (e.g., ( TABLE 4-3 )

NHj and CH,).* Greek Prefixes
4-5.2 Naming Binary Molecular Compounds NUMBER . PREFIX ..
L L . 1 mono-
The nonmetal closer to the metal borderline is also named first, using its English 9 di-
name. The less metallic is named second, using its English root plus -ide, as discussed 3 i
before. These are not ionic compounds, so there are no charges that require balanc- 4 tetra-
ing. However, this also means that more than one combination of the two elements 5 —
is possible. Because more than one compound of the same two nonmetals could exist, 6 hexa
the number of atoms of each element present in the compound is indicated by the use of Greek 7 s
prefixes (See Table 4-3.) Table 4-4 illustrates the nomenclature of nonmetal-nonmetal 3 octa
9 nona-
( TABLE 4-4 ) The Oxides of Nitrogen 10 deca-
FORMULA  NAME
NoO dinitrogen monoxide (sometimes referred to as nitrous oxide)
NO nitrogen monoxide (sometimes referred to as nitric oxide)
NyOs dinitrogen trioxide
NOy nitrogen dioxide
NoOy dinitrogen tetroxide”
NyOj5 dinitrogen pentoxide®

“The ais often omitted from tetra and penta with oxides for ease in pronunciation.

*With few exceptions, in organic compounds containing C, H, and other elements, the C is
written first followed by H and then other elements that are present.
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compounds with the six oxides of nitrogen. Notice that if there is only one atom of
the nonmetal written first, mono- is not used. However, if there is only one of the sec-
ond nonmetal, mono-is used. (Notice that the second oin mono is dropped in monox-
ide for ease in pronunciation.) The Stock method is rarely applied to the naming of
nonmetal-nonmetal compounds because it can be ambiguous in some cases. For
example, both NOy and NyO, could be named nitrogen(IV) oxide.

Several of these compounds are known only by their common names, such as
water (HoO), methane (CH,), and ammonia (NHj).

According to the rules, compounds such as TiOy and UFg should be named by
the Stock method—for example, titanium(IV) oxide and uranium(VI) fluoride,
respectively. Sometimes, however, we hear them named in the same manner as
nonmetal-nonmetal binary compounds (i.e., titanium dioxide and uranium hexa-
fluoride). The rationale for the latter names is that when the charge on the metal
exceeds +3, the compound has properties more typical of a molecular
nonmetal-nonmetal binary compound than an ionic one. For example, UFg is a lig-
uid at room temperature, whereas true ionic compounds are all solids under these
conditions. In any case, in this text we will identify all metal-nonmetal binary com-
pounds by the Stock method regardless of their properties and confine the use of
Greek prefixes to the nonmetal-nonmetal compounds.

Nitrogen dioxide contributes to the
brownish haze in polluted air.

Naming Binary Molecular Compounds

What are the names of (a) SeBr, and (b) B,O3? What are the formulas of (c) dichlorine trioxide and (d) sulfur hexafluoride?

PROCEDURE

Check in the periodic table for the location of all the elements involved. Note that they are all nonmetals, meaning that these
are examples of binary molecular compounds. Use the Greek prefixes and the ending -ide in the names.

SOLUTION
(@) selenium tetrabromide (b) diboron trioxide (c) Cl,04 (d) SFg

ANALYSIS

These are some of the easiest types of compounds to deal with. The prefixes essentially do all the work for you. The real
chore comes in identifying these as binary molecular compounds in the first place.

SYNTHESIS

Sometimes formulas can be very confusing. In Chapter 2 (Figure 2-13) we discussed the difference between NO, (nitro-
gen dioxide) and NO, ™ (the nitrite ion). Another case involves SO5 and SO52". How would you expect these two to differ
from each other? SOgj is a binary molecular compound named sulfur trioxide. It is a molecular compound made from one
sulfur and three oxygen atoms. It is a gas at room temperature. SO3% is the sulfite anion. It is not a compound in and of
itself. It cannot stand alone; instead, it needs to be combined with a charge-balancing cation, such as Na®. It would then
form the solid ionic compound, sodium sulfite (Nay,SOs).

ASSESSING THE
OBJECTIVE FOR

ST 2 e EXERCISE 4-5(a) KNOWLED G E: What are the Greek prefixes for the fol-

lowing numbers?

(a) one (b) four (c) six (d) ten

EXERCISE 4-5(b) ANALYSIS: What are the formulas of the following com-
pounds?

(a) carbon tetrachloride (c) sulfur dioxide

(b) phosphorus pentabromide (d) carbon monoxide
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EXERCISE 4-5(c) ANALYSIS: What are the names of the following
compounds?

(a) SiS, (b) PyOjy (c) BF; (d) AsHg
For additional practice, work chapter problems 4-43, 4-44, 4-45, and 4-46.

» OBJECTIVE FOR
4 -6 NAMING ACIDS SECTION 4-6
Name and write the formulas of acids.

LOOKING AHEAD! We have one last category of compounds. These involve
most of the anions listed in Figure 4-6 and Table 4-2 when combined with hydrogen.
2 Since hydrogen is not a metal, these are molecular compounds in the pure state.
However, many of these compounds have an important property when present in water.
This special property allows us to give them special names, and we will do so in this section. =

i

When hydrogen is combined with an anion such as CI”, the formula of the result-
ing compound is HCIL The fact that HCl is a gas, not a hard solid, at room temper-
ature indicates that HCI is molecular rather than ionic. When dissolved in water,
however, the HCI is ionized by the water molecules to form H" ions and Cl~ ions.
This ionization is illustrated as

HC 225 H* + ¢

Most of the hydrogen compounds formed from the anions in Figure 4-6 and
Table 4-2 behave in a similar manner, at least to some extent. This common property
of forming H' in aqueous solution is a property of a class of compounds called acids. Acids
are important enough to earn their own nomenclature. The chemical nature of acids
is discussed in more detail in Chapters 5 and 13.

4-6.1 Binary Acids

The acids formed from the anions listed in Figure 4-6 are composed of hydrogen plus
one other element, so they are called binary acids. These compounds can be named in two
ways. In the pure state, the hydrogen is named like a metal with only one charge
(+1). Thatis, HCl is named hydrogen chloride, and HyS is named hydrogen sulfide. When
dissolved in water, however, these compounds are generally referred to by their acid
names. The acid name is obtained by dropping the word hydrogen, adding the pre-
fix hydro- to the anion root, and changing the -ide ending to -ic followed by the word
acid. Both types of names are illustrated in Table 4-5. Polyatomic anions that have
an -ide ending are also named in the same manner as the binary acids. For exam-
ple, the acid formed by the cyanide ion (CN ) has the formula HCN and is named
hydrocyanic acid.

The following hydrogen compounds of anions listed in Figure 4-6 are not gener-
ally considered to be binary acids: HoO, NH3, CH,4, and PHj.

( TABLE 4-5 ) Binary Acids

ANION FORMULA OF ACID  COMPOUND NAME . ACID NAME .
CI- HCl hydrogen chloride hydrochloric acid
F- HF hydrogen fluoride hydrofluoric acid
I HI hydrogen iodide hydroiodic acid

S* HyS hydrogen sulfide hydrosulfuric acid
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( TABLE 4-6 ) Oxyacids

ANION NAME OF ANION FORMULA OF ACID NAME OF ACID
CoH309 acetate HCyH30, acetic acid
CO,4%~ carbonate HyCOgq4 carbonic acid
NOs~ nitrate HNOg nitric acid

PO~ phosphate H3PO, phosphoric acid
ClOy ™ chlorite HCIOy chlorous acid
ClO4~ perchlorate HCIO4 perchloric acid
S04~ sulfite HySO;4 sulfurous acid
SO,* sulfate H,SO, sulfuric acid

4-6.2 Oxyacids

The acids formed by combination of hydrogen with most of the polyatomic anions in Table 4-2
are known as oxyacids because they are formed from oxyanions. To name an oxyacid, we
use the root of the anion to form the name of the acid. If the name of the oxyan-
ion ends in -ate, it is changed to -ic followed by the word -acid. If the name of the
anion ends in -ite, it is changed to -ous plus the word -acid. Most hydrogen compounds
of oxyanions do not exist in the pure state as do the binary acids. Generally, only
the acid name is used in the naming of these compounds. For example, HNOs is
called nitric acid, not hydrogen nitrate. Development of the acid name from the
anion name is shown for some anions in Table 4-6.
In summary, acids are named as follows:

Ending on anion | Change Anion example Acid Name

-ide add hydro- and brom-ide hydrobromic acid
change ending to -ic

-ite change ending to -ous hypochlorite hypochlorous acid

-ale change ending to -ic perchlorate perchloric acid

EXAMPLE 4-8

Naming Acids
Name the following acids: H,Se, H,C,0,4, and HCIO.

Identify the type of acid and the typical ending of the anion (-ide, -ate, or -ite). Change the ending as appropriate and add
the word acid to the name.

SOLUTION

ACID . ANION ANION NAME . ACID NAME .
H,Se Se?” selenide hydroselenic acid
H,C,0, C,0,% oxalate oxalic acid

HCIO ClO™ hypochlorite hypochlorous acid

EXAMPLE 4-9

Writing Formulas of Acids

Give formulas for the following: permanganic acid, dichromic acid, and acetic acid.
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PROCEDURE

Pay attention to the ending for each acid. Decide from what anion the acid is derived.
Add enough hydrogens to that anion to balance the charge.

SOLUTION

ACID NAME ANION NAME ANION ACID

permanganic acid  permanganate  MnO,” HMnO,

dichromic acid chromate Cry,0,2" HyCr,O5

acetic acid acetate CoH30, HC,H;0,
ANALYSIS

It helps to have a few models on which to base the naming patterns. Many people are aware that HCI is hydrochlo-
ric acid and that H,SOy, is sulfuric acid. These are among the most common of all acids. Use the principles of simi-
larity to name other acids that resemble these in much the same fashion. HBr then becomes hydrobromic acid and
HBrO3 becomes bromic acid.

SYNTHESIS

The hydrogen in a pure acid is not present as a positive ion. It forms a covalent bond to the anion. Since hydrogen is near-
er the metal-nonmetal borderline, it is more metallic and is written first. When acids are present in aqueous (water) solu-
tions, however, they do form positive hydrogen ions. This is what makes them distinctive compounds. Hydrogen can be present
in compounds as a negative ion, however. What is it called when the hydrogen is negatively charged? A hydride (just as CI™
would be called a chloride). In a molecule like acetic acid, HC,H30,, hydrogen is written in two separate locations. The first
hydrogen is an acidic one. The next three are neutral, part of the covalent polyatomic anion. Consider the following three
compounds: NaH, HI, and CHj,. These represent three different situations for hydrogen. NaH is a typical ionic compound
where the hydrogen exists as a —1 anion. Hl is an acid that forms H™ and I” ions in aqueous solution. CH, is a typical molec-
ular compound where the hydrogen is covalently bonded to the carbon. The hydrogens do not ionize in water, nor are they
present as anions. We will learn more about this in Chapter 9.

ASSESSING THE

OBJECTIVE FOR
SECTION 4-6

EXERCISE 4-6(A) KNOWLED G E: What changes are made to the name of
an acidic compound whose anion would normally end in the following?

(a) -ide (b) -ite (c) -ate

EXERCISE 4-6(B) ANALYSIS: Whatare the formulas of the following com-

pounds?

(a) acetic acid (b) nitrous acid (c) hydroiodic acid

EXERCISE 4-6(C) ANALYSIS: What are the names of the following
compounds?

(a) HsPO, (b) HCIO (c) HCN

EXERCISE 4-6(D) SYNTHESIS: Classify each compound as being an acid,
a binary molecular compound, a binary ionic compound with either a representa-
tive or a variable cation, or an ionic compound with a polyatomic ion.

(a) SeBry (c) HNO4 (e) CSy (g) KsN

(b) PHO (d) Mg(OH),  (f) AgNOy  (h) HF

For additional practice, work chapter problems 4-47 and 4-48.

SUMMARY

KEY TERMS

4-3.2 Metals that have more than one charge are named by the Stock method or the
classical method. p. 119

4441 Most polyatomic anions are oxyanions. p. 122

4-5.2 Binary molecular compounds are named with the use of Greek prefixes. p. 125

4-6 Acids are compounds that produce in H" ion in aqueous solution. p. 127

4-6.1 Binary acids contain hydrogen combined with a monatomic anion. p. 127

4.6.2  Oxyacids contain hydrogen combined with an oxyanion. p. 128
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SUMMARY CHART

Mn(CI0,),, HCI, CrCls,
HCIO,, C1,0s, Ba(Cl0,),, KCI

IS COMPOUND BINARY?

YES

HCI, CrCly, C1,05, KCI

IS COMPOUND
METAL-NONMETAL?

NO

Mn(C10,),, HC10,, Ba(C10,),

DOES COMPOUND BEGIN
WITH HYDROGEN?

NO YES NO YES
HCl, C|203 CrCI3, KCI Mn(CIO4)2, Ba(CIO4)2 HC|O4
‘ DETERMINE ANION ‘
DOES COMPOUND BEGIN CHARGE AND NAME COMPOUND IS

WITH HYDROGEN?

OXYACID. CHANGE

\ ATE TO IC OR ITE

DOES CATION FORM TO OUS AND ADD
YES NO MORE THAN ONE THE WORD ACID.
CHARGE?
HCI Cl,03 perchloric acid
[ [
COMPOUND IS USE GREEK YES NO
BINARY ACID PREFIXES
ADD HYDRO, CHANGE CrCl3, Mn(CIO,), Ba(CIO,),, KCI

IDE TO IC, AND ADD dichlorine trioxide [

THE WORD ACID.

hydrochloric acid CATION

DETERMINE CHARGE ON

IN PARENTHESIS

WRITE COMPOUND NAME
WITH CATION CHARGE

WRITE COMPOUND
NAME

chromium (I11) chloride
manganese (I1) perchlorate

potassium chloride
barium perchlorate

CHAPTER SUMMARY

There is no more important time-saving device for the
chemist than the periodic table, which demonstrates in
table form the periodic law for the elements. One impor-
tant function of the periodic table is that it shows a clear
boundary between elements that are classified as metals
and nonmetals. Some metals and nonmetals have interme-
diate characteristics and may be referred to as metalloids.

Horizontal rows are known as periods, and vertical
columns are known as groups. Although there are four cat-
egories of elements in the table, the category that we will
emphasize in the text is the main group or representative
elements. This category includes some named groups such
as the alkali metals, the alkaline earth metals, and the halo-
gens. The other three categories are the noble gases, the
transition metals, and the inner transition metals. The last
category includes the lanthanides and the actinides.

All three physical states are found among the elements
at the reference temperature of 25°C, or room temperature.

Some of the nonmetals also exist as molecules rather than
individual atoms at the reference temperature.

Our first important use of the periodic table is to aid
us in chemical nomenclature by determining the type of
chemical compound we are attempting to name. For
example, binary compounds containing a metal and a
nonmetal are named differently from those composed of
two nonmetals. Also, all metals form cations, but some
form only one charge and others form more than one.
In using the Stock method of nomenclature, we need the
periodic table to tell us which metals are in the latter
group. The classical method is still used in the medical
field. In addition to the binary compounds, we discussed
the naming of salts containing oxyanions. Binary molec-
ular compounds are named using Greek prefixes rather
than the Stock method. Finally, a class of hydrogen com-
pounds called acids (both binary and oxyacids) was dis-
cussed as a special group of molecular compounds.
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SECTION  YOU SHOULD BE ABLE TO... EXAMPLES EXERCISES CHAPTER PROBLEMS

4-1 Describe the origins of the periodic table. la, 1b

4-2 Using the periodic table, identify a specific element 2a, 2b, 2c,2d | 3,4,6,7,9,11, 14, 15
as a metal or nonmetal and give its period, group
number, the name of the group if appropriate,
and its physical state.

4-3 Write and name ionic compounds involving a metal 4-1, 4-2, 3a, 3b, 3c, 18, 19, 20, 21, 22, 23,
and nonmetal using ITUPAC conventions. 4-3, 44 3d, 6d 24, 25

4-4 Write and name compounds containing polyatomic 4-5, 4-6 4a, 4b, 4c, 6d | 32, 33, 34, 35, 36, 38, 40
ions using IUPAC conventions.

4-5 Name binary molecular (nonmetal-nonmetal) 4-7 ba, bb, be, 6d | 41, 43, 44, 45, 46
compounds using proper Greek prefixes.

4-6 Name and write the formulas of acids. 4-8, 4-9 6a, 6b, 6¢c, 6d | 47, 48, 49, 50

PART A

EXERCISES

4-1(a) The periodic table was first displayed by Dimitri
Mendeleev in the year 1869. Elements are grouped vertically
into families that share the same chemical properties. Metals
are lustrous and malleable. Nonmetals are dull and brittle.

4-1(b) Mendeleev chose to focus on chemical properties
rather than physical properties, and he was not afraid to
shift things around when those properties didn’t line up.
He also correctly assumed that not all elements had been
discovered at that time, so left spaces in his table to be filled
in later.

a-2(a) Of the two general classifications of elements, nickel
is a metal and sulfur is a nonmetal. Some borderline elements
such as germanium are sometimes referred to as metalloids.
In the periodic table, elements are ordered according to
increasing atomic number so that families of elements fall
into vertical columns. Of the four general categories of
elements, calcium is a representative element, nickel is a
transition metal, and xenon is a noble gas. An element in
Group IIA, such as calcium, is also known as an alkaline
earth metal. A solid nonmetal that is composed of diatomic
molecules is in the group known as the halogens. Metals are
all solids except for mercury.

4-2(b) (a) transition metal, Cu, solid, metal, fourth period,
Group IB  (b) noble gas, Ar, gas, nonmetal, third period,
Group VIIIA  (c) representative element, Ba, solid, metal,
sixth period, Group IIA  (d) representative element, Br,
liquid, nonmetal, fourth period, Group VIIA  (e) inner
transition metal, U, solid, metal, seventh period, no group
number

4-2(c) (a) calcium (b) bromine (c) boron (d) cadmium
(e) oxygen

4-2(d) 118: noble gas, gas, seventh period, VIIIA, nonmetal
119: representative element, solid, eighth period, IA, metal

ANSWERS TO ASSESSING THE OBJECTIVES

EXERCISES

4-3(a) Co and Sn

4-3(b) (a) lithium oxide (d) magnesium nitride

(b) chromium (III) iodide (e) nickel(II) phosphide

(c) lead (II) sulfide

4-3(c) (a) All; (b) FesO3 (c) SnBry, (d) CagNy
a-3(d) MX, MXy, MX;, MoX, MgX3, M3sX, M3X,

4-4a(a) (a) nitrite (b) hydroxide (c) acetate

(d) phosphate (e) bisulfate

4-4(b) (a) Ni(CN)y (b) Aly(SO3)5 () Mg(HCO;),

(d) Fe(ClOy)5 (e) (NHy)3PO4

4-4a(c) (a) barium hydroxide (b) lithium dihydrogen
phosphate (c) silver(I) hypochlorite (d) potassium
chromate (e) cobalt(IIl) carbonate

4-5(a) (a) mono (b) tetra (c) hexa (d) deca
4-5(b) (a) CCl; (b) PBry (c) SO, (d) CO

4-5(c) (a) silicon disulfide (b) diphosphorus pentoxide
(c) boron trifluoride (d) arsenic trihydride

4-6(a) (a) -ide— hydro- -ic acid

(b) -ite — -ous acid  (c) -ale — -ic acid

4-6(b) (a) HCoH30, (b) HNOy (c) HI

4-6(c) (a) phosphoric acid (c) hydrocyanic acid

(b) hypochlorous acid

4-6(d) (a) binary molecular compound (b) ionic com-
pound with a variable cation (c) acid (with an oxyanion)
(d) ionic compound with a representative cation and a poly-
atomic anion (e) binary molecular compound (f) ionic
compound with a variable cation and a polyatomic anion

(g) ionic compound with a representative cation (h) acid
(binary)
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CHAPTER PROBLEMS

Throughout the text, answers to all exercises in color are given in Appendix G. The more difficult exercises are marked with an asterisk.

The Periodic Table (secTiON 4-2)

4-1. How is an active metal different from a noble metal?

4-2. How many elements would be in the seventh period if
it were complete?

4-3. Which of the following elements are halogens?

(@) O, (©) L (e) Li (g) Bry

(b) Py (d) Ny (f) Hy

4-4. Which of the following elements are alkaline earth
metals?

(a) Sr (c) B (e) Na

(b) C (d) Be ®H K

4-5. Classify the following elements into one of the four
main categories of elements.

(a) Fe (c) Pm (e) Xe (g) In
(b) Te (d) La () H

4-6. Classify the following elements into one of the four
main categories of elements.

(a) Se (c) Ni (e) Zn (g) Er

(b) Ti (d) Sr ) I

4-7. Which of the following elements are transition metals?
(a) In (c) Ca (e) Pd (g) Ag

(b) Ti (d) Xe (f) T1

Physical States of the Elements (secTioN 4-2)

4-8. What is the most common physical state of the ele-
ments at room temperature? Which are more common,
metals or nonmetals?

4-9. Which metals, if any, are gases at room temperature?
Which metals, if any, are liquids? Which nonmetals, if any,
are liquids at room temperature?

4-10. Referring to Figure 4-5, tell which of the following
are gases at room temperature.

(a) Ne (c) B (e) Br (g) Na

(b) S (@) Cl () N

4-11. Referring to Figure 4-5, tell which of the follow-
ing elements exist as diatomic molecules under normal
conditions.

(a) N (c) Ar (e) H (g) Xe

(b) C (d) F (£ B (h) Hg
4-1 2. Referring to Figure 4-4, tell which of the following
elements are metals.

(a) Ru (c) Hf (e) Ar (g) Se

(b) Sn (d) Te (f) B (h) W
4-13. Which, if any, of the elements in problem 4-12 can
be classified as a metalloid?

4-14. Identify the following elements using the informa-
tion in Figures 4-4 and 4-5.
(a) a nonmetal, monatomic gas in the third period

(b) a transition metal that is a liquid

(c) a diatomic gas in Group VA

(d) the second metal in the second period

(e) the only member of a group that is a metal

4-15. Identify the following elements using the informa-
tion in Figures 4-4 and 4-5.

(a) a nonmetal, diatomic liquid

(b) the last element in the third period

(¢) a nonmetal, diatomic solid

(d) the only member of a group that is a nonmetal

4-16. What would be the atomic number and group number
of the next nonmetal after element 112? (Assume that the
border between metals and nonmetals continues as before.)

4-17. What is the atomic number of the metal farthest to
the right in the periodic table that would appear after ele-
ment 112?

Metal-Nonmetal Binary Compounds
(SECTION 4-3)

4-18. Name the following compounds.

(a) LiF (c) SrsNy (e) AlCI,
(b) BaTe (d) BaH,

4-19. Name the following compounds.

(a) Caly (c) BeSe (e) RaS
(b) FrF (d) MgsP,

4-20. Give formulas for the following compounds.
(a) rubidium selenide
(b) strontium hydride
(¢) radium oxide

(d) aluminum carbide
(e) beryllium fluoride

4-21. Give formulas for the following compounds.
(a) potassium hydride (c) potassium phosphide

(b) cesium sulfide (d) barium telluride

4-22. Name the following compounds using the Stock
method.
(@) BiyOs
(b) SnS

(c) SnSy
(d) CuyTe

(e) TiC

4-23. Name the following compounds using the Stock
method.
(a) Crlg
(b) TiCl

(c¢) IrO,
(d) MnH,

(e) NiCl,

4-24. Give formulas for the following compounds.
(d) nickel(II) carbide
(e) chromium (VI) oxide

(a) copper(I) sulfide
(b) vanadium (III) oxide
(c) gold(I) bromide

4-25. Give formulas for the following compounds.

(a) yttrium (IIT) hydride (c¢) bismuth (V) fluoride
(b) lead(IV) chloride (d) palladium(II) selenide
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4-26. From the magnitude of the charges on the metals,
predict which of the compounds in problems 4-22 and 4-24
may be molecular compounds.

4-27. From the magnitude of the charges on the metals,
predict which of the compounds in problems 4-23 and 4-25
may be molecular compounds.

Compounds with Polyatomic lons (secTiON 4-4)

4-28. Which of the following is the chlorate ion?
(a) ClOg (c) ClO3 (e) ClO}
(b) ClOy (d) Cl3O~

4-29. Which of the following ions have a —2 charge?
(e) sulfite
(f) phosphate

(a) sulfate
(b) nitrite

(c) chlorite

(d) carbonate

4-30. What are the name and formula of the most com-
mon polyatomic cation?

4-31. Which of the following oxyanions contain four oxy-
gen atoms?
(a) nitrate (d) sulfite

(e) phosphate

(f) oxalate

(g) carbonate
(b) permanganate
(c) perchlorate

4-32. Name the following compounds. Use the Stock
method where appropriate.

(a) CrSO,4 (d) RbHCOq (g) Bi(OH);
(b) Aly(SOg)3 (e) (NH4)oCOg3
(c) Fe(CN), () NH,NOg

4-33. Name the following compounds. Use the Stock
method where appropriate.
(@) NagCeOy

(b) CaCrOy4

(c) Feo(CO3)s
(d) Cu(OH),

4-34. Give formulas for the following compounds.
(a) magnesium permanganate

(b) cobalt(II) cyanide

(c) strontium hydroxide

(d) thallium(I) sulfite

(e) iron(IIl) oxalate

(f) ammonium dichromate

(g) mercury(I) acetate [The mercury(I) ion exists as
Hg22+.]

4-35. Give formulas for the following compounds.
(a) zirconium (IV) phosphate

(b) sodium cyanide

(c) thallium(I) nitrite

(d) nickel(II) hydroxide

(e) radium hydrogen sulfate

(f) beryllium phosphate

(g) chromium (III) hypochlorite

4-36. Complete the following table. Write the appropriate
anion at the top and the appropriate cation to the left. Write
the formulas and names in other blanks as is done in the
upper-left-hand box.

Cation/Anion | HSO3™

NHHSO;4
NH} ammonium
bisulfite
CoTe
(name)

___ (formula)
aluminum
phosphate

4-37. Complete the following table. Write the appropriate
anion at the top and the appropriate cation to the left. Write
the formulas and names in other blanks as is done in the
upper-left-hand box.

Cation/Anion C,0,%
(formula)
thallium (I)
hydroxide
Sr2+
TiN
(name)

4-38. Give the systematic name for each of the following.

Common Name Formula

(a) table salt NaCl

(b) baking soda NaHCOs
(c) marble or limestone CaCOg
(d) lye NaOH
(e) chile saltpeter NaNOg
(f) sal ammoniac NH,Cl
(g) alumina AlyOgy

(h) slaked lime Ca(OH)o
(i) caustic potash KOH

4-39. The perzenate ion has the formula XeOg*". Write
formulas of compounds of perzenate with the following.
(c¢) aluminum

(a) calcium  (b) potassium

*4-40. Name the following compounds. In these com-
pounds, an ion is involved that is not in Table 4-2. However,
the name can be determined by reference to other ions of
the central element or from ions in Table 4-2 in which the
central atom is in the same group.

(a) PH,F (c) Co(IOg3)s
(b) KBrO (d) CaSiOg

(e) AIPO;
(f) CrMoO,

Nonmetal-Nonmetal Binary Compounds
(SECTION 4-5)

4-41. The following pairs of elements combine to form
binary compounds. Which element should be written and
named first?
(a) Siand S
(b) Fand I

(c) H and Se
(d) Krand F

() Hand F
(f) H and As
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4-42. The following pairs of elements combine to make
binary compounds. Which element should be written and
named first?

(a) Sand P (¢) O and Br

(b) Oand S (d) As and Cl

4-43. Name the following.

(@ CSy (©) P40y (e) SO, (g) PCl;
(b) BF; @ Br,Oy (P CLO (h) SF;

4-44. Name the following.

(a) PF, (c) ClO, (e) SeCl,
(b) 1,04 (d) AsF; (f) SiH,

4-45. Write the formulas for the following.

(a) tetraphosphorus hexoxide (d) dichlorine heptoxide
(b) carbon tetrachloride (e) sulfur hexafluoride
(c) iodine trifluoride (f) xenon dioxide

4-46. Write formulas for the following.

(a) xenon trioxide

(b) sulfur dichloride

(¢) dibromine monoxide

(d) carbon disulfide

(e) diboron hexahydride (also known as diborane)

Naming Acids (secTION 4-6)

4-47. Name the following acids.

(a) HCl1 (c) HCIO (e) HIO,
(b) HNOg (d) HMnO, (f) HBr
4-48. Write formulas for the following acids.

(a) hydrocyanic acid (d) carbonic acid

(b) hydroselenic acid (e) hydroiodic acid
(¢) chlorous acid (f) acetic acid

4-49. Write formulas for the following acids.

(a) oxalic acid (¢) dichromic acid

(b) nitrous acid (d) phosphoric acid
*4-50. Refer to the ions in problems 4-39 and 4-40. Write
the acid names for the following.

(a) HBrO (c) H3POg4 (e) H,XeOq
(b) HIOg (d) HMoO,

*4-51. Write the formulas and the names of the acids

formed from the arsenite (AsO5%7) ion and the arsenate
(AsO,*) ion.

General Problems

4-52. A gaseous compound is composed of two oxygens
and one chlorine. It has been used to kill anthrax spores in
contaminated buildings. Write the formula of the com-
pound and give its name.

4-53. The halogen (Ag) with the lowest atomic number
forms a compound with another halogen (Xy) that is a lig-
uid at room temperature. The compound has the formula
AzX or XAjz. Write the correct formula with the actual ele-
mental symbols and the name.

4-54. A metal that has only a +2 ion and is the third mem-
ber of the group forms a compound with a nonmetal that
has a —2 ion and is in the same period. What are the formu-
la and name of the compound?

4-55. The only gas in a certain group forms a compound
with a metal that has only a +3 ion. The compound contains
one ion of each element. What are the formula and name of
the compound? What are the formula and name of the com-
pound the gas forms with a Ti*" ion?

4-56. An alkali metal in the fourth period forms a com-
pound with the phosphide ion. What are the formula and
name of the compound?

4-57. A transition metal ion with a charge of +2 has 25

electrons. It forms a compound with a nonmetal that has
only a —1 ion. The anion has 36 electrons. What are the

formula and name of the compound?

4-58. The lightest element forms a compound with a cer-
tain metal in the third period that has a +2 ion and with a
nonmetal in the same period that has a —2 ion. What are
the formulas and names of the two compounds?

4-59. The thiosulfate ion has the formula So04%". What are
the formula and name of the compound formed between
the thiosulfate ion and an Rb ion; an Al ion; an Ni*" ion;
and a Ti*" ion? What are the formula and name of the acid
formed from the thiosulfate ion?

4-60. Name the following compounds: Nily, H;PO,,
Sr(clO?,)g, HQTC, ASQOg, sb203, and SHCQO4.

4-61. Name the following compounds: SiOy, SnOy, MgO,
Pbg(PO4)2, HCIOQ, BaSO4, and HI.

4-62. Give formulas for the following compounds: tin (II)
hypochlorite, chromic acid, xenon hexafluoride, barium nitride,
hydrofluoric acid, iron(IIl) carbide, and lithium phosphate.

4-63. Which of the following is composed of a metal that
can have one charge and a polyatomic ion?

(@) HyCOs (¢) ByOs (e) RbyCyOy
(b) Ca,C (d) V(NOs3)s

4-64. Which of the following is composed of a metal that
can have more than one charge and a monatomic anion?
(a) Ti(ClOy), (c) CugSe (e) MgCrO,
(b) MgsS (d) HySe

4-65. The peroxide ion has the formula O3 . What are the
formulas of compounds formed with Rb, Mg, Al, and Ti*t?
What is the formula of the acid for this anion? What is the
name of this compound as a pure compound and as an
acid?

4-66. The cyanamide ion has the formula CNo?~. What are
the formulas of compounds formed with Li, Ba, Sc®*, and
Sn**? What is its formula as an acid? What is the name of
this compound as a pure compound and as an acid?

4-67. Give the formulas of the following common com-
pounds.

(a) sodium carbonate (d) aluminum nitrate

(b) calcium chloride (e) calcium hydroxide
(c) potassium perchlorate (f) ammonium chloride
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4-68. Give the names of the following common
compounds.

(a) TiCly (d) Mg(OH), (g) NaClO,
(b) NH,NO; (e) HNO,
(c) LiH (f) HoSO,

4-69. Nitrogen is found in five ions mentioned in this
chapter. Write the formulas and names of these ions.

4-70. Carbon is found in six ions mentioned in this
chapter. Write the formulas and names of these ions.

4-7 1. Which of the following is the correct name for
Cry(CO3) 57

(a) dichromium tricarbonate

(b) chromium carbonate

(¢) chromium(II) carbonate

(d) chromium (III) tricarbonate

(e) chromium (III) carbonate

4-72. Which of the following is the correct name for SiCl,?
(a) sulfur tetrachloride (d) sulfur chloride

(b) silicon tetrachloride  (e) silicon chloride

(¢) silicon(IV) chloride

4-73. Which of the following is the correct name for
Ba(ClOy)y?

(a) barium dichlorite (d) barium chlorite (II)
(b) barium(II) chlorite (e) barium chlorate

(¢) barium chlorite

4-74. Which of the following is the correct name for
HoCrOy?

(a) hydrogen(I) chromate (d) dichromic acid

(b) hydrogen chromate  (e) dihydrogen chromate

(¢) chromic acid (f) chromous acid

A new Periodic Table

STUDENT WORKSHOP

Purpose: To create a Table that illustrates the relationships in properties between elements. (Work in groups of three or four. Estimated time: 40 min.)

1. Cut heavy cardstock into 18 equal-sized squares, approximately 2 in. per side. Onto each of them, transfer the data from

one line in the following table.

Melting Point Boiling Point Density Mass Formula with CI Formula with O
—272 —269 0.18 4 None None
—259 —253 0.09 1 XCl X,0
—249 —246 0.90 20 None None
—220 —188 1.70 19 None X0
—218 —183 1.43 16 None None
—210 —196 1.25 14 XCly Multiple
—189 —186 1.78 40 None None
—101 —35 3.21 36 None Multiple

44 280 1.82 31 XCly Multiple
98 553 0.97 23 XCl1 X,0
113 445 2.07 32 Multiple Multiple
180 1347 0.53 7 XCl X,0
650 1107 1.74 24 XCly XO
660 2467 2.70 27 XCly X054
1278 2970 1.85 9 XCly XO
1410 2355 2.33 28 XCly X0y
2300 2550 2.34 11 XCly X054
3500 4827 2.62 12 XCly X0, X0y

2. Arrange the cards into rows and columns using whatever information seems relevant. Try to use at least one property for

your rows and one for your columns to establish a pattern.

3. Be prepared to discuss your arrangement and give justifications for it. Have any other patterns emerged other than the two

that you used to establish rows and columns?




Chemical Reactions

I n the rain forest a cycle of life

occurs. Green leaves, powered by

sunlight, maintain life. The decay of
dead trees returns the ingredients for

life to the air and earth.
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SETTING THE STAGE The weather seems to
be crazy lately. More violent storms, record floods, melting
at the poles, and even severe droughts seem to be happen-
ing regularly. Indeed, the past 15 years or so have been the
warmest on record. All of this may be related to what we call
global warming. Most scientists agree that the surface of the
planet is warming, and at least part of that is due to the
increase in carbon dioxide in the atmosphere.

Carbon dioxide is naturally removed from the atmosphere
by the oceans and ocean life and also by trees and other
vegetation. In a complex series of chemical reactions called
photosynthesis, green leaves use energy from the sun,
carbon dioxide, and water to produce carbohydrates (carbon,
hydrogen, and oxygen compounds) along with elemental
oxygen. These compounds can then undergo a type of
chemical reaction called combustion. In this reaction, the
carbon compounds from trees or fossil fuels (coal, oil, and
natural gas) combine with oxygen in the air to re-form
carbon dioxide and water and release the heat energy that
originated from the sun. This fascinating cycle of chemical
reactions maintains life on this beautiful planet.

The problem is that things have gotten out of balance in
the past 150 years since the Industrial Revolution. There is
considerably more combustion going on in our world than
photosynthesis, so the level of carbon dioxide in the
atmosphere is definitely increasing. Carbon dioxide is a gas
that traps heat in the atmosphere much as heat is trapped
inside a closed automobile on a sunny day. This is referred to
as the greenhouse effect. The existence of over 6 billion
people on our globe, all burning fuel and needing space at
the expense of forests, assures that the balance will remain
in favor of combustion.

Photosynthesis and combustion are only two types of
chemical changes. In fact, the atoms of the elements
combine, separate, and recombine in millions of ways, all
indicating unique chemical changes. The rusting of iron, the
decay of a fallen tree in the forest, the formation of muscle
in our bodies, the cooking of food—all of these everyday,
common occurrences are chemical changes.

Many of the more important chemical reactions on this
planet occur in a water (aqueous) medium. Water has a
unique ability to hold ionic and polar compounds in solution.
Much of the chemistry that occurs in our bodies is a result of
the interaction of these compounds circulating in our
bloodstream. So it seems appropriate to take a deeper look
at the particular chemistry that occurs in aqueous solution.

In Part A, we will introduce the chemical equation, how it
is balanced, and three simple types of reactions. Types of
reactions are extended in Part B to include the many and
important types of reactions that occur in water.
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PART A

SETTING A GOAL

OBJECTIVES

5-1 (a) Write a chemical equation from a word description
of the reaction. (b) Balance a simple chemical equation by

You will begin to use the symbolic language of inspection.
chemistry by writing balanced chemical equations for 5-2 Classify certain chemical reactions as being
several identifiable reaction types. combustion, combination, or decomposition reactions.

P> OBJECTIVES FOR
SECTION 5-1

(@) Write a chemical equation from a

word description of the reaction.

(b) Balance a simple chemical equation

by inspection.

5-1 CHEMICAL EQUATIONS

LOOKING AHEAD! The main rocket thruster of the space shuttle uses a

simple but powerful chemical reaction. Hydrogen combines with oxygen to form
) water and a lot of heat energy. The way chemical reactions such as this are
symbolized is the topic of this section. m

5-1.1 Constructing an Equation

A chemical equation is the representation of a chemical reaction using the symbols of elements
and the formulas of compounds. In the following discussion, we will focus on the mat-
ter that undergoes a change in the reaction. In Chapter 7, we will include the heat
energy involved.

We will build the chemical equation that represents the reaction in the space shut-
tle one step at a time. First, let’s represent with symbols the reaction of hydrogen
combining with oxygen to form water.

H+ 0 — H,0

In a chemical equation, the original reacting species are shown to the left of the arrow
and are called the reactants. The species formed as a result of the reaction are to the right of
the arrow and are called the products. In this format, note that the phrase combines with
(or reacts with) is represented by a plus sign (+). When there is more than one reac-
tant or product, the symbols or formulas on each side of the equation are separat-
ed by a +. The word produces (or yields) may be represented by an arrow (—>). Note
in Table 5-1 that there are other representations for the yield sign, depending on
the situation.

The chemical equation shown above tells us only about the elements involved.
However, we know more information than just the elements involved. First, if an ele-
ment exists as molecules under normal conditions, then the formula of the mole-
cule is shown. Recall from Chapter 4 that both hydrogen and oxygen exist as
diatomic molecules under normal conditions. Including this information, the equa-
tion is

H; + O, — H,0

reactants products

An important duty of a chemical equation is to demonstrate faithfully the law of
conservation of mass, which states that mass can be neither created nor destroyed. In
Dalton’s atomic theory, this law was explained for chemical reactions. He suggested
that reactions are simply rearrangements of the same number of atoms. A close look
at the equation above shows that there are two oxygen atoms on the left but only one
on the right. To conform to the law of conservation of mass, an equation must be
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balanced. A balanced equation has the same num-
ber and type of atoms on both sides of the equation.
An equation is balanced by introducing coeffi-
cients. Coefficients are whole numbers in
front of the symbols or formulas. The equa-
tion in question is balanced in two steps. If we
introduce a 2 in front of the HyO, we have
equal numbers of oxygen atoms, but the num-
ber of hydrogen atoms is now unbalanced.

H2 + 02 I 2H20

This problem can be solved rather easily.
Simply return to the left and place a coeffi-
cient of 2 in front of the Hy. The equation is
now completely balanced.

2H2 + 02 — 2H20

Note that equations cannot be balanced by
changing or adjusting the subscripts of the elements
or compounds. For example, the original equa-
tion could seem to be balanced in one step if the HyO were changed to HyOo.
However, HyOy is a compound known as hydrogen peroxide. This is a popular anti-
septic but not the same as water.

Finally, the physical states of the reactants and products under the reaction con-
ditions are sometimes added in parentheses after the formula for each substance.
Hydrogen and oxygen are gases, and water is a liquid at room temperrature. Using
the proper letters shown in Table 5-1, we have the balanced chemical equation in
proper form.

A powerful chemical reaction blasts
the space shuttle into Earth orbit.

2H;5(g) + O2(g) — 2H,0())

Note that if we describe this reaction in words, we have quite a bit to say. “Two
molecules of gaseous hydrogen react with one molecule of gaseous oxygen to pro-
duce two molecules of liquid water.”

( TABLE 5-1 ) Symbols in the Chemical Equation

SYMBOL USE
+ Between the symbols and/or formulas of reactants or products
— Means “yields” or “produces”; separates reactants from products

= Same as arrow

— Used for reversible reactions in place of a single arrow (see Chapter 14)

(92 Indicates a gaseous reactant or product

1 Sometimes used to indicate a gaseous product

(s) Indicates a solid reactant or product

! Sometimes used to indicate a solid product

(D Indicates a liquid reactant or product

(aq) Indicates that the reactant or product is in aqueous solution (dissolved
in water)

= Indicates that heat must be supplied to reactants before a reaction
occurs

MnOgy
— An element or compound written above the arrow is a catalyst; a catalyst

speeds up a reaction but is not consumed in the reaction. It may also indicate
the solvent, such as water.
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5-1.2 Rules for Balancing Equations

Properly balanced equations are a necessity when we consider the quantitative
aspects of reactants and products, as we will do in Chapter 7. Before we consider
some guidelines in balancing equations, there are three points to keep in mind con-
cerning balanced equations.

1. The subscripts of a compound are fixed; they cannot be changed to balance
an equation.

2. The coefficients used should be the smallest whole numbers possible.

3. The coefficient multiplies all of the number of atoms in the formula. For
example, 2KoSO4 indicates the presence of four atoms of K, two atoms of S,
and six atoms of O.

In this chapter, equations will be balanced by inspection. Certainly, many complex
equations are extremely tedious to balance by this method, but such equations will
be discussed in Chapter 14, where more systematic methods can be employed. The
following rules are helpful in balancing simple equations by inspection.

1. In general, it is easiest to consider balancing elements other than hydrogen
or oxygen first. Look to the compound on either side of the equation that
contains the greatest number of atoms of an element other than oxygen or
hydrogen. Balance the element in question on the other side of the
equation.

2. If polyatomic ions appear unchanged on both sides of the equation, consid-
er them as single units.

3. Balance all other elements except hydrogen and oxygen, except those that
appear as free elements (not as part of a compound).

4. Balance hydrogen or oxygen next. Choose the one that is present in the

fewer number of compounds first. (Usually, that is hydrogen.)

. Finally, balance any element that is by itself.

6. Check to see that the atoms of all elements are balanced. The final balanced
equation should have the smallest whole-number ratio of coefficients.

ot

Sometimes fractional coefficients (e.g., 3/2) are used initially, especially with
regard to balancing O,. In this case, multiply the whole equation through by the
denominator (usually 2) to clear the fraction and produce only whole numbers.
(This is illustrated in Example 5-3.)

Balancing a Simple Equation

Ammonia is an important industrial commodity that is used mainly as a fertilizer. It is manufactured from its constituent ele-
ments. Write a balanced chemical equation from the following word equation: “nitrogen gas reacts with hydrogen gas to
produce ammonia gas’

Refer to Table 5-1 for the proper symbols. Apply the rules above as needed.

SOLUTION

The unbalanced chemical equation using the proper formulas of the elements and compound is
NQ(Q) + HQ(Q) ’ NHs(Q)

First consider the N, molecule, since it has the most atoms of an element other than hydrogen or oxygen. Balance the N's
on the other side by adding a coefficient of 2 in front of the NHa.

Na(g) + Holg) — 2NH3(g)
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N, . 3H, - 2NH;
H
H H H
N H M
+ HH —— i
FIGURE 5-1 Nitrogen Plus
i H N Hydrogen Yields Ammonia Ina
H H ’ H chemical reaction, the atoms are
simply rearranged into different
Reactants Products molecules.

Now consider the hydrogens. We have “locked in” six hydrogen atoms on the right, so we will need six on the left. By adding
a coefficient of 3 in front of the H,, we have completed the balancing of the equation. (See Figure 5-1.)

No(g) + 3Hy(g) — 2NH;(g)

ANALYSIS

Many first-time students prefer to keep what is called an atom inventory during the course of balancing. In this way, they can
see what coefficients are needed and how the addition of one coefficient changes the number of atoms of other elements.
In each of the three equations in the solution, write underneath it the number of N atoms and the number of H atoms pres-
ent on both the reactant side of the equation and the product side.

NQ(Q) + HQ(Q) — NHs(g) NQ(Q) + HQ(Q) — 2NH3(Q) NQ(Q) + 3H2(Q) S 2NH3(9)

N 2 N 1 N 2 N 2 N 2 N 2
H2 H3 H2 H6 H6 H6

Notice that in the final solution, the number of atoms on both the reactant and the product side must be identical. This tech-
nique can be abandoned once you become proficient in balancing reactions.

SYNTHESIS

Deciding on the proper order in which to balance the elements is the difference between smoothly solving a problem and
having to attempt the same problem several times before success is achieved. In what order should the atoms in the follow-
ing equation be checked and balanced?

PbO, + HCl — PbCl, + Cl, + H,O

Balance lead first, then oxygen, hydrogen, and finally chlorine. The chlorine is last, because it is in its free state, Cl,. The
lead is first, since it is not hydrogen or oxygen. Now, why choose the oxygen second and the hydrogen third? Because the
oxygen is bonded to the lead in PbO,. Once we know the correct number of reactant lead atoms, we also know the cor-
rect number of reactant oxygen atoms and can predict the coefficient needed on the product side.

Balancing an Equation

Boron hydrogen compounds are being examined as a possible way to produce hydrogen for automobiles that will run on
fuel cells. Although B,Hg is not the compound that will be used (i.e., it ignites spontaneously in air), the following equation
illustrates how boron—hydrogen compounds react with water to produce hydrogen. Balance the following equation.

BQHe(g) + HQO(/) —— H3803(aq) S HQ(g)

Decide in what order the atoms should be balanced. Change coefficients in front of one molecule at a time and notice the
effect on the other atoms in that molecule.



142 CHAPTER 5 Chemical Reactions

SOLUTION

First consider the Bo,Hg molecule, since it has the most atoms of an element other than hydrogen or oxygen. Balance the B
by adding a coefficient of 2 in front of the H3BO3 on the right.

BQHG(g) + HQO(I) — 2H3803(aq) ar HQ(g)

Next, we notice that oxygen is in the fewer number of compounds, so we balance it next. Since there are 6 oxygen atoms
in 2H3BO3, place a 6 before the H,O on the left. Finally, balance hydrogen. There are 18 on the left that are “locked in!
Thus we need a 6 in front of the H, to have 18 hydrogens on the right. A quick check confirms that we have a balanced
equation.

ByHe(g) + 6H,O(/) —> 2H3BO3(ag) + 6Hy(g)

ANALYSIS

You may run into a case where you can't seem to balance the equation, no matter what combination of coefficients you use.
Or perhaps you find yourself continually spiraling through the equation again and again as the numbers get larger and larg-
er. Most chemical reactions balance with relatively small whole numbers. If there is a problem, it very well may be that one
or more of your formulas are incorrect. You may have transcribed the problem inaccurately or written a wrong formula your-
self. Rechecking formulas would be a logical place to restart.

SYNTHESIS

Technically, the coefficients should be the smallest set of whole numbers possible. Therefore 4 A+ 6 B——>2 C + 8D
should reduce to 2 A + 3 B——> C + 4 D. It is, however, acceptable to use fractions when balancing, and they can be
quite useful for several types of problems whose solutions might not be apparent otherwise. These fractions shouldn't be
interpreted as a fraction of a molecule, and if the equation is being used to determine how many molecules of each type
react together, then any equation with fractions should be cleared to whole numbers. See Example 5-3 in Section 5-2.1 for
this type of problem.

ASSESSING THE

OBJECTIVES FOR
SECTION 5-1

EXERCISE 5-1(a) KNOWLEDGE: Fill in the blanks.

A chemical reaction is represented with symbols and formulas by means of a chem-

ical . The arrow in an equation separates the on the left from the
on the right. To conform to the law of conservation of mass, an equation
must be . This is accomplished by introducing in front of formulas

rather than changing subscripts in a formula.

EXERCISE 5-1(b) ANALYSIS: Write unbalanced chemical equations for
the following.

(a) Lithium and oxygen react to form lithium oxide.

(b) Aluminum and sulfuric acid yield aluminum sulfate and hydrogen.

(c) Copper reacts with nitric acid to produce copper(II) nitrate, nitrogen monox-
ide, and water.

EXERCISE 5-1(c) ANALYSIS: In what order should the atoms in the fol-
lowing equations be balanced?

(a) HyBCO + H,0 —> B(OH); + CO + H,
(b) NH; + Oy —> NO + H,0
(C) IQ + NaQSQOg —> Nal + NaQS406

EXERCISE 5-1(d) ANALYSIS: Balance the following reactions.
(a) Cr + 02 — Crgo?,
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(b) COQS?) + HQ — HQS + Co
(C) CgH8 + 02 — C02 + HQO

EXERCISE 5-1(e) SYNTHESIS: Write a balanced equation from the

following descriptions.

(a) Ammonium carbonate decomposes into gaseous ammonia, carbon dioxide,
and steam.

(b) Ammonia reacts with chlorine trifluoride to form nitrogen gas, chlorine gas,
and hydrogen fluoride.

For additional practice, work chapter problems 5-2, 5-4, 5-10, and 5-11.

5_2 COMBUSTION, COMBINATION,

AND DECOMPOSITION REACTIONS

LOOKING AHEAD! Allthe millions of known chemical changes can be
represented by balanced equations. Many of these chemical reactions have aspects in
common, so they can be grouped into specific classifications. In the remainder of this

chapter, we do this with five basic types of reactions. We will notice that each type has

a characteristic chemical equation. These five types are not the only ways that reactions can
be grouped. In later chapters we will find other convenient classifications that will suit our purpose
at that time. The first three types are the simplest and will be considered in this section. =

Fire is certainly dramatic evidence of the occurrence of a chemical reaction. What
we see as fire is the hot, glowing gases of a combustion reaction. The easiest way to
put out a fire is to deprive the burning substance of a reactant (oxygen) by dousing
it with water or carbon dioxide from a fire extinguisher. The reaction of elements
or compounds with oxygen is the first of three types of reactions that we will discuss
in this section.

5-2.1 Combustion Reactions

One of the most important types of reactions that we may refer to in the future is
known as a combustion reaction. This type of reaction refers specifically to the reaction
of an element or compound with elemental oxygen (Oy). Combustion usually liber-
ates a lot of heat energy and is accompanied by a flame. It is typically referred to as
“burning.” When elements undergo combustion, generally only one product (the
oxide) is formed. Examples are the combustion of carbon and aluminum shown here.

C(s) + Oq(g) — COx(g)
4AL(s) + 309(g) — 2A1,04(s)
When compounds undergo combustion, however, two or more combustion prod-
ucts are formed. When carbon-hydrogen or carbon-hydrogen—oxygen compounds
undergo combustion in an excess of oxygen, the combustion products are carbon

dioxide and water. (Combustion reactions involving carbon-hydrogen or
carbon-hydrogen—oxygen compounds are balanced in the order C, H, O).

CHy(g) + 209(g) —> CO9(g) + 2H,0 ()

The metabolism of glucose (CgH 904, blood sugar) occurs in our bodies to produce
the energy to sustain our life. It is also a combustion reaction that occurs at a steady,
controlled rate.

CsH1906(aq) + 609(g) — 6COy(g) + 6HyO())

» OBJECTIVE FOR
SECTION 5-2

Classify certain chemical reactions as

being combustion, combination, or

decomposition reactions.
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When insufficient oxygen is present (as in the combustion of gasoline, CgH;g, in an
automobile engine), some carbon monoxide (CO) also forms. This incomplete com-
bustion reaction is shown below.

9CsH 5() + 1704(g) —> 16CO(g) + 18H,O(1)

Balancing a Combustion Equation

Most fuels are composed of carbon and hydrogen, and some may also contain oxygen. When they react with oxygen gas
(burn), they form as products carbon dioxide gas and water. Write a balanced equation showing the burning of liquid rub-
bing alcohol (C3HgO).

First, represent the names of the species involved as reactants and products with formulas and indicate their physical states.
Remember that oxygen gas is diatomic. Then balance the atoms in the order of C, H, and O. Use fractions where neces-
sary, and scale up.

SOLUTION
The unbalanced equation is written as follows:

C3HgO(/) + Oy(g) —> CO,(g) + HyO()

Now, balance carbon. Place a coefficient of 3 in front of CO, to balance the carbons in C3HgO. Next, balance the 8 hydro-
gen atoms in C3HgO by adding a coefficient of 4 in front of H,O.

Notice that there are 10 oxygen atoms on the right. On the left 1 oxygen is in C3HgO, so 9 are needed from O,. To get an
odd number of oxygen atoms from O,, we need to use a fractional coefficient, in this case% (i.e., % X 2 =09)

C3HgO() + 505(g) — 3CO4(g) + 4H,0(/)

Finally, we need to clear the fraction so that all coefficients are whole numbers. Multiply the whole equation through by 2
and do a quick check.

ANALYSIS

Generally, in a combustion reaction, the total number of oxygen atoms on the product side of an equation will be odd or
even. If the number is odd, as in the above example, the use of a fraction makes the balancing easier. The fraction will be
some half value (3/2, 7/2, 9/2, etc.). Afterwards, simply double each coefficient to arrive at the appropriate balanced equa-
tion. If the number of oxygen atoms is even, it is even easier. A whole number is all that is required to balance things from
the start.

SYNTHESIS

During any combustion reaction, oxygen combines with the elements present in the fuel. In cleaner-burning fuels, contain-
ing only carbon and hydrogen, and possibly oxygen, the only products of complete combustion are carbon dioxide and water.
When there isn’t enough oxygen present (such as in a poorly performing combustion engine), incomplete combustion results,
with products containing fewer oxygen atoms than are optimal. This typically means CO (carbon monoxide—a deadly gas)
and C (in the form of smoke, soot, or ash). When dirtier fuels are used, ones containing contaminants such as high-sulfur
coal, the oxygen combines with these elements, too, to form by-products. SO, is the unpleasant result of combustion of sul-
fur-containing compounds. Combustion at high enough temperatures in the presence of nitrogen in the air can lead to the
formation of nitrogen oxides, such as NO and NO,, which themselves have deleterious health effects.
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5-2.2 Combination Reactions

The chemical properties of an element describe how it does, or in some cases does
not, combine with other elements or compounds. One type of reaction, known as
a combination reaction, concerns the formation of one compound from two or more elements
and/or simpler compounds. For example, an important chemical property of the metal
magnesium is that it reacts with elemental oxygen to form magnesium oxide. (See
Figure 5-2.) The synthesis (i.e., production of a substance) of MgO is represented
at the end of this paragraph by a balanced equation and an illustration of the mag-
nesium and oxygen atoms in the reaction. Notice in the reaction that an ionic com-
pound is formed from neutral atoms. The Mg?" cation is smaller than the parent
atom, while the O%” anion is larger than the parent atom. The reason for this is dis-
cussed in Chapter 8. Since one of the reactants is elemental oxygen, this reaction
can also be classified as a combustion reaction.

2Mg (s) + 0, (g —_— 2MgO (s)
o

= 2—

(o
. 2
)

The following equations represent some other important combination reactions.

2Na(s) + Cly(g) — 2NaCl(s)
C(s) + Og(g9 — COu(g)
CaO(s) + COy9(g) — CaCOs(s)

5-2.3 Decomposition Reactions

A chemical property of a compound may be its tendency to decompose into sim-
pler substances. This type of reaction is simply the reverse of combination reactions.
That is, one compound is decomposed into two or more elements or simpler com-
pounds. Many of these reactions take place only when heat is supplied, which is
indicated by a A above the arrow. An example of this type of reaction is the decom-
position of carbonic acid (HyCOs). This decomposition reaction causes the fizz in car-
bonated beverages. The reaction is illustrated here and is followed by other
examples. (See also Figure 5-3.)

H,CO3 (aq)

(o
2. @
@@ HH

H

H,0 () + €O, (g)

2HgO(s) —2= 2Hg()) + O,(g)
CaCO04(s) —2~ Ca0(s) + CO,(g)
2KCI04(s) —2~ 2KCI(s) + 30,(g)

FIGURE 5-2 Combination
or Combustion Reaction When
magnesium burns in air, the reac-
tion can be classified as either a
combination or a combustion
reaction.

FIGURE 5-3
Decomposition Reaction The fizz
of carbonated water is the result of
a decomposition reaction.
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1T

Life Where the Sun Doesn’t Shine—Chemosynthesis

Miles deep in the ocean a
phenomenal discovery
profoundly changed the way we
view the life forms on this planet
and perhaps other planets far
away. Previously, we understood
life as totally dependent on
energy from the sun. The
chlorophyll in plants produces
carbohydrates in a process
known as photosynthesis, as
illustrated below.
(Carbohydrates are represented
by their simplest formula,
CH,0.)

(solar energy) + CO,(g) + H,O() — CH,O(s) + O,(g)

We use these carbohydrates from plants, or animals that
eat these plants, to sustain life. So our energy is indirectly
solar energy.

In 1977, scientists in the research submarine Alvin were
exploring the mile-deep ocean bottom near the Galapagos
Islands in the Pacific. Suddenly, they came upon an
unbelievable diversity of life that existed in scalding water
(850°C). The colony of life extended from bacteria to giant
clams, mussels, and tube worms 8 feet long. The Alvin had
come upon ocean vents discharging huge amounts of hot
water from deep in the Earth. The water was rich in minerals
and chemicals.

One of those chemicals was hydrogen sulfide (H,S).
This gas is very poisonous to surface life but turned out to
be the main source of energy for the bacteria, which serve
as the bottom of the food chain. These bacteria are able to
produce carbohydrates with the chemical energy from
hydrogen sulfide rather than the light energy from the sun.
This process is called chemosynthesis. The equation
illustrating this reaction to produce a carbohydrate is

20,(g) + 8H,S(aq) + 2C0O,(aq) —
2CH20(aq) + 288(8) + 6H20(/)

In the late 1990s, even more startling discoveries were
reported. Living bacteria have been found 3000 feet deep
in the solid earth. These life-forms seem to use the chemical
energy from H, to maintain life. They do not even need O,,
which is produced as a by-product of photosynthesis, as
was found in the chemosynthesis in the deep-sea vents.

Life is much more resilient than we ever thought.
Because of these discoveries, many scientists feel much
more confident that life could exist on other planets,
especially Mars.

Currently, we are intensely studying the conditions on
that planet. Recent discoveries of the presence of large
amounts of water at the poles and buried beneath the
surface of Mars have heightened expectations. The Mars
explorers have more recently found that bodies of water
once existed on the surface of this planet.

ASSESSING THE

OBJECTIVE FOR
SECTION 5-2

EXERCISE 5-2(a) KNOWLEDGE: Label each statement as applying to a
decomposition, combination, and/or combustion reaction.

(a) Oxygen is a reactant.

(b) There are two or more products.

(c¢) There are two or more reactants.

(d) The equation must be balanced.

(e) Reaction usually requires heating to occur.

EXERCISE 5-2(b) ANALYSIS: Label each of the following reactions as
being an example of a combustion, combination, or decomposition reaction.

(a) Cu(OH)qy(s) — CuO(s) + HoO())

(b) 2CH4O()) + 3049(g) —> 2C0O4(g) + 4HyO(g)

(c) Ba(s) + Fo(g) — BaFy(s)

(d) (NHy)9CroO7(s) — No(g) + 4Hy0(g) + CryOs3(s)
(e) NayO(s) + HyO(l) —> NaOH{(aq)
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EXERCISE 5-2(c) SYNTHESIS: Represent each of the following word
equations with a balanced chemical equation.

(a) Disilane gas (SigHg) undergoes combustion to form solid silicon dioxide and
water.

(b) Solid aluminum hydride is formed by a combination reaction of its two elements.

(c) When solid calcium bisulfite is heated, it decomposes to solid calcium oxide,
sulfur dioxide gas, and water.

For additional practice, work chapter problems 5-16, 5-18, and 5-20.

PART A
KEY TERMS
5-1.1 Chemical reactions are represented by chemical equations. p. 138
5-1.1 Reactants and products in an equation are separated by an arrow. p. 138
5-1.1 Equations are balanced by use of coefficients in front of a compound or element. p. 139
5-2.1 Combustion reactions involve oxygen as a reactant. p. 143
5-2.2 Combination reactions have one product. p. 145
5-2.3 Decomposition reactions have one reactant. p. 145
SUMMARY CHARTS
Sequence of Balancing Equations
1. Most complex element — 2. Any element (or polyatomic ion) other than H and O
— 3. Usually H next if present in the most species — 4. Finally, balance O —
5. Check
Three Types of Reactions
Combustion Combination Decomposition
O, is a reactant; Elements and/or compounds One reactant forms elements
oxides are products. combine to form one product. and/or compounds.
IONS IN WATER AND HOW
LA LR LSt OBJECTIVES
SETTING A GOAL 5-3 Write the ions formed when ionic compounds or acids
You will learn how ions are formed in aqueous solution dissolve in water.
and how these ions interact in two important types of 5-4 Given the activity series, complete several single-
chemical reactions. replacement reactions as balanced molecular, total ionic,

and net ionic equations.

5-5 (@) Given a table of solubility rules, determine whether
a specific ionic compound is soluble or insoluble in water.
(b) Write balanced molecular, total ionic, and net ionic
equations for precipitation reactions.

5-6 Write balanced molecular, total ionic, and net ionic
equations for neutralization reactions.
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> e o e Eer 5-3 THE FORMATION OF IONS IN WATER
Write the ions formed when ionic

compounds or acids dissolve in water.

LOOKING AHEAD! Beforewe discuss some general types of reactions that
occur in aqueous solution, we will examine how ions are formed in water. =

5-3.1 Saltsin Aqueous Solution

When one adds a sprinkle of table salt (sodium chloride) to water, the salt soon dis-
appears into the aqueous medium. We observe that the table salt is soluble in water.
(See Figure 5-4.) On the other hand, if we add some chalk (calcium carbonate) to
water, it slowly settles to the bottom of the container without apparent change. When
an appreciable amount of a substance dissolves in a liquid medium, we say that the substance
is soluble. If very little or none of the substance dissolves, we say that the compound is insol-
uble. The water and the table salt together make what is called a solution. A solution
is a homogeneous mixture of a solvent (usually a liquid such as water) and a solute (a solid,
a liquid, or even a gas).

In Chapters 3 and 4, we described table salt (NaCl) as an ionic compound com-
posed of Na™ cations and Cl™ anions in the solid state. When an ionic compound
dissolves in water, in nearly all cases the compound is separated into individual ions.
The solution of NaCl in water can be represented by the equation

NaCl(s) —22> Na*(aq) + CI (ag)

FIGURE 5-4 ASoluble The HyO shown above the arrow indicates the presence of water as a solvent. The
Compound Table salt dissolves as  solution of another ionic compound, calcium perchlorate, can be represented by
it is added to hot water. the equation

Ca(ClOy)o(s) —22> Ca"(aq) + 2C10, (aq)

Notice that all the atoms in the perchlorate ion remain together in solution as a
complete entity. That is, they do not separate into chlorine and oxygen atoms. This
is true for all of the polyatomic ions you've learned.

5-3.2 Strong Acids in Aqueous Solution

In Chapter 4, a class of compounds known as acids was introduced and named. These
are molecular compounds, but like ionic compounds, they also produce ions when
dissolved in water. In this case, the neutral molecule is “ionized” by the water mol-
ecules. (We will examine how this happens in a later chapter.) Acids are so named
because they all form the H'(aq) ion when dissolved in water. Strong acids, such as
hydrochloric acid (HCl), are completely ionized in water. We will consider only the action
of the six common strong acids (HCI, HBr, HI, HNO3, HC1O,4, and HySO,) in water
at this time. The solutions of the strong acids, hydrochloric and nitric acid, are illus-
trated by the equations

HCl(ag) —22 H*(ag) + CI (ag)

HNO,(ag) —22> H*(ag) + NO5 (ag)
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Forming lons in Aqueous Solution

Write equations illustrating the solution of the following compounds in water: (@) Na,COg, (b) CaCl,, (c) (NH,)5Cr,Oy,
(d) HCIO,, and (e) H,SO,. (Although it is not exactly correct, consider sulfuric acid as completely separated into two H'(aqg)
ions in aqueous solution.)

PROCEDURE

If necessary, refer to Table 4-2 or the periodic table for the charges on the ions.

SOLUTION
(a) Na,COj is composed of Na™ and CO4%" ions.
Na,CO; — 2Na'(ag) + COz? (aq)

(b) CaCl, is composed of Ca®" and Cl” ions.

CaCl, —> Ca?*'(aq) + 2Cl (aq)
(¢) (NH,),Cr,0; is composed of NH, " and Cr,O,2 ions.

(NH,)5Cr,0; — 2NH,"(ag) + Cry0,2 (aq)

(d) HCIO, is a strong acid that produces H*(aqg) and CIO,™ ions.

HCIO, — H*(aq) + CIO, (aq)
(e) H,S0, is a strong acid that produces H*(ag) and SO, ions.

H,SO, — 2H"(aq) + SO,% (aq)

ANALYSIS

The meaning of the subscript again becomes crucial to your ability to perform this task. Distinguish between the 3 in CO5
and the 3 in FeCls. In the carbonate ion, the subscript 3 is a part of the formula of the ion. You could almost consider it part
of the “symbol” of carbonate. The symbol for chlorine is just Cl. Therefore, the subscript 3 in FeCljs tells us how many ions
of chloride there are. To show three ions of carbonate, the entire formula would have to be in parenthesis with a subscript-
ed 3 on the outside.

29—

SYNTHESIS

We will learn in Chapter 12 that the number of aqueous ions an ionic compound breaks into can affect some of that solu-
tion’s properties. Order the following compounds by number of ions they'll form in solution: Al(ClO3z)s, Na,CO3, NH,CI,
Fe,(SO,)s. The correct order is NH4CI (with two), Nay,COj (three), Al(ClO3)5 (four), and Fey(SO,)5 (five).

ASSESSING THE

OBJECTIVE FOR

EXERCISE 5-3(a) ANALYSIS: List the cations and the anions present SECTION 5-3

when the following compounds dissolve in water.
(a) HNOy (b) K3POy (c) NH4NO; (d) Zn(ClOy),

EXERCISE 5-3(b) ANALYSIS: How many ions will the following species
form when they dissolve in water?
(a) MgBI'Q (b) N33P04 (C) FC(NO?,)g (d) KC]Og

EXERCISE 5-3(c) SYNTHESIS: Write the equations illustrating the for-
mation of solutions of the following compounds.
(a) NaySO,4 (b) HNOg (c) Al(CoH309)3 (d) Ca(OH),

For additional practice, work chapter problems 5-24, 5-25, and 5-26.
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p>OBJECTIVE FOR
SECTION 5-4

Given the activity series, complete

several single-replacement reactions

as balanced molecular, total ionic, and

net ionic equations.

FIGURE 5-5 Single-
Replacement Reaction The
formation of a layer of copper
on a piece of zinc is a single-
replacement reaction.

5-4 SINGLE-REPLACEMENT REACTIONS

LOOKING AHEAD! Solutions containing metal cations may undergo
chemical reactions when a solid sample of some other metal comes into contact
) with this solution. In this section, we will examine this type of reaction. m

An interesting thing happens when we immerse a strip of zinc metal in a blue aque-
ous solution of a copper(II) salt. When we remove the zinc, it now looks as if it has
changed into copper. Actually, what happened is that a coating of copper formed
on the metal strip. Silver and gold will also form a coating on a strip of zinc immersed
in solutions of compounds containing these metal ions. (See Figure 5-5.) These and
similar reactions are known as single-replacement reactions. In this type of reaction,
which most often occurs in aqueous solution, one free element substitutes for anoth-
er already combined in a chemical compound. The replacement of zinc ions for the
copper ions and the copper metal for the zinc metal is illustrated here; other exam-
ples follow.

Zn(s) + CuCly(aq) —— ZnCl,(aq) + Cu(s)
1= 1=

2+ 2+
Zn + @ _— Zn +
~ 1

(Zn in, Cu out)

Mg(s) + 2HCl(aq) — MgCl,(aq) + H,(g)
(Mg in, H, out)

2Cr(s) + 3Pb(NO3),(aq) — 3Pb(s) + 2Cr(NO;);(aq)
(Crin, Pb out)

5-4.1 Types of Equations

The equation illustrating the replacement of Zn by Cu is known as the molecular
form of the equation. In a molecular equation, all reactants and products are shown as
neutral compounds. To represent the nature of soluble ionic compounds and strong
acids in water, it is helpful to show the separate ions as they actually exist in aque-
ous solution. When the cations and anions of a compound in solution are shown separate-
ly, the resulting equation is known as a total ionic equation. It is illustrated as follows.

(molecular equation) Zn(s) + CuCly(aq) — ZnCly(aq) + Cu(s)

(total ionic equation) Zn(s) + Cu2+(aq) + 2Cl (aq) —
Zn2+(aq) + 2Cl (aq) + Cu(s)

Notice that in this equation, the Cl™ ions appear on both sides of the equation
unchanged. Their role is to provide the anions needed to counteract the positive
charge of the cations. The presence of the Cl” ions is certainly necessary because
any compound, whether in the pure state or dispersed in solution, must be electri-
cally neutral. However, they do not actually affect the chemical change that is occur-
ring. lons that are in an identical state on both sides of a total ionic equation are called
spectator ions. If spectator ions are subtracted from both sides of the equation, the remaining
equation is known as the net ionic equation. This equation focuses only on the species
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that have undergone a change in the reaction. By subtracting the two CI” spectator
ions from both sides of the equation we have the net ionic equation.

(net ionic) Zn(s) + Cu2+(aq) —> Zn2+(aq) + Cu(s)

A reaction is spontaneous in one direction only, so the reverse reaction does not
occur. That is, if we were to immerse a copper strip in a ZnCl, solution, a coating
of Zn would not form on the copper. (See Figure 5-6.)

5-4.2 The Activity Series

Series of experiments performed on different metal-solution combinations allow
us to compare the ability of one metal to replace the ions of other metals in solu-
tion. The activity series shown in Table 5-2 lists some common metals in decreasing order
of their ability to replace metal ions in aqueous solution. (The metal cations present in solu-
tion are shown to the right of the metal.) The metal at the top (K) replaces all of
the metal ions below it and is therefore the most reactive. The second metal replaces
all below it, while its ions will be replaced only by K. In fact, K, Na, Mg, and Al are
all so reactive that they react with water itself. (Aluminum appears unreactive with
water because it is coated with AlyOs, which protects the metal from contact with
water.) They replace other metal ions only when the solids are mixed,
not when the ions are in water solution. The following balanced equa-

FIGURE 5-6 Copperina
Zinc Sulfate Solution When a
strip of copper is immersed in a
zinc ion solution, no reaction
occurs.

tion illustrates such a reaction. ( TABLE 5-2 ) The Activity Series

2A1(s) + FeqoOs5(s) — AlyOs(s) + 2Fe())

The above reaction is known as the thermite reaction because it lib-  (most active)
erates so much heat that the iron formed is molten. As a result, this
reaction has application in welding.

In the activity series Hy is treated as a metal and H (ag) (from one
of the six strong acids) as its metal ion. The activity series can be used
to predict which reactions are expected to occur. For example, notice
in Table 5-2 that nickel is ranked higher than silver. This allows us to
predict that elemental nickel metal replaces the Ag” ion in solution.
Thus, if we immerse a strip of nickel in a solution of aqueous AgNOs,
we find that a coating of silver forms on the nickel. The balanced
molecular equation and net ionic equation illustrating this reaction
are as follows. Note that the nitrate ion (NOj") is a spectator ion.

Ni(s) + 2AgNOg(aq) — 2Ag(s) + Ni(NOg)s(aq)
Ni(s) + 2Ag"(aqg) — 2Ag(s) + Ni*"(ag) (netionic)

Predicting Spontaneous Single-Replacement Reactions

(least active)

K K
Na Nat
Mg M g2+
Al NG
Zn Zn?*
Cr cr3t
Fe Fe2*
Ni NiZ*
Sn Sn?*
Pb Pb2*
H, H*
Cu Cu?t
Ag Ag*
Au Au®*

Consider the following two possible reactions. If a reaction does occur, write the balanced molecular, total ionic, and net

ionic equations illustrating the reactions.
(a) A strip of tin metal is placed in an aqueous AgNOj solution.
(b) A strip of silver metal is placed in an aqueous perchloric acid solution.

(a) Notice in the activity series that Sn is higher in the series than Ag. Therefore Sn replaces Ag™ ions from solution.
(b) In the activity series, H, is higher than Ag. Therefore, H, replaces Ag", but the reverse reaction, the replacement of H"

by Ag, does not occur.
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SOLUTION
(a) Sn(s) + 2AgNOg(ag) — 2Ag(s) + Sn(NOgz),(ag) (molecular)
Sn(s) + 2Ag*(ag) + 2NO; (ag) —> 2Ag(s) + Sn?'(ag) + 2NO; (ag) (total ionic)
Sn(s) + 2Ag*(ag) — 2Ag(s) + Sn?"(ag) (net ionic)

(b) No reaction occurs.

ANALYSIS

To say that a metal is reactive means that it has a tendency to exist as an ion, not a free metal. To say that a metal is stable
means that it is more often found in its metallic, or free, state. So compare Al and Pb. Which is more reactive? Which is
more likely to be found in its free state? Which will replace which in a single-replacement reaction? The aluminum is more
reactive. The lead is more stable. Therefore, solid aluminum will switch places with, or replace, aqueous lead ion in a single
replacement reaction. It's worth noting that Table 5-2 also reflects the ease with which metals are recovered in mining. You
can proceed up the list from the bottom, and have a roughly accurate historical record of the order in which important met-
als were put into service by various cultures.

SYNTHESIS

According to Table 5-2, which metals won't react with acid? Cu, Ag, and Au. How are the uses of these metals related to
this chemical property? We use them to make metallic objects that we wouldn't want to corrode or dissolve. Obvious exam-
ples are coins, wiring, and jewelry. Why, then, is iron used so extensively in structural building? It is in the middle of the chart,
and fairly reactive. It's because it is strong, abundant, and easy to mine and process. We then have to make allowances for
the fact that we'll need to replace structures made from iron, and its alloy steel, on a regular basis because of the constant
chemical corrosion that occurs.

ASSESSING THE

OBJECTIVE FOR
SECTION 5-4

EXERCISE 5-4(a) KNOWLEDGE: Choose the metal that will replace the
other one (as an ion) in solution.

(a) Ag or Ni (b) Al or Cu (c) Cror Mg (d) Sn or acid

EXERCISE 5-4(b) ANALYSIS: Given the following molecular equations,
write the total and the net ionic equations for the reactions:

(a) Cu(NOs)o(ag) + Zn(s) — Zn(NOs)e(aq) + Cu(s)

(b) 2Al(s) + 3PbCly(ag) — 2A1Cl3(aq) + 3Pb(s)

EXERCISE 5-4(c) ANALYSIS: Complete balanced molecular equations for
the following reactants.

(a) Mg(s) + AgNOs(aq) —>

(b) Sn(s) + Kl(ag) —

(c) Na(s) + HCl(aq) —

EXERCISE 5-4(d) SYNTHESIS: Write total and net ionic equations for
the following reactants.

(a) CuCly(aq) + Fe(s) —

(b) Mg(s) + Au(NOy); —

For additional practice, work chapter problems 5-28, 5-30, and 5-31.
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5_5 DOUBLE-REPLACEMENT REACTIONS—

PRECIPITATION

LOOKING AHEAD! Inasingle-replacement reaction, only cations are
involved. In a double-replacement reaction, both cations and anions are involved.
The driving force of these reactions is the formation of a product from the exchange

of ions that is insoluble in water, is a molecular compound, or, in a few cases, is both.

The first type of double-replacement reaction, formation of a solid, is discussed in
this section. =

5-5.1 Soluble and Insoluble lonic Compounds

Marble statues have suffered the ravages of weather, for thousands of years in some
cases. Marble, limestone, and chalk are essentially the same compound, calcium car-
bonate. Obviously, this ionic compound is insoluble in water. It formed when calci-
um ions (Ca*") and carbonate ions (CO3%") present in some ancient sea came
together to form a solid deposit. Before we look at this type of reaction, we should
bring some order and guidelines to the determination of which ionic compounds
are soluble in water and which are not. In Table 5-3, some rules for the solubility of
compounds containing common anions are listed. Although this table focuses only
on anions, it will help to know that compounds formed from cations of Group IA
(i.e., Na*, K*) and the NH," ion are all water soluble regardless of the anion.

( TABLE 5-3 ) Solubility Rules for Some lonic Compounds

AN SO BT R L
Mostly Soluble
Cl,Br,I” All cations form soluble compounds except Ag”, Hgo**, and

PbZ". (PbCl, and PbBr, are slightly soluble.)

NO; -, ClO,4 -, CoH309™ All cations form soluble compounds. (KCIO4 and AgCoH304
are slightly soluble.)

SO,* All cations form soluble compounds except Pb?", Ba?", and
Sr?*. (Ca?" and Ag™ form slightly soluble compounds.)

Mostly Insoluble

CO;>", PO, All cations form insoluble compounds except Group IA metals
and NH,".

ol All cations form insoluble compounds except Group IA and
IIA metals and NH, .

OH™ All cations form insoluble compounds except Group IA metals,

Ba®", Sr**, and NH,". [Ca(OH)s is slightly soluble.]

Predicting Whether an lonic Compound Is Soluble

Use Table 5-3 to predict whether the following compounds are soluble or insoluble.
(a) Nal (b) CdS (c) Ba(NOgy), (d) SrSO,

PROCEDURE

p>OBJECTIVES FOR
SECTION 5-5
(a) Given a table of solubility rules,
determine whether a specific ionic
compound is soluble or insoluble in
water. (b) Write balanced molecular,
total ionic, and net ionic equations
for precipitation reactions.

Apply the solubility rules to the anion. Check to see that the cation is mentioned as an exception.
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SOLUTION

(a) According to Table 5-3, all alkali metal (Group IA) compounds of the anions listed are soluble. Therefore, Nal is soluble.

(b) All S2~ compounds are insoluble except those formed with Group IA and IIA metals and NH,". Since Cd is in Group
IIB, it is not one of the exceptions. CdS is insoluble.

(c) AllNO3;™ compounds are soluble. Therefore, Ba(NOj3), is soluble.

(d) The Sr?" ion is one of the exceptions to soluble SO,% compounds. Therefore, SrSO, is insoluble.

ANALYSIS

In order for an ionic compound to be insoluble, both the cation and the anion have to form at least some insoluble com-
pounds. If either of them forms only soluble compounds, then the specific compounds containing these cations or anions
are soluble (with the noted exceptions). Consider the following compounds: NH,CI, NagPO,, Fe(NOg)s, and Cu(OH),. In
NH,CI, CI” is a listed soluble anion, and NH," is one of the universally soluble cations. Clearly the compound is soluble. In
the case of NagPOy, the presence of Na* (a soluble cation) overrides the presence of the typically insoluble PO,3". Just the
reverse is true in Fe(NOg)s, where the presence of the soluble NO3;~ makes the compound soluble. Cu(OH),, however, is
insoluble, since the Cu?" ion is not one of the exceptions.

SYNTHESIS
Occasionally it is useful to remove a particular cation or anion from solution by formation of a solid compound containing
that ion. What anion could you add to a solution containing Zn?* to make it insoluble? There are several possibilities. Anything
in the lower half of Table 5-3 would work to precipitate the zinc—S?", for example. This leads us to the discussion of these
types of reactions.

5-5.2 Formation of a Precipitate

What happens when we mix solutions containing soluble ionic compounds? It
depends. If we mix a solution of CuCly (green) and KNOg (clear), we simply have
a mixture of the four ions in solution, as illustrated in Figure 5-7. No cation is asso-
ciated with a particular anion.

Now let’s consider a case of two solutions, one containing the soluble compound
CuCly and the other containing the soluble compound AgNOs. When we mix these
two solutions, something obviously occurs. The mixture immediately becomes
cloudy, and eventually a white solid settles to the bottom of the container. The solid
that is formed by the reaction is called a precipitate of the insoluble compound, AgCl. In
fact, whenever Ag” and CI™ are mixed into the same solution, they come together
to form solid AgCl. This leaves the Cu?" (which forms a blue color) and the NO;~
ions in solution, since Cu(NOs), is soluble. (See Figure 5-8.)

The formation of a precipitate by mixing solutions of two soluble compounds is known as
a precipitation reaction. This is one of two types of double-replacement reactions where
the two cations involve exchange anions. The reaction is illustrated by the follow-
ing molecular equation.

2AgNO;(ag) + CuCly(agq) — 2AgCl(s) + Cu(NOs)q(aq)

In the total ionic equation, the soluble ionic compounds are represented as sep-
arate ions on both sides of the equation, but the solid precipitate (i.e., AgCl) is shown
as a neutral compound since the two ions come together to produce the solid.

2Ag™ (ag) + 2NO3 (ag) + Cu?**(aq) + 2C1 (aq) —>
2AgCl(s) + Cu**(ag) + 2NO; (aq)

Notice that there are two spectator ions, Cu?' and NOjg . After spectator ions are
subtracted from the equation, we have the net ionic equation for the reaction.

Ag'(ag) + CI” (aq) —> AgCl(s)

As in the single-replacement reactions discussed previously, the net ionic equa-
tion focuses on the driving force for the reaction, which is the formation of solid
Ag(l from two soluble compounds.
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KNO(aq) CuCly(ag) K*(aq), CuZ*(aq), Cl-(aq), NO5~(aq)

FIGURE 5-7 AMixture of CuCl, and KNO; Solutions No reaction occurs when these
solutions are mixed.

AgN05(aq) CuCly(aq) AgCI(s) + Cu*(aqg), NO5 (aq)

FIGURE 5-8 A Mixture of AgNO, and CuCl, Solutions When these solutions are
mixed, a precipitate forms.



156 CHAPTER 5 Chemical Reactions

There are some very practical applications of precipitation reactions in industry
as well as in the laboratory. Our example is of particular value. Silver is actually used
more in the development of photographs and film than in jewelry and coins. It is
obviously worthwhile to recover this precious metal from film negatives whenever
possible. Silver metal in film can be dissolved in aqueous nitric acid to form the water-
soluble compound AgNOs. [This is not a single-replacement reaction (which by itself
would not work) but involves the nitrate ion in a more complex reaction.] Although
the solution contains many other dissolved substances, addition of a soluble com-
pound containing the CI” ion (e.g., NaCl) leads to the formation of solid AgCl, as
shown in Figure 5-8. As you notice from Table 5-3, very few other cations form pre-
cipitates with CI7, so this is a reaction more or less specific to removing Ag" from
aqueous solution. The AgCl can then be filtered from the solution and silver metal
eventually recovered.

In other precipitation reactions, we may want to recover the soluble compound
and discard the insoluble compound. In such a case, we would remove the precip-
itate by filtration and then recover the soluble compound by boiling away the sol-
vent water.

5-5.3 Rules for Writing Precipitation Reactions

By careful use of Table 5-3, we can predict the occurrence of many precipitation reac-
tions. To accomplish this, we follow this procedure:

1. Write the compounds produced in the reaction by “switching partners,”
changing subscripts as necessary to make sure that the compounds have the
correct formulas based on the ions’ charges (which do not change).

2. Examine Table 5-3 to determine whether one of these compounds is insolu-
ble. Label the soluble chemicals (aq) for aqueous and the insoluble ones (s)
for solid.

3. If one of the two new compounds is insoluble in water, a precipitation reac-
tion occurs and we can write the equation illustrating the reaction.

The following examples illustrate the use of Table 5-3 to predict and write pre-
cipitation reactions.

Writing a Possible Precipitation Reaction

A solution of Na,COg3 is mixed with a solution of CaCl,. Predict what happens. If a precipitate forms, write the balanced
molecular, total ionic, and net ionic equations.

Follow the steps outlined above.

SOLUTION

The four ions involved are Na*, CO4%", Ca?*, and CI". The combinations of the Na* and CI~ and the Ca?" and CO42" pro-
duce the compounds NaCl and CaCOs. If both of these compounds are soluble, no reaction occurs. In this case, howev-
er, reference to Table 5-3 indicates that CaCOQOg is insoluble. Thus, a reaction occurs that we can illustrate with a balanced
reaction written in molecular form.

NaCOjs(ag) + CaCl,(ag) —— CaCOg(s) + 2NaCl(aq)
The equation written in total ionic form is
2Na'(ag) + CO4% (ag) + Ca®'(aq) + 2Cl (ag) — CaCOg(s) + 2Na'(ag) + 2Cl (aq)

Note that the Na* and the CI™ ions are spectator ions. Elimination of the spectator ions on both sides of the equation leaves
the net ionic equation.

Ca?"(ag) + CO4% (ag) — CaCOs(s)

(This would be an example of the formation of limestone in an ancient sea.)
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ANALYSIS

Working as many of these types of problems as possible is the key to seeing the patterns that develop. Typically, the anion
of one of the reactants will combine with the cation of the second to form the insoluble product. A quick glance at the anions
present will give you an idea of the likelihood that they will form an insoluble compound. Then analyze the cation of the other
reactant. Will it combine with the first anion to precipitate? Consider Ni(NOj), and LisPO,. Do we expect an insoluble prod-
uct to form? Of the two anions, the phosphate is the one likely to form a precipitate. The cation of the first compound, Ni?",
is not in the Group IA column, so it, too, is a good candidate. We'd expect the product of the two, nickel(ll) phosphate, to
be a precipitate.

SYNTHESIS

Can you go further and find a compound that would react with a given reactant? What compound (and there are several)
would form a precipitate with KOH? Here it is the anion that likely will precipitate. Let's pick a cation that will do the job.
Cu?" would work. Now we need an anion that will ensure the Cu®' to be initially soluble. Nitrate, chloride, and acetate fit
the bill. Cu(NOg)s, for one, would dissolve in water and then form a precipitate with KOH. Following that same reasoning,
any of these would also work: FeClg, Al(C,H30,)3, NiSO,, and many others. Consider the following example.

EXAMPLE 5-8

Writing a Possible Precipitation Reaction

A solution of KOH is mixed with a solution of Mgl,. Predict what happens. If a precipitate forms, write the balanced molec-
ular, total ionic, and net ionic equations.

SOLUTION

The four ions involved are K, OH", M92+, and I". An exchange of ions in the reactants produces the compounds Kl and
Mg(OH),. Reference to Table 5-3 indicates that Mg®* forms an insoluble compound with OH™. Therefore, a precipitation
reaction does occur and is illustrated with the following molecular equation.

2KOH(aqg) + Mgly(ag) — Mg(OH)(s) + 2Kl(aq)
The total ionic equation is
2K*(ag) + 20H (ag) + Mg?*(ag) + 21 (ag) — Mg(OH),(s) + 2K (aq) + 21 (aq)

Elimination of spectator ions gives the net ionic equation.
Mg?*(ag) + 20H (aqg) — Mg(OH),(s)

ANALYSIS

When writing the total ionic equation, simply go through your equation to all the ionic compounds or acids labeled “aqueous;’
and break them apart into their ions. Any other chemical, labeled as “solid;" “liquid,’ or “gas,’ should be written exactly the
same way it was in the molecular equation.

SYNTHESIS

It is almost always the case that the combination of the four possible ions from a double-replacement reaction will at most
form one insoluble chemical. In several cases, no insoluble chemical forms and there is no reaction (see the next example).
By studying Table 5-3, particularly the exceptions, can you come up with a combination of two soluble compounds that will
react to form two insoluble products? There are very few choices. Notice that Ba(OH), is soluble, whereas most hydrox-
ides are insoluble. Furthermore, BaSO, is insoluble, whereas most sulfates are soluble. Does that give you an idea®? As an
example, how about combining solutions of Ba(OH),(aq) and CuSO,(ag)?

Writing a Possible Precipitation Reaction

A solution of KBr is mixed with a solution of Sr(ClO,),. Predict what happens. If a precipitate forms, write the balanced
molecular, total ionic, and net ionic equations.
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SOLUTION

The four ions involved are K, Br-, Sr?*, and CIO, . An exchange of ions produces the compounds KCIO, and SrBr,. Both
of these compounds are soluble, so no reaction occurs. The solution contains a mixture of these four ions.

ANALYSIS

Visually, what would we expect to see in these examples? In the case of the precipitation reactions, we initially begin with
two clear, though not necessarily colorless, solutions. Upon mixing, a cloudiness appears due to particles that should even-
tually settle to the bottom of the reaction vessel. For this last reaction, the two solutions are simply mixed together into one
large vessel; they look essentially the same as before mixing. If one solution was colored, the combination might appear to
be a lighter hue, but this is just due to diluting. It doesn't indicate a chemical reaction.

SYNTHESIS

The following reaction works, for reasons to be discussed in the following section. What would you predict to be the visu-
al indication of a reaction?

According to the solubility rules, Fe(OH); is a solid. HCI and FeCls are in aqueous solutions. H,O is, of course, a liquid. So
we are starting off with a solid and aqueous solution, and ending with a mixture of a soluble salt in water. Therefore, upon
the addition of hydrochloric acid, we should see our solid “disappear; as its soluble product dissolves in water.

Reay

1T

Hard Water and Water Treatment

Hard water is water that
contains significant
concentrations of Fe3", Ca?",
and Mg?". These are picked up
when rainwater filters down
through soil rich in these ions.
Most areas of the country,
other than the South, East
Coast, and Pacific Northwest,
suffer from very hard water.
Hard water has a strong
tendency to form insoluble

solves the problem of hard water. This system exchanges
the soft soluble cation Na™* for the hard ions that form
precipitates in the water. (Recall that sodium compounds
are all soluble.) This must be done to preserve the total
charge, so it takes two sodium ions to remove one calcium
or one magnesium ion, and three sodium ions to remove
one iron ion [e.g., 3Na*(aqg) has the same total charge as
one Fe®']. However, the large amount of sodium added to
the water can make it unhealthy, especially for those on a
low-sodium diet. So water-softening systems are installed
only on pipes leading to showers and other cleaning
devices. Typically the kitchen and bathroom sinks receive

compounds with the compounds found in soap. This
reduces the soap's ability to clean by forming an insoluble
residue that deposits on sinks, tubs, dishes, and clothes.
This leaves them gray, gritty, and dingy. Insoluble
carbonates may also precipitate within water pipes and
water heaters, forming what is called scale. Scale reduces
water flow, insulates the water in heaters from the heat
source, and lowers the lifetime of the plumbing.

The hard water part of this problem can be reduced
by using detergents with added softening agents. These
compounds remain soluble despite the presence of the
hard ions, making lathering and cleaning more effective.
The instillation of a water-softening system in a house also

the harder, but healthier, water.

Municipalities in areas that have hard water try to reduce
the problem by removing some of the ions at the source
before the water goes to commercial and residential areas.
They do this by adding CaO and Na,COj to the water.
These compounds cause the hard ions to precipitate at the
site as their insoluble hydroxide or carbonate salts. These
salts are then allowed to settle out of the water and are
periodically removed.

Each treatment option described relies on chemists and
engineers understanding the chemical reactions that lead to
the problems caused, and then employing other reactions,
based on solubility, that allow them to alleviate the problem.
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ASSESSING THE

OBJECTIVES FOR
SECTION 5-5

EXERCISE 5-5(a) KNOWLEDGE: Do the following refer to soluble or
insoluble compounds?

(a) It forms a precipitate.

(b) Itis labeled “(ag)”.

(c) It dissolves in water.

(d) Its formation is the driving force in the reaction.

EXERCISE 5-5(b) ANALYSIS: Label the following as being soluble (agq) or
insoluble (s).

(@) (NH4)3SO4  (b) Sn(OH)y  (c) Pb(NOs3)s  (d) Fey(SOy4)s
EXERCISE 5-5(c) ANALYSIS: Determine whether the following reactants
will form a precipitate.

(a) KoCO3 and NaySO, (b) AlBrg and NaOH (c¢) (NHy)»S and Cal,
EXERCISE 5-5(d) ANALYSIS: Write the balanced molecular formula,
complete with the state symbols (ag) and (s), for the following reactants.

(a) Crly(ag) + LisPO4(aq) —

(b) Cs9oCO3(ag) + FeBrs(aq) —

EXERCISE 5-5(e) SYNTHESIS: Asolution of AgNOjs is mixed with a solu-

tion of KyS. Write the molecular, total ionic, and net ionic equations illustrating the
reaction.

For additional practice, work chapter problems 5-34, 5-37, 5-39, 5-44, and 5-46.

p>OBJECTIVE FOR
SECTION 5-6

Write balanced molecular, total ionic,

and net ionic equations for neutral-

ization reactions.

5_ DOUBLE-REPLACEMENT REACTIONS—
NEUTRALIZATION

LOOKING AHEAD! Inasecond type of double-replacement reaction, the
ions combine to form a molecular compound. Although there are several examples
of this, we will focus on the formation of the simple molecular compound water. This

- is discussed next. m

5-6.1 Strong Acids and Strong Bases

Strong acids and bases are two compounds that can be dif-
ficult, if not dangerous, to handle. They are very corrosive
and can cause severe burns. (See Figure 5-9.) When care-
fully mixed together in the right proportions, however, they
become harmless. The corrosive properties of both are neu-
tralized. In Section 4-6 we defined a class of compounds
known as strong acids. They are characterized by their com-
plete ionization in water to form H"(ag) and an anion. A
second class of compounds, strong bases, dissolve in water to
Jorm the hydroxide ion [OH (aq)]. Unlike acids, these com-
pounds are ionic in the solid state and the ions are simply
separated in the aqueous solution as in any soluble ionic FlGURE 5-9 Strong Acids and Bases Containers of
compound. The strong bases are hydroxides formed by the  these compounds usually include a warning about their corro-
Group IA and IIA metal ions (except for Be*"). Examples  sive properties.
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include sodium hydroxide (lye) and barium hydroxide. Their solution in water is
illustrated by the following equations.

NaOH (s5) —22- Na*(ag) + OH (ag)

Ba(OH)y(s) —22> Ba®*(ag) + 20H (ag)

5-6.2 Neutralization Reactions

When solutions of strong acids and bases are mixed, the H"(ag) from the acid com-
bines with the OH™ (agq) from the base to form the molecular compound water. The
reaction of an acid and a base is known as a neutralization reaction. The neutralization
of hydrochloric acid and sodium hydroxide is illustrated below with the molecular,
total ionic, and net ionic equations. The ionic compound remaining in solution,
NaCl, is known as salt. A salt is formed from the cation of the base and the anion of the acid.
If the salt is soluble, its ions are spectator ions and are subtracted from the equa-
tion to form the net ionic equation.

HCl(aq) + NaOH(aq) — NaCl(aq) + HyO(!)
H"(aq) + ClI (ag) + Na*(ag) + OH (ag) — Na*(aqg) + CI”(aq) + HoyO(l)
H"(ag) + OH (ag) — HyO(l)

Unlike precipitation reactions, the net ionic equation for all neutralization reac-
tions between strong acids and strong bases is the same. The driving force for these
reactions is the formation of water, a molecular compound, from two ions. The bal-
anced molecular equations for two additional neutralization reactions follow.

HBr(aq) + KOH(aq) — KBr(aq) + HyO(!)
2HNOg3(aq) + Ca(OH)g(aq) — Ca(NOs)o(aq) + 2H,O(1)

The interactions of other types of acids and bases, known as weak acids and bases,
are somewhat more involved and are discussed in more detail in Chapter 13.

Writing Neutralization Reactions

Write the molecular, total ionic, and net ionic equations for the neutralization of (a) HCIO, and LiOH and (b) H,SO, and
KOH.

Follow the steps outlined in Section 5-5.3. Water is a product in neutralization reactions and should be labeled with an (/)
and not ionized.

SOLUTION

To balance the equations, one should make sure that there is one H'(ag) for each OH™(aqg). Another way is to write the for-
mula of the salt formed and then balance the number of reactant cations (from the base) and reactant anions (from the acid).

(a) HCIO4(aqg) + LiOH(ag) — LiClO4(aq) + H,O(/)
H*(ag) + ClO, (aq) + Li"(ag) + OH (ag) — Li*(ag) + CIO, (aq) + H,O(/)
H"(ag) + OH (ag) — H,O(/)

(b) H,SO,(ag) + 2KOH(ag) — K;SO4(aq) + 2H,0(/)
2H"(aq) + SO,4% (ag) + 2K*(ag) + 20H (aq) — 2K*(ag) + SO,? (ag) + 2H,0(/)
H*(ag) + OH (agq) — H,0O(/)

ANALYSIS

The water that is produced in the reaction is in addition to the water used as a solvent to dissolve the reactants. So, unlike
a precipitation reaction, where the formation of the solid shows us that there is an obvious reaction occurring, neutralization
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reactions are harder to recognize in the lab. There are many times where no discernible physical change occurs. If the con-
centrations of reactants are high enough, a significant amount of heat can be produced in the neutralization process and
the solution’s temperature will rise. Alternately, you can follow the course of the reaction with chemical indicators that change
color as the reactants are neutralized, or the reaction can be followed by electrical meters. Beyond that, it's just our knowl-
edge of the chemistry of the reaction that tells us that anything is occurring.

SYNTHESIS

It will be useful in upcoming chapters to know the balancing coefficients for chemical reactions. Neutralization reactions pro-
vide us with a shortcut to determine the needed coefficients for the reactants. Every acid provides a given number of H''s.
Every base provides a given number of OH's. Together they'll combine in a 1-to-1 ratio to form water. So how many of the
acid molecules and how many of the base molecules are needed to produce the same number of H"'s and OH™’s? Consider
a reaction between HzPO, and Ba(OH),. What will be the balancing coefficient in front of each molecule?

H;PO, delivers 3H". Ba(OH), delivers 20H". Two acids and three bases will produce a total of six waters. The balanc-
ing coefficients are 2 and 3, respectively.

ASSESSING THE

OBJECTIVE FOR
EXERCISE 5-6(a) ANALYSIS: Write out the balanced molecular equation, e
complete with the state symbols (ag) and (), for the following reactants.
(a) HySOy(ag) + LiOH(ag) —
(b) Ca(OH)s(ag) + HCIO,(ag) —
EXERCISE 5-6(b) SYNTHESIS: Write the balanced molecular, total ionic,

and net ionic equations illustrating the neutralization of nitric acid with strontium
hydroxide.

For additional practice, work chapter problems 5-55, 5-57, and 5-60.

SUMMARY

KEY TERMS
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5-3.1 A solution is formed by a solute dissolving in a solvent. p. 148

5-3.2 Strong acids are completely ionized in aqueous solution. p. 148

5-4 A single-replacement reaction involves the exchange of a free metal for a different
metal ion. p. 150

5-4.1 Reactions in aqueous solution can be represented by molecular and total ionic

equations. p. 150
5-4.1 When spectator ions are subtracted out, a net ionic equation results. p. 150
5-4.2  The activity series relates the ability of a metal to replace other metal ions. p. 151
5-5.2 A precipitate is a solid formed from solution. p. 154
5-5.2 A precipitation reaction is a type of double-replacement reaction. p. 154
5-6.1 Strong bases are ionic compounds that produce the hydroxide ion in solution. p. 159
5-6.2 A neutralization reaction is a second type of double-replacement reaction that
produces a salt and water. p. 160

SUMMARY CHART
Three More Types of Reactions
Single Replacement Double Replacement

M(s) + AX(ag) — MX(aq) + A(s) Precipitation | Neutralization

MY(aq) + AX(ag) — | MOH(aq) + HY(ag) —
MX(aq) + AY(s) MX(aq) + H,O



162 CHAPTER 5 Chemical Reactions

A concise statement of a chemical property is relayed by
the chemical equation. With symbols, formulas, and
other abbreviations, a sizable amount of chemical infor-
mation can be communicated. This includes the ele-
ments or compounds involved as reactants and products,
their physical states, and the number of molecules of
each compound involved in the reaction. When the
numbers of atoms of each element are made the same
on both sides of the equation by use of coefficients, the
equation is said to be balanced.

In this chapter, we considered five different types of
reactions that can be conveniently represented by equa-
tions. Each type has a general equation that character-
izes that kind of reaction. The first three types discussed
in this chapter are combustion reactions, combination
reactions, and decomposition reactions.

In addition to these three types of reactions, two
other types usually involve reactions that occur in an
aqueous solution. When a substance (a solute) is dis-
persed by a liquid (a solvent), it forms a homoge-
neous mixture known as a solution. Substances that
dissolve in water are said to be soluble and those that
do not are insoluble. Soluble ionic compounds are
separated into their individual ions in aqueous
solution.

Pb(NOs)s(agq) + 2KCl(aq)

In single-replacement reactions, a metal exchanges
places with the cation of a different metal. The ability of
metals to replace other metal ions can be compared and
ranked in the activity series. Hydrogen, although not a
metal, is usually included in this series.

Double-replacement reactions involve the exchange
of ions between two soluble compounds. In a precipita-
tion reaction, the two ions combine to form a solid ionic
compound known as a precipitate, which separates from
the solution. In a neutralization reaction, the two ions
form a molecular compound.

In neutralization reactions, strong acids [molecular
compounds that dissolve in water to form H"(ag) ions]
react with strong bases [ionic compounds that dissolve
in water to form OH™ (ag) ions]. The reaction produces
water and a salt.

Single- and double-replacement reactions can be illus-
trated by three types of equations. In a molecular equa-
tion, all species are represented as neutral compounds.
In a total ionic equation, soluble ionic compounds and
strong acids are represented as separate ions. If the spec-
tator ions (those ions that are not directly involved in the
reaction) are removed, the result is a net ionic equation.
The three types of equations for a typical precipitation
reaction are shown below.

—— PbCly(s) + 9KNO;(ag)

Pb** (ag) + 2NO5=(aq) + 2K (aq) + 2CI (ag)

—> PbCly(s) + ?i@(aq) + 2NOs—(aq)

Pb?"(aq) + 2C1" (ag) —> PbCly(s)

SECTION | YOU SHOULD BE ABLE TO... EXAMPLES EXERCISES | CHAPTER PROBLEMS
5-1 Write a chemical equation from a word description 5-1 la, 1b, le, 2¢ |10, 11, 12, 13
of the reaction.
Balance a simple chemical equation by inspection. 5-1, 5-2, 5-3 lc, 1d 2,3,4,5
5-2 Classify certain chemical reactions as being 5-3 2a, 2b, 2c 14, 15, 16, 18, 19,
combustion, combination, or decomposition reactions. 20, 21, 22, 23
5-3 Write the ions formed when ionic compounds or 5-4 3a, 3b, 3¢ 24, 25, 26, 27
acids dissolve in water.
5-4 Given the activity series, complete several 5-5 4a, 4b, 4c, 4d | 28, 29, 30, 33
single-replacement reactions as balanced molecular,
total ionic, and net ionic equations.
5-5 Given a table of solubility rules, determine whether 5-6 5a, bb, bc 34, 35, 40, 42
a specific ionic compound is soluble or insoluble
in water.
Write balanced molecular, total ionic, and net ionic 5-7, 5-8, 59 5d, be 44, 45, 46, 47,
equations for precipitation reactions. 48, 49
5-6 Write balanced molecular, total ionic, and net ionic 5-10 6a, 6b 55, 56, 57, 58
equations for neutralization reactions.
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PART A

EXERCISES

5-1(a) A chemical reaction is represented with symbols
and formulas by means of a chemical equation. The arrow
in an equation separates the reactants on the left from the
products on the right. To conform to the law of conserva-
tion of mass, an equation must be balanced. This is accom-
plished by introducing coefficients in front of formulas
rather than changing subscripts in a formula.

5-1(b) (a) Li(s) + Og(g) — LiyO(s)

(b) Al(s) + HoSO4({) — Aly(SOy4)3 + Ha(g)

(¢) Cu(s) + HNO3() — Cu(NOs)q(ag) + NO(g) + HyO()
5-1(c) (a) B,C,O,H (b) N, H, N(again), O (c) S, O,
Na, I

5-1(d) (a) 4Cr + 302 — 201‘203

(b) CosSs + 3Hy — 3H,S + 2Co

(C) CgHg + 1002 — ?)COQ + 4HQO

5-1(e) (a) (NHy)COs(s) — 2NH;(g) + COq(g) + HoO(g)
(b) 2 NH3(g) + 2CIF5(g) — Na(g) + Cla(g) + 6HF(g)
5-2(a) (a) combination, combustion (b) decomposition,

combustion (c) combination, combustion (d) all reac-
tions (e) decomposition

5-2(b) (a) decomposition (b) combustion (c) combina-
tion (d) decomposition (e) combination

5-2(c) (a) 2SisHg(g) + 709(g) — 4SiOy(s) + 6HO()
(b) 2Al(s) + 3Ha(g) — 2AIH;(s)

(c) Ca(HSO3)9(s) — CaO(s) + HyO(l) + 2SO09(g)

EXERCISES

5-3(a) (a) H  and NO,~ (b) K" and PO,*>" (c) NH,"
and NO;~  (d) Zn*' and ClO,~

5-3(b) (a) three (b) four (c) four (d) two
5-3(c) (a) NasSO,(s) — 2Na+(aq) + SO42_(aq)
(b) HNO4() — H*(ag) + NO;3 ™ (aq)

(€) Al(CoH30,)3(s) — A" (ag) + 3CoH30,™ (ag)
(d) Ca(OH)o(s) — Ca2+(aq) + 20H™ (aq)

5-4(a) (a) Nireplaces Ag (b) Al replaces Cu
(c) Mg replaces Cr  (d) Sn replaces H

ANSWERS TO ASSESSING THE OBJECTIVES

5-4(b)
(a) total: Cu*(ag) + 2NOg3 (ag) + Zn(s) —>
Zn**(ag) + 2NO; (ag) + Cu(s)
net: Cu%(aq) + Zn(s) —> Zn%(aq) + Cu(s)
(b) total: 2Al(s) + 3Pb*"(aq) + 6CI (ag) —
2A1%* (ag) + 6CI (ag) + 3Pb(s)
net: 2Al(s) + 3Pb*" (ag) — 2A1%"(ag) + 3Pb(s)
5-4(c)
(a) Mg(s) + 2AgNO3(aq) — Mg(NOs)y(ag) + 2 Ag(s)
(b) no reaction (Sn is less reactive than K)
(c) 2Na(s) + 2HCl(aq) — 2NaCl(aq) + Hqy(g)

5-4(d)
(a) total: Cu*"(aq) + 2C1 (ag) + Fe(s) —
Fe*(ag) + 2C1 (ag) + Cu(s)
net: Cu2+(aq) + Fe(s) — Fe2+(aq) + Cu(s)
(b) total: 3Mg(s) + 2Au?’+(aq) + 6NO;3 (aq) —
2Au(s) + 3Mg2+(aq) + 6NO;3 (agq)
net: 3Mg(s) + 2Au*" (aq) — 2Au(s) + 3Mg?* (ag)

5-5(a) (a) insoluble (b) soluble (c) soluble (d) insoluble
5-5(b) (a) soluble (b) insoluble (c) soluble (d) soluble

5-5(c) (a) No. Both the K* and the Na" will produce solu-
ble products. (b) Yes. AI(OH)s3 is insoluble. (c) Yes. CaS is
insoluble.

5-5(d)
(a) Crls(aq) + LisPO4(agq) — CrPOy4(s) + 3Lil(aq)

(b) 3CsyCO;(aq) + 2FeBrs(ag) —> 6CsBr(ag) + Fey(COs)s5(s)

5-5(e)

molecular: 2AgNO;(aq) +KoS(ag) — AgsS(s) +2KNOs (ag)

total: 2Ag+(aq) + 2NOg3 (aq) + 2K+(aq) + SQf(aq) —
AgoS(s) + 2K+(aq) + 2NOs (agq)

net: 2Ag* (ag) + S? (ag) — Ag,S(s)

5-6(a)
(a) HyoSO,(aq) + 2LiOH (aq) — LisSOy4(aq) + 2H,O()

(b) Ca(OH)y(aq) + 2HCIO, (ag) —
Ca(ClO,)s(ag) + 2H0 (1)

5-6(b)
molecular: 2HNOj (aq) + Sr(OH)q(ag) —>
Sr(NOg)o(ag) + 2H,O (1)
total: 2H (aq) + 2NO3 (aq) + Sr¥*(aq) + 20H (aq) —>
Sr?*(ag) + 2NO;3 (aq) + 2H,O())

net: H+(aq) + OH (aqg) — HyO())
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CHAPTER PROBLEMS

Throughout the text, answers to all exercises in color are given in Appendix G. The more difficull exercises are marked with an asterisk.

Chemical Equations (secTiOoN 5-1)

5-1. The physical state of an element is included in a chem-
ical equation. Each of the following compounds is a gas, a
solid, or a liquid under normal conditions. Indicate the
proper physical state by adding (g), (s), or (J) after the
formula.

(a) Cly (d) HyO (g) Bro () Na
() C (e) Py (h) NaBr (k) Hg
(c) KoSO4 (H) H, (i) Sg 0 CO,

5-2. Balance the following equations.

(a) CaCO; —— CaO + CO,

(b) Na + Oy — NayO

(¢) HySO, + NaOH — NaySO, + HyO
(d) HoOy — HyO + Oy

5-3. Balance the following equations.
(a) NaBr + Cl, — NaCl + Bro

(b) KOH + H3AsO, — KyHAsO,4 + HyO
(c¢) Ti + Cly — TiCly

(d) Al + HySO, — Aly(SOy)5 + Hy
5-4. Balance the following equations.
(a) Al + HPO, —> AIPO4 + Hy

(b) Ca(OH)y + HCl — CaCly + HyO
(¢) Mg + Ng—— MgsNy

(d) GoHg + Og —> COy + HyO

5-5. Balance the following equations.
(a) Ca(CN)y + HBr — CaBry + HCN
(b) CsHg + O — CO + HyO

(¢) Py+ Sg——P,Ss

(d) CryO4 + Si—— Cr + SiOy

5-6. Balance the following equations.
(a) MgsNy + H)O — Mg(OH), + NH;
(b) HyS + Oy — S + HyO

(c) SigHg + HyO — Si(OH)4 + Hy
(d) CosHg + Cly — CoHCI; + HCI
5-7. Balance the following equations.
(a) NagNH + HyO —> NH3 + NaOH
(b) CaCy + HyO —> CyHy + Ca(OH),
(c) XeFg + HiO — XeO4 + HF

(d) PCl; + HoO — H3;PO,4 + HCI

5-8. Balance the following equations.
(a) B,H,, + Oy —> B,O; + Hy,O

(b) SFg + SO5 —— O,SF,

(c) CSy + Og —> COy + SO,

(d) BF; + NaH — ByH;; + NaF

5-9. Balance the following equations.
(a) NH; + Cl, — NHCl, + HCl

(b) PBry + HyO —> HBr + HsPO,
(c) Mg + FesOy — MgO + Fe

(d) FesOy + Hy — Fe + Hy,O

5-10. Write balanced chemical equations from the follow-
ing word equations. Include the physical state of each ele-
ment or compound.

(a) Sodium metal plus water yields hydrogen gas and an
aqueous sodium hydroxide solution.

(b) Potassium chlorate when heated yields potassium chlo-
ride plus oxygen gas. (Ionic compounds are solids.)

(c) An aqueous sodium chloride solution plus an aqueous
silver nitrate solution yields a silver chloride precipitate
(solid) and a sodium nitrate solution.

(d) An aqueous phosphoric acid solution plus an aqueous
calcium hydroxide solution yields water and solid calci-
um phosphate.

5-11. Write balanced chemical equations from the follow-
ing word equations. Include the physical state of each ele-
ment or compound.

(a) Solid phenol (CsHgO) reacts with oxygen to form car-
bon dioxide gas and liquid water.

(b) An aqueous calcium hydroxide solution reacts with
gaseous sulfur trioxide to form a precipitate of calcium
sulfate and water.

(c) Lithium is the only element that combines with nitrogen
at room temperature. The reaction forms lithium
nitride.

(d) Magnesium dissolves in an aqueous chromium (IIT)
nitrate solution to form chromium and a magnesium
nitrate solution.

5-1 2. Nickel(II) nitrate is prepared by heating nickel metal
with liquid dinitrogen tetroxide. In addition to the nitrate,
gaseous nitrogen monoxide is formed. Write the balanced
equation.

5-13. One of the steps in the production of iron involves
the reaction of Fe3O4 with carbon monoxide to produce
FeO and carbon dioxide. Write the balanced equation.

Combustion, Combination, and Decomposition
Reactions (secTION 5-2)

5-14. Which reactions in problems 5-2 and 5-4 can be clas-
sified as a combustion, a combination, or a decomposition
reaction?

5-15. Which reactions in problems 5-3 and 5-5 can be clas-
sified as either a combustion, a combination, or a decompo-
sition reaction?
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5-16. Write combustion reactions when the following com-
pounds react with excess oxygen.

(@) G7Hi4() (© C4H;00()

(b) LiCHjs(s) (d) CoHzSH(g) (a product is SOy)
5-17. Write combustion reactions when the following com-
pounds react with excess oxygen.

(@) GoHgOq())

(b) BgH,9(g) [a product is BoOs(s) ]

(c) CgHia()

(d) Pb(CoHj)4(s) [a product is PbOqy(s)]

5-18. Write combination reactions that occur when the
metal barium reacts with the following nonmetals.

(a) hydrogen
(b) sulfur

(c) bromine

(d) nitrogen

5-19. Write combination reactions that occur when the
metal aluminum reacts with the following nonmetals.

(a) hydrogen (c) iodine

(b) oxygen (d) nitrogen

5-20. Write decomposition reactions for the following com-
pounds. Recall that ionic compounds are solids.

(a) Ca(HCOg), into calcium oxide, carbon dioxide, and
water

(b) AgoO into its elements

(c) NyOjs gas into nitrogen dioxide gas and nitrogen
monoxide gas

5-21. Write decomposition reactions for the following com-

pounds. Recall that ionic compounds are solids.

(a) liquid SbF; into fluorine and solid antimony trifluoride

(b) PtOy into its elements

(c) gaseous BrF into bromine and gaseous bromine

trifluoride

5-22. Write balanced equations by predicting the products
of the following reactions. Include the physical state of each
element or compound.

(a) the combination of potassium and chlorine

(b) the combustion of liquid benzene (C4Hg)

(c) the decomposition of gold (III) oxide into its elements
by heating

(d) the combustion of propyl alcohol (C3HgO)

(e) the combination of phosphorus (P4) and fluorine gas to
produce solid phosphorus pentafluoride

5-23. Write balanced equations by predicting the products

of the following reactions. Include the physical state of each

element or compound.

(a) the combustion of liquid butane (C4H;g)

(b) the decomposition of aqueous sulfurous acid to produce
water and a gas

(c) the combination of sodium and oxygen gas to form sodi-
um peroxide (the peroxide ion is Oy%")

(d) the decomposition of copper(I) oxide into its elements
by heating

lons in Aqueous Solution (SEcTION 5-3)

5-24. Write equations illustrating the solution of each of
the following compounds in water.

(a) Na,S (d) CaS
(b) LisSO, (e) (NHy)oS
(c) KyCryOy (f) Ba(OH),

5-25. Write equations illustrating the solution of each of
the following compounds in water.

(a) Ca(ClOs)q (c) AlCl

(b) CsBr (d) Cs9SOs4

5-26. Write equations illustrating the solution of the fol-
lowing compounds in water.

(a) HNO; (b) Sr(OH),

5-27. Write equations illustrating the solution of the follow-
ing compounds in water.

(a) LiOH (b) HI

Single-Replacement Reactions (sEcTION 5-4)

5-28. If any of the following reactions occur spontaneously,
write the balanced net ionic equation. If not, write “no reac-
tion.” (Refer to Table 5-2.)

(@) Pb + Zn** — Pb>" + Zn
(b) Fe + H" — Fe?" + H,

(¢) Cu + Ag" — Cu?*" + Ag
(d) Cr + Zn®>" — Cr*" + Zn

5-29. If any of the following reactions occur spontaneously,
write the balanced net ionic equation. If not, write “no reac-
tion.” (Refer to Table 5-2.)

(@) Pb + Sn?* — Pb?" + Sn
(b) Hy + Ni? — H' + Ni

(¢) Cr + Ni**¥ — Cr®" + Ni
(d) Hy + Au** — H' + Au

5-30. In the following situations, a reaction may or may
not take place. If it does, write the balanced molecular, total
ionic, and net ionic equations illustrating the reaction.
Assume all involve aqueous solutions.

(a) Some iron nails are placed in a CuCl, solution.

(b) Silver coins are dropped in a hydrochloric acid solution.
(c) A copper wire is placed in a Pb(NOs), solution.

(d) Zinc strips are placed in a Cr(NOs)3 solution.

5-31. In the following situations, a reaction may or may
not take place. If it does, write the balanced molecular, total
ionic, and net ionic equations illustrating the reaction.
Assume all involve aqueous solutions.

(a) A solution of nitric acid is placed in a tin can.
(b) Iron nails are placed in a ZnBry solution.

(c) A chromium-plated auto accessory is placed in an SnCly
solution.

(d) A silver bracelet is placed in a Cu(ClOy), solution.
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5-32. When heated, sodium metal reacts with solid CryOs.
Write the balanced molecular and the net ionic equations
for this single-replacement reaction.

5-33. When heated, aluminum metal reacts with solid
PbO. Write the balanced molecular and net ionic equations
for this single-replacement reaction.

Solubility and Precipitation Reactions
(SECTION 5-4)

5-34. Referring to Table 5-3, determine which of the fol-
lowing compounds are insoluble in water.

(a) NaoS (d) AgyS
(b) PbSO, (e) (NHy)oS
(c) MgSO, (f) Hgly

5-35. Referring to Table 5-3, determine which of the fol-
lowing compounds are insoluble in water.

(a) NiS (d) RbySO,
(b) HgsBry (e) CaS
(c) AI(OH);4 (f) BaCOq

5-36. Write the formulas of the precipitates formed when
Ag" combines with the following anions.
(a) Br~ (b) CO5* (c) PO,

5-37. Write the formulas of the precipitates formed when
Pb?* combines with the following anions.
(@) SO,* (b) PO,* () T

5-38. Write the formulas of the precipitates formed when
CO3* combines with the following cations.
(a) Cu®t (b) Cd%* (c) Cr*

5-39. Write the formulas of the precipitates formed when
OH"™ combines with the following cations.
(a) Ag® (b) NiZ* (c) Co*"

5-40. Which of the following chlorides is insoluble in
water? (Refer to Table 5-3.)
(a) NaCl

(b) HgyCly

(c) AlCI,
(d) BaCl,

5-41. Which of the following sulfates is insoluble in water?
(Refer to Table 5-3.)
(a) KySO4
(b) ZnSO,

(c) SrSO,
(d) MgSO,4

5-42. Which of the following phosphates is insoluble in
water? (Refer to Table 5-3.)
(a) K3POy

(b) Cag(POy)

(c) (NH4)3POy
(d) Li;PO,

5-43. Which of the following hydroxides is insoluble in
water? (Refer to Table 5-3.)
(a) Mg(OH),

(b) CsOH

(c) Ba(OH),
(d) NaOH

5-44. Write the balanced molecular equation for any reac-
tion that occurs when the following solutions are mixed.
(Refer to Table 5-3.)

(a) KI'and Pb(CyH30y)s

(b) AgClO4 and KNOg

(c) Sr(ClOy4)s and Ba(OH),

(d) BaS and Hgy(NOs3),
(e) FeClg and KOH

5-45. Write the balanced molecular equation for any reac-
tion that occurs when the following solutions are mixed.
(Refer to Table 5-3.)

(a) Ba(CyH3O9)9 and NasSO4 (c) Mg(NOsg)y and NagPO,
(b) NaClO, and Pb(NOs), (d) SrS and Nil,

5-46. Write the total ionic and net ionic equations for any
reactions that occurred in problem 5-44.

5-47. Write the total ionic and net ionic equations for any
reactions that occurred in problem 5-45.

5-48. Write the total ionic equation and the net ionic equa-
tion for each of the following reactions.

(a) KyS(ag) + Pb(NOs)9(ag) — PbS(s) + 2KNO;(aq)
(b) (NH4)9COs(aq) + CaCly(ag) —
CaCOs(s) + 2NH,Cl(agq)
(c) 2AgClO,(aq) + NayCrOy(aq) —
AgoCrOy(s) + 2NaClOy4(aq)

5-49. Write the total ionic equation and the net ionic equa-
tions for each of the following reactions.
(a) Hgs(ClOy)s(ag) + 2HBr(ag) —
HgoBry(s) + 2HCIO,(aq)
(b) 2AgNOg(aq) + (NH4)9SO4(aq) —
AgySO4(s) + 2NH4NO;(aq)
(c) CuSOy4(ag) + 2KOH (ag) —> Cu(OH)y(s) + KoSO4(aq)

*5-50. Write the balanced molecular equations indicating
how the following ionic compounds can be prepared by a
precipitation reaction using any other ionic compounds. In
some cases, the equation should reflect the fact that the
desired compound is soluble and must be recovered by
vaporizing the solvent water after removal of a precipitate.
(a) CuCOg (c) Hgoly (e) KCyH30,
(b) PbSO, (d) NH4NO;4

Neutralization Reactions (secTiON 5-5)

5-51. Which of the following is not a strong acid?

(a) HBr (c) HNOg

(b) HF (d) HC1O,

5-52. Which of the following is not a strong acid?
(a) HNO; (c) HySO,

(b) HI (d) HNO,

5-53. Which of the following is not a strong base?
(a) NaOH (c) AI(OH)4

(b) Ba(OH), (d) CsOH

5-54. Which of the following is not a strong base?
(a) Be(OH), (c) LiOH
(b) Ba(OH), (d) KOH

5-55. Write balanced molecular equations for the neutral-
ization reactions between the following compounds.

(a) HI and CsOH () HySO, and Sr(OH),

(b) HNOg3 and Ca(OH)y

5-56. Write balanced molecular equations for the neutral-
ization reactions between the following compounds.

(a) Ca(OH)y and HI (c) HCIO,4 and Ba(OH),

(b) HySO, and LiOH
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5-57. Write the total ionic and net ionic equations for the
reactions in problem 5-55.

5-58. Write the total ionic and net ionic equations for the
reactions in problem 5-56.

*5-59. Magnesium hydroxide is considered a strong base
but has very low solubility in water. It is known as milk of
magnesia and is used to neutralize stomach acid (HCI).
Write the balanced molecular, total ionic, and net ionic
equations illustrating this reaction. (Since magnesium
hydroxide is a solid, the total and net ionic equations will be
somewhat different.)

*$-60. When calcium hydroxide is neutralized with sulfuric
acid, the salt produced is insoluble in water. Write the bal-
anced molecular, total ionic, and net ionic equations illus-
trating this reaction.

General Problems

5-61. Write the balanced equations representing the com-
bustion of propane gas (CsHg), butane liquid (C4H;y),
octane (CgH,g) in liquid gasoline, and liquid ethyl alcohol
(CoH5OH) found in alcoholic beverages.

5-62. In the combination reaction between sodium and
chlorine and in the combustion reaction of magnesium, why
could these also be considered electron exchange reactions?

5-63. Iron replaces gold ions in solution. Can you think of
any practical application of this reaction?

5-64. Write balanced equations by predicting the products

of the following reactions. Include the physical state of each

element or compound.

(a) the combination of barium and iodine

(b) the neutralization of aqueous rubidium hydroxide with
hydrobromic acid

(c) asingle-replacement reaction of calcium metal with a
nitric acid solution

(d) the combustion of solid naphthalene (C;oHjg)

(e) a precipitation reaction involving aqueous ammonium
chromate and aqueous barium bromide

(f) the decomposition of solid aluminum hydroxide into
solid aluminum oxide and gaseous water

5-65. Write the total ionic and net ionic equations for parts
(b), (c), and (e) of problem 5-64.

5-66. Write balanced equations by predicting the products

of the following reactions. Include the physical state of each

element or compound.

(a) the decomposition of solid sodium azide (NaNj) into
solid sodium nitride and nitrogen gas

(b) a precipitation reaction involving aqueous potassium
carbonate and aqueous copper(II) sulfate

(c) the combustion of solid benzoic acid (C;HgOy)

(d) a single-replacement reaction of iron metal and an aque-
ous gold (III) nitrate solution

(e) the combination of aluminum and solid sulfur (Sg)

(f) the neutralization of aqueous sulfuric acid with aqueous
barium hydroxide

5-67. Write the total ionic and net ionic equations for parts
(b), (d), and (f) of problem 5-66.

5-68. Consider a mixture of the following ions in aqueous
solution: Na*, H*, Ba®*, C10,~, OH™, and SO, . Write the

net ionic equations for any reaction or reactions that occur
between a cation and an anion.

5-69. Consider a mixture of the following ions in aqueous
solution: NH4+, Mg2+, NiZ*, €I, §*7, and COgg_. Write the
net ionic equations for any reaction or reactions that occur
between a cation and an anion.

5-70. Consider a mixture of the following ions in aqueous
solution: K, Fe®*, Pb2*" 17, PO43_, and S%". Write the net
ionic equations for any reaction or reactions that occur
between a cation and an anion.

Chemical Reactions

Purpose: To write and balance several different classes of chemical
reactions. (Work in groups of three or four. Estimated time: 20 min.)

Use the following ions, elements, and molecular compounds
to write as many molecular equations as possible:

Ba?",Na®, H", OH™, CO5*, CI", 0%,
Ba, Na, HQ, 02, COQ, HQO

® Assign state symbols [(s), ({), (g), and (agq)] to all reac-
tants and products.

STUDENT WORKSHOP

® Balance the chemical reactions.

® Label each reaction by its type (decomposition, combina-
tion, combustion, single replacement, precipitation,
neutralization).

Each group should be allowed to put one unique equation
on the board. How many different reactions was the class
able to come up with?
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odern farming techniques

require the addition of nitrogen

to the soil. The composition of ammonia
makes it ideal for delivering a large
amount of nitrogen. The composi-
tion of compounds is a topic of

this chapter.



PART A

6— 1 Relative Masses of Elements

6—2 The Mole and the Molar Mass of
Elements

6—3 The Molar Mass of Compounds

THE COMPONENT ELEMENTS
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D <:>MAKING IT REAL

Calcium in Our Diets—How Much Are You
Getting?

6—5 Empirical and Molecular Formulas

SETTING THE STAGE The small size of the
atom is difficult for our human minds to comprehend. For
example, the period at the end of this sentence contains
between 10™ and 10" atoms of carbon. Obviously, such huge
amounts are nearly impossible to count, even with a com-
puter. So we count by weighing. Consider a related example.
When we purchase a large quantity of small items such as
nails, we certainly don’t count them out one by one. In fact,
we probably use a scale. This works because all the nails are
about the same mass. So we buy them by the pound, know-
ing that 1 pound contains a specific number of nails. Since
atoms of a specific element all weigh the same on average,
we can do the same thing—we will weigh them. This leads
us to a counting unit, specific to chemistry, that deals with a
huge number of atoms.

Understanding the counting unit of chemistry will
provide us with an important tool for specific calculations.
For example, consider a very practical application in the use
of fertilizers to provide the nitrogen that is essential for
crops. Without fertilizers, it is estimated that two out of five
us would not be alive today. Nature just does not supply
enough fixed nitrogen to produce the crops to feed over
6 billion people. Two manufactured compounds that are
widely used as a source of nitrogen for soil are ammonia
(NH,) and ammonium nitrate (NH,NO,). The advantage of
ammonia is that 100 kg of ammonia supplies 82 kg of
nitrogen to the soil. Its disadvantage is that it is a gas and
must be injected into the soil. Ammonium nitrate, an ionic
compound, is a solid and can be spread on the surface. Its
disadvantage is that it supplies only 35 kg of nitrogen for
each 100 kg of fertilizer applied. The decision about which to
use depends on cost, availability, and soil conditions. The
mass of nitrogen in a given amount of each of these two
compounds relates to its formula and to the relative masses
of the elements in each compound, as we will discuss in this
chapter.

In Part A, we will examine the main unit of mass and
number as it relates to elements and compounds. We will
use this information in Part B to examine the elemental
composition of compounds.

169



170 CHAPTER 6 Quantities in Chemistry

PART A

SETTING A GOAL

OBJECTIVES

6-1 Calculate the masses of equivalent numbers of atoms
of different elements.

You will become proficient at working with the units of ©-2 Define the mole and relate this unit to numbers of
moles, mass, and numbers of atoms and molecules, and atoms and to the atomic masses of the elements.

at converting between each of these.

p>OBJECTIVE FOR

SECTION 6-1
Calculate the masses of equivalent
numbers of atoms of different
elements.

-3 Perform calculations involving masses, moles, and
number of molecules or formula units for compounds.

6-1 RELATIVE MASSES OF ELEMENTS

LOOKING AHEAD! Agood place to start is by looking at how the mass of
an average atom of one element relates to the average mass of an atom of another
element. From this we relate the masses of elements containing any equivalent

numbers of atoms. =

6-1.1 The Mass of an Atom

Each carbon atom in a tiny smudge of graphite is a specific isotope of carbon. Most of
the atoms are '*C, which is used as the standard and is assigned a mass of exactly 12 amu.
The masses of other carbon isotopes and the isotopes of any other element are calcu-
lated by comparison to '*C. Most elements occur in nature as mixtures of isotopes, so
the atomic mass in the periodic table represents the weighted average mass of all iso-
topes of that element. In this chapter, we will treat the atoms of an element as if they
were all identical, with the atomic mass representing the mass of this hypothetical
“average” atom. The mass of individual atoms has, so far, been expressed in terms of
the mass unit amu (atomic mass unit). This is valuable when comparing the masses of
individual atoms, but it has no practical value in a laboratory situation. For example,
the mass of one “average” carbon atom is 12.01 amu. This converts to grams as follows.

12.01 amu = 1.994 X 10 %g

Since even the best laboratory balance can detect no less than 107° g, it is obvi-
ous that we need many atoms at a time to register on our scales. Because we can’t
work with individual atoms, we must “scale-up” the numbers of atoms so that the
amounts are detectable with our laboratory instruments. In order to scale-up our
measurements, we need an appropriate counting unit for atoms. To use this count-
ing unit, however, we will not be able to actually count the number of atoms. In this
case, we will weigh rather than count.

6-1.2 Counting by Weighing

Before we get into the calculations involving moles and molar mass, consider how
a grocer may count by weighing. If we want to purchase a large number of lemons
(e.g., 165) in a grocery store, it would be very tedious to actually count them one
by one. It would be far easier and much quicker to use a weight scale to know that
we have the desired number. If one average lemon has a mass of 145 g and we need
165 lemons, the following calculation tells us how much to weigh.

145¢  1kg

165 lemons X X
s lesron 103g

= 23.9 kg



6-1 Relative Masses of Elements

171

Now, suppose we want to measure the same number of apples. An average apple
has a mass of 282 g, so we need the following mass of apples.

282¢ lkg
X

apple 10 ¢

If we just want to have the same number of apples as lemons, we can use a short-

cut that does not involve the actual number of fruit. Once we know the mass ratio

of apples to lemons, we can easily convert an equivalent number of lemons to apples,
and vice versa. The ratio of the masses can be expressed as follows.

165 apples X = 46.5 kg

282 g apple 145 g lemon
145 g lemon wn 282 g apple

The mass ratio holds for any units of mass. For example, there will be the same num-
ber of fruit in 282 pounds of apples and 145 pounds of lemons. Using the appro-
priate mass ratio expressed in kilograms rather than grams, we can make the previous
calculation easier and not even be concerned with the actual number of fruit
involved. The following calculation allows us to measure the same number of apples
as there are lemons in 23.9 kg of lemons.

23.9 202 kg apple 46.5 k 1
. X ———— = 46.
kglermrons 145 ketermon g apples

From this calculation, we would also know that there are the same number of fruit
in 23.9 tons of lemons and 46.5 tons of apples.

Now, let’s return to the world of atoms and apply the same principles. In many
of the calculations that follow in this chapter, we do not need to know the actual
number of atoms involved in a certain weighed amount, but we do need to know
the relativenumbers of atoms of different elements present. However, if we know the
relative masses of the individual atoms, this is no problem. For example, if one heli-
um atom has a mass of 4.00 amu and one carbon atom has a mass of 12.0 amu, their
masses are in the following ratio.

4.00 amu He
12.0 amu C

In fact, any time helium and carbon are present in a 4.00:12.0 mass ratio regardless
of the units of mass, we can conclude that the same number of atoms of each element
is present. (See Table 6-1.) We can generalize this statement to all the elements. When
the masses of samples of any two elements are in the same ratio as that of their atomic masses,
the samples have the same number of atoms. Thus, if we wanted the same number of heli-
um atoms as the number of atoms present in 45.0 g of carbon, we do not have to
count or even know what the number is. The following calculation tells us what
we want.

4.00 g He

= 15.0 g He

( TABLE 6-1 ) Mass Relation of C and He

NUMBER OF ATOMS

C He OF EACH ELEMENT PRESENT
12.0 amu 4.00 amu 1

24.0 amu 8.00 amu 2

120 g 4.00 g 6.02 X 10%

24.0 g 8.00 g 1.20 X 10%

12.0 1b 4.00 1b 2.7% X 10%°

24.0 ton 8.00 ton 1.09 x 10%
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Calculating the Relative Masses of Elements in a Compound

The formula of the compound magnesium sulfide (MgS) indicates that there is one atom of Mg for every atom of S. What
mass of sulfur is combined with 46.0 Ib of magnesium?

PROCEDURE

From the atomic masses in the periodic table, note that one atom of magnesium has a mass of 24.31 amu and one atom of
sulfur has a mass of 32.07 amu. Likewise, 24.31 |b of magnesium and 32.07 Ib of sulfur have an equal number of atoms.
This statement can be represented by two conversion factors, which we can use to change a mass of one element to an
equivalent mass of the other.

24.31 Ib Mg 32.07 b S

2

M 32.071b S 24.31 Ib Mg

Use factor (2) to convert the mass of Mg to an equivalent mass of S.
SOLUTION

32.071b S

46.0 IbMg X —— 2>
97 2431 IbMg

=60.71b S

Thus, 60.7 Ib of sulfur has the same number of atoms as 46.0 Ib of magnesium.

ANALYSIS

Again, let us stress that we are saying nothing about the actual number of atoms present. But we don't need to. Is it impor-
tant to know that there are a million atoms or a million and ten? Not really. Just knowing that there are the same number of
atoms is the most important thing chemically.

SYNTHESIS

Can this be done with compounds made up of atoms of three different elements? Consider sodium carbonate, Na,CO3. What
would the ratio of the masses look like for this molecule? Since there are two sodium atoms, the total relative mass of sodi-
um would be 23 X 2 = 46. The relative mass of oxygen would be 16 X 3 = 48. So any of these ratios or any of their invers-
es could be used to solve problems.

46 amu Na 46 amu Na 48 amu O
12 amu C 48 amu O 12 amu C

Also, any unit of mass could be put into the equation: pounds, grams, tons. Typically grams will be the most convenient.

ASSESSING THE

OBJECTIVE FOR
SECTION 6-1

EXERCISE 6-1(a) KNOWLEDGE: What mass of each of these elements
has the same number of atoms as does 12.00 g of '2C?

(@) C (b) Na (c) Pb

EXERCISE 6-1(b) KNOWLEDGE: What is the approximate ratio of
masses of elements in the following compounds?

(@ SiC  (b) HF  (c) SOy

EXERCISE 6-1(c) ANALYSIS: A compound has the formula NO. What
mass of oxygen is present in the compound for each 25.0 g of nitrogen?

EXERCISE 6-1(d) ANALYSIS: What mass of fluorine would combine with
8.50 g of Si to make SiF,?

EXERCISE 6-1(e) SYNTHESIS: [f15.0 g of Fe and 8.60 g of S combined to
form FeS, would you use all of the reactants? Would anything be left over? How much?

For additional practice, work chapter problems 6-4, 6-6, and 6-9.
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6_2 THE MOLE AND THE MOLAR MASS

OF ELEMENTS

LOOKING AHEAD! From the previous discussion we can conclude that the

atomic masses of the elements, regardless of the mass units, represent equal

numbers of atoms. But what is this number and just how big is it? That will be
discussed in this section. m

6-2.1 The Definition of the Mole

We can easily deal with and weigh gram quantities of elements in a laboratory, but
such masses represent an inconceivably large number of atoms. We are now ready
for a counting unit that represents this huge number of atoms. The number of atoms
represented by the atomic mass of an element expressed in grams is a unit known as a mole.
(The SI symbol is mol.) The number that one mole represents is expressed in the
following equality.

1.000 mol = 6.022 X 10% objects or particles

This number, 6.022 X 10%3, is referred to as Avogadro’s number (named in honor of
Amedeo Avogadro, 1776-1856, a pioneer investigator of the quantitative aspects of
chemistry). Avogadro’s number was determined experimentally by various methods.
The formal definition of one mole concerns an isotope of carbon, '*C. One mole is
defined as the number of atoms in exactly 12 grams of °C. This number, of course, is
Avogadro’s number. Thus the atomic mass of one mole of any element, expressed in grams,
contains the same number of basic particles as there are in exactly 12 grams of *C. Avogadro’s
number is not an exact, defined number such as 12 in 1 dozen or 144 in 1 gross,
but it is known to many more significant figures than the four (i.e., 6.022) that are
shown and used in this text.

Many common counting units represent a number consistent with their use.
For example, a baker sells a dozen doughnuts at a time because 12 is a practical num-
ber for that purpose. On the other hand, we buy a ream of computer paper, which
contains 500 sheets. A ream of doughnuts and a dozen sheets of computer paper
are not practical amounts to purchase for most purposes. Counting units of a dozen
or a ream are of little use to a chemist because they don’t include enough individ-
ual objects. For example, grouping 10%” atoms into about 10'? dozen atoms does us
little good. The counting unit 