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INTRODUCGCTION

OVERVIEW OF THE SERIES

Welcome to Science of Everyday Things. Our aim
is to explain how scientific phenomena can be
understood by observing common, real-world
events. From luminescence to echolocation to
buoyancy, the series will illustrate the chief prin-
ciples that underlay these phenomena and
explore their application in everyday life. To
encourage cross-disciplinary study, the entries
will draw on applications from a wide variety of
fields and endeavors.
Science of Everyday Things initially compris-

es four volumes:

Volume 1: Real-Life Chemistry

Volume 2: Real-Life Physics

Volume 3: Real-Life Biology

Volume 4: Real-Life Earth Science

Future supplements to the series will expand
coverage of these four areas and explore new
areas, such as mathematics.

ARRANGEMENT OF REAL-LIFE
PHYSICS

This volume contains 40 entries, each covering a
different scientific phenomenon or principle.
The entries are grouped together under common
categories, with the categories arranged, in gen-
eral, from the most basic to the most complex.
Readers searching for a specific topic should con-
sult the table of contents or the general subject
index.

Within each entry, readers will find the fol-
lowing rubrics:

+ Concept Defines the scientific principle or
theory around which the entry is focused.

SCIENCE OF EVERYDAY THINGS

+ How It Works Explains the principle or the-
ory in straightforward, step-by-step lan-
guage.

+ Real-Life Applications Describes how the
phenomenon can be seen in everyday
events.

+ Where to Learn More Includes books, arti-
cles, and Internet sites that contain further
information about the topic.

Each entry also includes a “Key Terms” sec-
tion that defines important concepts discussed in
the text. Finally, each volume includes numerous
illustrations, graphs, tables, and photographs.

In addition, readers will find the compre-
hensive general subject index valuable in access-
ing the data.

ABOUT THE EDITOR, AUTHOR,
AND ADVISORY BOARD

Neil Schlager and Judson Knight would like to
thank the members of the advisory board for
their assistance with this volume. The advisors
were instrumental in defining the list of topics,
and reviewed each entry in the volume for scien-
tific accuracy and reading level. The advisors
include university-level academics as well as high
school teachers; their names and affiliations are
listed elsewhere in the volume.

NEIL SCHLAGER is the president of
Schlager Information Group Inc., an editorial
services company. Among his publications are
When Technology Fails (Gale, 1994); How
Products Are Made (Gale, 1994); the St. James
Press Gay and Lesbian Almanac (St. James Press,
1998); Best Literature By and About Blacks (Gale,

VOLUME 1: REAL-LIFE CHEMISTRY



INTRODUCTION

v

2000); Contemporary Novelists, 7th ed. (St. James
Press, 2000); and Science and Its Times (7 vols.,
Gale, 2000-2001). His publications have won
numerous awards, including three RUSA awards
from the American Library Association, two
Reference Books Bulletin/Booklist Editors’
Choice awards, two New York Public Library
Outstanding Reference awards, and a CHOICE
award for best academic book.

Judson Knight is a freelance writer, and
author of numerous books on subjects ranging
from science to history to music. His work on
science titles includes Science, Technology, and
Society, 2000 B.c.-A.D. 1799 (U*X*L, 2002),
as well as extensive contributions to Gale’s
seven-volume Science and Its Times (2000-2001).
As a writer on history, Knight has published
Middle Ages Reference Library (2000), Ancient
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Civilizations (1999), and a volume in U*X*L’s
African  American Biography series (1998).
Knight’s publications in the realm of music
include Parents Aren’t Supposed to Like It (2001),
an overview of contemporary performers and
genres, as well as Abbey Road to Zapple Records: A
Beatles Encyclopedia (Taylor, 1999). His wife,
Deidre Knight, is a literary agent and president of
the Knight Agency. They live in Atlanta with their
daughter Tyler, born in November 1998.

COMMENTS AND SUGGESTIONS

Your comments on this series and suggestions for
future editions are welcome. Please write: The
Editor, Science of Everyday Things, Gale Group,
27500 Drake Road, Farmington Hills, MI 48331.

SCIENCE OF EVERYDAY THINGS



ADVISORY BOARD

SCIENCE OF EVERYDAY THINGS

William E. Acree, Jr.
Professor of Chemistry, University of North Texas

Russell J. Clark
Research Physicist, Carnegie Mellon University

Maura C. Flannery
Professor of Biology, St. John’s University, New
York

John Goudie
Science Instructor, Kalamazoo (MI) Area
Mathematics and Science Center

Cheryl Hach
Science Instructor, Kalamazoo (MI) Area
Mathematics and Science Center

Michael Sinclair
Physics instructor, Kalamazoo (MI) Area
Mathematics and Science Center

Rashmi Venkateswaran

Senior Instructor and Lab Coordinator,
University of Ottawa
Ottawa, Ontario, Canada

VOLUME 1: REAL-LIFE CHEMISTRY



REAL-LIFE CHEMISTRY

MEASUREMENT

MEASUREMENT
TEMPERATURE AND HEAT

MASS, DENSITY, AND VOLUME




MEASUREMENT

CONCEPT

Measurement seems like a simple subject, on the
surface at least; indeed, all measurements can be
reduced to just two components: number and
unit. Yet one might easily ask, “What numbers,
and what units?”—a question that helps bring
into focus the complexities involved in designat-
ing measurements. As it turns out, some forms of
numbers are more useful for rendering values
than others; hence the importance of significant
figures and scientific notation in measurements.
The same goes for units. First, one has to deter-
mine what is being measured: mass, length, or
some other property (such as volume) that is
ultimately derived from mass and length. Indeed,
the process of learning how to measure reveals
not only a fundamental component of chemistry,
but an underlying—if arbitrary and manmade—
order in the quantifiable world.

HOW IT WORKS

NUMBERS

In modern life, people take for granted the exis-
tence of the base-10, of decimal numeration sys-
tem—a name derived from the Latin word
decem, meaning “ten.” Yet there is nothing obvi-
ous about this system, which has its roots in the
ten fingers used for basic counting. At other
times in history, societies have adopted the two
hands or arms of a person as their numerical
frame of reference, and from this developed a
base-2 system. There have also been base-5 sys-
tems relating to the fingers on one hand, and
base-20 systems that took as their reference point
the combined number of fingers and toes.

SCIENCE OF EVERYDAY THINGS

Obviously, there is an arbitrary quality
underlying the modern numerical system, yet it
works extremely well. In particular, the use of
decimal fractions (for example, 0.01 or 0.235) is
particularly helpful for rendering figures other
than whole numbers. Yet decimal fractions are a
relatively recent innovation in Western mathe-
matics, dating only to the sixteenth century. In
order to be workable, decimal fractions rely on
an even more fundamental concept that was not
always part of Western mathematics: place-value.

PLACE-VALUE AND NOTATION
SYSTEMS

Place-value is the location of a number relative to
others in a sequence, a location that makes it pos-
sible to determine the number’s value. For
instance, in the number 347, the 3 is in the hun-
dreds place, which immediately establishes a
value for the number in units of 100. Similarly, a
person can tell at a glance that there are 4 units of
10, and 7 units of 1.

Of course, today this information appears to
be self-evident—so much so that an explanation
of it seems tedious and perfunctory—to almost
anyone who has completed elementary-school
arithmetic. In fact, however, as with almost
everything about numbers and units, there is
nothing obvious at all about place-value; other-
wise, it would not have taken Western mathe-
maticians thousands of years to adopt a place-
value numerical system. And though they did
eventually make use of such a system, Westerners
did not develop it themselves, as we shall see.

ROMAN NUMERALS. Numeration
systems of various kinds have existed since at
least 3000 B.C., but the most important number

VOLUME 1: REAL-LIFE CHEMISTRY
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STANDARDIZATION IS CRUCIAL TO MAINTAINING STABILI-
TY IN A sSOCIETY. DURING THE GERMAN INFLATIONARY
CRISIS OF THE 1920s, HYPERINFLATION LED TO AN
ECONOMIC DEPRESSION AND THE RISE OF ADOLF
HITLER. HERE, TWO CHILDREN GAZE UP AT A STACK OF
100,000 GERMAN MARKS—THE ERUIVALENT AT THE

TIME TO ONE U.S. poLLAR. (© Bettmann/Corbis.)

system in the history of Western civilization prior
to the late Middle Ages was the one used by the
Romans. Rome ruled much of the known world
in the period from about 200 B.C. to about A.D.
200, and continued to have an influence on
Europe long after the fall of the Western Roman
Empire in A.D. 476—an influence felt even today.
Though the Roman Empire is long gone and
Latin a dead language, the impact of Rome con-
tinues: thus, for instance, Latin terms are used to
designate species in biology. It is therefore easy to
understand how Europeans continued to use the
Roman numeral system up until the thirteenth
century A.D.—despite the fact that Roman
numerals were enormously cumbersome.

The Roman notation system has no means
of representing place-value: thus a relatively large
number such as 3,000 is shown as MMM, where-
as a much smaller number might use many more
“places”: 438, for instance, is rendered as
CDXXXVIII. Performing any sort of calculations
with these numbers is a nightmare. Imagine, for

VOLUME 1: REAL-LIFE CHEMISTRY

instance, trying to multiply these two. With the
number system in use today, it is not difficult to
multiply 3,000 by 438 in one’s head. The problem
can be reduced to a few simple steps: multiply 3
by 400, 3 by 30, and 3 by 8; add these products
together; then multiply the total by 1,000—a step
that requires the placement of three zeroes at the
end of the number obtained in the earlier steps.

But try doing this with Roman numerals: it
is essentially impossible to perform this calcula-
tion without resorting to the much more practi-
cal place-value system to which were accus-
tomed. No wonder, then, that Roman numerals
have been relegated to the sidelines, used in mod-
ern life for very specific purposes: in outlines, for
instance; in ordinal titles (for example, Henry
VIII); or in designating the year of a motion pic-
ture’s release.

HINDU-ARABIC NUMERALS.
The system of counting used throughout much
of the world—1, 2, 3, and so on—is the Hindu-
Arabic notation system. Sometimes mistakenly
referred to as “Arabic numerals,” these are most
accurately designated as Hindu or Indian
numerals. They came from India, but because
Europeans discovered them in the Near East
during the Crusades (1095-1291), they assumed
the Arabs had invented the notation system, and
hence began referring to them as Arabic
numerals.

Developed in India during the first millenni-
um B.C., Hindu notation represented a vast
improvement over any method in use up to or
indeed since that time. Of particular importance
was a number invented by Indian mathemati-
cians: zero. Until then, no one had considered
zero worth representing since it was, after all,
nothing. But clearly the zeroes in a number such
as 2,000,002 stand for something. They perform
a place-holding function: otherwise, it would be
impossible to differentiate between 2,000,002
and 22.

UsSeEsS OF NUMBERS IN SCIENCE

SCIENTIFIC NOTATION. Chem-
ists and other scientists often deal in very large or
very small numbers, and if they had to write out
these numbers every time they discussed them,
their work would soon be encumbered by
lengthy numerical expressions. For this purpose,
they use scientific notation, a method for writing
extremely large or small numbers by representing

SCIENCE OF EVERYDAY THINGS



THE UNITED STATES NAVAL OBSERVATORY IN WASHINGTON, D.C., IS AMERICA’S PREEMINENT STANDARD FOR THE

EXACT TIME OF DAY. (Richard T. Nowitz/Corbis. Reproduced by permission.)

them as a number between 1 and 10 multiplied
by a power of 10.

Instead of writing 75,120,000, for instance,
the preferred scientific notation is 7.512 « 107. To
interpret the value of large multiples of 10, it is
helpful to remember that the value of 10 raised to
any power n is the same as 1 followed by that
number of zeroes. Hence 1025, for instance, is
simply 1 followed by 25 zeroes.

Scientific notation is just as useful—to
chemists in particular—for rendering very small
numbers. Suppose a sample of a chemical com-
pound weighed 0.0007713 grams. The preferred
scientific notation, then, is 7.713 « 104 Note that
for numbers less than 1, the power of 10 is a neg-
ative number: 10-1 is 0.1, 10-2 is 0.01, and so on.

Again, there is an easy rule of thumb for
quickly assessing the number of decimal places
where scientific notation is used for numbers less
than 1. Where 10 is raised to any power —n, the
decimal point is followed by n places. If 10 is
raised to the power of -8, for instance, we know
at a glance that the decimal is followed by 7
zeroes and a 1.

SIGNIFICANT FIGURES. Inmak-
ing measurements, there will always be a degree
of uncertainty. Of course, when the standards of

SCIENCE OF EVERYDAY THINGS

calibration (discussed below) are very high, and
the measuring instrument has been properly cal-
ibrated, the degree of uncertainty will be very
small. Yet there is bound to be uncertainty to
some degree, and for this reason, scientists use
significant figures—numbers included in a
measurement, using all certain numbers along
with the first uncertain number.

Suppose the mass of a chemical sample is
measured on a scale known to be accurate to
10-5 kg. This is equal to 1/100,000 of a kilo, or
1/100 of a gram; or, to put it in terms of place-
value, the scale is accurate to the fifth place in a
decimal fraction. Suppose, then, that an item is
placed on the scale, and a reading of 2.13283697
kg is obtained. All the numbers prior to the 6 are
significant figures, because they have been
obtained with certainty. On the other hand, the 6
and the numbers that follow are not significant
figures because the scale is not known to be accu-
rate beyond 10-5 kg.

Thus the measure above should be rendered
with 7 significant figures: the whole number 2,
and the first 6 decimal places. But if the value is
given as 2.132836, this might lead to inaccuracies
at some point when the measurement is factored
into other equations. The 6, in fact, should be
“rounded off” to a 7. Simple rules apply to the

VOLUME 1: REAL-LIFE CHEMISTRY
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rounding off of significant figures: if the digit fol-
lowing the first uncertain number is less than 5,
there is no need to round off. Thus, if the meas-
urement had been 2.13283627 kg (note that the 9
was changed to a 2), there is no need to round
off, and in this case, the figure of 2.132836 is cor-
rect. But since the number following the 6 is in
fact a 9, the correct significant figure is 7; thus the
total would be 2.132837.

FUNDAMENTAL STANDARDS
OF MEASURE

So much for numbers; now to the subject of
units. But before addressing systems of measure-
ment, what are the properties being measured?
All forms of scientific measurement, in fact, can
be reduced to expressions of four fundamental
properties: length, mass, time, and electric cur-
rent. Everything can be expressed in terms of
these properties: even the speed of an electron
spinning around the nucleus of an atom can be
shown as “length” (though in this case, the meas-
urement of space is in the form of a circle or even
more complex shapes) divided by time.

Of particular interest to the chemist are
length and mass: length is a component of vol-
ume, and both length and mass are elements of
density. For this reason, a separate essay in this
book is devoted to the subject of Mass, Density,
and Volume. Note that “length,” as used in this
most basic sense, can refer to distance along any
plane, or in any of the three dimensions—com-
monly known as length, width, and height—of
the observable world. (Time is the fourth dimen-
sion.) In addition, as noted above, “length” meas-
urements can be circular, in which case the for-
mula for measuring space requires use of the
coefficient 7, roughly equal to 3.14.

REAL-LIFE

APPLICATIONS

STANDARDIZED UNITS OF
MEASURE: WHO NEEDS THEM?

People use units of measure so frequently in daily
life that they hardly think about what they are
doing. A motorist goes to the gas station and
pumps 13 gallons (a measure of volume) into an
automobile. To pay for the gas, the motorist uses
dollars—another unit of measure, economic
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rather than scientific—in the form of paper
money, a debit card, or a credit card.

This is simple enough. But what if the
motorist did not know how much gas was in a
gallon, or if the motorist had some idea of a gal-
lon that differed from what the gas station man-
agement determined it to be? And what if the
value of a dollar were not established, such that
the motorist and the gas station attendant had to
haggle over the cost of the gasoline just pur-
chased? The result would be a horribly confused
situation: the motorist might run out of gas, or
money, or both, and if such confusion were mul-
tiplied by millions of motorists and millions of
gas stations, society would be on the verge of
breakdown.

THE VALUE OF STANDARD-
IZATION TO A SOCIETY. Actually
there have been times when the value of curren-
cy was highly unstable, and the result was near
anarchy. In Germany during the early 1920s, for
instance, rampant inflation had so badly deplet-
ed the value of the mark, Germany’s currency,
that employees demanded to be paid every day so
that they could cash their paychecks before the
value went down even further. People made jokes
about the situation: it was said, for instance, that
when a woman went into a store and left a basket
containing several million marks out front,
thieves ran by and stole the basket—but left the
money. Yet there was nothing funny about this
situation, and it paved the way for the nightmar-
ish dictatorship of Adolf Hitler and the Nazi

Party.

It is understandable, then, that standardiza-
tion of weights and measures has always been an
important function of government. When Ch’in
Shih-huang-ti (259-210 B.C.) united China for
the first time, becoming its first emperor, he set
about standardizing units of measure as a means
of providing greater unity to the country—thus
making it easier to rule. On the other hand, the
Russian Empire of the late nineteenth century
failed to adopt standardized systems that would
have tied it more closely to the industrialized
nations of Western Europe. The width of railroad
tracks in Russia was different than in Western
Europe, and Russia used the old Julian calendar,
as opposed to the Gregorian calendar adopted
throughout much of Western Europe after 1582.
These and other factors made economic
exchanges between Russia and Western Europe

SCIENCE OF EVERYDAY THINGS



extremely difficult, and the Russian Empire
remained cut off from the rapid progress of the
West. Like Germany a few decades later, it
became ripe for the establishment of a dictator-
ship—in this case under the Communists led by
V. I. Lenin.

Aware of the important role that standardi-
zation of weights and measures plays in the gov-
erning of a society, the U.S. Congress in 1901
established the Bureau of Standards. Today it is
known as the National Institute of Standards and
Technology (NIST), a nonregulatory agency
within the Commerce Department. As will be
discussed at the conclusion of this essay, the
NIST maintains a wide variety of standard defi-
nitions regarding mass, length, temperature and
so forth, against which other devices can be cali-
brated.

THE VALUE OF STANDARD-
IZATION TO What if a
nurse, rather than carefully measuring a quantity
of medicine before administering it to a patient,
simply gave the patient an amount that “looked
right”? Or what if a pilot, instead of calculating
fuel, distance, and other factors carefully before
taking off from the runway, merely used a “best
estimate”? Obviously, in either case, disastrous
results would be likely to follow. Though neither
nurses or pilots are considered scientists, both
use science in their professions, and those disas-
trous results serve to highlight the crucial matter
of using standardized measurements in science.

SCIENCE.

Standardized measurements are necessary to
a chemist or any scientist because, in order for an
experiment to be useful, it must be possible to
duplicate the experiment. If the chemist does not
know exactly how much of a certain element he
or she mixed with another to form a given com-
pound, the results of the experiment are useless.
In order to share information and communicate
the results of experiments, then, scientists need a
standardized “vocabulary” of measures.

This “vocabulary” is the International Sys-
tem of Units, known as SI for its French name,
Systeme International d’Unités. By international
agreement, the worldwide scientific community
adopted what came to be known as SI at the 9th
General Conference on Weights and Measures in
1948. The system was refined at the 11th General
Conference in 1960, and given its present name;
but in fact most components of SI belong to a
much older system of weights and measures
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developed in France during the late eighteenth
century.

S| vs. THE ENGLISH SYSTEM

The United States, as almost everyone knows, is
the wealthiest and most powerful nation on
Earth. On the other hand, Brunei—a tiny nation-
state on the island of Java in the Indonesian
archipelago—enjoys considerable oil wealth, but
is hardly what anyone would describe as a super-
power. Yemen, though it is located on the Arabi-
an peninsula, does not even possess significant
oil wealth, and is a poor, economically develop-
ing nation. Finally, Burma in Southeast Asia can
hardly be described even as a “developing”
nation: ruled by an extremely repressive military
regime, it is one of the poorest nations in the
world.

So what do these four have in common?
They are the only nations on the planet that have
failed to adopt the metric system of weights and
measures. The system used in the United States is
called the English system, though it should more
properly be called the American system, since
England itself has joined the rest of the world in
“going metric” Meanwhile, Americans continue
to think in terms of gallons, miles, and pounds;
yet American scientists use the much more con-
venient metric units that are part of SI.

HOW THE ENGLISH SYSTEM
WORKS (OR DOES NOT WORK).
Like methods of counting described above, most
systems of measurement in premodern times
were modeled on parts of the human body. The
foot is an obvious example of this, while the inch
originated from the measure of a king’s first
thumb joint. At one point, the yard was defined
as the distance from the nose of England’s King
Henry I to the tip of his outstretched middle
finger.

Obviously, these are capricious, downright
absurd standards on which to base a system of
measure. They involve things that change,
depending for instance on whose foot is being
used as a standard. Yet the English system devel-
oped in this willy-nilly fashion over the centuries;
today, there are literally hundreds of units—
including three types of miles, four kinds of
ounces, and five kinds of tons, each with a differ-
ent value.

What makes the English system particularly
cumbersome, however, is its lack of convenient
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conversion factors. For length, there are 12 inch-
es in a foot, but 3 feet in a yard, and 1,760 yards
in a mile. Where volume is concerned, there are
16 ounces in a pound (assuming one is talking
about an avoirdupois ounce), but 2,000 pounds
in a ton. And, to further complicate matters,
there are all sorts of other units of measure devel-
oped to address a particular property: horsepow-
er, for instance, or the British thermal unit (Btu).

THE
METRIC SYSTEM. Great Britain, though
it has long since adopted the metric system, in
1824 established the British Imperial System,
aspects of which are reflected in the system still

CONVENIENCE OF THE

used in America. This is ironic, given the desire of
early Americans to distance themselves psycho-
logically from the empire to which their nation
had once belonged. In any case, England’s great
worldwide influence during the nineteenth cen-
tury brought about widespread adoption of the
English or British system in colonies such as Aus-
tralia and Canada. This acceptance had every-
thing to do with British power and tradition, and
nothing to do with convenience. A much more
usable standard had actually been embraced 25
years before in a land that was then among Eng-
land’s greatest enemies: France.

During the period leading up to and follow-
ing the French Revolution of 1789, French intel-
lectuals believed that every aspect of existence
could and should be treated in highly rational,
scientific terms. Out of these ideas arose much
folly, particularly during the Reign of Terror in
1793, but one of the more positive outcomes was
the metric system. This system is decimal—that
is, based entirely on the number 10 and powers
of 10, making it easy to relate one figure to
another. For instance, there are 100 centimeters
in a meter and 1,000 meters in a kilometer.

PREFIXES FOR SIZES IN THE
METRIC SYSTEM. For designating small-
er values of a given measure, the metric system
uses principles much simpler than those of the
English system, with its irregular divisions of (for
instance) gallons, quarts, pints, and cups. In the
metric system, one need only use a simple Greek
or Latin prefix to designate that the value is mul-
tiplied by a given power of 10. In general, the pre-
fixes for values greater than 1 are Greek, while
Latin is used for those less than 1. These prefixes,
along with their abbreviations and respective val-
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ues, are as follows. (The symbol p for "micro” is
the Greek letter mu.)

The Most Commonly Used Prefixes in the
Metric System

- giga (G) = 10° (1,000,000,000)
+ mega (M) = 106 (1,000,000)

+ kilo (k) == 103 (1,000)

+ deci (d) =101 (0.1)

 centi (c) = 102 (0.01)

+ milli (m) = 10-3 (0.001)

*+ micro (1) = 10-6 (0.000001)

* nano (n) = 10~ (0.000000001)

The use of these prefixes can be illustrated
by reference to the basic metric unit of length,
the meter. For long distances, a kilometer
(1,000 m) is used; on the other hand, very short
distances may require a centimeter (0.01 m) or a
millimeter (0.001 m) and so on, down to a
nanometer (0.000000001 m). Measurements of
length also provide a good example of why SI
includes units that are not part of the metric sys-
tem, though they are convertible to metric units.
Hard as it may be to believe, scientists often
measure lengths even smaller than a nanome-
ter—the width of an atom, for instance, or the
wavelength of a light ray. For this purpose,
they use the angstrom (A or A), equal to 0.1
nanometers.

CALIBRATION AND S| UNITS

THE SEVEN BASIC SI UNITS.
The SI uses seven basic units, representing
length, mass, time, temperature, amount of sub-
stance, electric current, and luminous intensity.
The first four parameters are a part of everyday
life, whereas the last three are of importance only
to scientists. “Amount of substance” is the num-
ber of elementary particles in matter. This is
measured by the mole, a unit discussed in the
essay on Mass, Density, and Volume. Luminous
intensity, or the brightness of a light source, is
measured in candelas, while the ST unit of electric
current is the ampere.

The other four basic units are the meter for
length, the kilogram for mass, the second for
time, and the degree Celsius for temperature. The
last of these is discussed in the essay on Temper-
ature; as for meters, kilograms, and seconds, they
will be examined below in terms of the means
used to define each.
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Calibration is the
process of checking and correcting the perform-

CALIBRATION.

ance of a measuring instrument or device against
the accepted standard. America’s preeminent
standard for the exact time of day, for instance, is
the United States Naval Observatory in Washing-
ton, D.C. Thanks to the Internet, people all over
the country can easily check the exact time, and
calibrate their clocks accordingly—though, of
course, the resulting accuracy is subject to factors
such as the speed of the Internet connection.

There are independent scientific laboratories
responsible for the calibration of certain instru-
ments ranging from clocks to torque wrenches,
and from thermometers to laser-beam power
analyzers. In the United States, instruments or
devices with high-precision applications—that
is, those used in scientific studies, or by high-tech
industries—are calibrated according to standards
established by the NIST.

The NIST keeps on hand definitions, as
opposed to using a meter stick or other physical
model. This is in accordance with the methods of
calibration accepted today by scientists: rather
than use a standard that might vary—for
instance, the meter stick could be bent impercep-
tibly—unvarying standards, based on specific
behaviors in nature, are used.

METERS AND KILOGRAMS. A
meter, equal to 3.281 feet, was at one time
defined in terms of Earth’s size. Using an imagi-
nary line drawn from the Equator to the North
Pole through Paris, this distance was divided into
10 million meters. Later, however, scientists came
to the realization that Earth is subject to geologi-
cal changes, and hence any measurement cali-
brated to the planet’s size could not ultimately be
reliable. Today the length of a meter is calibrated
according to the amount of time it takes light to
travel through that distance in a vacuum (an area
of space devoid of air or other matter). The offi-
cial definition of a meter, then, is the distance
traveled by light in the interval of 1/299,792,458
of a second.

One kilogram is, on Earth at least, equal to
2.21 pounds; but whereas the kilogram is a unit
of mass, the pound is a unit of weight, so the cor-
respondence between the units varies depending
on the gravitational field in which a pound is
measured. Yet the kilogram, though it represents
a much more fundamental property of the phys-
ical world than a pound, is still a somewhat arbi-
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KEY TERMS

cALIBRATION: The process of check-
ing and correcting the performance of a
measuring instrument or device against a

commonly accepted standard.

A method

used by scientists for writing extremely

SCIENTIFIC NOTATION:

large or small numbers by representing
them as a number between 1 and 10 multi-
plied by a power of 10. Instead of writing
0.0007713, the preferred scientific notation
is 7.713 « 104

si:  An abbreviation of the French term
Systeme International d’Unités, or Interna-
tional System of Units. Based on the metric
system, SI is the system of measurement

units in use by scientists worldwide.

SIGNIFICANT FIGURES: Numbers

included in a measurement, using all cer-
tain numbers along with the first uncertain

number.

trary form of measure in comparison to the
meter as it is defined today.

Given the desire for an unvarying standard
against which to calibrate measurements, it
would be helpful to find some usable but
unchanging standard of mass; unfortunately, sci-
entists have yet to locate such a standard. There-
fore, the value of a kilogram is calibrated much as
it was two centuries ago. The standard is a bar of
platinum-iridium alloy, known as the Interna-
tional Prototype Kilogram, housed near Sevres in
France.

A second, of course, is a
unit of time as familiar to non-scientifically
trained Americans as it is to scientists and people
schooled in the metric system. In fact, it has
nothing to do with either the metric system or SL.
The means of measuring time on Earth are not
“metric”: Earth revolves around the Sun approx-
imately every 365.25 days, and there is no way to
turn this into a multiple of 10 without creating a

SECONDS.
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situation even more cumbersome than the Eng-
lish units of measure.

The week and the month are units based on
cycles of the Moon, though they are no longer
related to lunar cycles because a lunar year would
soon become out-of-phase with a year based on
Earth’s rotation around the Sun. The continuing
use of weeks and months as units of time is based
on tradition—as well as the essential need of a
society to divide up a year in some way.

A day, of course, is based on Earth’s rotation,
but the units into which the day is divided—
hours, minutes, and seconds—are purely arbi-
trary, and likewise based on traditions of long
standing. Yet scientists must have some unit of
time to use as a standard, and, for this purpose,
the second was chosen as the most practical. The
SI definition of a second, however, is not simply
one-sixtieth of a minute or anything else so
strongly influenced by the variation of Earth’s
movement.

Instead, the scientific community chose as
its standard the atomic vibration of a particular
isotope of the metal cesium, cesium-133. The
vibration of this atom is presumed to be un-
varying, because the properties of elements—
unlike the size of Earth or its movement—do
not change. Today, a second is defined as the
amount of time it takes for a cesium-133 atom
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to vibrate 9,192,631,770 times. Expressed in
scientific notation, with significant figures, this is
9.19263177 < 10°.
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TEMPERATURE

CONCEPT

Temperature, heat, and related concepts belong
to the world of physics rather than chemistry; yet
it would be impossible for the chemist to work
without an understanding of these properties.
Thermometers, of course, measure temperature
according to one or both of two well-known
scales based on the freezing and boiling points of
water, though scientists prefer a scale based on
the virtual freezing point of all matter. Also relat-
ed to temperature are specific heat capacity, or
the amount of energy required to change the
temperature of a substance, and also calorimetry,
the measurement of changes in heat as a result of
physical or chemical changes. Although these
concepts do not originate from chemistry but
from physics, they are no less useful to the
chemist.

HOW IT WORKS

ENERGY

The area of physics known as thermodynamics,
discussed briefly below in terms of thermody-
namics laws, is the study of the relationships
between heat, work, and energy. Work is defined
as the exertion of force over a given distance to
displace or move an object, and energy is the
ability to accomplish work. Energy appears in
numerous manifestations, including thermal
energy, or the energy associated with heat.

Another type of energy—one of particular
interest to chemists—is chemical energy, related
to the forces that attract atoms to one another in
chemical bonds. Hydrogen and oxygen atoms in
water, for instance, are joined by chemical bond-
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AND HEAT

ing, and when those bonds are broken, the forces
joining the atoms are released in the form of
chemical energy. Another example of chemical
energy release is combustion, whereby chemical
bonds in fuel, as well as in oxygen molecules, are
broken and new chemical bonds are formed. The
total energy in the newly formed chemical bonds
is less than the energy of the original bonds, but
the energy that makes up the difference is not
lost; it has simply been released.

Energy, in fact, is never lost: a fundamental
law of the universe is the conservation of energy,
which states that in a system isolated from all
other outside factors, the total amount of energy
remains the same, though transformations of
energy from one form to another take place.
When a fire burns, then, some chemical energy
is turned into thermal energy. Similar trans-
formations occur between these and other mani-
festations of energy, including electrical and
magnetic (sometimes these two are combined as
electromagnetic energy), sound, and nuclear
energy. If a chemical reaction makes a noise, for
instance, some of the energy in the substances
being mixed has been dissipated to make that
sound. The overall energy that existed before the
reaction will be the same as before; however, the
energy will not necessarily be in the same place as
before.

Note that chemical and other forms of ener-
gy are described as “manifestations,” rather than
“types,” of energy. In fact, all of these can be
described in terms of two basic types of energy:
kinetic energy, or the energy associated with
movement, and potential energy, or the energy
associated with position. The two are inversely
related: thus, if a spring is pulled back to its max-
imum point of tension, its potential energy is
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DURING HIS LIFETIME, GALILEO CONSTRUCTED A THER-

MOSCOPE, THE FIRST PRACTICAL TEMPERATURE-MEAS-

URING DEVICGE. (Archive Photos, Inc. Reproduced by permission.)

also at a maximum, while its kinetic energy is
zero. Once it is released and begins springing
through the air to return to the position it main-
tained before it was stretched, it begins gaining
kinetic energy and losing potential energy.

HEAT

Thermal energy is actually a form of kinetic
energy generated by the movement of particles at
the atomic or molecular level: the greater the
movement of these particles, the greater the ther-
mal energy. When people use the word “heat” in
ordinary language, what they are really referring
to is “the quality of hotness”—that is, the ther-
mal energy internal to a system. In scientific
terms, however, heat is internal thermal energy
that flows from one body of matter to another—
or, more specifically, from a system at a higher
temperature to one at a lower temperature.

Two systems at the same temperature are
said to be in a state of thermal equilibrium.
When this state exists, there is no exchange of
heat. Though in everyday terms people speak of
“heat” as an expression of relative warmth or
coldness, in scientific terms, heat exists only in
transfer between two systems. Furthermore,
there can never be a transfer of “cold”; although
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coldness is a recognizable sensory experience in
human life, in scientific terms, cold is simply the
absence of heat.

If you grasp a snowball in your hand, the
hand of course gets cold. The mind perceives this
as a transfer of cold from the snowball, but in fact
exactly the opposite has happened: heat has
moved from your hand to the snow, and if
enough heat enters the snowball, it will melt. At
the same time, the departure of heat from your
hand results in a loss of internal energy near the
surface of the hand, experienced as a sensation of
coldness.

UNDERSTANDING TEMPERATURE

Just as heat does not mean the same thing in sci-
entific terms as it does in ordinary language, so
“temperature” requires a definition that sets it
apart from its everyday meaning. Temperature
may be defined as a measure of the average inter-
nal energy in a system. Two systems in a state
of thermal equilibrium have the same tempera-
ture; on the other hand, differences in tempera-
ture determine the direction of internal energy
flow between two systems where heat is being
transferred.

This can be illustrated through an experi-
ence familiar to everyone: having one’s tempera-
ture taken with a thermometer. If one has a fever,
the mouth will be warmer than the thermometer,
and therefore heat will be transferred to the ther-
mometer from the mouth. The thermometer,
discussed in more depth later in this essay, meas-
ures the temperature difference between itself
and any object with which it is in contact.

TEMPERATURE AND
THERMODYNAMICS

One might pour a kettle of boiling water into a
cold bathtub to heat it up; or one might put an
ice cube in a hot cup of coffee “to cool it down.”
In everyday experience, these seem like two very
different events, but from the standpoint of ther-
modynamics, they are exactly the same. In both
cases, a body of high temperature is placed in
contact with a body of low temperature, and in
both cases, heat passes from the high-tempera-
ture body to the low-temperature body.

The boiling water warms the tub of cool
water, and due to the high ratio of cool water to
boiling water in the bathtub, the boiling water
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BECAUSE OF WATER’S HIGH SPECIFIC HEAT CAPACITY, CITIES LOGCATED NEXT TO LARGE BODIES OF WATER TEND TO

STAY WARMER IN THE WINTER AND COOLER IN THE SUMMER. DURING THE EARLY SUMMER MONTHS, FOR INSTANCE,

CHICAGO’S LAKEFRONT STAYS COOLER THAN AREAS FURTHER INLAND. THIS IS BECAUSE THE LAKE IS COOLED FROM

THE WINTER’S COLD TEMPERATURES AND SNOW RUNOFF. (Farrell Grehan/Corbis. Reproduced by permission.)

expends all its energy raising the temperature in
the bathtub as a whole. The greater the ratio of
very hot water to cool water, of course, the
warmer the bathtub will be in the end. But even
after the bath water is heated, it will continue to
lose heat, assuming the air in the room is not
warmer than the water in the tub—a safe
assumption. If the water in the tub is warmer
than the air, it will immediately begin transfer-
ring thermal energy to the lower-temperature air
until their temperatures are equalized.

As for the coffee and the ice cube, what hap-
pens is opposite to the explanation ordinarily
given. The ice does not “cool down” the coffee:
the coffee warms up, and presumably melts, the
ice. However, it expends at least some of its ther-
mal energy in doing so, and, as a result, the coffee
becomes cooler than it was.

THE LAWS OF
NAMICS. These situations illustrate the sec-
ond of the three laws of thermodynamics. Not
only do these laws help to clarify the relationship
between heat, temperature, and energy, but they
also set limits on what can be accomplished in

THERMODY-

the world. Hence British writer and scientist C. P.
Snow (1905-1980) once described the thermody-
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namics laws as a set of rules governing an impos-
sible game.

The first law of thermodynamics is essential-
ly the same as the conservation of energy:
because the amount of energy in a system
remains constant, it is impossible to perform
work that results in an energy output greater
than the energy input. It could be said that the
conservation of energy shows that “the glass is
half full”: energy is never lost. By contrast, the
first law of thermodynamics shows that “the glass
is half empty”: no system can ever produce more
energy than was put into it. Snow therefore
summed up the first law as stating that the game
is impossible to win.

The second law of thermodynamics begins
from the fact that the natural flow of heat is
always from an area of higher temperature to an
area of lower temperature—just as was shown in
the bathtub and coffee cup examples above. Con-
sequently, it is impossible for any system to take
heat from a source and perform an equivalent
amount of work: some of the heat will always be
lost. In other words, no system can ever be per-
fectly efficient: there will always be a degree of
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breakdown, evidence of a natural tendency called
entropy.

Snow summed up the second law of ther-
modynamics, sometimes called “the law of
entropy, thus: not only is it impossible to win, it
is impossible to break even. In effect, the second
law compounds the “bad news” delivered by the
first with some even worse news. Though it is
true that energy is never lost, the energy available
for work output will never be as great as the ener-
gy put into a system.

The third law of thermodynamics states that
at the temperature of absolute zero—a phenom-
enon discussed later in this essay—entropy also
approaches zero. This might seem to counteract
the second law, but in fact the third states in
effect that absolute zero is impossible to reach.
The French physicist and engineer Sadi Carnot
(1796-1832) had shown that a perfectly efficient
engine is one whose lowest temperature was
absolute zero; but the second law of thermody-
namics shows that a perfectly efficient engine (or
any other perfect system) cannot exist. Hence, as
Snow observed, not only is it impossible to win
or break even; it is impossible to get out of the
game.

REAL-LIFE
APPLICATIONS

EvVOLUTION OF THE
THERMOMETER

A thermometer is a device that gauges tempera-
ture by measuring a temperature-dependent
property, such as the expansion of a liquid in a
sealed tube. The Greco-Roman physician Galen
(c. 129-c. 199) was among the first thinkers to
envision a scale for measuring temperature, but
development of a practical temperature-measur-
ing device—the thermoscope—did not occur
until the sixteenth century.

The great physicist Galileo Galilei (1564-
1642) may have invented the thermoscope; cer-
tainly he constructed one. Galileo’s thermoscope
consisted of a long glass tube planted in a con-
tainer of liquid. Prior to inserting the tube into
the liquid—which was usually colored water,
though Galileo’s thermoscope used wine—as
much air as possible was removed from the tube.
This created a vacuum (an area devoid of matter,
including air), and as a result of pressure differ-
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ences between the liquid and the interior of the
thermoscope tube, some of the liquid went into
the tube.

But the liquid was not the thermometric
medium—that is, the substance whose tempera-
ture-dependent property changes were measured
by the thermoscope. (Mercury, for instance, is the
thermometric medium in many thermometers
today; however, due to the toxic quality of mer-
cury, an effort is underway to remove mercury
thermometers from U.S. schools.) Instead, the air
was the medium whose changes the thermoscope
measured: when it was warm, the air expanded,
pushing down on the liquid; and when the air
cooled, it contracted, allowing the liquid to rise.

EARLY THERMOMETERS: THE
SEARCH FOR A TEMPERATURE
scALE. The first true thermometer, built by
Ferdinand II, Grand Duke of Tuscany (1610-
1670) in 1641, used alcohol sealed in glass. The
latter was marked with a temperature scale con-
taining 50 units, but did not designate a value for
zero. In 1664, English physicist Robert Hooke
(1635-1703) created a thermometer with a scale
divided into units equal to about 1/500 of the
volume of the thermometric medium. For the
zero point, Hooke chose the temperature at
which water freezes, thus establishing a standard
still used today in the Fahrenheit and Celsius
scales.

Olaus Roemer (1644-1710), a Danish
astronomer, introduced another important stan-
dard. Roemer’s thermometer, built in 1702, was
based not on one but two fixed points, which he
designated as the temperature of snow or
crushed ice on the one hand, and the boiling
point of water on the other. As with Hooke’s use
of the freezing point, Roemer’s idea of designat-
ing the freezing and boiling points of water as the
two parameters for temperature measurements
has remained in use ever since.

TEMPERATURE SCALES

THE FAHRENHEIT ScALE. Not
only did he develop the Fahrenheit scale, oldest
of the temperature scales still used in Western
nations today, but in 1714, German physicist
Daniel Fahrenheit (1686-1736) built the first
thermometer to contain mercury as a thermo-
metric medium. Alcohol has a low boiling point,
whereas mercury remains fluid at a wide range of
temperatures. In addition, it expands and con-
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tracts at a very constant rate, and tends not to
stick to glass. Furthermore, its silvery color
makes a mercury thermometer easy to read.

Fahrenheit also conceived the idea of using
“degrees” to measure temperature. It is no mis-
take that the same word refers to portions of a
circle, or that exactly 180 degrees—half the num-
ber of degrees in a circle—separate the freezing
and boiling points for water on Fahrenheit’s ther-
mometer. Ancient astronomers first divided a
circle into 360 degrees, as a close approximation
of the ratio between days and years, because 360
has a large quantity of divisors. So, too, does
180—a total of 16 whole-number divisors other
than 1 and itself.

Though today it might seem obvious that 0
should denote the freezing point of water, and
180 its boiling point, such an idea was far from
obvious in the early eighteenth century. Fahren-
heit considered a 0-to-180 scale, but also a 180-
t0-360 one, yet in the end he chose neither—or
rather, he chose not to equate the freezing point
of water with zero on his scale. For zero, he chose
the coldest possible temperature he could create
in his laboratory, using what he described as “a
mixture of sal ammoniac or sea salt, ice, and
water.” Salt lowers the melting point of ice (which
is why it is used in the northern United States to
melt snow and ice from the streets on cold win-
ter days), and thus the mixture of salt and ice
produced an extremely cold liquid water whose
temperature he equated to zero.

On the Fahrenheit scale, the ordinary freez-
ing point of water is 32°, and the boiling point
exactly 180° above it, at 212°. Just a few years after
Fahrenheit introduced his scale, in 1730, a French
naturalist and physicist named Rene Antoine
Ferchault de Reaumur (1683-1757) presented a
scale for which 0° represented the freezing point
of water and 80° the boiling point. Although the
Reaumur scale never caught on to the same
extent as Fahrenheit’s, it did include one valuable
addition: the specification that temperature val-
ues be determined at standard sea-level atmos-
pheric pressure.

THE CELSIUS SCALE. Withits
32° freezing point and its 212° boiling point, the
Fahrenheit system lacks the neat orderliness of a
decimal or base-10 scale. Thus when France
adopted the metric system in 1799, it chose as its
temperature scale not the Fahrenheit but the
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Celsius scale. The latter was created in 1742 by
Swedish astronomer Anders Celsius (1701-1744).

Like Fahrenheit, Celsius chose the freezing
and boiling points of water as his two reference
points, but he determined to set them 100, rather
than 180, degrees apart. The Celsius scale is
sometimes called the centigrade scale, because it
is divided into 100 degrees, cent being a Latin
root meaning “hundred.” Interestingly, Celsius
planned to equate 0° with the boiling point, and
100° with the freezing point; only in 1750 did fel-
low Swedish physicist Martin Stromer change the
orientation of the Celsius scale. In accordance
with the innovation offered by Reaumur, Cel-
sius’s scale was based not simply on the boiling
and freezing points of water, but specifically on
those points at normal sea-level atmospheric
pressure.

In SI, a scientific system of measurement
that incorporates units from the metric system
along with additional standards used only by sci-
entists, the Celsius scale has been redefined in
terms of the triple point of water. (Triple point is
the temperature and pressure at which a sub-
stance is at once a solid, liquid, and vapor.)
According to the SI definition, the triple point of
water—which occurs at a pressure considerably
below normal atmospheric pressure—is exactly
0.01°C.

THE KELVIN SCALE. French physi-
cist and chemist J. A. C. Charles (1746-1823),
who is credited with the gas law that bears his
name (see below), discovered that at 0°C, the vol-
ume of gas at constant pressure drops by 1/273
for every Celsius degree drop in temperature.
This suggested that the gas would simply disap-
pear if cooled to -273°C, which of course made
no sense.

The man who solved the quandary raised by
Charles’s discovery was William Thompson, Lord
Kelvin (1824-1907), who, in 1848, put forward
the suggestion that it was the motion of mole-
cules, and not volume, that would become zero at
—273°C. He went on to establish what came to be
known as the Kelvin scale. Sometimes known as
the absolute temperature scale, the Kelvin scale is
based not on the freezing point of water, but on
absolute zero—the temperature at which molec-
ular motion comes to a virtual stop. This is
—273.15°C (—459.67°F), which, in the Kelvin
scale, is designated as OK. (Kelvin measures do
not use the term or symbol for “degree.”)
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Though scientists normally use metric units,
they prefer the Kelvin scale to Celsius because the
absolute temperature scale is directly related to
average molecular translational energy, based on
the relative motion of molecules. Thus if the
Kelvin temperature of an object is doubled, this
means its average molecular translational energy
has doubled as well. The same cannot be said if
the temperature were doubled from, say, 10°C to
20°C, or from 40°C to 80°F, since neither the
Celsius nor the Fahrenheit scale is based on
absolute zero.

CONVERSIONS BETWEEN SCALES.
The Kelvin scale is closely related to the Celsius
scale, in that a difference of one degree measures
the same amount of temperature in both. There-
fore, Celsius temperatures can be converted to
Kelvins by adding 273.15. Conversion between
Celsius and Fahrenheit figures, on the other
hand, is a bit trickier.

To convert a temperature from Celsius to
Fahrenheit, multiply by 9/5 and add 32. It is
important to perform the steps in that order,
because reversing them will produce a wrong fig-
ure. Thus, 100°C multiplied by 9/5 or 1.8 equals
180, which, when added to 32 equals 212°E
Obviously, this is correct, since 100°C and 212°F
each represent the boiling point of water. But if
one adds 32 to 100°, then multiplies it by 9/5, the
result is 237.6°F—an incorrect answer.

For converting Fahrenheit temperatures to
Celsius, there are also two steps involving multi-
plication and subtraction, but the order is
reversed. Here, the subtraction step is performed
before the multiplication step: thus 32 is sub-
tracted from the Fahrenheit temperature, then
the result is multiplied by 5/9. Beginning with
212°F, when 32 is subtracted, this equals 180.
Multiplied by 5/9, the result is 100°C—the cor-
rect answer.

One reason the conversion formulae use
simple fractions instead of decimal fractions
(what most people simply call “decimals”) is that
5/9 is a repeating decimal fraction (0.55555....)
Furthermore, the symmetry of 5/9 and 9/5 makes
memorization easy. One way to remember the
formula is that Fahrenheit is multiplied by a frac-
tion—since 5/9 is a real fraction, whereas 9/5 is
actually a mixed number, or a whole number
plus a fraction.
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MODERN THERMOMETERS

MERCURY THERMOMETERS.
For a thermometer, it is important that the glass
tube be kept sealed; changes in atmospheric pres-
sure contribute to inaccurate readings, because
they influence the movement of the thermomet-
ric medium. It is also important to have a reliable
thermometric medium, and, for this reason,
water—so useful in many other contexts—was
quickly discarded as an option.

Water has a number of unusual properties: it
does not expand uniformly with a rise in tem-
perature, or contract uniformly with a lowered
temperature. Rather, it reaches its maximum
density at 39.2°F (4°C), and is less dense both
above and below that temperature. Therefore
alcohol, which responds in a much more uni-
form fashion to changes in temperature, soon
took the place of water, and is still used in many
thermometers today. But for the reasons men-
tioned earlier, mercury is generally considered
preferable to alcohol as a thermometric medium.

In a typical mercury thermometer, mercury
is placed in a long, narrow sealed tube called a
capillary. The capillary is inscribed with figures
for a calibrated scale, usually in such a way as to
allow easy conversions between Fahrenheit and
Celsius. A thermometer is calibrated by measur-
ing the difference in height between mercury at
the freezing point of water, and mercury at the
boiling point of water. The interval between
these two points is then divided into equal incre-
ments—180, as we have seen, for the Fahrenheit
scale, and 100 for the Celsius scale.

VOLUME
Whereas most liquids and solids
expand at an irregular rate, gases tend to follow a
fairly regular pattern of expansion in response to
increases in temperature. The predictable behav-
ior of gases in these situations has led to the
development of the volume gas thermometer, a
highly reliable instrument against which other
thermometers—including those containing mer-
cury—are often calibrated.

GAS THERMOME-

TERS.

In a volume gas thermometer, an empty
container is attached to a glass tube containing
mercury. As gas is released into the empty con-
tainer; this causes the column of mercury to
move upward. The difference between the earlier
position of the mercury and its position after the
introduction of the gas shows the difference
between normal atmospheric pressure and the
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pressure of the gas in the container. It is then pos-
sible to use the changes in the volume of the gas
as a measure of temperature.

ELECTRIC THERMOMETERS.
All matter displays a certain resistance to electric
current, a resistance that changes with tempera-
ture; because of this, it is possible to obtain tem-
perature measurements using an electric ther-
mometer. A resistance thermometer is equipped
with a fine wire wrapped around an insulator:
when a change in temperature occurs, the resist-
ance in the wire changes as well. This allows
much quicker temperature readings than those
offered by a thermometer containing a tradition-
al thermometric medium.

Resistance thermometers are highly reliable,
but expensive, and primarily are used for very
precise measurements. More practical for every-
day use is a thermistor, which also uses the prin-
ciple of electric resistance, but is much simpler
and less expensive. Thermistors are used for pro-
viding measurements of the internal temperature
of food, for instance, and for measuring human
body temperature.

Another electric temperature-measurement
device is a thermocouple. When wires of two dif-
ferent materials are connected, this creates a
small level of voltage that varies as a function of
temperature. A typical thermocouple uses two
junctions: a reference junction, kept at some con-
stant temperature, and a measurement junction.
The measurement junction is applied to the item
whose temperature is to be measured, and any
temperature difference between it and the refer-
ence junction registers as a voltage change, meas-
ured with a meter connected to the system.

OTHER TYPES OF THERMOME-
TER. A pyrometer also uses electromagnetic
properties, but of a very different kind. Rather
than responding to changes in current or voltage,
the pyrometer is gauged to respond to visible and
infrared radiation. As with the thermocouple, a
pyrometer has both a reference element and a
measurement element, which compares light
readings between the reference filament and the
object whose temperature is being measured.

Still other thermometers, such as those in an
oven that register the oven’s internal tempera-
ture, are based on the expansion of metals with
heat. In fact, there are a wide variety of ther-
mometers, each suited to a specific purpose. A
pyrometer, for instance, is good for measuring
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the temperature of a object with which the ther-
mometer itself is not in physical contact.

MEASURING HEAT

The measurement of temperature by degrees in
the Fahrenheit or Celsius scales is a part of daily
life, but measurements of heat are not as familiar
to the average person. Because heat is a form of
energy, and energy is the ability to perform work,
heat is therefore measured by the same units as
work. The principal SI unit of work or energy is
the joule (J). A joule is equal to 1 newton-meter
(N » m)—in other words, the amount of energy
required to accelerate a mass of 1 kilogram at the
rate of 1 meter per second squared across a dis-
tance of 1 meter.

The joule’s equivalent in the English system
is the foot-pound: 1 foot-pound is equal to 1.356
J, and 1 joule is equal to 0.7376 ft + Ibs. In the
British system, Btu, or British thermal unit, is
another measure of energy, though it is primari-
ly used for machines. Due to the cumbersome
nature of the English system, contrasted with the
convenience of the decimal units in the SI
system, these English units of measure are not
used by chemists or other scientists for heat
measurement.

SPECIFIC HEAT CAPACITY

Specific heat capacity (sometimes called specific
heat) is the amount of heat that must be added
to, or removed from, a unit of mass for a given
substance to change its temperature by 1°C. Typ-
ically, specific heat capacity is measured in units
of J/g « °C (joules per gram-degree Celsius).

The specific heat capacity of water is meas-
ured by the calorie, which, along with the joule, is
an important SI measure of heat. Often another
unit, the kilocalorie—which, as its name sug-
gests—is 1,000 calories—is used. This is one of
the few confusing aspects of SI, which is much
simpler than the English system. The dietary
Calorie (capital C) with which most people are
familiar is not the same as a calorie (lowercase
c)—rather, a dietary Calorie is the same as a kilo-
calorie.

COMPARING SPECIFIC HEAT
cAPAcCITIES. The higher the specific heat
capacity, the more resistant the substance is to
changes in temperature. Many metals, in fact,
have a low specific heat capacity, making them
easy to heat up and cool down. This contributes
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to the tendency of metals to expand when heat-
ed, and thus affects their malleability. On the
other hand, water has a high specific heat capac-
ity, as discussed below; indeed, if it did not, life
on Earth would hardly be possible.

One of the many unique properties of water
is its very high specific heat capacity, which is
easily derived from the value of a kilocalorie: it is
4.184, the same number of joules required to
equal a calorie. Few substances even come close
to this figure. At the low end of the spectrum are
lead, gold, and mercury, with specific heat capac-
ities of 0.13, 0.13, and 0.14 respectively. Alu-
minum has a specific heat capacity of 0.89, and
ethyl alcohol of 2.43. The value for concrete, one
of the highest for any substance other than water,
is 2.9.

As high as the specific heat capacity of con-
crete is, that of water is more than 40% higher.
On the other hand, water in its vapor state
(steam) has a much lower specific heat capaci-
ty—2.01. The same is true for solid water, or ice,
with a specific heat capacity of 2.03. Nonetheless,
water in its most familiar form has an astound-
ingly high specific heat capacity, and this has sev-
eral effects in the real world.

EFFECTS OF WATER’S HIGH
SPECIFIC HEAT CAPACITY. For
instance, water is much slower to freeze in the
winter than most substances. Furthermore, due
to other unusual aspects of water—primarily the
fact that it actually becomes less dense as a
solid—the top of a lake or other body of water
freezes first. Because ice is a poor medium for the
conduction of heat (a consequence of its specific
heat capacity), the ice at the top forms a layer that
protects the still-liquid water below it from los-
ing heat. As a result, the water below the ice layer
does not freeze, and the animal and plant life in
the lake is preserved.

Conversely, when the weather is hot, water is
slow to experience a rise in temperature. For this
reason, a lake or swimming pool makes a good
place to cool off on a sizzling summer day. Given
the high specific heat capacity of water, com-
bined with the fact that much of Earth’s surface is
composed of water, the planet is far less suscepti-
ble than other bodies in the Solar System to vari-
ations in temperature.

The same is true of another significant natu-
ral feature, one made mostly of water: the human
body. A healthy human temperature is 98.6°F
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(37°C), and, even in cases of extremely high
fever, an adult’s temperature rarely climbs by
more than 5°F (2.7°C). The specific heat capacity
of the human body, though it is of course lower
than that of water itself (since it is not entirely
made of water), is nonetheless quite high: 3.47.

CALORIMETRY

The measurement of heat gain or loss as a result
of physical or chemical change is called calorime-
try (pronounced kal-or-IM-uh-tree). Like the
word “calorie,” the term is derived from a Latin
root word meaning “heat” The foundations of
calorimetry go back to the mid-nineteenth cen-
tury, but the field owes much to the work of sci-
entists about 75 years prior to that time.

In 1780, French chemist Antoine Lavoisier
(1743-1794) and French astronomer and mathe-
matician Pierre Simon Laplace (1749-1827) had
used a rudimentary ice calorimeter for measur-
ing heat in the formations of compounds.
Around the same time, Scottish chemist Joseph
Black (1728-1799) became the first scientist to
make a clear distinction between heat and tem-
perature.

By the mid-1800s, a number of thinkers had
come to the realization that—contrary to pre-
vailing theories of the day—heat was a form of
energy, not a type of material substance. (The
belief that heat was a material substance, called
“phlogiston,” and that phlogiston was the part of
a substance that burned in combustion, had orig-
inated in the seventeenth century. Lavoisier was
the first scientist to successfully challenge the
phlogiston theory.) Among these were Ameri-
can-British physicist Benjamin Thompson,
Count Rumford (1753-1814) and English
chemist James Joule (1818-1889)—for whom, of
course, the joule is named.

Calorimetry as a scientific field of study
actually had its beginnings with the work of
French chemist Pierre-Eugene Marcelin Berth-
elot (1827-1907). During the mid-1860s, Berth-
elot became intrigued with the idea of measuring
heat, and, by 1880, he had constructed the first
real calorimeter.

Essential to
calorimetry is the calorimeter, which can be any
device for accurately measuring the temperature
of a substance before and after a change occurs. A
calorimeter can be as simple as a styrofoam cup.
Its quality as an insulator, which makes styro-
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foam ideal both for holding in the warmth of
coffee and protecting the human hand from
scalding, also makes styrofoam an excellent
material for calorimetric testing. With a styro-
foam calorimeter, the temperature of the sub-
stance inside the cup is measured, a reaction is
allowed to take place, and afterward, the temper-
ature is measured a second time.

The most common type of calorimeter used
is the bomb calorimeter, designed to measure the
heat of combustion. Typically, a bomb calorime-
ter consists of a large container filled with water,
into which is placed a smaller container, the com-
bustion crucible. The crucible is made of metal,
with thick walls into which is cut an opening to
allow the introduction of oxygen. In addition, the
combustion crucible is designed to be connected
to a source of electricity.

In conducting a calorimetric test using a
bomb calorimeter, the substance or object to be
studied is placed inside the combustion crucible
and ignited. The resulting reaction usually occurs
so quickly that it resembles the explosion of a
bomb—hence the name “bomb calorimeter.”
Once the “bomb” goes off, the resulting transfer
of heat creates a temperature change in the water,
which can be readily gauged with a thermometer.

To study heat changes at temperatures high-
er than the boiling point of water, physicists use
substances with higher boiling points. For exper-
iments involving extremely large temperature
ranges, an aneroid (without liquid) calorimeter
may be used. In this case, the lining of the com-
bustion crucible must be of a metal, such as cop-
per, with a high coefficient or factor of thermal
conductivity—that is, the ability to conduct heat
from molecule to molecule.

TEMPERATURE IN CHEMISTRY

A collection of
statements regarding the behavior of gases, the
gas laws are so important to chemistry that a sep-
arate essay is devoted to them elsewhere. Several
of the gas laws relate temperature to pressure and
volume for gases. Indeed, gases respond to
changes in temperature with dramatic changes in
volume; hence the term “volume,” when used in

THE GAS LAWS.

reference to a gas, is meaningless unless pressure
and temperature are specified as well.

Among the gas laws, Boyle’s law holds that in
conditions of constant temperature, an inverse
relationship exists between the volume and pres-
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sure of a gas: the greater the pressure, the less the
volume, and vice versa. Even more relevant to the
subject of thermal expansion is Charles’s law,
which states that when pressure is kept constant,
there is a direct relationship between volume and
absolute temperature.

CHEMICAL EQUILIBRIUM AND
CHANGES IN TEMPERATURE. Just
as two systems that exchange no heat are said to
be in a state of thermal equilibrium, chemical
equilibrium describes a dynamic state in which
the concentration of reactants and products
remains constant. Though the concentrations of
reactants and products do not change, note that
chemical equilibrium is a dynamic state—in
other words, there is still considerable molecular
activity, but no net change.

Calculations involving chemical equilibrium
make use of a figure called the equilibrium con-
stant (K). According to Le Chatelier’s principle,
named after French chemist Henri Le Chatelier
(1850-1936), whenever a stress or change is
imposed on a chemical system in equilibrium,
the system will adjust the amounts of the various
substances in such a way as to reduce the impact
of that stress. An example of a stress is a change
in temperature, which changes the equilibrium
equation by shifting K (itself dependant on tem-
perature).

Using Le Chatelier’s law, it is possible to
determine whether K will change in the direction
of the forward or reverse reaction. In an exother-
mic reaction (a reaction that produces heat), K
will shift to the left, or in the direction of the for-
ward reaction. On the other hand, in an
endothermic reaction (a reaction that absorbs
heat), K will shift to the right, or in the direction
of the reverse reaction.

TEMPERATURE
TION RATES. Another important function
of temperature in chemical processes is its func-
tion of speeding up chemical reactions. An
increase in the concentration of reacting mole-
cules, naturally, leads to a sped-up reaction,
because there are simply more molecules collid-
ing with one another. But it is also possible to
speed up the reaction without changing the con-
centration.

AND REAC-

By definition, wherever a temperature
increase is involved, there is always an increase in
average molecular translational energy. When
temperatures are high, more molecules are col-
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KEY TERMS

ABSOLUTE zeRO: The temperature,
defined as OK on the Kelvin scale, at which
the motion of molecules in a solid virtual-
ly ceases. The third law of thermodynamics
establishes the impossibility of actually

reaching absolute zero.

CALORIE: A measure of specific heat
capacity in the SI or metric system, equal
to the heat that must be added to or
removed from 1 gram of water to change
its temperature by 1°C. The dietary Calorie
(capital C), with which most people are

familiar, is the same as the kilocalorie.

CALORIMETRY: The measurement of
heat gain or loss as a result of physical or

chemical change.

CELSIUS SCALE: The metric scale of
temperature, sometimes known as the
centigrade scale, created in 1742 by
Swedish astronomer Anders Celsius (1701-
1744). The Celsius scale establishes the
freezing and boiling points of water at 0°
and 100° respectively. To convert a temper-
ature from the Celsius to the Fahrenheit
scale, multiply by 9/5 and add 32. Though
the worldwide scientific community uses
the metric or SI system for most measure-
ments, scientists prefer the related Kelvin

scale of absolute temperature.

CONSERVATION OF ENERGY: A
law of physics which holds that within a
system isolated from all other outside fac-
tors, the total amount of energy remains
the same, though transformations of ener-
gy from one form to another take place.
The first law of thermodynamics is the

same as the conservation of energy.
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ENERGY: The ability to accomplish
work—that is, the exertion of force over a
given distance to displace or move an

object.

ENTROPY: The tendency of natural
systems toward breakdown, and specifical-
ly the tendency for the energy in a system
to be dissipated. Entropy is closely related

to the second law of thermodynamics.

FAHRENHEIT sScALE: The oldest of
the temperature scales still in use, created
in 1714 by German physicist Daniel
Fahrenheit (1686-1736). The Fahrenheit
scale establishes the freezing and boiling
points of water at 32° and 212° respective-
ly. To convert a temperature from the
Fahrenheit to the Celsius scale, subtract 32
and multiply by 5/9.

FIRST LAW OF THERMODYNAMICS:
A law which states the amount of energy in
a system remains constant, and therefore it
is impossible to perform work that results
in an energy output greater than the ener-
gy input. This is the same as the conserva-

tion of energy.

HEAT: Internal thermal energy that

flows from one body of matter to another.

Joure: The principal unit of energy—
and thus of heat—in the SI or metric sys-
tem, corresponding to 1 newton-meter
(N +m). A joule (J) is equal to 0.7376 foot-
pounds in the English system.

KELVIN  sScALE: Established by
William Thompson, Lord Kelvin (1824-
1907), the Kelvin scale measures tempera-
ture in relation to absolute zero, or OK.
(Units in the Kelvin system, known as

Kelvins, do not include the word or symbol
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KEY TERMS coNTINUED

for degree.) The Kelvin scale, which is the
system usually favored by scientists, is
directly related to the Celsius scale; hence
Celsius temperatures can be converted to
Kelvins by adding 273.15.

KILOCALORIE: A measure of specific
heat capacity in the SI or metric system,
equal to the heat that must be added to or
removed from 1 kilogram of water to
change its temperature by 1°C. As its name
suggests, a kilocalorie is 1,000 calories. The
dietary Calorie (capital C) with which
most people are familiar is the same as the

kilocalorie.

KINETIC ENERGY: The energy that

an object possesses by virtue of its motion.

MOLECULAR TRANSLATIONAL EN-
ERGY: The kinetic energy in a system
produced by the movement of molecules
in relation to one another. Thermal energy
is a manifestation of molecular transla-

tional energy.

SECOND LAW OF THERMODYNAM-
ics: A law of thermodynamics which
states that no system can simply take heat
from a source and perform an equivalent
amount of work. This is a result of the fact
that the natural flow of heat is always from
a high-temperature reservoir to a low-tem-
perature reservoir. In the course of such a
transfer, some of the heat will always be
lost—an example of entropy. The second
law is sometimes referred to as “the law of

entropy.”

SPECIFIC HEAT GCAPACITY: The
amount of heat that must be added to, or
removed from, a unit of mass of a given

substance to change its temperature by
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1°C. It is typically measured in J/g < °C
(joules per gram-degree Celsius). A calorie
is the specific heat capacity of 1 gram of

water.

sYSTEM: In chemistry and other sci-
ences, the term “system” usually refers to
any set of interactions isolated from the
rest of the universe. Anything outside of
the system, including all factors and forces
irrelevant to a discussion of that system, is

known as the environment.

THERMAL ENERGY: Heat energy

resulting from internal kinetic energy.

THERMAL ERUILIBRIUM: A situa-
tion in which two systems have the same
temperature. As a result, there is no

exchange of heat between them.

THERMODYNAMICGS: The study of
the relationships between heat, work, and

energy.

THERMOMETER: A device that gauges
temperature by measuring a temperature-
dependent property, such as the expansion
of a liquid in a sealed tube, or resistance to

electric current.

THERMOMETRIC MEDIUM: A sub-
stance whose physical properties change
with temperature. A mercury or alcohol

thermometer measures such changes.

THIRD LAW OF THERMODYNAMICS:
A law of thermodynamics stating that at
the temperature of absolute zero, entropy
also approaches zero. Zero entropy contra-
dicts the second law of thermodynamics,
meaning that absolute zero is therefore

impossible to reach.
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MASS,

DENSITY,

AND VOLUME

CONCEPT

Among the physical properties studied by
chemists and other scientists, mass is one of the
most fundamental. All matter, by definition, has
mass. Mass, in turn, plays a role in two properties
important to the study of chemistry: density and
volume. All of these—mass, density, and vol-
ume—are simple concepts, yet in order to work
in chemistry or any of the other hard sciences, it
is essential to understand these types of measure-
ment. Measuring density, for instance, aids in
determining the composition of a given sub-
stance, while volume is a necessary component to
using the gas laws.

HOW IT WORKS

FUNDAMENTAL PROPERTIES
IN RELATION TO VOLUME
AND DENSITY

Most qualities of the world studied by scientists
can be measured in terms of one or more of four
properties: length, mass, time, and electric
charge. The volume of a cube, for instance, is a
unit of length cubed—that is, length multiplied
by “width,” which is then multiplied by “height.”

Width and height are not, for the purposes
of science, distinct from length: they are simply
versions of it, distinguished by their orientation
in space. Length provides one dimension, while
width provides a second perpendicular to the
third. Height, perpendicular both to length and
width, makes the third spatial dimension—yet all
of these are merely expressions of length differ-
entiated according to direction.
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VOLUME AND DENSITY DE-
FINED. Volume, then, is measured in terms of
length, and can be defined as the amount of
three-dimensional space an object occupies. Vol-
ume is usually expressed in cubic units of
length—for example, the milliliter (mL), also
known as the cubic centimeter (cc), is equal to
6.10237 + 10-2in3. As its name implies, there are
1,000 milliliters in a liter.

Density is the ratio of mass to volume—or,
to put its definition in terms of fundamental
properties, of mass divided by cubed length.
Density can also be viewed as the amount of
matter within a given area. In the SI system, den-
sity is typically expressed as grams per cubic cen-
timeter (g/cm?), equivalent to 62.42197 pounds
per cubic foot in the English system.

MAsSs

MASS DEFINED. Though length is
easy enough to comprehend, mass is more
involved. In his second law of motion, Sir Isaac
Newton (1642-1727) defined mass as the ratio of
force to gravity. This, of course, is a statement
that belongs to the realm of physics; for a
chemist, it is more useful—and also accurate—to
define mass as the quantity of matter that an
object contains.

Matter, in turn, can be defined as physical
substance that occupies space; is composed of
atoms (or in the case of subatomic particles, is
part of an atom); is convertible into energy—and
has mass. The form or state of matter itself is not
important: on Earth it is primarily observed as a
solid, liquid, or gas, but it can also be found (par-
ticularly in other parts of the universe) in a
fourth state, plasma.
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AsSTRONAUTS NEIL ARMSTRONG AND Buzz ALDRIN, THE FIRST MEN TO WALK ON THE MOON, WEIGHED LESS ON
THE MOON THAN ON EARTH. THE REASON IS BECAUSE WEIGHT DIFFERS AS A RESPONSE TO THE GRAVITATIONAL PULL
OF THE PLANET, MOON, OR OTHER BODY ON WHICH IT IS MEASURED. THUS, A PERSON WEIGHS LESS ON THE MoDOON,

BECAUSE THE MOON POSSESSES LESS MASS THAN EARTH AND EXERTS LESS GRAVITATIONAL FORCE. (NASA/RugerRess—

meyer/Corbis. Reproduced by permission.)

The more matter an object contains, the
more mass. To refer again to the laws of motion,
in his first law, Newton identified inertia: the ten-
dency of objects in motion to remain in motion,
or of objects at rest to remain at rest, in a con-
stant velocity unless they are acted upon by some
outside force. Mass is a measure of inertia, mean-
ing that the more mass something contains, the
more difficult it is to put it into motion, or to
stop it from moving.

MASS VS. WEIGHT. Most people
who are not scientifically trained tend to think
that mass and weight are the same thing, but this
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is like saying that apples and apple pies are the
same. Of course, an apple is an ingredient in an
apple pie, but the pie contains something else—
actually, a number of other things, such as flour
and sugar. In this analogy, mass is equivalent to
the apple, and weight the pie, while the accelera-
tion due to gravity is the “something else” in
weight.

It is understandable why people confuse
mass with weight, since most weight scales pro-
vide measurements in both pounds and kilo-
grams. However, the pound (Ib) is a unit of
weight in the English system, whereas a kilogram
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ToO DETERMINE WHETHER A PIECE OF GOLD IS GENUINE OR FAKE, ONE MUST MEASURE THE DENSITY OF THE sSuB-

STANCE. HERE, A MAN EVALUATES GOLD PIECES IN HoNG Kaong. (Christophe Loviny/Corbis. Reproduced by permission.)

(kg) is a unit of mass in the metric and SI sys-
tems. Though the two are relatively convertible
on Earth (1 1b = 0.4536 kg; 1 kg = 2.21 Ib), they
are actually quite different.

Weight is a measure of force, which New-
ton’s second law of motion defined as the prod-
uct of mass multiplied by acceleration. The accel-
eration component of weight is a result of Earth’s
gravitational pull, and is equal to 32 ft (9.8 m)
per second squared. Thus a person’s weight varies
according to gravity, and would be different if
measured on the Moon; mass, on the other hand,
is the same throughout the universe. Given its
invariable value, scientists typically speak in
terms of mass rather than weight.

Weight differs as a response to the gravita-
tional pull of the planet, moon, or other body on
which it is measured. Hence a person weighs less
on the Moon, because the Moon possesses less
mass than Earth, and, thus, exerts less gravita-
tional force. Therefore, it would be easier on the
Moon to lift a person from the ground, but it
would be no easier to move that person from a
resting position, or to stop him or her from
moving. This is because the person’s mass, and
hence his or her resistance to inertia, has not
changed.

SCIENCE OF EVERYDAY THINGS

REAL-LIFE
APPLICATIONS

ATOMIC MASS UNITS

Chemists do not always deal in large units of
mass, such as the mass of a human body—which,
of course, is measured in kilograms. Instead,
the chemist’s work is often concerned with
measurements of mass for the smallest types
of matter: molecules, atoms, and other ele-
mentary particles. To measure these even in
terms of grams (0.001 kg) is absurd: a single
atom of carbon, for instance, has a mass of
1.99 « 10-3 g. In other words, a gram is about
50,000,000,000,000,000,000,000 times larger
than a carbon atom—hardly a usable com-
parison.

Instead, chemists use an atom mass unit
(abbreviated amu), which is equal to 1.66 « 10-24
g. Even so, is hard to imagine determining the
mass of single atoms on a regular basis, so
chemists make use of figures for the average
atomic mass of a particular element. The average
atomic mass of carbon, for instance, is 12.01
amu. As is the case with any average, this means
that some atoms—different isotopes of carbon—
may weigh more or less, but the figure of 12.01
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ALTHOUGH SATURN IS MUCH LARGER THAN EARTH, IT IS MUCH LESS DENSE.

amu is still reliable. Some other average atomic
mass figures for different elements are as follows:
+ Hydrogen (H): 1.008 amu
» Helium (He): 4.003 amu
+ Lithium (Li): 6.941 amu
Nitrogen (N): 14.01 amu
+ Oxygen (0): 16.00
Aluminum (Al): 26.98
Chlorine (Cl): 35.46 amu
* Gold (Au): 197.0 amu
Hassium (Hs): [265 amul]
The figure for hassium, with an atomic
number of 108, is given in brackets because this
number is the mass for the longest-lived isotope.
The average value of mass for the molecules in a
given compound can also be rendered in terms of
atomic mass units: water (H20) molecules, for

instance, have an average mass of 18.0153 amu.
Molecules of magnesium oxide (MgO), which
can be extracted from sea water and used in mak-
ing ceramics, have an average mass much higher
than for water: 40.304 amu.

These values are obtained simply by adding
those of the atoms included in the molecule:
since water has two hydrogen atoms and one
oxygen, the average molecular mass is obtained
by multiplying the average atomic mass of
hydrogen by two, and adding it to the average
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atomic mass of oxygen. In the case of magnesium
oxide, the oxygen is bonded to just one other
atom—but magnesium, with an average atomic
mass of 24.304, weighs much more than
hydrogen.

MoOLAR MASS

It is often important for a chemist to know exact-
ly how many atoms are in a given sample, partic-
ularly in the case of a chemical reaction between
two or more samples. Obviously, it is impossible
to count atoms or other elementary particles, but
there is a way to determine whether two items—
regardless of the elements or compounds
involved—have the same number of elementary
particles. This method makes use of the figures
for average atomic mass that have been estab-
lished for each element.

If the average atomic mass of the substance
is 5 amu, then there should be a very large num-
ber of atoms (if it is an element) or molecules (if
it is a compound) of that substance having a total
mass of 5 grams (g). Similarly, if the average
atomic mass of the substance is 7.5 amu, then
there should be a very large number of atoms or
molecules of that substance having a total mass
of 7.5 g. What is needed, clearly, is a very large
number by which elementary particles must be

SCIENCE OF EVERYDAY THINGS



multiplied in order to yield a mass whose value
in grams is equal to the value, in amu, of its aver-
age atomic mass. This is known as Avogadro’s
number.

AVOGADRO’S NUMBER. The first
scientist to recognize a meaningful distinction
between atoms and molecules was Italian physi-
cist Amedeo Avogadro (1776-1856). Avogadro
maintained that gases consisted of particles—
which he called molecules—that in turn consist-
ed of one or more smaller particles. He further
reasoned that one liter of any gas must con-
tain the same number of particles as a liter of
another gas.

In order to discuss the behavior of mole-
cules, it was necessary to set a large quantity as a
basic unit, since molecules themselves are very
small. This led to the establishment of what is
known as Avogadro’s number, equal to 6.022137
X 1023 (more than 600 billion trillion.)

The magnitude of Avogadro’s number is
almost inconceivable. The same number of
grains of sand would cover the entire surface of
Earth at a depth of several feet. The same num-
ber of seconds, for instance, is about 800,000
times as long as the age of the universe (20 billion
years). Avogadro’s number—named after the
man who introduced the concept of the mole-
cule, but only calculated years after his death—
serves a very useful purpose in computations
involving molecules.

THE MOLE. Tocompare two substances
containing the same number of atoms or mole-
cules, scientists use the mole, the SI fundamental
unit for “amount of substance.” A mole (abbrevi-
ated mol) is, generally speaking, Avogadro’s
number of atoms or molecules; however, in the
more precise SI definition, a mole is equal to the
number of carbon atoms in 12.01 g (0.03 Ib) of
carbon. Note that, as stated earlier, carbon has an
average atomic mass of 12.01 amu. This is no
coincidence, of course: multiplication of the
average atomic mass by Avogadro’s number
yields a figure in grams equal to the value of the
average atomic mass in amu.

The term “mole” can be used in the same
way we use the word “dozen.” Just as “a dozen”
can refer to twelve cakes or twelve chickens, so
“mole” always describes the same number of
molecules. Just as one liter of water, or one liter
of mercury, has a certain mass, a mole of any
given substance has its own particular mass,
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expressed in grams. A mole of helium, for
instance, has a mass of 4.003 g (0.01 Ib), whereas
a mole of iron is 55.85 g (0.12 Ib) These figures
represent the molar mass for each: that is, the
mass of 1 mol of a given substance.

Once again, the value of molar mass in
grams is the same as that of the average atomic
mass in amu. Also, it should be clear that, given
the fact that helium weighs much less than air—
the reason why helium-filled balloons float—a
quantity of helium with a mass of 4.003 g must
be a great deal of helium. And indeed, as indicat-
ed earlier, the quantity of atoms or molecules in
a mole is sufficiently great to make a sample that
is large, but still usable for the purposes of study
or comparison.

MEASURING VOLUME

Mass, because of its fundamental nature, is
sometimes hard to comprehend, and density
requires an explanation in terms of mass and vol-
ume. Volume, on the other hand, appears to be
quite straightforward—and it is, when one is
describing a solid of regular shape. In other situ-
ations, however, volume measurement is more
complicated.

As noted earlier, the volume of a cube can be
obtained simply by multiplying length by width
by height. There are other means for measuring
the volume of other straight-sided objects, such
as a pyramid. Still other formulae, which make
use of the constant « (roughly equal to 3.14) are
necessary for measuring the volume of a cylinder,
a sphere, or a cone.

For an object that is irregular in shape, how-
ever, one may have to employ calculus—but the
most basic method is simply to immerse the
object in water. This procedure involves measur-
ing the volume of the water before and after
immersion, and calculating the difference. Of
course, the object being measured cannot be
water-soluble; if it is, its volume must be meas-
ured in a non-water-based liquid such as alcohol.

LIQUID AND GAS VOLUME.
Measuring liquid volumes is even easier than for
solids, given the fact that liquids have no definite
shape, and will simply take the shape of the con-
tainer in which they are placed. Gases are similar
to liquids in the sense that they expand to fit their
container; however, measurement of gas volume
is a more involved process than that used to
measure either liquids or solids, because gases are

VOLUME 1: REAL-LIFE CHEMISTRY

MAss,
DENSITY,
AND VOLUME



MAss,
DENSITY,
AND VOLUME

|25

highly responsive to changes in temperature and
pressure.

If the temperature of water is raised from its
freezing point to its boiling point—from 32°F
(0°C) to 212°F (100°C)—its volume will increase
by only 2%. If its pressure is doubled from 1 atm
(defined as normal air pressure at sea level) to 2
atm, volume will decrease by only 0.01%. Yet if
air were heated from 32° to 212°F, its volume
would increase by 37%; if its pressure were dou-
bled from 1 atm to 2, its volume would decrease
by 50%.

Not only do gases respond dramatically to
changes in temperature and pressure, but also,
gas molecules tend to be non-attractive toward
one another—that is, they tend not to stick
together. Hence, the concept of “volume” in rela-
tion to a gas is essentially meaningless unless its
temperature and pressure are known.

COMPARING DENSITIES

In the discussion of molar mass above, helium
and iron were compared, and we saw that the
mass of a mole of iron was about 14 times as
great as that of a mole of helium. This may seem
like a fairly small factor of difference between
them: after all, helium floats on air, whereas iron
(unless it is arranged in just the right way, for
instance, in a tanker) sinks to the bottom of the
ocean. But be careful: the comparison of molar
mass is only an expression of the mass of a heli-
um atom as compared to the mass of an iron
atom. It makes no reference to density, which is
the ratio of mass to volume.

Expressed in terms of the ratio of mass to
volume, the difference between helium and iron
becomes much more pronounced. Suppose, on
the one hand, one had a gallon jug filled with
iron. How many gallons of helium does it take to
equal the mass of the iron? Fourteen? Try again:
it takes more than 43,000 gallons of helium to
equal the mass of the iron in one gallon jug!
Clearly, what this shows is that the density of iron
is much, much greater than that of helium.

This, of course, is hardly a surprising revela-
tion; still, it is sometimes easy to get confused by
comparisons of mass as opposed to comparisons
of density. One might even get tricked by the old
elementary-school brain-teaser that goes some-
thing like this: “Which is heavier, a ton of feath-
ers or a ton of cannonballs?” Of course neither is
heavier, but the trick element in the question
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relates to the fact that it takes a much greater vol-
ume of feathers (measured in cubic feet, for
instance) than of cannonballs to equal a ton.

One of the interesting things about density,
as distinguished from mass and volume, is that it
has nothing to do with the amount of material. A
kilogram of iron differs from 10 kg of iron both
in mass and volume, but the density of both sam-
ples is the same. Indeed, as discussed below, the
known densities of various materials make it
possible to determine whether a sample of that
material is genuine.

DENSITIES. As
noted several times, the densities of numerous
materials are known quantities, and can be easily
compared. Some examples of density, all
expressed in terms of grams per cubic centime-
ter, are listed below. These figures are measured
at a temperature of 68°F (20°C), and for hydro-
gen and oxygen, the value was obtained at nor-
mal atmospheric pressure (1 atm):

COMPARING

Comparisons of Densities for Various Sub-
stances:

+ Oxygen: 0.00133 g/cm3

+ Hydrogen: 0.000084 g/cm?
+ Ethyl alcohol: 0.79 g/cm3

+ Ice: 0.920 g/cm3

+ Water: 1.00 g/cm?

+ Concrete: 2.3 g/cm?

* Iron: 7.87 g/cm?

+ Lead: 11.34 g/cm?

* Gold: 19.32 g/cm3

SPECIFIC GRAVITY

IS IT REALLY GoOLD? Note that
pure water (as opposed to sea water, which is 3%
more dense) has a density of 1.0 g per cubic cen-
timeter. Water is thus a useful standard for meas-
uring the specific gravity of other substances, or
the ratio between the density of that substance
and the density of water. Since the specific gravi-
ty of water is 1.00—also the density of water in
g/cm3—the specific gravity of any substance (a
number, rather than a number combined with a
unit of measure) is the same as the value of its
own density in g/cm3.

Comparison of densities make it possible to
determine whether a piece of jewelry alleged to
be solid gold is really genuine. To determine the
answer, one must drop the sample in a beaker of
water with graduated units of measure clearly
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KEY TERMS

ATOMIEC MASS UNIT: An SI unit
(abbreviated amu), equal to 1.66 « 10-¢ g,

for measuring the mass of atoms.

AVERAGE ATOMIC MAss: A figure
used by chemists to specify the mass—in
atomic mass units—of the average atom in
a large sample. The average atomic mass of
carbon, for instance, is 12.01 amu. If a sub-
stance is a compound, the average atomic
mass of all atoms in a molecule of that sub-
stance must be added together to yield the

average molecular mass of that substance.

AVOGADRO’S NUMBER: A figure,
named after Italian physicist Amedeo Avo-
gadro (1776-1856), equal to 6.022137 X
+023. Avogadro’s number indicates the
number of atoms, molecules, or other ele-

mentary particles in a mole.

DENSITY: The ratio of mass to vol-
ume—in other words, the amount of mat-
ter within a given area. In the SI system,
density is typically expressed as grams per
cubic centimeter (g/cm3), equal to
62.42197 pounds per cubic foot in the Eng-

lish system.

MAss: The amount of matter an object

contains.

MATTER: Physical substance that occu-
pies space, has mass, is composed of atoms
(or in the case of subatomic particles, is
part of an atom), and is convertible to

energy.

MILLILITER: One of the most com-
monly used units of volume in the SI sys-
tem of measures. The milliliter (abbreviat-

ed mL), also known as a cubic centimeter
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(cc), is equal to 6.10237  10-2 cubic inches
in the English system. As the name implies,

there are 1,000 milliliters in a liter.

MOLAR MAsSs: The mass, in grams, of
1 mole of a given substance. The value in
grams of molar mass is always equal to the
value, in atomic mass units, of the average
atomic mass of that substance: thus, car-
bon has a molar mass of 12.01 g, and an

average atomic mass of 12.01 amu.

moLe: The SI fundamental unit for
“amount of substance.” A mole is, general-
ly speaking, Avogadro’s number of atoms,
molecules, or other elementary particles;
however, in the more precise SI definition,
a mole is equal to the number of carbon

atoms in 12.01 g of carbon.

SPECIFIC GRAVITY: The density of
an object or substance relative to the densi-
ty of water; or more generally, the ratio
between the densities of two objects or
substances. Since the specific gravity of
water is 1.00—also the density of water in
g/cm3—the specific gravity of any sub-
stance is the same as the value of its own
density in g/cm?. Specific gravity is simply
a number, without any unit of measure.

vorLuMe: The amount of three-
dimensional space an object occupies. Vol-
ume is usually expressed in cubic units of

length—for instance, the milliliter.

welGHT: The product of mass multi-
plied by the acceleration due to gravity (32
ft or 9.8 m/sec?). A pound is a unit of
weight, whereas a kilogram is a unit of

mass.
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marked. Suppose the item has a mass of 10 g. The
density of gold is 19 g/cm?, and because density
is equal to mass divided by volume, the volume
of water displaced should be equal to the mass
divided by the density. The latter figure is equal
to 10 g divided by 19 g/cm?, or 0.53 ml. Suppose
that instead, the item displaced 0.88 ml of water.
Clearly it is not gold, but what is it?

Given the figures for mass and volume, its
density is equal to 11.34 g/cm3—which happens
to be the density of lead. If, on the other hand,
the amount of water displaced were somewhere
between the values for pure gold and pure lead,
one could calculate what portion of the item was
gold and which lead. It is possible, of course, that
it could contain some other metal, but given the
high specific gravity of lead, and the fact that
its density is relatively close to that of gold,
lead is a favorite gold substitute among jewelry
counterfeiters.

SPECIFIC GRAVITY AND THE
DENSITIES OF PLANETS. Most
rocks near the surface of Earth have a specific
gravity somewhere between 2 and 3, while the
specific gravity of the planet itself is about 5.
How do scientists know that the density of Earth
is around 5 g/cm3? The computation is fairly sim-
ple, given the fact that the mass and volume of
the planet are known. And given the fact that
most of what lies close to Earth’s surface—sea
water, soil, rocks—has a specific gravity well
below 5, it is clear that Earth’s interior must con-
tain high-density materials, such as nickel or
iron. In the same way, calculations regarding the
density of other objects in the Solar System pro-
vide a clue as to their interior composition.

This brings the discussion back around to a
topic raised much earlier in this essay, when
comparing the weight of a person on Earth ver-
sus that person’s weight on the Moon. It so hap-
pens that the Moon is smaller than Earth, but
that is not the reason it exerts less gravitational
pull: as noted earlier, the gravitational force a
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planet, moon, or other body exerts is related to
its mass, not its size.

It so happens, too, that Jupiter is much larg-
er than Earth, and that it exerts a gravitational
pull much greater than that of Earth. This is
because it has a mass many times as great as
Earth’s. But what about Saturn, the second-
largest planet in the Solar System? In size it is
only about 17% smaller than Jupiter, and both
are much, much larger than Earth. Yet a person
would weigh much less on Saturn than on
Jupiter, because Saturn has a mass much smaller
than Jupiter’s. Given the close relation in size
between the two planets, it is clear that Saturn
has a much lower density than Jupiter, or in fact
even Earth: the great ringed planet has a specific
gravity of less than 1.
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CONCGCEPT

Matter is physical substance that occupies space,
has mass, is composed of atoms—or, in the case
of subatomic particles, is part of an atom—and is
convertible to energy. On Earth, matter appears
in three clearly defined forms—solid, liquid, and
gas—whose varying structural characteristics are
a function of the speeds at which its molecules
move in relation to one another. A single sub-
stance may exist in any of the three phases: liquid
water, for instance, can be heated to become
steam, a vapor; or, when sufficient heat is
removed from it, it becomes ice, a solid. These are
merely physical changes, which do not affect the
basic composition of the substance itself: it is still
water. Matter, however, can and does undergo
chemical changes, which (as with the various
states or phases of matter) are an outcome of
activity at the atomic and molecular level.

HOW IT WORKS

MATTER AND ENERGY

One of the characteristics of matter noted in its
definition above is that it is convertible to energy.
We rarely witness this conversion, though as
Albert Einstein (1879-1955) showed with his
Theory of Relativity, it occurs in a massive way at
speeds approaching that of light.

Einstein’s famous formula, E = mc2, means
that every item possesses a quantity of energy
equal to its mass multiplied by the squared speed
of light. Given the fact that light travels at
186,000 mi (299,339 km) per second, the quanti-
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ties of energy available from even a tiny object
traveling at that speed are enormous indeed. This
is the basis for both nuclear power and nuclear
weaponry, each of which uses some of the small-
est particles in the known universe to produce
results that are both amazing and terrifying.

Even in everyday life, it is still possible to
observe the conversion of mass to energy, if only
on a very small scale. When a fire burns—that is,
when wood experiences combustion in the pres-
ence of oxygen, and undergoes chemical
changes—a tiny fraction of its mass is converted
to energy. Likewise, when a stick of dynamite
explodes, it too experiences chemical changes
and the release of energy. The actual amount of
energy released is, again, very small: for a stick of
dynamite weighing 2.2 1b (1 kg), the portion of
its mass that “disappears” is be equal to 6 parts
out of 100 billion.

Actually, none of the matter in the fire or the
dynamite blast disappears: it simply changes
forms. Most of it becomes other types of mat-
ter—perhaps new compounds, and certainly new
mixtures of compounds. A very small part, as we
have seen, becomes energy. One of the most fun-
damental principles of the universe is the conser-
vation of energy, which holds that within a sys-
tem isolated from all other outside factors, the
total amount of energy remains the same, though
transformations of energy from one form to
another take place. In this situation, some of the
energy remains latent, or “in reserve” as matter,
while other components of the energy are
released; yet the total amount of energy remains
the same.
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PROPERTIES
OF MATTER

PHYSICAL AND CHEMICAL
CHANGES

In discussing matter—as, for instance, in the
context of matter transforming into energy—one
may speak in physical or chemical terms, or both.
Generally speaking, physicists study physical
properties and changes, while chemists are con-
cerned with chemical processes and changes.

A physicist views matter in terms of its mass,
temperature, mechanical properties (for exam-
ple, elasticity); electrical conductivity; and other
structural characteristics. The chemical makeup
of matter, on the other hand, is of little concern
to a physicist. For instance, in analyzing a fire or
an explosion, the physicist is not concerned with
the interactions of combustible or explosive
materials and oxygen. The physicist’s interest,
rather, is in questions such as the amount of
heat in the fire, the properties of the sound
waves emitted in the explosion of the dynamite,
and so on.

The changes between different states or
phases of matter, as they are discussed below, are
physical changes. If water boils and vaporizes as
steam, it is still water; likewise if it freezes to
become solid ice, nothing has changed with
regard to the basic chemical structure of the H,O
molecules that make up water. But if water reacts
with another substance to form a new com-
pound, it has undergone chemical change. Like-
wise, if water molecules experience electrolysis, a
process in which electric current is used to
decompose H,O into molecules of H, and O,,
this is also a chemical change.

Similarly, a change from matter to energy,
while it is also a physical change, typically
involves some chemical or nuclear process to
serve as “midwife” to that change. Yet physical
and chemical changes have at least one thing in
common: they can be explained in terms of
behavior at the atomic or molecular level. This is
true of many physical processes—and of all
chemical ones.

ATOMS

In his highly readable Six Easy Pieces—a work
that includes considerable discussion of chem-
istry as well as physics—the great American
physicist Richard Feynman (1918-1988) asked,
“If, in some cataclysm, all of scientific knowledge
were to be destroyed, and only one sentence
passed on to the next generations of creatures,
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what statement would contain the most informa-
tion in the fewest words?”

The answer he gave was this: “I believe it is
the atomic hypothesis (or the atomic fact, or
whatever you wish to call it) that all things are
made of atoms—Ilittle articles that move around
in perpetual motion, attracting each other when
they are a little distance apart, but repelling upon
being squeezed into one another. In that sen-
tence, you will see, there is an enormous amount
of information about the world, if just a little
imagination and thinking are applied.”

Indeed, what Feynman called the “atomic
hypothesis” is one of the most important keys to
understanding both physical and chemical
changes. The behavior of particles at the atomic
level has a defining role in the shape of the world
studied by the sciences, and an awareness of this
behavior makes it easier to understand physical
processes, such as changes of state between solid,
liquid, and gas; chemical processes, such as the
formation of new compounds; and other
processes, such as the conversion of matter to
energy, which involve both physical and chemical
changes. Only when one comprehends the atom-
ic structure of matter is it possible to move on to
the chemical elements that are the most basic
materials of chemistry.

STRUCTURE OF THE ATOM. As
Feynman went on to note, atoms are so tiny that
if an apple were magnified to the size of Earth,
the atoms in it would each be about the size of a
regular apple. Clearly, atoms and other atomic
particles are far too small to be glimpsed even by
the most highly powered optical microscope. Yet
physicists and other scientists are able to study
the behavior of atoms, and by doing so, they are
able to form a picture of what occurs at the
atomic level.

An atom is the fundamental particle in a
chemical element. The atom is not, however, the
smallest particle in the universe: atoms are com-
posed of subatomic particles, including protons,
neutrons, and electrons. These are distinguished
from one another in terms of electric charge: as
with the north and south poles of magnets, pos-
itive and negative charges attract one another,
but like charges repel. (In fact, magnetism is sim-
ply a manifestation of a larger electromagnetic
force that encompasses both electricity and
magnetism.)
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Clustered at the center, or nucleus, of the
atom are protons, which are positively charged,
and neutrons, which exert no charge. Spinning
around the nucleus are electrons, which exert a
negative charge. The vast majority of the atom’s
mass is made up by the protons and neutrons,
which have approximately the same mass; that of
the electron is much smaller. If an electron had a
mass of 1—not a unit, but simply a figure used
for comparison—the mass of the proton would
be 1,836, and of the neutron 1,839.

Atoms of the same element always have the
same number of protons, and since this figure is
unique for a given element, each element is
assigned an atomic number equal to the number
of protons in its nucleus. Two atoms may have
the same number of protons, and thus be of the
same element, yet differ in their number of neu-
trons. Such atoms are called isotopes.

The number of electrons is usually the same
as the number of protons, and thus atoms have a
neutral charge. In certain situations, however, the
atom may lose or gain one or more electrons and
acquire a net charge, becoming an ion. But elec-
tric charge, like energy, is conserved, and the elec-
trons are not “lost” when an atom becomes an
ion: they simply go elsewhere.

It is useful, though far from precise, to com-
pare the interior of an atom to a planet spinning
very quickly around a sun. If the nucleus were
our own Sun, then the electrons spinning at the
edge of the atom would be on an orbit some-
where beyond Mars: in other words, the ratio
between the size of the nucleus and the furthest
edge of the atom is like that between the Sun’s
diameter and an orbital path about 80 million
miles beyond Mars.

One of many differences between an atom
and a solar system, however, is the fact that the
electrons are spinning around the nucleus at a
relative rate of motion much, much greater than
any planet is revolving around the Sun. Further-
more, what holds the atom together is not gravi-
tational force, as in the Solar System, but electro-
magnetic force. A final and critical difference is
the fact that electrons move in much more com-
plex orbital patterns than the elliptical paths that
planets make in their movement around the Sun.

MOLEGULES

Though an atom is the fundamental unit of mat-
ter, most of the substances people encounter in
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A COAL GASIFICATION PLANT. OCOAL GASIFICATION
MAKES IT POSSIBLE TO BURN “CLEAN” COAL. (Roger Ress-
meyer/Corbis. Reproduced by permission.)

the world are not pure elements such as oxygen
or iron. They are compounds in which atoms of
more than one element join—usually in mole-
cules. All molecules are composed of more than
one atom, but not necessarily of more than one
element: oxygen, for instance, generally appears
in the form of molecules in which two oxygen
atoms are bonded. Because of this, pure oxygen is
represented by the chemical symbol O,, as
opposed to the symbol for the element oxygen,
which is simply O.

One of the most well-known molecular
forms in the world is water, or H,0, composed of
two hydrogen atoms and one oxygen atom. The
arrangement is extremely precise and never
varies: scientists know, for instance, that the two
hydrogen atoms join the oxygen atom (which is
much larger than the hydrogen atoms) at an
angle of 105°3’. Since the oxygen atom is much
larger than the two hydrogens, its shape can be
compared to a basketball with two softballs
attached.

Other molecules are much more complex
than those of water, and some are much, much
more complex, a fact reflected in the sometimes
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lengthy names and complicated symbolic repre-
sentations required to identify their chemical
components. On the other hand, not all materi-
als are made up of molecules: salt, for instance, is
an ionic solid, as discussed below.

QUANTIFYING ATOMS
AND MOLECULES

The nucleus of an atom is about 10-13 ¢cm in
diameter, and the diameter of the entire atom is
about 10-8 cm—about 0.0000003937 in. Obvi-
ously, special units are required for describing
the size of atoms, and usually measurements are
provided in terms of the angstrom, equal to 10-10
m, or 10-8 cm. To put this on some sort of imag-
inable scale, there are 10 million angstroms in a
millimeter.

Measuring the spatial dimensions of an
atom, however, is not as important as measuring
its mass—and naturally, the mass of an atom is
also almost inconceivably small. For instance, it
takes about 5.0 * 1023 carbon atoms to equal just
one gram of mass. Again, the numbers boggle the
mind, but the following may put this into per-
spective. We have already established just how
tiny an angstrom is; now consider the following.
If 5.0 » 102 angstrom lengths were laid end to
end, they would stretch for a total of about
107,765 round trips from Earth to the Sun!

It is obvious, then, that an entirely different
unit should be used for measuring the mass of an
atom, and for this purpose, chemists and other
scientists use an atom mass unit (abbreviated
amu). The latter is equal to 1.66 * 10-24 g. Even so,
scientists can hardly be expected to be constantly
measuring the mass of individual atoms; rather,
they rely on figures determined for the average
atomic mass of a particular element.

Average atomic mass figures range from
1.008 amu for hydrogen to over 250 amu for ele-
ments of very high atomic numbers. Figures for
average atomic mass can be used to determine
the average mass of a molecule as well, simply by
combining the average atomic mass figures for
each atom the molecule contains. A water mole-
cule, for instance, has an average mass equal to
the average atomic mass of hydrogen multiplied
by two, and added to the average atomic mass of
oxygen.

AVOGADRO’S NUMBER AND
THE MOLE. Just as using average atomic
mass is much more efficient than measuring the
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mass of individual atoms or molecules, scientists
need a useful means for comparing atoms or
molecules of different substances—and for doing
so in such a way that they know they are analyz-
ing equal numbers of particles. This cannot be
done in terms of mass, because the number of
atoms in each sample would vary: a gram of
hydrogen, for instance, would contain about 12
times as many atoms as a gram of carbon, which
has an average atomic mass of 12.01 amu. What
is needed, instead, is a way to designate a certain
number of atoms or molecules, such that accu-
rate comparisons are possible.

In order to do this, scientists make use of a
figure known as Avogadro’s number. Named after
Italian physicist Amedeo Avogadro (1776-1856),
it is equal to 6.022137 X 1023 Earlier, we estab-
lished the almost inconceivable scale represented
by the figure 5.0 * 1023; here we are confronted
with a number 20% larger. But Avogadro’s num-
ber, which is equal to 6,022,137 followed by 17
zeroes, is more than simply a mind-boggling
series of digits.

In general terms, Avogadro’s number desig-
nates the quantity of molecules (and sometimes
atoms, if the substance in question is an element
that, unlike oxygen, appears as single atoms) in a
mole (abbreviated mol). A mole is the SI unit for
“amount of substance,” and is defined precisely
as the number of carbon atoms in 12.01 g of car-
bon. It is here that the value of Avogadro’s num-
ber becomes clear: as noted, carbon has an aver-
age atomic mass of 12.01 amu, and multiplica-
tion of the average atomic mass by Avogadro’s
number yields a figure in grams equal to the
value of the average atomic mass in atomic mass
units.

MOLAR MASS AND DENSITY.
By comparison, a mole of helium has a molar
mass of 4.003 g (0.01 Ib) The molar mass of iron
(that is, the mass of 1 mole of iron) is 55.85 g
(0.12 Ib) Note that there is not a huge ratio of
difference between the molar mass of iron and
that of helium: iron has a molar mass about 14
times greater. This, of course, seems very small
in light of the observable differences between
iron and helium: after all, who ever heard of a
balloon filled with iron, or a skyscraper with
helium girders?

The very striking differences between iron
and helium, clearly, must come from something
other than the molar mass differential between
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them. Of course, a mole of iron contains the
same number of atoms as a mole of helium, but
this says nothing about the relative density of
the two substances. In terms of volume—that
is, the amount of space that something occu-
pies—the difference is much more striking: the
volume of a mole of helium is about 43,000 times
as large as that of a mole of iron.

What this tells us is that the densities of iron
and helium—the amount of mass per unit of
volume—are very different. This difference in
density is discussed in the essay on Mass, Densi-
ty, and Volume; here the focus is on a larger judg-
ment that can be formed by comparing the two
densities. Helium, of course, is almost always in
the form of a gas: to change it to a solid requires
a temperature near absolute zero. And iron is a
solid, meaning that it only turns into a liquid at
extraordinarily high temperatures. These differ-
ences in overall structure can, in turn, be attrib-
uted to the relative motion, attraction, and ener-
gy of the molecules in each.

MOLECULAR ATTRACTION
AND MOTION

At the molecular level, every item of matter in the
world is in motion, and the rate of that motion is
a function of the attraction between molecules.
Furthermore, the rate at which molecules move
in relation to one another determines phase of
matter—that is, whether a particular item can be
described as solid, liquid, or gas. The movement
of molecules generates kinetic energy, or the
energy of movement, which is manifested as
thermal energy—what people call “heat” in ordi-
nary language. (The difference between thermal
energy and heat is explained in the essay on Tem-
perature and Heat.) In fact, thermal energy is the
result of molecules’ motion relative to one anoth-
er: the faster they move, the greater the kinetic
energy, and the greater the “heat.”

When the molecules in a material move
slowly—merely vibrating in place—they exert a
strong attraction toward one another, and the
material is called a solid. Molecules of liquid, by
contrast, move at moderate speeds and exert a
moderate attraction. A material substance whose
molecules move at high speeds, and therefore
exert little or no attraction, is known as a gas. In
short, the weaker the attraction, the greater the
rate of relative motion—and the greater the
amount of thermal energy the object contains.
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REAL-LIFE
APPLICATIONS

TYPES OF S0OLIDS

Particles of solids resist attempts to compress
them, or push them together, and because of
their close proximity, solid particles are fixed in
an orderly and definite pattern. As a result, a solid
usually has a definite volume and shape.

A crystalline solid is a type of solid in which
the constituent parts are arranged in a simple,
definite geometric pattern that is repeated in all
directions. But not all crystalline solids are the
same. Table salt is an example of an ionic solid: a
form of crystalline solid that contains ions. When
mixed with a solvent such as water, ions from the
salt move freely throughout the solution, making
it possible to conduct an electric current.

Regular table sugar (sucrose) is a molecular
solid, or one in which the molecules have a neu-
tral electric charge—that is, there are no ions
present. Therefore, a solution of water and sugar
would not conduct electricity. Finally, there are
crystalline solids known as atomic solids, in
which atoms of one element bond to one anoth-
er. Examples include diamonds (made of pure
carbon), silicon, and all metals.

Other solids are said to be amorphous,
meaning that they possess no definite shape.
Amorphous solids—an example of which is
clay—either possess very tiny crystals, or consist
of several varieties of crystal mixed randomly.
Still other solids, among them glass, do not con-
tain crystals.

FREEZING AND MELTING

VIBRATIONS AND FREEZING.
Because of their slow movement in relation to
one another, solid particles exert strong attrac-
tions; yet as slowly as they move, solid particles
do move—as is the case with all forms of matter
at the atomic level. Whereas the particles in a
liquid or gas move fast enough to be in rela-
tive motion with regard to one another, how-
ever, solid particles merely vibrate from a fixed
position.

As noted earlier, the motion and attraction
of particles in matter has a direct effect on ther-
mal energy, and thus on heat and temperature.
The cooler the solid, the slower and weaker the
vibrations, and the closer the particles are to one
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another. Thus, most types of matter contract
when freezing, and their density increases.
Absolute zero, or OK on the Kelvin scale of tem-
perature—equal to —459.67°F (-273°C)—is the
point at which vibration virtually ceases.

Note that the vibration virtually stops, but
does not totally stop. In fact, as established in
the third law of thermodynamics, absolute zero
is impossible to achieve: thus, the relative mo-
tion of molecules never ceases. The lowest
temperature actually achieved, at a Finnish
nuclear laboratory in 1993, is 2.8 « 10-1° K, or
0.00000000028K—still above absolute zero.

UNUSUAL CHARAGTERISTICS
OF SOLID AND LIQUID WATER.
The behavior of water when frozen is interesting
and exceptional. Above 39.2°F (4°C) water, like
most substances, expands when heated. In other
words, the molecules begin moving further
apart as expected, because—in this temperature
range, at least—water behaves like other sub-
stances, becoming “less solid” as the temperature
increases.

Between 32°F (0°C) and 39.2°F (4°C), how-
ever, water actually contracts. In this temperature
range, it is very “cold” (that is, it has relatively lit-
tle heat), but it is not frozen. The density of water
reaches its maximum—in other words, water
molecules are as closely packed as they can be—
at 39.2°F; below that point, the density starts to
decrease again. This is highly unusual: in most
substances, the density continues to increase with
lowered temperatures, whereas water is actually
most dense slightly above the freezing point.

Below the freezing point, then, water
expands, and therefore when water in pipes
freezes, it may increase in volume to the point
where it bursts the pipe. This is also the reason
why ice floats on water: its weight is less than that
of the water it has displaced, and thus it is buoy-
ant. Additionally, the buoyant qualities of ice
atop very cold water helps explain the behavior
of lake water in winter; although the top of a lake
may freeze, the entire lake rarely freezes solid—
even in the coldest of inhabited regions.

Instead of freezing from the bottom up, as it
would if ice were less buoyant than the water, the
lake freezes from the top down—an important
thing to remember when ice-fishing! Further-
more, water in general (and ice in particular) is a
poor conductor of heat, and thus little of the heat
from the water below it escapes. Therefore, the
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lake does not freeze completely—only a layer at
the top—and this helps preserve animal and
plant life in the body of water.

MELTING. When heated, particles begin
to vibrate more and more, and therefore move
further apart. If a solid is heated enough, it loses
its rigid structure and becomes a liquid. The tem-
perature at which a solid turns into a liquid is
called the melting point, and melting points are
different for different substances. The melting
point of a substance, incidentally, is the same as
its freezing point: the difference is a matter of
orientation—that is, whether the process is one
of a solid melting to become a liquid, or of a lig-
uid freezing to become a solid.

The energy required to melt 1 mole of a solid
substance is called the molar heat of fusion. It
can be calculated by the formula Q = smdT,
where Q is energy, s is specific heat capacity, m is
mass, and 8T means change in temperature. (In
the symbolic language often employed by scien-
tists, the Greek letter &, or delta, stands for
“change in.”) Specific heat capacity is measured
in units of J/g « °C (joules per gram-degree Cel-
sius), and energy in joules or kilojoules (kJ)—
that is, 1,000 joules.

In melting, all the thermal energy in a solid
is used in breaking up the arrangement of crys-
tals, called a lattice. This is why water melted
from ice does not feel any warmer than the ice
did: the thermal energy has been expended, and
there is none left over for heating the water. Once
all the ice is melted, however, the absorbed ener-
gy from the particles—now moving at much
greater speeds than when the ice was in a solid
state—causes the temperature to rise.

For the most part, solids composed of parti-
cles with a higher average atomic mass require
more energy—and hence higher temperatures—
to induce the vibrations necessary for melting.
Helium, with an average atomic mass of 4.003
amu, melts or freezes at an incredibly low tem-
perature: —457.6°F (-272°C), or close to absolute
zero. Water, for which, as noted earlier, the aver-
age atomic mass is the sum of the masses for its
two hydrogen atoms and one oxygen atom, has
an average molecular mass of 18.016 amu. Ice
melts (or water freezes) at much higher tempera-
tures than helium: 32°F (0°C). Copper, with an
average atomic mass of 63.55 amu, melts at
much, much higher temperatures than water:
1,985°F (1,085°C).

SCIENCE OF EVERYDAY THINGS



LIQUIDS

The particles of a liquid, as compared to those of
a solid, have more energy, more motion, and—
generally speaking—Iless attraction to one anoth-
er. The attraction, however, is still fairly strong:
thus, liquid particles are in close enough pro-
ximity that the liquid resists attempts at com-
pression.

On the other hand, their arrangement is
loose enough that the particles tend to move
around one another rather than simply vibrate in
place the way solid particles do. A liquid is there-
fore not definite in shape. Due to the fact that the
particles in a liquid are farther apart than those
of a solid, liquids tend to be less dense than
solids. The liquid phase of a substance thus tends
to be larger in volume than its equivalent in solid
form. Again, however, water is exceptional in this
regard: liquid water actually takes up less space
than an equal mass of frozen water.

BOILING

When a liquid experiences an increase in temper-
ature, its particles take on energy and begin to
move faster and faster. They collide with one
another, and at some point the particles nearest
the surface of the liquid acquire enough energy
to break away from their neighbors. It is at this
point that the liquid becomes a gas or vapor.

As heating continues, particles throughout
the liquid begin to gain energy and move faster,
but they do not immediately transform into gas.
The reason is that the pressure of the liquid,
combined with the pressure of the atmosphere
above the liquid, tends to keep particles in place.
Those particles below the surface, therefore,
remain where they are until they acquire enough
energy to rise to the surface.

The heated particle moves upward, leaving
behind it a hollow space—a bubble. A bubble is
not an empty space: it contains smaller trapped
particles, but its small mass, relative to that of the
liquid it disperses, makes it buoyant. Therefore, a
bubble floats to the top, releasing its trapped par-
ticles as gas or vapor. At that point, the liquid is
said to be boiling.

THE EFFECT OF ATMOSPHER-
Ic PRESSURE. The particles thus have to
overcome atmospheric pressure as they rise,
which means that the boiling point for any liquid
depends in part on the pressure of the surround-
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ing air. Normal atmospheric pressure (1 atm) is
equal to 14 1b/in2 (1.013 x 105 Pa), and is meas-
ured at sea level. The greater the altitude, the less
the air pressure, because molecules of air—since
air is a gas, and therefore its particles are fast-
moving and non-attractive—respond less to
Earth’s gravitational pull. This is why airplanes
require pressurized cabins to maintain an ade-
quate oxygen supply; but even at altitudes much
lower than the flight path of an airplane, differ-
ences in air pressure are noticeable.

It is for this reason that cooking instructions
often vary with altitude. Atop Mt. Everest, Earth’s
highest peak at about 29,000 ft (8,839 m) above
sea level, the pressure is approximately one-third
of normal atmospheric pressure. Water boils at a
much lower temperature on Everest than it does
elsewhere: 158°F (70°C), as opposed to 212°F
(100°C) at sea level. Of course, no one lives on
the top of Mt. Everest—but people do live in
Denver, Colorado, where the altitude is 5,577 ft
(1,700 m) and the boiling point of water is 203°F
(95°C).

Given the lower boiling point, one might
assume that food would cook faster in Denver
than in New York, Los Angeles, or in any city
close to sea level. In fact, the opposite is true:
because heated particles escape the water so
much faster at high altitudes, they do not have
time to acquire the energy needed to raise the
temperature of the water. It is for this reason that
a recipe may include a statement such as “at alti-
tudes above XX feet, add XX minutes to cooking
time.”

If lowered atmospheric pressure means a
lowered boiling point, what happens in outer
space, where there is no atmospheric pressure?
Liquids boil at very, very low temperatures. This
is one of the reasons why astronauts have to wear
pressurized suits: if they did not, their blood
would boil—even though space itself is incredi-
bly cold.

LIQUID TO GAS AND
AGAIN. Note that the process of changing a
liquid to a gas is similar to that which occurs
when a solid changes to a liquid: particles gain
heat and therefore energy, begin to move faster,
break free from one another, and pass a certain
threshold into a new phase of matter. And just as
the freezing and melting point for a given sub-
stance are the same temperature—the only dif-
ference being one of orientation—the boiling
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point of a liquid transforming into a gas is the
same as the condensation point for a gas turning
into a liquid.

The behavior of water in boiling and con-
densation makes possible distillation, one of the
principal methods for purifying sea water in var-
ious parts of the world. First the water is boiled,
then it is allowed to cool and condense, thus
forming water again. In the process, the water
separates from the salt, leaving it behind in the
form of brine. A similar separation takes place
when salt water freezes: because salt, like most
crystalline solids, has a much lower freezing
point than water, very little of it remains joined
to the water in ice. Instead, the salt takes the form
of a briny slush.

GASES

A liquid that is vaporized, or any substance that
exists normally as a gas, is quite different in phys-
ical terms from a solid or a liquid. This is illus-
trated by the much higher energy component in
the molar heat of vaporization, or the amount of
energy required to turn 1 mole of a liquid into
a gas.

Consider, for instance, what happens to
water when it experiences phase changes. Assum-
ing that heat is added at a uniform rate, when ice
reaches its melting point, there is only a relative-
ly small period of time when the H,O is com-
posed of both ice and liquid. But when the liquid
reaches its boiling point, the water is present
both as a liquid and a vapor for a much longer
period of time. In fact, it takes almost seven times
as much energy to turn liquid water into pure
steam than it does to turn ice into purely liquid
water. Thus, the molar heat of fusion for water is
6.02 kJ/mol, while the molar heat of vaporization
is 40.6 kJ/mol.

Although liquid particles exert a moderate
attraction toward one another, particles in a gas
(particularly a substance that normally exists as a
gas at ordinary temperatures on Earth) exert lit-
tle to no attraction. They are thus free to move,
and to move quickly. The overall shape and
arrangement of gas is therefore random and
indefinite—and, more importantly, the motion
of gas particles provides much greater kinetic
energy than is present in any other major form of
matter on Earth.

The constant, fast, and random motion of
gas particles means that they are regularly collid-
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ing and thereby transferring kinetic energy back
and forth without any net loss of energy. These
collisions also have the overall effect of produc-
ing uniform pressure in a gas. At the same time,
the characteristics and behavior of gas particles
indicate that they tend not to remain in an open
container. Therefore, in order to have any pres-
sure on a gas—other than normal atmospheric
pressure—it is necessary to keep it in a closed
container.

THE PHASE DIAGRAM

The vaporization of water is an example of a
change of phase—the transition from one phase
of matter to another. The properties of any sub-
stance, and the points at which it changes phase,
are plotted on what is known as a phase diagram.
The phase diagram typically shows temperature
along the x-axis, and pressure along the y-axis.

For simple substances, such as water and
carbon dioxide (CO,), the solid form of the sub-
stance appears at a relatively low temperature
and at pressures anywhere from zero upward.
The line between solids and liquids, indicating
the temperature at which a solid becomes a lig-
uid at any pressure above a certain level, is called
the fusion curve. Though it appears to be a more
or less vertical line, it is indeed curved, indicating
that at high pressures, a solid well below the nor-
mal freezing point may be melted to create a
liquid.

Liquids occupy the area of the phase dia-
gram corresponding to relatively high tempera-
tures and high pressures. Gases or vapors, on the
other hand, can exist at very low temperatures,
but only if the pressure is also low. Above the
melting point for the substance, gases exist at
higher pressures and higher temperatures. Thus,
the line between liquids and gases often looks
almost like a 45° angle. But it is not a straight
line, as its name, the vaporization curve, implies.
The curve of vaporization demonstrates that at
relatively high temperatures and high pressures, a
substance is more likely to be a gas than a liquid.

THE CRITICAL POINT. There are
several other interesting phenomena mapped on
a phase diagram. One is the critical point, found
at a place of very high temperature and pressure
along the vaporization curve. At the critical
point, high temperatures prevent a liquid from
remaining a liquid, no matter how high the
pressure.
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A PHASE DIAGRAM FOR WATER.

At the same time, the pressure causes gas
beyond that point to become increasingly more
dense, but due to the high temperatures, it does
not condense into a liquid. Beyond the critical
point, the substance cannot exist in anything
other than the gaseous state. The temperature
component of the critical point for water is
705.2°F (374°C)—at 218 atm, or 218 times ordi-
nary atmospheric pressure. For helium, however,
critical temperature is just a few degrees above
absolute zero. This is, in part, why helium is
rarely seen in forms other than a gas.

THE SUBLIMATION CURVE.
Another interesting phenomenon is the sublima-
tion curve, or the line between solid and gas. At
certain very low temperatures and pressures, a
substance may experience sublimation, meaning
that a gas turns into a solid, or a solid into a gas,

without passing through a liquid stage.

A well-known example of sublimation
occurs when “dry ice,” made of carbon dioxide,
vaporizes at temperatures above (-78.5°C). Car-
bon dioxide is exceptional, however, in that it
experiences sublimation at relatively high pres-
sures that occur in everyday life: for most sub-
stances, the sublimation point transpires at such
a low pressure point that it is seldom witnessed
outside of a laboratory.
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THE TRIPLE POINT. The phenom-
enon known as the triple point shows how an
ordinary substance such as water or carbon diox-
ide can actually be a liquid, solid, and vapor—all
at once. Most people associate water as a gas or
vapor (that is, steam) with very high tempera-
tures. Yet, at a level far below normal atmospher-
ic pressure, water can be a vapor at temperatures
as low as —4°F (=20 °C). (All of the pressure val-
ues in the discussion of water at or near the triple
point are far below atmospheric norms: the pres-
sure at which water turns into a vapor at —4°F, for
instance, is about 0.001 atm.)

Just as water can exist as a vapor at low tem-
peratures and low pressures, it is also possible for
water at temperatures below freezing to remain
liquid. Under enough pressure, ice melts and is
thereby transformed from a solid to a liquid, at
temperatures below its normal freezing point.
On the other hand, if the pressure of ice falls
below a very low threshold, it will sublimate.

The phase diagram of water shows a line
between the solid and liquid states that is almost,
but not quite, exactly perpendicular to the x-axis.
But in fact, it is a true fusion curve: it slopes
slightly upward to the left, indicating that solid
ice turns into water with an increase of pressure.
Below a certain level of pressure is the vaporiza-
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tion curve, and where the fusion curve intersects
the vaporization curve, there is a place called the
triple point. Just below freezing, in conditions
equivalent to about 0.007 atm, water is a solid,
liquid, and vapor all at once.

OTHER STATES OF MATTER

PLASMA. Principal among states of
matter other than solid, liquid, and gas is plasma,
which is similar to gas. (The term “plasma,” when
referring to the state of matter, has nothing to do
with the word as it is often used, in reference to
blood plasma.) As with gas, plasma particles col-
lide at high speeds—but in plasma the speeds are
even greater, and the kinetic energy levels even

higher.

The speed and energy of these collisions is
directly related to the underlying property that
distinguishes plasma from gas. So violent are the
collisions between plasma particles that electrons
are knocked away from their atoms. As a result,
plasma does not have the atomic structure typi-
cal of a gas; rather, it is composed of positive ions
and electrons. Plasma particles are thus electri-
cally charged, and therefore greatly influenced by
electric and magnetic fields.

Formed at very high temperatures, plasma is
found in stars. The reaction between plasma and
atomic particles in the upper atmosphere is
responsible for the aurora borealis, or “northern
lights” Though found on Earth only in very
small quantities, plasma—ubiquitous in other
parts of the universe—may be the most plentiful
of all the states of matter.

QUASI-STATES. Among the quasi-
states of matter discussed by scientists are several
terms describing the structure in which particles
are joined, rather than the attraction and relative
movement of those particles. Thus “crystalline,”
“amorphous,” and “glassy” are all terms to
describe what may be individual states of matter;
so too is “colloidal.”

A colloid is a structure intermediate in size
between a molecule and a visible particle, and it
has a tendency to be dispersed in another medi-
um—the way smoke, for instance, is dispersed in
air. Brownian motion describes the behavior of
most colloidal particles. When one sees dust
floating in a ray of sunshine through a window,
the light reflects off colloids in the dust, which
are driven back and forth by motion in the air
otherwise imperceptible to the human senses.
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DARK MATTER. The number of states
or phases of matter is clearly not fixed, and it is
quite possible that more will be discovered in
outer space, if not on Earth. One intriguing can-
didate is called dark matter, so described because
it neither reflects nor emits light, and is therefore
invisible. In fact, luminous or visible matter may
very well make up only a small fraction of the
mass in the universe, with the rest being taken up
by dark matter.

If dark matter is invisible, how do
astronomers and physicists know it exists? By
analyzing the gravitational force exerted on visi-
ble objects in such cases where there appears to
be no visible object to account for that force. An
example is the center of our galaxy, the Milky
Way. It appears to be nothing more than a dark
“halo,” but in order to cause the entire galaxy to
revolve around it—in the same way that planets
revolve around the Sun, though on a vastly larg-
er scale—it must contain a staggering quantity of
invisible mass.

THE BOSE-EINSTEIN
CONDENSATE

Physicists at the Joint Institute of Laboratory
Astrophysics in Boulder, Colorado, in 1995
revealed a highly interesting aspect of atomic
behavior at temperatures approaching absolute
zero. Some 70 years before, Einstein had predict-
ed that, at extremely low temperatures, atoms
would fuse to form one large “superatom.” This
hypothesized structure was dubbed the Bose-
Einstein Condensate (BEC) after Einstein and
Satyendranath Bose (1894-1974), an Indian
physicist whose statistical methods contributed
to the development of quantum theory.

Cooling about 2,000 atoms of the element
rubidium to a temperature just 170 billionths of
a degree Celsius above absolute zero, the physi-
cists succeeded in creating an atom 100 microm-
eters across—still incredibly small, but vast in
comparison to an ordinary atom. The super-
atom, which lasted for about 15 seconds, cooled
down all the way to just 20 billionths of a degree
above absolute zero. The Colorado physicists
won the Nobel Prize in physics in 1997 for their
work.

In 1999, researchers in a lab at Harvard
University also created a superatom of BEC,
and used it to slow light to just 38 MPH (61.2
km/h)—about 0.02% of its ordinary speed.
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Dubbed a “new” form of matter, the BEC may
lead to a greater understanding of quantum
mechanics, and may aid in the design of smaller,
more powerful computer chips.

SOME UNUSUAL PHASE
TRANSITIONS

At places throughout this essay, references have
been made variously to “phases” and “states” of
matter. This is not intended to confuse, but
rather to emphasize a particular point. Solids,
liquids, and gases are referred to as “phases”
because many (though far from all) substances
on Earth regularly move from one phase to
another.

There is absolutely nothing incorrect in
referring to “states of matter” But “phases of
matter” is used in the present context as a means
of emphasizing the fact that substances, at the
appropriate temperature and pressure, can be
solid, liquid, or gas. The phases of matter, in fact,
can be likened to the phases of a person’s life:
infancy, babyhood, childhood, adolescence,
adulthood, old age. The transition between these
stages is indefinite, yet it is easy enough to say
when a person is at a certain stage.

LIQUID CRYSTALS. Aliquid crystal
is a substance that, over a specific range of tem-
perature, displays properties both of a liquid and
a solid. Below this temperature range, it is
unquestionably a solid, and above this range it is
just as certainly a liquid. In between, however,
liquid crystals exhibit a strange solid-liquid
behavior: like a liquid, their particles flow, but
like a solid, their molecules maintain specific
crystalline arrangements.

The cholesteric class of liquid crystals is so
named because the spiral patterns of light
through the crystal are similar to those which
appear in cholesterols. Depending on the physi-
cal properties of a cholesteric liquid crystal, only
certain colors may be reflected. The response of
liquid crystals to light makes them useful in lig-
uid crystal displays (LCDs) found on laptop
computer screens, camcorder views, and in other
applications.

LIQUEFACTION OF
One interesting and useful application of phase
change is the liquefaction of gases, or the change
of gas into liquid by the reduction in its molecu-

GASES.
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lar energy levels. Liquefied natural gas (LNG)
and liquefied petroleum gas (LPG), the latter a
mixture of by-products obtained from petrole-
um and natural gas, are among the examples of
liquefied gas in daily use. In both cases, the vol-
ume of the liquefied gas is far less than it would
be if the gas were in a vaporized state, thus
enabling ease and economy of transport.

Liquefied gases are used as heating fuel for
motor homes, boats, and homes or cabins in
remote areas. Other applications of liquefied
gases include liquefied oxygen and hydrogen in
rocket engines; liquefied oxygen and petroleum
used in welding; and a combination of liquefied
oxygen and nitrogen used in aqualung devices.
The properties of liquefied gases figure heavily in
the science of producing and studying low-tem-
perature environments. In addition, liquefied
helium is used in studying the behavior of matter
at temperatures close to absolute zero.

COAL GASIFICATION. Coal gasifi-
cation, as one might discern from the name, is
the conversion of coal to gas. Developed before
World War 11, it fell out of favor after the war, due
to the lower cost of oil and natural gas. However,
increasingly stringent environmental regulations
imposed by the federal government on industry
during the 1970s, combined with a growing con-
cern for the environment on the part of the pop-
ulace as a whole, led to a resurgence of interest in
coal gasification.

Though widely used as a fuel in power
plants, coal, when burned by ordinary means,
generates enormous air pollution. Coal gasifica-
tion, on the other hand, makes it possible to burn
“clean” coal. Gasification involves a number of
chemical reactions, some exothermic or heat-
releasing, and some endothermic or heat-absorb-
ing. At one point, carbon monoxide is released in
an exothermic reaction, then mixed with hydro-
gen released from the coal to create a second
exothermic reaction. The energy discharged in
these first two reactions is used to initiate a third,
endothermic, reaction.

The finished product of coal gasification is a
mixture containing carbon monoxide, methane,
hydrogen, and other substances, and this—rather
than ordinary coal—is burned as a fuel. The
composition of the gases varies according to the
process used. Products range from coal synthesis
gas and medium-Btu gas (both composed of car-
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KEY TERMS

ABSOLUTE zeRO: The temperature,
defined as OK on the Kelvin scale, at which
the motion of molecules in a solid virtual-
ly ceases. Absolute zero is equal to
—459.67°F (-273.15°C).

ATOM: The smallest particle of an ele-
ment that retains the chemical and physical
properties of the element. An atom can
exist either alone or in combination with
other atoms in a molecule. Atoms are made
up of protons, neutrons, and electrons. An
atom that loses or gains one or more elec-
trons, and thus has a net charge, is an ion.
Atoms that have the same number of pro-
tons—that is, are of the same element—
but differ in number of neutrons, are

known as isotopes.

ATOMIC MASS UNIT: An SI unit
(abbreviated amu), equal to 1.66 + 10-2¢ g,

for measuring the mass of atoms.

ATOMIC NUMBER: The number of
protons in the nucleus of an atom. Since
this number is different for each element,
elements are listed on the periodic table in

order of atomic number.

ATOMIC sOLID: A form of crystalline
solid in which atoms of one element bond
to one another. Examples include dia-
monds (made of pure carbon), silicon, and

all metals.

AVERAGE ATOMIC MAss: A figure
used by chemists to specify the mass—in
atomic mass units—of the average atom in
a large sample. If a substance is a com-
pound, the average atomic mass of all
atoms in a molecule of that substance must
be added together to yield the average

molecular mass of that substance.

VOLUME 1: REAL-LIFE CHEMISTRY

AVOGADRO’S NUMBER: A figure,
named after Italian physicist Amedeo Avo-
gadro (1776-1856), equal to 6.022137 x
1023, Avogadro’s number indicates the
number of atoms, molecules, or other ele-

mentary particles in a mole.

CHANGE OF PHASE: The transition

from one phase of matter to another.

CRITICAL POINT: A coordinate, plot-
ted on a phase diagram, above which a sub-
stance cannot exist in anything other than
the gaseous state. Located at a position of
very high temperature and pressure, the
critical point marks the termination of the

vaporization curve.

coMPOUND: A substance made up of
atoms of more than one element. These
atoms are usually, but not always, joined in

molecules.

CRYSTALLINE soLiD: A type of
solid in which the constituent parts have a
simple and definite geometric arrange-
ment that is repeated in all directions.
Types of crystalline solids include atomic

solids, ionic solids, and molecular solids.

ELEMENT: A substance made up of

only one kind of atom.

ELECTRON: A negatively charged par-
ticle in an atom. Electrons, which spin
around the protons and neutrons that
make up the atom’s nucleus, constitute a
very small portion of the atom’s mass. In
most atoms, the number of electrons and
protons is the same, thus canceling out one
another. When an atom loses one or more
electrons, however—thus becoming an

ion—it acquires a net electric charge.
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KEY TERMS coNTINUED

ENERGY: The ability to accomplish
work—that is, the exertion of force over a
given distance to displace or move an

object.

FusioN cuRvVE: The boundary be-
tween solid and liquid for any given sub-

stance as plotted on a phase diagram.

GAS: A phase of matter in which mole-
cules move at high speeds, and therefore
exert little or no attraction toward one

another.

1ION: An atom or atoms that has lost or
gained one or more electrons, and thus has

a net electric charge.

iIoNIc soLip: A form of crystalline
solid that contains ions. When mixed with
a solvent such as water, ions from table
salt—an example of an ionic solid—move
freely throughout the solution, making it

possible to conduct an electric current.

IsoToPES: Atoms that have an equal
number of protons, and hence are of the
same element, but differ in their number of

neutrons.

KINETIC ENERGY: The energy that
an object possesses by virtue of its

movement.

Liguip: A phase of matter in which
molecules move at moderate speeds, and
therefore exert moderate attractions

toward one another.

MATTER: Physical substance that occu-
pies space, has mass, is composed of atoms
(or in the case of subatomic particles, is
part of an atom), and is convertible to

energy.
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MOLAR HEAT OF FusioN: The
amount of energy required to melt 1 mole

of a solid substance.

MOLAR HEAT OF VAPORIZATION:
The amount of energy required to turn 1
mole of a liquid into a gas. Because gases
possess much more energy than liquids or
solids, molar heat of vaporization is usual-

ly much higher than molar heat of fusion.

MOLAR MAss: The mass, in grams, of
1 mole of a given substance. The value in
grams of molar mass is always equal to the
value, in atomic mass units, of the average
atomic mass of that substance: thus car-
bon has a molar mass of 12.01 g, and an

average atomic mass of 12.01 amu.

mMore: The SI fundamental unit for
“amount of substance.” A mole is, general-
ly speaking, Avogadro’s number of atoms,
molecules, or other elementary particles;
however, in the more precise SI definition,
a mole is equal to the number of carbon

atoms in 12.01 g of carbon.

MOLECULAR saLiD: A form of crys-
talline solid in which the molecules have a
neutral electric charge, meaning that there
are no ions present as there are in an ionic
solid. Table sugar (sucrose) is an example
of a molecular solid. When mixed with a
solvent such as water, the resulting solution

does not conduct electricity.

MOLECULE: A group of atoms, usual-
ly of more than one element, joined in a

structure.

NEUTRON: A subatomic particle that
has no electric charge. Neutrons are found
at the nucleus of an atom, alongside

protons.
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KEY TERMS

CONTINUED

NucLEuUs: The center of an atom, a
region where protons and neutrons are

located, and around which electrons spin.

PHASE DIAGRAM: A chart, plotted
for any particular substance, identifying
the particular phase of matter for that sub-
stance at a given temperature and pressure
level. A phase diagram usually shows tem-
perature along the x-axis, and pressure

along the y-axis.

PHASES OF MATTER: The various
forms of material substance (matter),
which are defined primarily in terms of the
behavior exhibited by their atomic or
molecular structures. On Earth, three prin-
cipal phases of matter exist, namely solid,
liquid, and gas. Other forms of matter

include plasma.

PLASMA: One of the phases of matter,
closely related to gas. Plasma is found pri-
marily in stars. Containing neither atoms
nor molecules, plasma is made up of elec-

trons and positive ions.

PROTON: A positively charged particle

in an atom. Protons and neutrons, which
together form the nucleus around which

electrons spin, have approximately the

bon monoxide and hydrogen, though combined
in different forms) to substitute natural gas,
which consists primarily of methane.

Not only does coal gasification produce a
clean-burning product, but it does so without the
high costs associated with flue-gas desulfuriza-
tion systems. The latter, often called “scrubbers,”
were originally recommended by the federal gov-
ernment to industry, but companies discovered
that coal gasification could produce the same
results for much less money. In addition, the
waste products from coal gasification can be used
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same mass—a mass that is many times
greater than that of an electron. The num-
ber of protons in the nucleus of an atom is

the atomic number of an element.

soLip: A phase of matter in which
molecules move slowly relative to one
another, and therefore exert strong attrac-

tions toward one another.

The bound-

ary between solid and gas for any given

SUBLIMATION CURVE:

substance, as plotted on a phase diagram.

sysTEM: In chemistry and other sci-
ences, the term “system” usually refers to
any set of interactions isolated from the
rest of the universe. Anything outside of
the system, including all factors and forces
irrelevant to a discussion of that system, is

known as the environment.

THERMAL ENERGY: “Heat” energy, a
form of kinetic energy produced by the rel-
ative motion of atoms or molecules. The
greater the movement of these particles,

the greater the thermal energy.

The bound-

ary between liquid and gas for any given

VAPORIZATION CURVE:

substance as plotted on a phase diagram.

for other purposes. At the Cool Water Integrated
Gasification Combined Cycle Plant, established
in Barstow, California, in 1984, sulfur obtained
from the reduction of sulfur dioxide is sold off
for about $100 a ton.

THE CHEMICAL DIMENSION TO
CHANGES OF PHASE

Throughout much of this essay, we have dis-
cussed changes of phase primarily in physical
terms; yet clearly these changes play a significant
role in chemistry. Furthermore, coal gasification
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serves to illustrate the impact chemical processes
can have on changes of state.

Much earlier, figures were given for the melt-
ing points of copper, water, and helium, and
these were compared with the average atomic
mass of each. Those figures, again, are:

Average Atomic Mass and Melting Points of a
Sample Gas, Liquid, and Solid

+ Helium: 4.003 amu; —457.6°F (-210°C)

+ Water: 40.304 amu 32°F (0°C)

+ Copper: 63.55 amu; 1,985°F (1,085°C).

Something seems a bit strange about those

comparisons: specifically, the differences in melt-
ing point appear to be much more dramatic than
the differences in average atomic mass. Clearly,
another factor is at work—a factor that relates to
the difference in the attractions between mole-
cules in each. Although the differences between
solids, liquids, and gases are generally physical,
the one described here—a difference between
substances—is clearly chemical in nature.

To discuss this in the detail it deserves would
require a lengthy digression on the chemical
dimensions of intermolecular attraction.
Nonetheless, it is possible here to offer at least a
cursory answer to the question raised by these
striking differences in response to temperature.

DIPOLES, ELECTRON SEAS,
AND LONDON DISPERSION

Water molecules are polar, meaning that one area
of a water molecule is positively charged, while
another area has a negative charge. Thus the pos-
itive side of one molecule is drawn to the nega-
tive side of another, and vice versa, which gives
water a much stronger intermolecular bond
than, for instance, oil, in which the positive and
negative charges are evenly distributed through-
out the molecule.

Yet the intermolecular attraction between
the dipoles (as they are called) in water is not
nearly as strong as the bond that holds together a
metal. Particles in copper or other metals “float”
in a tightly packed “sea” of highly mobile elec-
trons, which provide a bond that is powerful, yet
lacking in a firm directional orientation. Thus
metals are both strong and highly malleable (that
is, they can be hammered very flat without
breaking.)
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Water, of course, appears most often as a liq-
uid, and copper as a solid, precisely because water
has a very high boiling point (the point at which
it becomes a vapor) and copper has a very high
melting point. But consider helium, which has
the lowest freezing point of any element: just
above absolute zero. Even then, a pressure equal
to 25 times that of normal atmospheric pressure
is required to push it past the freezing point.

Helium and other Group 8 or Group 18 ele-
ments, as well as non-polar molecules such as
oils, are bonded by what is called London disper-
sion forces. The latter, as its name suggests, tends
to keep molecules dispersed, and induces instan-
taneous dipoles when most of the electrons hap-
pen to be on one side of an atom. Of course, this
happens only for an infinitesimal fraction of
time, but it serves to create a weak attraction.
Only at very low temperatures do London dis-
persion forces become strong enough to result in
the formation of a solid.
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GASES

CONCEPT

The number of elements that appear ordinarily
in the form of a gas is relatively small: oxygen,
hydrogen, fluorine, and chlorine in the halogen
“family”; and a handful of others, most notably
the noble gases in Group 8 of the periodic table.
Yet many substances can exist in the form of a
gas, depending on the relative attraction and
motion of molecules in that substance. A simple
example, of course, is water, or H,O, which,
though it appears as a liquid at room tempera-
ture, begins to vaporize and turn into steam at
212°F (100°C). In general, gases respond more
dramatically to changes in pressure and temper-
ature than do most other types of matter, and
this allows scientists to predict gas behaviors
under certain conditions. These predictions can
explain mundane occurrences, such as the fact
that an open can of soda will soon lose its fizz,
but they also apply to more dramatic, life-and-
death situations.

HOW IT WORKS

MOLECULAR MOTION AND PHAS-
ES OF MATTER

On Earth, three principal phases or states of mat-
ter exist: solid, liquid, and gas. The differences
between these three are, on the surface at least,
easily perceivable. Clearly water is a liquid, just as
ice is a solid and steam a vapor or gas. Yet the
ways in which various substances convert
between phases are often complex, as are the
interrelations between these phases. Ultimately,
understanding of the phases depends on an
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awareness of what takes place at the molecular
level.

All molecules are in motion, and the rate of
that motion determines the attraction between
them. The movement of molecules generates
kinetic energy, or the energy of movement, which
is manifested as thermal energy. In everyday lan-
guage, thermal energy is what people mean when
they say “heat”; but in scientific terms, heat has a
different definition.

The force that attracts atoms to atoms, or
molecules to molecules, is not the same as gravi-
tational force, which holds the Moon in orbit
around Earth, Earth in orbit around the Sun, and
so on. By contrast, the force of interatomic and
intermolecular attraction is electromagnetic. Just
as the north pole of a magnet is attracted to the
south pole of another magnet and repelled by
that other magnet’s north pole, so positive elec-
tric charges are attracted to negative charges, and
negatives to positives. (In fact, electricity and
magnetism are both manifestations of an electro-
magnetic interaction.)

The electromagnetic attractions between
molecules are much more complex than this
explanation makes it seem, and they play a high-
ly significant role in chemical bonding. In simple
terms, however, one can say that the greater the
rate of motion for the molecules in relation to
one another, the less the attraction between mol-
ecules. In addition, the kinetic energy, and hence
the thermal energy, is greater in a substance
whose molecules are relatively free to move.

When the molecules in a material move
slowly in relation to one another, they exert a
strong attraction, and the material is called a
solid. Molecules of liquid, by contrast, move at
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A COMPARISON OF GAS, LIQUID, AND SOLID STATES.

moderate speeds and exert a moderate attrac-
tion. A material substance whose molecules
move at high speeds, and therefore exert little or
no attraction, is known as a gas.

COMPARISON OF GASES TO
OTHER PHASES OF MATTER

WATER AND AIR COMPARED.
Gases respond to changes in pressure and tem-
perature in a manner remarkably different from
that of solids or liquids. Consider the behavior of
liquid water as compared with air—a combina-
tion of oxygen (O,), nitrogen (N,), and other
gases—in response to experiments involving
changes in pressure and temperature.

In the first experiment, both samples are
subjected to an increase in pressure from 1 atm
(that is, normal atmospheric pressure at sea
level) to 2 atm. In the second, both experience an
increase in temperature from 32°F (0°C) to 212°F
(100°C). The differences in the responses of
water and air are striking.

A sample of water that experiences an
increase in pressure from 1 to 2 atm will decrease
in volume by less than 0.01%, while a tempera-
ture increase from the freezing point to the boil-
ing point will result in only a 2% increase in vol-
ume. For air, however, an equivalent pressure
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increase will decrease the volume by a whopping
50%, and an equivalent temperature increase
results in a volume increase of 37%.

Air and other gases, by definition, have a
boiling point below room temperature. If they
did not boil and thus become gas well below
ordinary temperatures, they would not be
described as substances that are in the gaseous
state in most circumstances. The boiling point of
water, of course, is higher than room tempera-
ture, and that of solids is much higher.

THE ARRANGEMENT OF PAR-
TicLES. Solids possess a definite volume and
a definite shape, and are relatively noncompress-
ible: for instance, if one applies extreme pressure
to a steel plate, it will bend, but not much. Liq-
uids have a definite volume, but no definite
shape, and tend to be noncompressible. Gases, on
the other hand, possess no definite volume or
shape, and are highly compressible.

At the molecular level, particles of solids
tend to be definite in their arrangement and close
in proximity—indeed, part of what makes a solid
“solid,” in the everyday meaning of that term, is
the fact that its constituent parts are basically
immovable. Liquid molecules, too, are close in
proximity, though random in arrangement. Gas
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THE DIVERS PICTURED HERE HAVE ASCENDED FROM A
SUNKEN SHIP AND HAVE STOPPED AT THE 10-fFT (3-
METER) DECOMPRESSION LEVEL TO AvVOID GETTING
DECOMPRESSION SICKNESS, BETTER KNOWN AS THE

“BENDS.” (Jonathan Blair/Corbis. Reproduced by permission)

molecules are random in arrangement, but tend
to be more widely spaced than liquid molecules.

PRESSURE

There are a number of statements, collectively
known as the “gas laws,” that describe and predict
the behavior of gases in response to changes in
temperature, pressure, and volume. Temperature
and volume are discussed elsewhere in this book.
However, the subject of pressure requires some
attention before we can continue with a discus-
sion of the gas laws.

When a force is applied perpendicular to a
surface area, it exerts pressure on that surface.
Hence the formula for pressure is p = F/A, where
p is pressure, F force, and A the area over which
the force is applied. The greater the force, and the
smaller the area of application, the greater the
pressure; conversely, an increase in area—even
without a reduction in force—reduces the overall
pressure.

Pressure is measured by a number of units in
the English and SI systems. Because p = F/A, all
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units of pressure represent some ratio of force to
surface area.

UNITS OF PRESSURE. The prin-
cipal SI unit of pressure is called a pascal (Pa), or
1 N/m2. It is named for French mathematician
and physicist Blaise Pascal (1623-1662), who is
credited with Pascal’s principle. The latter holds
that the external pressure applied on a fluid—
which, in the physical sciences, can mean either a
gas or a liquid—is transmitted uniformly
throughout the entire body of that fluid.

A newton (N), the SI unit of force, is equal to
the force required to accelerate 1 kg of mass at a
rate of 1 m/sec2. Thus a Pascal is the pressure of 1
newton over a surface area of 1 m2. In the English
or British system, pressure is measured in terms
of pounds per square inch, abbreviated as
Ibs./in2. This is equal to 6.89 * 103 Pa, or 6,890 Pa.

Another important measure of pressure is
the atmosphere (atm), which is the average pres-
sure exerted by air at sea level. In English units,
this is equal to 14.7 1b/in?, and in SI units, to
1.013 « 10> Pa.

There are two other specialized units of
pressure measurement in the SI system: the bar,
equal to 105 Pa, and the torr, equal to 133 Pa.
Meteorologists, scientists who study weather pat-
terns, use the millibar (mb), which, as its name
implies, is equal to 0.001 bars. At sea level, atmos-
pheric pressure is approximately 1,013 mb.

The torr, also known as the millimeter of
mercury (mm Hg), is the amount of pressure
required to raise a column of mercury (chemical
symbol Hg) by 1 mm. It is named for Italian
physicist Evangelista Torricelli (1608-1647), who
invented the barometer, an instrument for meas-
uring atmospheric pressure.

THE BAROMETER. The barometer
constructed by Torricelli in 1643 consisted of a
long glass tube filled with mercury. The tube was
open at one end, and turned upside down into a
dish containing more mercury: the open end was
submerged in mercury, while the closed end at
the top constituted a vacaum—that is, an area
devoid of matter, including air.

The pressure of the surrounding air pushed
down on the surface of the mercury in the bowl,
while the vacuum at the top of the tube provided
an area of virtually no pressure into which the
mercury could rise. Thus the height to which the
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mercury rose in the glass tube represented
normal air pressure (that is, 1 atm.) Torricelli
discovered that at standard atmospheric pres-
sure, the column of mercury rose to 760 mm
(29.92 in).

The value of 1 atm was thus established as
equal to the pressure exerted on a column of
mercury 760 mm high at a temperature of 0°C
(32°F). In time, Torricelli’s invention became a
fixture both of scientific laboratories and of
households. Since changes in atmospheric pres-
sure have an effect on weather patterns, many
home indoor-outdoor thermometers today also

include a barometer.
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REAL-LIFE
APPLICATIONS

INTRODUCTION TO THE
GAsS Laws

English chemist Robert Boyle (1627-1691), who
made a number of important contributions to
chemistry—including his definition and identifi-
cation of elements—seems to have been influ-
enced by Torricelli. If so, this is an interesting
example of ideas passing from one great thinker
to another: Torricelli, a student of Galileo Galilei
(1564-1642), was no doubt influenced by
Galileo’s thermoscope.

Like Torricelli, Boyle conducted tests involv-
ing the introduction of mercury to a tube closed
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at the other end. The tube Boyle used was shaped
like the letter J, and it was so long that he had to
use the multi-story foyer of his house as a labo-
ratory. At the tip of the curved bottom was an
area of trapped gas, and into the top of the tube,
Boyle introduced increasing quantities of mercu-
ry. He found that the greater the volume of mer-
cury, the greater the pressure on the gas, and the
less the volume of gas at the end of the tube. As a
result, he formulated the gas law associated with
his name.

The gas laws are not a set of government reg-
ulations concerning use of heating fuel; rather,
they are a series of statements concerning the
behavior of gases in response to changes in tem-
perature, pressure, and volume. These were
derived, beginning with Boyle’s law, during the
seventeenth, eighteenth, and nineteenth cen-
turies by scientists whose work is commemorat-
ed through the association of their names with
the laws they discovered. In addition to Boyle,
these men include fellow English chemists John
Dalton (1766-1844) and William Henry (1774-
1836); French physicists and chemists J. A. C.
Charles (1746-1823) and Joseph Gay-Lussac
(1778-1850); and Italian physicist Amedeo Avo-
gadro (1776-1856).

There is a close relationship between Boyle’s,
Charles’s, and Gay-Lussac’s laws. All of these treat
one of three parameters—temperature, pressure,
or volume—as fixed quantities in order to
explain the relationship between the other two
variables. Avogadro’s law treats two of the
parameters as fixed, thereby establishing a rela-
tionship between volume and the number of
molecules in a gas. The ideal gas law sums up
these four laws, and the kinetic theory of gases
constitutes an attempt to predict the behavior of
gases based on these laws. Finally, Dalton’s and
Henry’s laws both relate to partial pressure of
gases.

BOYLE'S, CHARLES’S, AND GAY-
LussaAac’s LAaws

BOYLE’S AND GCHARLES’S
LAWS. Boyle’s law holds that in isothermal
conditions (that is, a situation in which tempera-
ture is kept constant), an inverse relationship
exists between the volume and pressure of a gas.
(An inverse relationship is a situation involving
two variables, in which one of the two increases
in direct proportion to the decrease in the other.)
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In this case, the greater the pressure, the less the
volume and vice versa. Therefore, the product of
the volume multiplied by the pressure remains
constant in all circumstances.

Charles’s law also yields a constant, but in
this case the temperature and volume are allowed
to vary under isobarometric conditions—that is,
a situation in which the pressure remains the
same. As gas heats up, its volume increases, and
when it cools down, its volume reduces accord-
ingly. Hence, Charles established that the ratio of
temperature to volume is constant.

ABSOLUTE TEMPERATURE. In
about 1787, Charles made an interesting discov-
ery: that at 0°C (32°F), the volume of gas at con-
stant pressure drops by 1/273 for every Celsius
degree drop in temperature. This seemed to sug-
gest that the gas would simply disappear if cooled
to -273°C (-459.4°F), which, of course, made no
sense. In any case, the gas would most likely
become first a liquid, and then a solid, long
before it reached that temperature.

The man who solved the quandary raised by
Charles’s discovery was born a year after Charles
died. He was William Thomson, Lord Kelvin
(1824-1907); in 1848, he put forward the sug-
gestion that it was molecular translational
energy—the energy generated by molecules in
motion—and not volume, that would become
zero at -273°C. He went on to establish what
came to be known as the Kelvin scale of absolute
temperature.

Sometimes known as the absolute tempera-
ture scale, the Kelvin scale is based not on the
freezing point of water, but on absolute zero—
the temperature at which molecular motion
comes to a virtual stop. This is -273.15°C
(-459.67°F). In the Kelvin scale, which uses nei-
ther the term nor the symbol for “degree,”
absolute zero is designated as OK.

Scientists prefer the Kelvin scale to the Cel-
sius, and certainly to the Fahrenheit, scales. If the
Kelvin temperature of an object is doubled, its
average molecular translational energy has dou-
bled as well. The same cannot be said if the tem-
perature were doubled from, say, 10°C to 20°C, or
from 40°F to 80°F, since neither the Celsius nor
the Fahrenheit scale is based on absolute zero.

GAY-LUSSAG’S LAW. From Boyle’s
and Charles’s law, a pattern should be emerging:
both treat one parameter (temperature in
Boyle’s, pressure in Charles’s) as unvarying, while
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two other factors are treated as variables. Both, in
turn, yield relationships between the two vari-
ables: in Boyle’s law, pressure and volume are
inversely related, whereas in Charles’s law, tem-
perature and volume are directly related.

In Gay-Lussac’s law, a third parameter, vol-
ume, is treated as a constant, and the result is a
constant ratio between the variables of pressure
and temperature. According to Gay-Lussac’s law,
the pressure of a gas is directly related to its
absolute temperature.

AVOGADRO’S LAW

Gay-Lussac also discovered that the ratio in
which gases combine to form compounds can be
expressed in whole numbers: for instance, water
is composed of one part oxygen and two parts
hydrogen. In the language of modern chemistry,
this is expressed as a relationship between mole-
cules and atoms: one molecule of water contains
one oxygen atom and two hydrogen atoms.

In the early nineteenth century, however, sci-
entists had yet to recognize a meaningful distinc-
tion between atoms and molecules, and Avo-
gadro was the first to achieve an understanding
of the difference. Intrigued by the whole-number
relationship discovered by Gay-Lussac, Avogadro
reasoned that one liter of any gas must contain
the same number of particles as a liter of anoth-
er gas. He further maintained that gas consists of
particles—which he called molecules—that in
turn consist of one or more smaller particles.

In order to discuss the behavior of mole-
cules, Avogadro suggested the use of a large
quantity as a basic unit, since molecules them-
selves are very small. Avogadro himself did not
calculate the number of molecules that should be
used for these comparisons, but when that num-
ber was later calculated, it received the name
“Avogadro’s number” in honor of the man who
introduced the idea of the molecule. Equal to
6.022137 » 1023, Avogadro’s number designates
the quantity of atoms or molecules (depending
on whether the substance in question is an ele-
ment or a compound) in a mole.

Today the mole (abbreviated mol), the SI
unit for “amount of substance,” is defined pre-
cisely as the number of carbon atoms in 12.01 g
of carbon. The term “mole” can be used in the
same way we use the word “dozen.” Just as “a
dozen” can refer to twelve cakes or twelve chick-
ens, so “mole” always describes the same number
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of molecules. The ratio of mass between a mole
of Element A and Element B, or Compound A
and Compound B, is the same as the ratio
between the mass of Atom A and Atom B, or
Molecule A and Molecule B. Avogadro’s law
describes the connection between gas volume
and number of moles. According to Avogadro’s
law, if the volume of gas is increased under
isothermal and isobarometric conditions, the
number of moles also increases. The ratio
between volume and number of moles is there-
fore a constant.

THE IDEAL GAS LAW

Once again, it is easy to see how Avogadro’s law
can be related to the laws discussed earlier. Like
the other three, this one involves the parameters
of temperature, pressure, and volume, but it also
introduces a fourth—quantity of molecules (that
is, number of moles). In fact, all the laws so far
described are brought together in what is known
as the ideal gas law, sometimes called the com-
bined gas law.

The ideal gas law can be stated as a formula,
pV = nRT, where p stands for pressure, V for vol-
ume, n for number of moles, and T for tempera-
ture. R is known as the universal gas constant, a
figure equal to 0.0821 atm - liter/mole * K. (Like
most figures in chemistry, this one is best
expressed in metric rather than English units.)

Given the equation pV = nRT and the fact
that R is a constant, it is possible to find the value
of any one variable—pressure, volume, number
of moles, or temperature—as long as one knows
the value of the other three. The ideal gas law also
makes it possible to discern certain relationships:
thus, if a gas is in a relatively cool state, the prod-
uct of its pressure and volume is proportionately
low; and if heated, its pressure and volume prod-
uct increases correspondingly.

THE KINETIC THEORY OF GASES

From the preceding gas laws, a set of proposi-
tions known collectively as the kinetic theory of
gases has been derived. Collectively, these put
forth the proposition that a gas consists of
numerous molecules, relatively far apart in space,
which interact by colliding. These collisions are
responsible for the production of thermal energy,
because when the velocity of the molecules
increases—as it does after collision—the temper-
ature increases as well.
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There are five basic postulates to the kinetic
theory of gases:

+ 1. Gases consist of tiny molecular or atomic
particles.

+ 2. The proportion between the size of these
particles and the distances between them is
so small that the individual particles can be
assumed to have negligible volume.

+ 3. These particles experience continual ran-
dom motion. When placed in a container,
their collisions with the walls of the con-
tainer constitute the pressure exerted by the
gas.

+ 4. The particles neither attract nor repel one
another.

+ 5. The average kinetic energy of the particles
in a gas is directly related to absolute tem-
perature.

These observations may appear to resemble
statements made earlier concerning the differ-
ences between gases, liquids, and solids in terms
of molecular behavior. If so, that is no accident:
the kinetic theory constitutes a generally accept-
ed explanation for the reasons why gases behave
as they do. Kinetic theories do not work as well
for explaining the behaviors of solids and liquids;
nonetheless, they do go a long way toward iden-
tifying the molecular properties inherent in the
various phases of matter.

LAWS OF PARTIAL PRESSURE

In addition to all the gas laws so far discussed,
two laws address the subject of partial pressure.
When two or more gases are present in a con-
tainer, partial pressure is the pressure that one of
them exerts if it alone is in the container.

Dalton’s law of partial pressure states that
the total pressure of a gas is equal to the sum of
its partial pressures. As noted earlier, air is com-
posed mostly of nitrogen and oxygen. Along with
these are small components, carbon dioxide, and
gases collectively known as the rare or noble
gases: argon, helium, krypton, neon, radon, and
xenon. Hence, the total pressure of a given quan-
tity of air is equal to the sum of the pressures
exerted by each of these gases.

Henry’s law states that the amount of gas
dissolved in a liquid is directly proportional to
the partial pressure of the gas above the surface
of the solution. This applies only to gases such as
oxygen and hydrogen that do not react chemical-
ly to liquids. On the other hand, hydrochloric
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acid will ionize when introduced to water: one or
more of its electrons will be removed, and its
atoms will convert to ions, which are either posi-
tive or negative in charge.

APPLICATIONS OF DALTON’S AND
HENRY’'S LAWS

PARTIAL PRESSURE: A MAT-
TER OF LIFE AND POSSIBLE
DEATH FOR sScuUBA DIVERS. The
gas laws are not just a series of abstract state-
ments. Certainly, they do concern the behavior of
ideal as opposed to real gases. Like all scientific
models, they remove from the equation all out-
side factors, and treat specific properties in isola-
tion. Yet, the behaviors of the ideal gases
described in the gas laws provide a key to under-
standing the activities of real gases in the real
world. For instance, the concept of partial
pressure helps scuba divers avoid a possibly fatal
sickness.

Imagine what would happen if a substance
were to bubble out of one’s blood like carbon
dioxide bubbling out of a soda can, as described
below. This is exactly what can happen to an
undersea diver who returns to the surface too
quickly: nitrogen rises up within the body, pro-
ducing decompression sickness—known collo-
quially as “the bends.” This condition may mani-
fest as itching and other skin problems, joint
pain, choking, blindness, seizures, unconscious-
ness, permanent neurological defects such as
paraplegia, and possibly even death.

If a scuba diver descending to a depth of 150
ft (45.72 m) or more were to use ordinary air in
his or her tanks, the results would be disastrous.
The high pressure exerted by the water at such
depths creates a high pressure on the air in the
tank, meaning a high partial pressure on the
nitrogen component in the air. The result would
be a high concentration of nitrogen in the blood,
and hence the bends.

Instead, divers use a mixture of helium and
oxygen. Helium gas does not dissolve well in
blood, and thus it is safer for a diver to inhale this
oxygen-helium mixture. At the same time, the
oxygen exerts the same pressure that it would
normally—in other words, it operates in accor-
dance with Dalton’s observations concerning
partial pressure.

OPENING A SODA CAN. Insidea
can or bottle of carbonated soda is carbon diox-
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ide gas (CO,), most of which is dissolved in the
drink itself. But some of it is in the space (some-
times referred to as “head space”) that makes up
the difference between the volume of the soft
drink and the volume of the container.

At the bottling plant, the soda manufacturer
adds high-pressure carbon dioxide (CO,) to the
head space in order to ensure that more CO, will
be absorbed into the soda itself. This is in accor-
dance with Henry’s law: the amount of gas (in
this case CO,) dissolved in the liquid (soda) is
directly proportional to the partial pressure of
the gas above the surface of the solution—that is,
the CO, in the head space. The higher the pres-
sure of the CO, in the head space, the greater the
amount of CO, in the drink itself; and the greater
the CO, in the drink, the greater the “fizz” of the
soda.

Once the container is opened, the pressure
in the head space drops dramatically. Once again,
Henry’s law indicates that this drop in pressure
will be reflected by a corresponding drop in the
amount of CO, dissolved in the soda. Over a
period of time, the soda will release that gas, and
eventually, it will go “flat”

FIRE EXTINGUISHERS. A fire
extinguisher consists of a long cylinder with an
operating lever at the top. Inside the cylinder is a
tube of carbon dioxide surrounded by a quantity
of water, which creates pressure around the CO,
tube. A siphon tube runs vertically along the
length of the extinguisher, with one opening in
the water near the bottom. The other end opens
in a chamber containing a spring mechanism
attached to a release valve in the CO, tube.

The water and the CO, do not fill the entire
cylinder: as with the soda can, there is “head
space,” an area filled with air. When the operating
lever is depressed, it activates the spring mecha-
nism, which pierces the release valve at the top of
the CO, tube. When the valve opens, the CO,
spills out in the “head space,” exerting pressure
on the water. This high-pressure mixture of
water and carbon dioxide goes rushing out of the
siphon tube, which was opened when the release
valve was depressed. All of this happens, of
course, in a fraction of a second—plenty of time
to put out the fire.

AEROSOL CANS. Aerosol cans are
similar in structure to fire extinguishers, though
with one important difference. As with the fire
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extinguisher, an aerosol can includes a nozzle
that depresses a spring mechanism, which in turn
allows fluid to escape through a tube. But instead
of a gas cartridge surrounded by water, most
of the can’s interior is made up of the product
(for instance, deodorant), mixed with a liquid
propellant.

The “head space” of the aerosol can is filled
with highly pressurized propellant in gas form,
and, in accordance with Henry’s law, a corre-
sponding proportion of this propellant is dis-
solved in the product itself. When the nozzle is
depressed, the pressure of the propellant forces
the product out through the nozzle.

A propellant, as its name implies, propels the
product itself through the spray nozzle when the
nozzle is depressed. In the past, chlorofluorocar-
bons (CFCs)—manufactured compounds con-
taining carbon, chlorine, and fluorine atoms—
were the most widely used form of propellant.
Concerns over the harmful effects of CFCs on the
environment, however, has led to the develop-
ment of alternative propellants, most notably
hydrochlorofluorocarbons (HCFCs), CFC-like
compounds that also contain hydrogen atoms.

APPLICATIONS OF BOYLE’S,
CHARLES’S, AND GAY-LUSSAC’S
LAWS

WHEN THE TEMPERATURE
CHANGES. A number of interesting results
occur when gases experience a change in temper-
ature, some of them unfortunate and some
potentially lethal. In these instances, it is possible
to see the gas laws—particularly Boyle’s and
Charles’s—at work.

There are numerous examples of the disas-
trous effects that result from an increase in the
temperature of combustible gases, including nat-
ural gas and petroleum-based products. In addi-
tion, the pressure on the gases in aerosol cans
makes the cans highly explosive—so much so
that discarded cans at a city dump may explode
on a hot summer day. Yet, there are other
instances when heating a gas can produce posi-
tive effects.

A hot-air balloon, for instance, floats
because the air inside it is not as dense than the
air outside. According to Charles’s law, heating a
gas will increase its volume, and since gas mole-
cules exert little attraction toward one another,
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they tend to “spread out” even further with an
increase of volume. This, in turn, creates a signif-
icant difference in density between the air in the
balloon and the air outside, and as a result, the
balloon floats.

Although heating a gas can be beneficial,
cooling a gas is not always a wise idea. If someone
were to put a bag of potato chips into a freezer,
thinking this would preserve their flavor, he
would be in for a disappointment. Much of what
maintains the flavor of the chips is the pressur-
ization of the bag, which ensures a consistent
internal environment so that preservative chem-
icals, added during the manufacture of the chips,
can keep them fresh. Placing the bag in the freez-
er causes a reduction in pressure, as per Gay-Lus-
sac’s law, and the bag ends up a limp version of its
former self.

Propane tanks and tires offer an example of
the pitfalls that may occur by either allowing a
gas to heat up or cool down by too much.
Because most propane tanks are made according
to strict regulations, they are generally safe, but it
is not entirely inconceivable that the extreme
heat of a summer day could cause a defective
tank to burst. An increase in temperature leads to
an increase in pressure, in accordance with Gay-
Lussac’s law, and could lead to an explosion.

Because of the connection between heat and
pressure, propane trucks on the highways during
the summer are subjected to weight tests to
ensure that they are not carrying too much gas.
On the other hand, a drastic reduction in tem-
perature could result in a loss in gas pressure. If a
propane tank from Florida were transported by
truck during the winter to northern Canada, the
pressure is dramatically reduced by the time it
reaches its destination.

THE INTERNAL-COMBUSTION
ENGINE. In operating a car, we experience
two applications of the gas laws. One of these is
what makes the car run: the combustion of gases
in the engine, which illustrates the interrelation
of volume, pressure, and temperature expressed
in the laws attributed to Boyle, Charles, and Gay-
Lussac. The other is, fortunately, a less frequent
phenomenon—but it can and does save lives.
This is the operation of an airbag, which
depends, in part, on the behaviors explained in
Charles’s law.

When the driver of a modern, fuel-injection
automobile pushes down on the accelerator, this
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activates a throttle valve that sprays droplets of
gasoline mixed with air into the engine. The mix-
ture goes into the cylinder, where the piston
moves up, compressing the gas and air. While the
mixture is still at a high pressure, the electric
spark plug produces a flash that ignites the gaso-
line-air mixture. The heat from this controlled
explosion increases the volume of air, which
forces the piston down into the cylinder. This
opens an outlet valve, causing the piston to rise
and release exhaust gases.

As the piston moves back down again, an
inlet valve opens, bringing another burst of gaso-
line-air mixture into the chamber. The piston,
whose downward stroke closed the inlet valve,
now shoots back up, compressing the gas and air
to repeat the cycle. The reactions of the gasoline
and air to changes in pressure, temperature, and
volume are what move the piston, which turns a
crankshaft that causes the wheels to rotate.

THE AIRBAG. So much for moving—
what about stopping? Most modern cars are
equipped with an airbag, which reacts to sudden
impact by inflating. This protects the driver and
front-seat passenger, who, even if they are wear-
ing seatbelts, may otherwise be thrown against
the steering wheel or dashboard.

In order to perform its function properly,
the airbag must deploy within 40 milliseconds
(0.04 seconds) of impact. Not only that, but it has
to begin deflating before the body hits it. If a per-
son’s body, moving forward at speeds typical in
an automobile accident, were to smash against a
fully inflated airbag, it would feel like hitting
concrete—with all the expected results.

The airbag’s sensor contains a steel ball
attached to a permanent magnet or a stiff spring.
The spring or magnet holds the ball in place
through minor mishaps when an airbag is not
warranted—for instance, if a car were simply to
be “tapped” by another in a parking lot. But in a
case of sudden deceleration, the magnet or
spring releases the ball, sending it down a smooth
bore. The ball flips a switch, turning on an elec-
trical circuit. This in turn ignites a pellet of sodi-
um azide, which fills the bag with nitrogen gas.

At this point, the highly pressurized nitrogen
gas molecules begin escaping through vents.
Thus, as the driver’s or rider’s body hits the
airbag, the deflation of the bag is moving it in the
same direction that the body is moving—only
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KEY TERMS

ABSOLUTE TEMPERATURE: lem-
perature in relation to absolute zero
(-273.15°C or -459.67°F), as measured on
the Kelvin scale. The Kelvin and Celsius
scales are directly related; hence, Celsius
temperatures can be converted to Kelvins
(for which neither the word nor the sym-
bol for “degree” are used) by adding
273.15.

ATMOSPHERE: A measure of pres-
sure, abbreviated “atm” and equal to the
average pressure exerted by air at sea level.
In English units, this is equal to 14.7 Ib/in2,
and in SI units, to 101,300 pascals.

AVOGADRO’S LAW: A statement,
derived by the Italian physicist Amedeo
Avogadro (1776-1856), which holds that as
the volume of gas increases under isother-
mal and isobarometric conditions, the
number of molecules (expressed in terms
of mole number), increases as well. Thus,
the ratio of volume to mole number is a

constant.

BAROMETER: An instrument for

measuring atmospheric pressure.

BOYLE’S LAw: A statement, derived
by English chemist Robert Boyle (1627-
1691), which holds that for gases in
isothermal conditions, an inverse relation-
ship exists between the volume and pres-
sure of a gas. This means that the greater
the pressure, the less the volume and vice
versa, and therefore the product of pres-
sure multiplied by volume yields a constant

figure.

CHARLES’S LAW: A statement,
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derived by French physicist and chemist
J. A. C. Charles (1746-1823), which holds
that for gases in isobarometric conditions,
the ratio between the volume and temper-
ature of a gas is constant. This means that
the greater the temperature, the greater the
volume, and vice versa.

DALTON’S LAW OF PARTIAL PRES-
SuRrRE: A statement, derived by the
English chemist John Dalton (1766-1844),
which holds that the total pressure of a gas
is equal to the sum of its partial pres-
sures—that is, the pressure exerted by each
component of the gas mixture.

GAS: A phase of matter in which mole-
cules move at high speeds, and therefore
exert little or no attraction toward one

another.

GAS LAws: A series of statements
concerning the behavior of gases in
response to changes in temperature, pres-
sure, and volume. The gas laws, developed
by scientists during the seventeenth, eigh-
teenth, and nineteenth centuries, include
Avogadro’s law, Boyle’s law, Charles’s law,
Dalton’s law of partial pressures, Gay-Lus-
sac’s law, and Henry’s law. These are
summed up in the ideal gas law. The kinet-
ic theory of gases is based on observations

garnered from these laws.

GAY-LUSSAC’S LAW: A statement,
derived by French physicist and chemist
Joseph Gay-Lussac (1778-1850), which
holds that the pressure of a gas is directly
related to its absolute temperature. Hence,
the ratio of pressure to absolute tempera-

ture is a constant.

HENRY’S LAW: A statement, derived
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KEY TERMS coNTINUED

by English chemist William Henry (1774-
1836), which holds that the amount of gas
dissolved in a liquid is directly proportion-
al to the partial pressure of the gas above
the solution. This holds true only for gases,
such as hydrogen and oxygen, which do

not react chemically to liquids.

IDEAL GAS LAW: A proposition, also
known as the combined gas law, which
draws on all the gas laws. The ideal gas law
can be expressed as the formula pV = nRT,
where p stands for pressure, V for volume,
n for number of moles, and T for tempera-
ture. R is known as the universal gas con-
stant, a figure equal to 0.0821 atm -

liter/mole * K.

ISOTHERMAL: Referring to a situa-

tion in which temperature is kept constant.

ISOBAROMETRIC: Referring to a sit-

uation in which pressure is kept constant.

KINETIC ENERGY: The energy that

an object possesses by virtue of its motion.

KINETIC THEORY OF GASES: A set
of propositions describing a gas as consist-
ing of numerous molecules, relatively far
apart in space, which interact by colliding.
These collisions are responsible for the
production of thermal energy, because
when the velocity of the molecules increas-
es—as it does after collision—the temper-

ature increases as well.

MILLIMETER OF MERCURY: Anoth-

er name for the torr, abbreviated mm Hg.

much, much more slowly. Two seconds after
impact, which is an eternity in terms of the
processes involved, the pressure inside the bag
has returned to 1 atm.
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mMoLe: The SI fundamental unit for
“amount of substance.” The quantity of
molecules or atoms in a mole is, generally
speaking, the same as Avogadro’s number:
6.022137 + 1023. However, in the more pre-
cise SI definition, a mole is equal to the
number of carbon atoms in 12.01 g of car-

bon.

PARTIAL PRESSURE: When two or
more gases are present in a container, par-
tial pressure is the pressure that one of
them exerts if it alone is in the container.
Dalton’s law of partial pressure and
Henry’s law relate to the partial pressure of

gases.

PAscAL: The principle SI or metric
unit of pressure, abbreviated “Pa” and

equal to 1 N/ma2.

PRESSURE: The ratio of force to sur-
face area, when force is applied in a direc-

tion perpendicular to that surface.

THERMAL ENERGY: A form of kinet-
ic energy—commonly called “heat”—that
is produced by the movement of atomic or
molecular particles. The greater the
motion of these particles relative to one

another, the greater the thermal energy.

ToRrRR: An SI unit, also known as the
millimeter of mercury, that represents the
pressure required to raise a column of mer-
cury 1 mm. The torr, equal to 133 Pascals,
is named for the Italian physicist Evange-
lista Torricelli (1608-1647), who invented

the barometer.

The chemistry of the airbag is particularly
interesting. The bag releases inert, or non-reac-
tive, nitrogen gas, which poses no hazard to
human life; yet one of the chemical ingredients in
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the airbag is so lethal that some environmentalist
groups have begun to raise concerns over its
presence in airbags. This is sodium azide (NaNj),
one of three compounds—along with potassium
nitrate (KNO;) and silicon dioxide (SiO,)—pres-
ent in an airbag prior to inflation.

The sodium azide and potassium nitrate
react to one another, producing a burst of hot
nitrogen gas in two back-to-back reactions. In
the fractions of a second during which this
occurs, the airbag becomes like a solid-rocket
booster, experiencing a relatively slow detonation
known as “deflagration.”

The first reaction releases nitrogen gas,
which fills the bag, while the second reaction
leaves behind the by-products potassium oxide
(K,0) and sodium oxide (Na,O). These combine
with the silicon dioxide to produce a safe, stable
compound known as alkaline silicate. The latter,
similar to the sand used for making glass, is all
that remains in the airbag after the nitrogen gas
has escaped.
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CONCEPT

Our world is made up of atoms, yet the atomic
model of the universe is nonetheless considered a
“theory.” When scientists know beyond all rea-
sonable doubt that a particular principle is the
case, then it is dubbed a law. Laws address the fact
that certain things happen, as well as how they
happen. A theory, on the other hand, attempts to
explain why things happen. By definition, an idea
that is dubbed a theory has yet to be fully proven,
and such is the case with the atomic theory of
matter. After all, the atom cannot be seen, even
with electron microscopes—yet its behavior can
be studied in terms of its effects. Atomic theory
explains a great deal about the universe, includ-
ing the relationship between chemical elements,
and therefore (as with Darwin’s theory concern-
ing biological evolution), it is generally accepted
as fact. The particulars of this theory, including
the means by which it evolved over the centuries,
are as dramatic as any detective story. Nonethe-
less, much still remains to be explained about the
atom—particularly with regard to the smallest
items it contains.

HOW IT WORKS

WHY STUuDY ATOMS?

Many accounts of the atom begin with a history
of the growth in scientists’ understanding of its
structure, but here we will take the opposite
approach, first discussing the atom in terms of
what physicists and chemists today understand.
Only then will we examine the many challenges
scientists faced in developing the current atomic
model: false starts, wrong theories, right roads
not taken, incomplete models. In addition, we
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will explore the many insights added along the
way as, piece by piece, the evidence concerning
atomic behavior began to accumulate.

People who are not scientifically trained
tend to associate studies of the atom with
physics, not chemistry. While it is true that physi-
cists study atomic structure, and that much of
what scientists know today about atoms comes
from the work of physicists, atomic studies are
even more integral to chemistry than to physics.
At heart, chemistry is about the interaction of
different atomic and molecular structures: their
properties, their reactions, and the ways in which
they bond.

WHAT THE ATOM MEANS TO
CHEMISTRY. Just as a writer in English
works with the 26 letters of the alphabet, a
chemist works with the 100-plus known ele-
ments, the fundamental and indivisible sub-
stances of all matter. And what differentiates the
elements, ultimately, from one another is not
their color or texture, or even the phase of mat-
ter—solid, gas, or liquid—in which they are nor-
mally found. Rather, the defining characteristic
of an element is the atom that forms its basic
structure.

The number of protons in an atom is the
critical factor in differentiating between ele-
ments, while the number of neutrons alongside
the protons in the nucleus serves to distinguish
one isotope from another. However, as important
as elements and even isotopes are to the work of
a chemist, the components of the atom’s nucleus
have little direct bearing on the atomic activity
that brings about chemical reactions and chemi-
cal bonding. All the chemical “work” of an atom
is done by particles vastly smaller in mass than
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either the protons or neutrons—fast-moving lit-
tle bundles of energy called electrons.

Moving rapidly through the space between
the nucleus and the edge of the atom, electrons
sometimes become dislodged, causing the atom
to become a positively charged ion. Conversely,
sometimes an atom takes on one or more elec-
trons, thus acquiring a negative charge. lons are
critical to the formation of some kinds of chem-
ical bonds, but the chemical role of the electron
is not limited to ionic bonds.

In fact, what defines an atom’s ability to
bond with another atom, and therefore to form a
molecule, is the specific configuration of its elec-
trons. Furthermore, chemical reactions are the
result of changes in the arrangement of electrons,
not of any activity involving protons or neutrons.
So important are electrons to the interactions
studied in chemistry that a separate essay has
been devoted to them.

WHAT AN ATOM IS

BASIC ATOMIC STRUCTURE. The
definitions of atoms and elements seems, at first
glance, almost circular: an element is a substance
made up of only one kind of atom, and an atom
is the smallest particle of an element that retains
all the chemical and physical properties of the
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element. In fact, these two definitions do not
form a closed loop, as they would if it were stat-
ed that an element is something made up of
atoms. Every item of matter that exists, except for
the subatomic particles discussed in this essay, is
made up of atoms. An element, on the other
hand, is—as stated in its definition—made up of
only one kind of atom. “Kind of atom” in this
context refers to the number of protons in its
nucleus.

Protons are one of three basic subatomic
particles, the other two being electrons and neu-
trons. As we shall see, there appear to be particles
even smaller than these, but before approaching
these “sub-subatomic” particles, it is necessary to
address the three most significant components of
an atom. These are distinguished from one
another in terms of electric charge: protons are
positively charged, electrons are negative in
charge, and neutrons have no electrical charge.
As with the north and south poles of magnets,
positive and negative charges attract one another,
whereas like charges repel. Atoms have no net
charge, meaning that the protons and electrons
cancel out one another.

EVOLVING MODELS OF THE
ATOM. Scientists originally thought of an atom
as a sort of closed sphere with a relatively hard
shell, rather like a ball bearing. Nor did they ini-
tially understand that atoms themselves are divis-
ible, consisting of the parts named above. Even as
awareness of these three parts emerged in the last
years of the nineteenth century and the first part
of the twentieth, it was not at all clear how they
fit together.

At one point, scientists believed that elec-
trons floated in a cloud of positive charges. This
was before the discovery of the nucleus, where
the protons and neutrons reside at the heart of
the atom. It then became clear that electrons
were moving around the nucleus, but how? For a
time, a planetary model seemed appropriate: in
other words, electrons revolved around the
nucleus much as planets orbit the Sun. Eventual-
ly, however—as is often the case with scientific
discovery—this model became unworkable, and
had to be replaced by another.

The model of electron behavior accepted
today depicts the electrons as forming a cloud
around the nucleus—almost exactly the opposite
of what physicists believed a century ago. The use
of the term “cloud” may perhaps be a bit mis-
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leading, implying as it does something that sim-
ply hovers. In fact, the electron, under normal
circumstances, is constantly moving. The paths
of its movement around the nucleus are nothing
like that of a planet’s orbit, except inasmuch as
both models describe a relatively small object
moving around a relatively large one.

The furthest edges of the electron’s move-
ment define the outer perimeters of the atom.
Rather than being a hard-shelled little nugget of
matter, an atom—to restate the metaphor men-
tioned above—is a cloud of electrons surround-
ing a nucleus. Its perimeters are thus not sharply
delineated, just as there is no distinct barrier
between Earth’s atmosphere and space itself. Just
as the air gets thinner the higher one goes, so it is
with an atom: the further a point is from the
nucleus, the less the likelihood that an electron
will pass that point on a given orbital path.

NUCLEONS

MASS NUMBER AND ATOMIC
NuMBER. The term nucleon is used generi-
cally to describe the relatively heavy particles that
make up an atomic nucleus. Just as “sport” can
refer to football, basketball, or baseball, or any
other item in a similar class, such as soccer or
tennis, “nucleon” refers to protons and neutrons.
The sum of protons and neutrons is sometimes
called the nucleon number, although a more
commonly used term is mass number.

Though the electron is the agent of chemical
reactions and bonding, it is the number of pro-
tons in the nucleus that defines an atom as to its
element. Atoms of the same element always have
the same number of protons, and since this fig-
ure is unique for a given element, each element is
assigned an atomic number equal to the number
of protons in its nucleus. The atoms are listed in
order of atomic number on the periodic table of
elements.

ATOMIC MASS AND ISOTOPES.
A proton has a mass of 1.673 < 10-2¢ g, which is
very close to the established figure for measuring
atomic mass, the atomic mass unit. At one time,
the basic unit of atomic mass was equal to the
mass of one hydrogen atom, but hydrogen is so
reactive—that is, it tends to combine readily with
other atoms to form a molecule, and hence a
compound—that it is difficult to isolate. Instead,
the atomic mass unit is today defined as 1/12 of
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the mass of a carbon-12 atom. That figure is
exactly 1.66053873 « 10-2¢ grams.

The mention of carbon-12, a substance
found in all living things, brings up the subject of
isotopes. The “12” in carbon-12 refers to its mass
number, or the sum of protons and neutrons.
Two atoms may be of the same element, and thus
have the same number of protons, yet differ in
their number of neutrons—which means a dif-
ference both in mass number and atomic mass.
Such differing atoms of the same element are
called isotopes. Isotopes are often designated by
symbols showing mass number to the upper left
of the chemical symbol or element symbol—for
instance, 12C for carbon-12.

ELECTRIC CHARGE. Protons have a
positive electric charge of 1, designated either as
1+ or +1. Neutrons, on the other hand, have no
electric charge. It appears that the 1+ charge of a
proton and the 0 charge of a neutron are the
products of electric charges on the part of even
smaller particles called quarks. A quark may
either have a positive electric charge of less than
1+, in which case it is called an “up quark™; or a
negative charge of less than 1—, in which case it is
called a “down quark.”

Research indicates that a proton contains
two up quarks, each with a charge of 2/3+, and
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THE EVOLUTION OF ATOMIC THEORY.

one down quark with a charge of 1/3—. This
results in a net charge of 1+. On the other hand,
a neutron is believed to hold one up quark with
a charge of 2/3+, and two down quarks with
charges of 1/3— each. Thus, in the neutron, the up
and down quarks cancel out one another, and the
net charge is zero.

A neutron has about the same mass as a pro-
ton, but other than its role in forming isotopes,
the neutron’s function is not exactly clear. Per-
haps, it has been speculated, it binds protons—
which, due to their positive charges, tend to repel
one another—together at the nucleus.

ELECTRONS

An electron is much smaller than a proton or
neutron, and has much less mass; in fact, its mass
is equal to 1/1836 that of a proton, and 1/1839
that of a neutron. Yet the area occupied by elec-
trons—the region through which they move—
constitutes most of the atom’s volume. If the
nucleus of an atom were the size of a BB (which,
in fact, is billions of times larger than a nucleus),
the furthest edge of the atom would be equiva-
lent to the highest ring of seats around an indoor
sports arena. Imagine the electrons as incredibly
fast-moving insects buzzing constantly through
the arena, passing by the BB but then flitting to
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the edges or points in between, and you have
something approaching an image of the atom’s
interior.

How fast does an electron move? Speeds
vary depending on a number of factors, but it can
move nearly as fast as light: 186,000 mi (299,339
km) per second. On the other hand, for an item
of matter near absolute zero in temperature, the
velocity of the electron is much, much less. In any
case, given the fact that an electron has enough
negative charge to cancel out that of the proton,
it must be highly energized. After all, this would
be like an electric generator weighing 1 1b having
as much power as a generator that weighed 1 ton.

According to what modern scientists know
or hypothesize concerning the inner structure of
the atom, electrons are not made up of quarks;
rather, they are part of a class of particles called
leptons. It appears that leptons, along with
quarks and what are called exchange particles,
constitute the elementary particles of atoms—
particles on a much more fundamental level than
that of the proton and neutron.

Electrons are perhaps the most intriguing
parts of an atom. Their mass is tiny, even in
atomic terms, yet they possess enough charge to
counteract a “huge” proton. They are capable, in
certain situations, of moving from one atom to
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another, thus creating ions, and depending on
their highly complex configuration and ability to
rearrange their configuration, they facilitate or
prevent chemical reactions.

REAL-LIFE
APPLICATIONS

ANCIENT GREEK THEORIES
OF MATTER

The first of the Greek philosophers, and the first
individual in Western history who deserves to be
called a scientist, was Thales (c. 625-c. 547 B.C.) of
Miletus. (Miletus is in Greek Asia Minor, now
part of Turkey.) Among his many achievements
were the correct prediction of a solar eclipse, and
one of the first-ever observations of electricity,
when he noted the electrification of amber by
friction.

But perhaps the greatest of Thales’s legacies
was his statement that “Everything is water.” This
represented the first attempt to characterize the
nature of all physical reality. It set off a debate
concerning the fundamental nature of matter
that consumed Greek philosophers for two cen-
turies. Later, philosophers attempted to charac-
terize matter in terms of fire or air. In time, how-
ever, there emerged a school of thought con-
cerned not with identifying matter as one partic-
ular thing or another, but with recognizing a
structural consistency in all of matter. Among
these were the philosophers Leucippus (c. 480-c.
420 B.C.) and his student Democritus (c. 460-370
B.C.)

DEMOCRITUS’S “ATOMS”. Leu-
cippus and Democritus proposed a new and
highly advanced model for the tiniest point of
physical space. Democritus, who actually articu-
lated these ideas (far less is known about Leucip-
pus) began with a “thought experiment,” imagin-
ing what would happen if an item of matter were
subdivided down to its smallest piece. This tini-
est fragment, representing an item of matter that
could not be cut into smaller pieces, he called by
a Greek term meaning “no cut”: atomos.

Democritus was not necessarily describing
matter in a concrete, scientific way: his “atoms”
were idealized philosophical constructs rather
than purely physical units. Yet, he came amazing-
ly close, and indeed much closer than any thinker
for the next 22 centuries, to identifying the fun-
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damental structure of physical reality. Why did it
take so long for scientists to come back around to
the atomic model? The principal culprit, who
advanced an erroneous theory of matter, also
happened to be one of the greatest thinkers of all
time: Aristotle (384-322 B.C..)

ARISTOTLE’S
Aristotle made numerous contributions to sci-
ence, including his studies in botany and zoolo-
gy, as well as his explanation of the four causes, a

“ELEMENTS”.

significant attempt to explain events by means
other than myth or superstition. In the area of
the physical sciences, however, Aristotle’s impact
was less than beneficial. Most notably, in explain-
ing why objects fall when dropped, he claimed
that the ground was their “natural” destination—
a fallacy later overturned with the gravitational
model developed by Galileo Galilei (1564-1642)
and Sir Isaac Newton (1642-1727).

The ideas Aristotle put forward concerning
what he called “natural motion” were a product
of his equally faulty theories with regard to what
today’s scientists refer to as chemistry. In ancient
times, chemistry, as such, did not exist. Long
before Aristotle’s time, Egyptian embalmers and
metallurgists used chemical processes, but they
did so in a practical, applied manner, exerting lit-
tle effort toward what could be described as sci-
entific theory. Philosophers such as Aristotle,
who were some of the first scientists, made little
distinction between physical and chemical
processes. Thus, whereas physics is understood
today as an important background for chemistry,
Aristotle’s “physics” was actually an outgrowth of
his “chemistry.”

Rejecting Democritus’s atomic model, Aris-
totle put forward his own view of matter. Like
Democritus, he believed that matter was com-
posed of very small components, but these he
identified not as atoms, but as “elements”: earth,
air, fire, and water. He maintained that all objects
consisted, in varying degrees, of one or more of
these, and based his explanation of gravity on the
relative weights of each element. Water sits on
top of the earth, he explained, because it is
lighter, yet air floats above the water because it is
lighter still—and fire, lightest of all, rises highest.
Furthermore, he claimed that the planets beyond
Earth were made up of a “fifth element,” or quin-
tessence, of which little could be known.

In fairness to Aristotle, it should be pointed
out that it was not his fault that science all but
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died out in the Western world during the period
from about A.D. 200 to about 1200. Furthermore,
he did offer an accurate definition of an element,
in a general sense, as “one of those simple bodies
into which other bodies can be decomposed, and
which itself is not capable of being divided into
others.” As we shall see, the definition used today
is not very different from Aristotle’s. However, to
define an element scientifically, as modern
chemists do, it is necessary to refer to something
Aristotle rejected: the atom. So great was his
opposition to Democritus’s atomic theory, and
so enormous was Aristotle’s influence on learn-
ing for more than 1,500 years following his
death, that scientists only began to reconsider
atomic theory in the late eighteenth century.

A MATURING CONCEPT OF
ELEMENTS

BOYLE’'S IDEA OF ELEMENTS.
One of the first steps toward an understanding of
the chemical elements came with the work of
English physicist and chemist Robert Boyle
(1627-1691). Building on the usable definition of
an element provided by Aristotle, Boyle main-
tained no substance was an element if it could be
broken down into other substances. Thus, air
could be eliminated from the list of “elements,”
because, clearly, it could be separated into more
than one elemental substance. (In fact, none of
the four “elements” identified by Aristotle even
remotely qualifies as an element in modern
chemistry.)

Boyle, nonetheless, still clung to aspects of
alchemy, a pseudo-science based on the transfor-
mation of “base metals,” for example, the meta-
morphosis of iron into gold. Though true chem-
istry grew out of alchemy, the fundamental
proposition of alchemy was faulty: if one metal
can be turned into another, then that means that
metals are not elements, which, in fact, they are.
Nonetheless, Boyle’s studies led to the identifica-
tion of numerous elements—that is, items that
really are elements—in the years that followed.

LAVOISIER AND PROUST: CON-
STANT COMPOSITION. A few years after
Boyle came two French chemists who extended
scientific understanding of the elements. Antoine
Lavoisier (1743-1794) affirmed the definition of
an element as a simple substance that could not
be broken down into a simpler substance, and
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noted that elements always react with one anoth-
er in the same proportions.

Joseph-Louis Proust (1754-1826) put for-
ward the law of constant composition, which
holds that a given compound always contains the
same proportions of mass between elements.
Another chemist of the era had claimed that the
composition of a compound varies in accordance
with the reactants used to produce it. Proust’s law
of constant composition made it clear that any
particular compound will always have the same
composition.

EARLY MODERN UNDERSTANDING
OF THE ATOM

DALTON AND AVOGADRO:
ATOMS AND MOLECULES. The work
of Lavoisier and Proust influenced a critical fig-
ure in the development of the atomic model:
English chemist John Dalton (1766-1844). In A
New System of Chemical Philosophy (1808), Dal-
ton put forward the idea that nature is composed
of tiny particles, and in so doing he adopted
Democritus’s word “atom” to describe these basic
units. This idea, which Dalton had formulated
five years earlier, marked the starting-point of
modern atomic theory.

Dalton recognized that the structure of
atoms in a particular element or compound is
uniform, but maintained that compounds are
made up of compound atoms: in other words,
water, for instance, is a compound of “water
atoms.” However, water is not an element, and
thus, it was necessary to think of its atomic com-
position in a different way—in terms of mole-
cules rather than atoms. Dalton’s contemporary
Amedeo Avogadro (1776-1856), an Italian physi-
cist, became the first scientist to clarify the dis-
tinction between atoms and molecules.

The later development of the mole, which
provided a means whereby equal numbers of
molecules could be compared, paid tribute to
Avogadro by designating the number of mole-
cules in a mole as “Avogadro’s number.” Another
contemporary, Swedish chemist Jons Berzelius
(1779-1848), maintained that equal volumes of
gases at the same temperature and pressure con-
tained equal numbers of atoms. Using this idea,
he compared the mass of various reacting gases,
and developed a system of comparing the mass of
various atoms in relation to the lightest one,
hydrogen. Berzelius also introduced the system
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of chemical symbols—H for hydrogen, O for
oxygen, and so on—in use today.

BROWNIAN
KINETIC THEORY. Yet another figure
whose dates overlapped with those of Dalton,
Avogadro, and Berzelius was Scottish botanist
Robert Brown (1773-1858). In 1827, Brown
noted a phenomenon that later had an enormous
impact on the understanding of the atom. While
studying pollen grains under a microscope,
Brown noticed that the grains underwent a curi-
ous zigzagging motion in the water. The pollen
assumed the shape of a colloid, a pattern that
occurs when particles of one substance are dis-
persed—but not dissolved—in another sub-
stance. At first, Brown assumed that the motion
had a biological explanation—that is, it resulted
from life processes within the pollen—but later,
he discovered that even pollen from long-dead
plants behaved in the same way.

MOTION AND

Brown never understood what he was wit-
nessing. Nor did a number of other scientists,
who began noticing other examples of what
came to be known as Brownian motion: the con-
stant but irregular zigzagging of colloidal parti-
cles, which can be seen clearly through a micro-
scope. Later, however, Scottish physicist James
Clerk Maxwell (1831-1879) and others were able
to explain this phenomenon by what came to be
known as the kinetic theory of matter.

Kinetic theory is based on the idea that mol-
ecules are constantly in motion: hence, the water
molecules were moving the pollen grains Brown
observed. Pollen grains are many thousands of
times as large as water molecules, but since there
are so many molecules in even a drop of water,
and their motion is so constant but apparently
random, they are bound to move a pollen grain
once every few thousand collisions.

MENDELEEV AND THE PERIODIC
TABLE

In 1869, Russian chemist Dmitri Mendeleev
(1834-1907) introduced a highly useful system
for organizing the elements, the periodic table.
Mendeleev’s table is far more than just a handy
chart listing elements: at once simple and highly
complex, it shows elements in order of increasing
atomic mass, and groups together those exhibit-
ing similar forms of chemical behavior and
structure.
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Reading from right to left and top to bot-
tom, the periodic table, as it is configured today,
lists atoms in order of atomic number, generally
reflected by a corresponding increase in average
atomic mass. As Mendeleev observed, every
eighth element on the chart exhibits similar
characteristics, and thus the chart is organized
in columns representing specific groups of
elements.

The patterns Mendeleev observed were so
regular that for any “hole” in his table, he pre-
dicted that an element would be discovered that
would fill that space. For instance, at one point
there was a gap between atomic numbers 71 and
73 (lutetium and tantalum, respectively).
Mendeleev indicated that an atom would be
found for the space, and 15 years after this pre-
diction, the element germanium was isolated.

However, much of what defines an element’s
place on the chart today relates to subatomic par-
ticles—protons, which determine atomic num-
ber, and electrons, whose configurations explain
certain chemical similarities. Mendeleev was
unaware of these particles: from the time he cre-
ated his table, it was another three decades before
the discovery of the first of these particles, the
electron. Instead, he listed the elements in an
order reflecting outward characteristics now
understood to be the result of the quantity and
distribution of protons and electrons.

ELECTROMAGNETISM
AND RADIATION

The contribution of Mendeleev’s contemporary,
Maxwell, to the understanding of the atom was
not limited to his kinetic theory. Building on the
work of British physicist and chemist Michael
Faraday (1791-1867) and others, in 1865 he pub-
lished a paper outlining a theory of a fundamen-
tal interaction between electricity and magnet-
ism. The electromagnetic interaction, as it later
turned out, explained something that gravita-
tion, the only other form of fundamental inter-
action known at the time, could not: the force
that held together particles in an atom.

The idea of subatomic particles was still a
long time in coming, but the model of electro-
magnetism helped make it possible. In the long
run, electromagnetism was understood to
encompass a whole spectrum of energy radia-
tion, including radio waves; infrared, visible, and
ultraviolet light; x rays; and gamma rays. But this,
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too, was the product of work on the part of
numerous individuals, among whom was English
physicist William Crookes (1832-1919).

In the 1870s, Crookes developed an appara-
tus later termed a Crookes tube, with which he
sought to analyze the “rays”—that is, radiation—
emitted by metals. The tube consisted of a glass
bulb, from which most of the air had been
removed, encased between two metal plates or
electrodes, referred to as a cathode and an anode.
A wire led outside the bulb to an electric source,
and when electricity was applied to the elec-
trodes, the cathodes emitted rays. Crookes con-
cluded that the cathode rays were particles with a
negative electric charge that came from the metal
in the cathode plate.

RADIATION. In 1895, German physicist
Wilhelm Rontgen (1845-1923) noticed that pho-
tographic plates held near a Crookes tube
became fogged, and dubbed the rays that had
caused the fogging “x rays.” A year after Rontgen’s
discovery, French physicist Henri Becquerel
(1852-1908) left some photographic plates in a
drawer with a sample of uranium. Uranium had
been discovered more than a century before;
however, there were few uses for it until Becquer-
el discovered that the uranium likewise caused a
fogging of the photographic plates.

Thus radioactivity, a type of radiation
brought about by atoms that experience radioac-
tive decay was discovered. The term was coined
by Polish-French physicist and chemist Marie
Curie (1867-1934), who with her husband Pierre
(1859-1906), a French physicist, was responsible
for the discovery of several radioactive elements.

THE RISE AND FALL OF THE
PLuM PuUDDING MODEL

Working with a Crookes tube, English physicist
J. J. Thomson (1856-1940) hypothesized that the
negatively charged particles Crookes had
observed were being emitted by atoms, and in
1897, he gave a name to these particles: electrons.
The discovery of the electron raised a new ques-
tion: if Thomson’s particles exerted a negative
charge, from whence did the counterbalancing
positive charge come?

An answer, of sorts, came from William
Thomson, not related to the other Thomson and,
in any case, better known by his title as Lord
Kelvin (1824-1907). Kelvin compared the struc-
ture of an atom to an English plum pudding: the
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electrons were like raisins, floating in a positively
charged “pudding”—that is, an undifferentiated
cloud of positive charges.

Kelvin’s temperature scale contributed
greatly to the understanding of molecular
motion as encompassed in the kinetic theory of
matter. However, his model for the distribution
of charges in an atom—charming as it may have
been—was incorrect. Nonetheless, for several
decades, the “plum pudding model,” as it came to
be known, remained the most widely accepted
depiction of the way that electric charges were
distributed in an atom. The overturning of the
plum pudding model was the work of English
physicist Ernest Rutherford (1871-1937), a stu-
dent of J. J. Thomson.

RUTHERFORD IDENTIFIES THE
NucLEUS. Rutherford did not set out to dis-
prove the plum pudding model; rather, he was
conducting tests to find materials that would
block radiation from reaching a photographic
plate. The two materials he identified, which
were, respectively, positive and negative in elec-
tric charge, he dubbed alpha and beta particles.
(An alpha particle is a helium nucleus stripped of
its electrons, such that it has a positive charge of
2; beta particles are either electrons or positively
charged subatomic particles called positrons. The
beta particle Rutherford studied was an electron
emitted during radioactive decay.)

Using a piece of thin gold foil with photo-
graphic plates encircling it, Rutherford bom-
barded the foil with alpha particles. Most of the
alpha particles went straight through the foil—as
they should, according to the plum pudding
model. However, a few particles were deflected
from their course, and some even bounced back.
Rutherford later said it was as though he had
fired a gun at a piece of tissue paper, only to see
the tissue deflect the bullets. Analyzing these
results, Rutherford concluded that there was no
“pudding” of positive charges: instead, the atom
had a positively charged nucleus at its center.

THE NUCLEUS EMERGES

PROTONS AND ISOTOPES. In
addition to defining the nucleus, Rutherford also
gave a name to the particles that imparted its
positive charge: protons. But just as the identifi-
cation of the electron had raised new questions
that, in being answered, led to the discovery of
the proton, Rutherford’s achievement only
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brought up new anomalies concerning the
behavior of the nucleus.

Together with English chemist Frederick
Soddy (1877-1956), Rutherford discovered that
when an atom emitted alpha or beta particles, its
atomic mass changed. Soddy had a name for
atoms that displayed this type of behavior: iso-
topes. Certain types of isotopes, Soddy and
Rutherford went on to conclude, had a tendency
to decay, moving toward stabilization, and this
decay explained radioactivity.

CLARIFYING THE PERIODIC
TABLE. Soddy concluded that atomic mass, as
measured by Berzelius, was actually an average of
the mass figures for all isotopes within that ele-
ment. This explained a problem with
Mendeleev’s periodic table, in which there
seemed to be irregularities in the increase of
atomic mass from element to element. The
answer to these variations in mass, it turned out,
related to the number of isotopes associated with
a given element: the greater the number of iso-
topes, the more these affected the overall meas-
ure of the element’s mass.

By this point, physicists and chemists had
come to understand that various levels of energy
in matter emitted specific electromagnetic wave-
lengths. Welsh physicist Henry Moseley (1887-
1915) experimented with x rays, bombarding
atoms of different elements with high levels of
energy and observing the light they gave off as
they cooled. In the course of these tests, he
uncovered an astounding mathematical relation-
ship: the amount of energy a given element emit-
ted was related to its atomic number.

Furthermore, the atomic number corre-
sponded to the number of positive charges—this
was in 1913, before Rutherford had named the
proton—in the nucleus. Mendeleev had been
able to predict the discovery of new elements, but
such predictions had remained problematic.
When scientists understood the idea of atomic
number, however, it became possible to predict
the existence of undiscovered elements with
much greater accuracy.

NEUTRONS. Yetagain, discoveries—the
nucleus, protons, and the relationship between
these and atomic number—only created new
questions. (This, indeed, is one of the hallmarks
of an active scientific theory. Rather than settling
questions, science is about raising new ones, and
thus improving the quality of the questions that
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are asked.) Once Rutherford had identified the
proton, and Moseley had established the number
of protons, the mystery at the heart of the atom
only grew deeper.

Scientists had found that the measured mass
of atoms could not be accounted for by the num-
ber of protons they contained. Certainly, the
electrons had little to do with atomic mass: by
then it had been shown that the electron weighed
about 0.06% as much as a proton. Yet for all ele-
ments other than protium (the first of three
hydrogen isotopes), there was a discrepancy
between atomic mass and atomic number. Clear-
ly, there had to be something else inside the
nucleus.

In 1932, English physicist James Chadwick
(1891-1974) identified that “something else.”
Working with radioactive material, he found that
a certain type of subatomic particle could pene-
trate lead. All other known types of radiation
were stopped by the lead, and therefore, Chad-
wick reasoned that this particle must be neutral
in charge. In 1932, he won the Nobel Prize in
Physics for his discovery of the neutron.

THE NUCLEAR EXPLOSION

ISOTOPES AND RADIOACTIVI-
TY. Chadwick’s discovery clarified another mys-
tery, that of the isotope, which had been raised by
Rutherford and Soddy several decades earlier.
Obviously, the number of protons in a nucleus
did not change, but until the identification of the
neutron, it had not been clear what it was that
did change. At that point, it was understood that
two atoms may have the same atomic number—
and hence be of the same element—yet they
may differ in number of neutrons, and thus be
isotopes.

As the image of what an isotope was became
clearer, so too did scientists’ comprehension of
radioactivity. Radioactivity, it was discovered,
was most intense where an isotope was the most
unstable—that is, in cases where an isotope had
the greatest tendency to experience decay. Urani-
um had a number of radioactive isotopes, such as
235U, and these found application in the burgeon-
ing realm of nuclear power—both the destruc-
tive power of atomic bombs, and later the con-
structive power of nuclear energy plants.

FISSION VS. FusioN. In nuclear
fission, or the splitting of atoms, uranium iso-
topes (or other radioactive isotopes) are bom-

VOLUME 1: REAL-LIFE CHEMISTRY

ATOMS



ATOMS

barded with neutrons, splitting the uranium
nucleus in half and releasing huge amounts of
energy. As the nucleus is halved, it emits several
extra neutrons, which spin off and split more
uranium nuclei, creating still more energy and
setting off a chain reaction. This explains the
destructive power in an atomic bomb, as well as
the constructive power—providing energy to
homes and businesses—in a nuclear power plant.
Whereas the chain reaction in an atomic bomb
becomes an uncontrolled explosion, in a nuclear
plant the reaction is slowed and controlled.

Yet nuclear fission is not the most powerful
form of atomic reaction. As soon as scientists
realized that it was possible to force particles out
of a nucleus, they began to wonder if particles
could be forced into the nucleus. This type of
reaction, known as fusion, puts even nuclear fis-
sion, with its awesome capabilities, to shame:
nuclear fusion is, after all, the power of the Sun.
On the surface of that great star, hydrogen atoms
reach incredible temperatures, and their nuclei
fuse to create helium. In other words, one ele-
ment actually transforms into another, releasing
enormous amounts of energy in the process.

NUCLEAR ENERGY IN WAR AND
PEACE. The atomic bombs dropped by the
United States on Japan in 1945 were fission
bombs. These were the creation of a group of sci-
entists—legendary figures such as American
physicist J. Robert Oppenheimer (1904-1967),
American mathematician John von Neumann
(1903-1957), American physicist Edward Teller
(1908-), and Italian physicist Enrico Fermi
(1901-1954)—involved in the Manhattan Project
at Las Alamos, New Mexico.

Some of these geniuses, particularly Oppen-
heimer, were ambivalent about the moral impli-
cations of the enormous destructive power they
created. However, most military historians
believe that far more lives—both Japanese and
American—would have been lost if America had
been forced to conduct a land invasion of Japan.
As it was, the Japanese surrendered shortly after
the cities of Hiroshima and Nagasaki suffered the
devastating effects of fission-based explosions.

By 1952, U.S. scientists had developed a
“hydrogen,” or fusion bomb, thus raising the
stakes greatly. This was a bomb that possessed far
more destructive capability than the ones
dropped over Japan. Fortunately, the Hiroshima
and Nagasaki bombs were the only ones dropped
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in wartime, and a ban on atmospheric nuclear
testing has greatly reduced the chances of human
exposure to nuclear fallout of any kind. With the
end of the arms race between the United States
and the Soviet Union, the threat of nuclear
destruction has receded somewhat—though it
will perhaps always be a part of human life.

Nonetheless, fear of nuclear power, spawned
as a result of the arms race, continues to cloud
the future of nuclear plants that generate elec-
tricity—even though these, in fact, emit less
radioactive pollution than coal- or gas-burning
power plants. At the same time, scientists contin-
ue to work on developing a process of power gen-
eration by means of nuclear fusion, which, if and
when it is achieved, will be one of the great mir-
acles of science.

PARTICLE ACCELERATORS. One
of the tools used by scientists researching nuclear
fusion is the particle accelerator, which moves
streams of charged particles—protons, for
instance—faster and faster. These fast particles
are then aimed at a thin plate composed of a light
element, such as lithium. If the proton manages
to be “captured” in the nucleus of a lithium atom,
the resulting nucleus is unstable, and breaks into
alpha particles.

This method of induced radioactivity is
among the most oft- used means of studying
nuclear structure and subatomic particles. In
1932, the same year that Chadwick discovered
the neutron, English physicist John D. Cockcroft
(1897-1967) and Irish physicist Ernest Walton
(1903-1995) built the first particle accelerator.
Some particle accelerators today race the parti-
cles in long straight lines or, to save space, in
ringed paths several miles in diameter.

QUANTUM THEORY AND BEYOND

THE CONTRIBUTION OF RELA-
TIVITY. It may seem strange that in this lengthy
(though, in fact, quite abbreviated!) overview of
developments in understanding of the atom, no
mention has been made of the figure most asso-
ciated with the atom in the popular mind: Ger-
man-American physicist Albert Einstein (1879-
1955). The reasons for this are several. Einstein’s
relativity theory addresses physical, rather than
chemical, processes, and did not directly con-
tribute to enhanced understanding of atomic
structure or elements. The heart of relativity the-
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ory is the famous formula E = mc2, which means
that every item of matter possesses energy pro-
portional to its mass multiplied by the squared
speed of light.

The value of me2, of course, is an enormous
amount of energy, and in order to be released in
significant quantities, an article of matter must
experience the kinetic energy associated with
very, very high speeds—speeds close to that of
light. Obviously, the easiest thing to accelerate to
such a speed is an atom, and hence, nuclear
energy is a result of Einstein’s famous equa-
tion. Nonetheless, it should be stressed that
although Einstein is associated with unlocking
the power of the atom, he did little to explain
what atoms are.

However, in the course of developing his rel-
ativity theory in 1905, Einstein put to rest a ques-
tion about atoms and molecules that still
remained unsettled after more than a century.
Einstein’s analysis of Brownian motion, com-
bined with the confirmation of his results by
French physicist Jean Baptiste Perrin (1870-
1942), showed conclusively that yes, atoms and
molecules do exist. It may seem amazing that as
recently as 1905, this was still in doubt; however,
this only serves to illustrate the arduous path sci-
entists must tread in developing a theory that
accurately explains the world.

PLANCK’S QUANTUM THEORY.
A figure whose name deserves to be as much a
household word as Einstein’s—though it is not—
is German physicist Max Planck (1858-1947). It
was Planck who initiated the quantum theory
that Einstein developed further, a theory that
prevails today in the physical sciences.

At the atomic level, Planck showed, energy is
emitted in tiny packets or “quanta.” Each of these
energy packets is indivisible, and the behavior of
quanta redefine the old rules of physics handed
down from Newton and Maxwell. Thus, it is
Planck’s quantum theory, rather than Einstein’s
relativity, that truly marks the watershed, or
“before and after,” between classical physics and
modern physics.

Quantum theory is important not only to
physics, but to chemistry as well. It helps to
explain the energy levels of electrons, which are
not continuous, as in a spectrum, but jump
between certain discrete points. The quantum
model is now also applied to the overall behavior
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of the electron; but before this could be fully
achieved, scientists had to develop a new under-
standing of the way electrons move around the
nucleus.

BOHR’S PLANETARY MODEL OF
THE ATOM. As was often the case in the his-
tory of the atom, a man otherwise respected as a
great scientist put forward a theory of atomic
structure that at first seemed convincing, but
ultimately turned out to be inaccurate. In this
case, it was Danish physicist Niels Bohr (1885-
1962), a seminal figure in the development of
nuclear fission.

Using the observation, derived from quan-
tum theory, that electrons only occupied specific
energy levels, Bohr hypothesized that electrons
orbited around a nucleus in the same way that
planets orbit the Sun. There is no reason to
believe that Bohr formed this hypothesis for any
sentimental reasons—though, of course, scien-
tists are just as capable of prejudice as anyone.
His work was based on his studies; nonetheless, it
is easy to see how this model seemed appealing,
showing as it did an order at the subatomic level
reflecting an order in the heavens.

ELECTRON CLOUDS. Many people
today who are not scientifically trained continue
to think that an atom is structured much like the
Solar System. This image is reinforced by sym-
bolism, inherited from the 1950s, that represents
“nuclear power” by showing a dot (the nucleus)
surrounded by ovals at angles to one another,
representing the orbital paths of electrons. How-
ever, by the 1950s, this model of the atom had
already been overturned.

In 1923, French physicist Louis de Broglie
(1892-1987) introduced the particle-wave
hypothesis, which indicated that electrons could
sometimes have the properties of waves—an
eventuality not encompassed in the Bohr model.
It became clear that though Bohr was correct in
maintaining that electrons occupy specific ener-
gy levels, his planetary model was inadequate for
explaining the behavior of electrons.

Two years later, in 1925, German physicist
Werner Heisenberg (1901-1976) introduced
what came to be known as the Heisenberg
Uncertainty Principle, showing that the precise
position and speed of an electron cannot be
known at the same time. Austrian physicist
Erwin Schrodinger (1887-1961) developed an
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KEY TERMS

Atom: The smallest particle of an ele-
ment that retains all the chemical and
physical properties of the element. An
atom can exist either alone or in combina-
tion with other atoms in a molecule. Atoms
are made up of protons, neutrons, and

electrons.

ATOMIC MASS UNIT: An SI unit
(abbreviated amu), equal to 1.66 * 10-24 g,

for measuring the mass of atoms.

ATOMIC NUMBER: The number of
protons in the nucleus of an atom. Since
this number is different for each element,
elements are listed on the periodic table of

elements in order of atomic number.

AVERAGE ATOMIC MASs: A figure
used by chemists to specify the mass—in
atomic mass units—of the average atom in

a large sample.

CHEMICAL SYMBOL: A one- or two-
letter abbreviation for the name of an

element.

coMPOuUND: A substance made up of
atoms of more than one element. These

atoms are usually joined in molecules.

equation for calculating how an electron with a
certain energy moves, identifying regions in an
atom where an electron possessing a certain
energy level is likely to be. Schrédinger’s equation
cannot, however, identify the location exactly.

Rather than being called orbits, which sug-
gest the orderly pattern of Bohr’s model,
Schrodinger’s regions of probability are called
orbitals. Moving within these orbitals, electrons
describe the shape of a cloud, as discussed much
earlier in this essay; as a result, the “electron
cloud” theory prevails today. This theory incor-
porates aspects of Bohr’s model, inasmuch as
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ELECTRON: Negatively charged parti-
cles in an atom. Electrons, which spin
around the protons and neutrons that
make up the atom’s nucleus, constitute a
very small portion of the atom’s mass. The
number of electrons and protons is the
same, thus canceling out one another; on
the other hand, if an atom loses or gains

electrons, it becomes an ion.

ELEMENT symBoOL: Another term for

chemical symbol.

1ON: An atom or atoms that has lost or
gained one or more electrons, and thus has

a net electric charge.

IsoToPES: Atoms that have an equal
number of protons, and hence are of the
same element, but differ in their number of

neutrons.

MAsSs NuMBER: The sum of protons

and neutrons in an atom’s nucleus.

MOLECULE: A group of atoms, usually
(but not always) representing more
than one element, joined in a structure.
Compounds are typically made up of

molecules.

electrons move from one orbital to another by
absorbing or emitting a quantum of energy.

WHERE TO LEARN MORE
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KEY TERMS conNTINUED

NEUTRON: A subatomic particle that
has no electric charge. Neutrons are found
at the nucleus of an atom, alongside

protons.

NUCLEON: A generic term for the
heavy particles—protons and neutrons—

that make up the nucleus of an atom.

NUCLEON NUMBER: Another term

for mass number.

NucLEus: The center of an atom, a
region where protons and neutrons are

located, and around which electrons spin.

PERIODIC TABLE OF ELEMENTS: A
chart that shows the elements arranged in
order of atomic number, along with chem-
ical symbol and the average atomic mass
(in atomic mass units) for that particular
element. Vertical columns within the peri-
odic table indicate groups or “families” of
elements with similar chemical character-

istics.

PROTON: A positively charged particle

in an atom. Protons and neutrons, which

Gallant, Roy A. The Ever-Changing Atom. New York:
Benchmark Books, 1999.

Goldstein, Natalie. The Nature of the Atom. New York:

Rosen Publishing Group, 2001.

“A Look Inside the Atom” (Web site). <http://www.aip.
org/history/electron/jjhome.htm> (May 18, 2001).

“Portrait of the Atom” (Web site). <http://www.

inetarena.com/~pdx4d/snelson/Portrait.html> (May

18,2001).
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together form the nucleus around which
electrons spin, have approximately the
same mass—a mass that is many times

greater than that of an electron.

RUARK: A particle believed to be a com-
ponent of protons and neutrons. A quark
may either have a positive electric charge of
less than 1+, in which case it is called an
“up quark”; or a negative charge of less
than 1-, in which case it is called a “down

quark”

RADIATION: In a general sense, radia-
tion can refer to anything that travels in a
stream, whether that stream be composed
of subatomic particles or electromagnetic
waves. In a more specific sense, the term
relates to the radiation from radioactive
materials, which can be harmful to human

beings.

RADIOACTIVITY: A term describing a
phenomenon whereby certain isotopes are
subject to a form of decay brought about
by the emission of high-energy particles or
radiation, such as alpha particles, beta par-

ticles, or gamma rays.

“A Science Odyssey: You Try It: Atom Builder.” PBS—Pub-
lic Broadcasting System (Web site). <http://www.pbs.

org/wgbh/aso/tryit/atom/> (May 18, 2001).

Spangenburg, Ray and Diane K. Moser. The History of
Science in the Nineteenth Century. New York: Facts on

File, 1994.

Zumdabhl, Steven S. Introductory Chemistry: A Founda-

tion, 4th ed. Boston: Houghton Mifflin, 2000.
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ATOMIC MASS

CONCEPT

Every known item of matter in the universe has
some amount of mass, even if it is very small. But
what about something so insignificant in mass
that comparing it to a gram is like comparing a
millimeter to the distance between Earth and the
nearest galaxy? Obviously, special units are need-
ed for such measurements; then again, one might
ask why it is necessary to weigh atoms at all. One
answer is that everything is made of atoms. More
specifically, the work of a chemist requires the
use of accurate atomic proportions in forming
the molecules that make up a compound. The
measurement of atomic mass was thus a historic
challenge that had to be overcome, and the story
of the ways that scientists met this challenge is an
intriguing one.

HOW IT WORKS

WHY MASS AND NOT WEIGHT?

Some textbooks and other sources use the term
atomic weight instead of atomic mass. The first
of these is not as accurate as the second, which
explains why atomic mass was chosen as the sub-
ject of this essay. Indeed, the use of “atomic
weight” today merely reflects the fact that scien-
tists in the past used that expression and spoke of
“weighing” atoms. Though “weigh” is used as a
verb in this essay, this is only because it is less
cumbersome than “measure the mass of” (In
addition, “atomic weight” may be mentioned
when discussing studies by scientists of the nine-
teenth century, who applied that term rather
than atomic mass.)
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One might ask why such pains have been
taken to make the distinction. Mass is, after all,
basically the same as weight, is it not? In fact it is
not, though people are accustomed to thinking
in those terms since most weight scales provide
measurements in both pounds and kilograms.
However, the pound is a unit of weight in the
English system, whereas a kilogram is a unit of
mass in the metric and SI systems. Though the
two are relatively convertible on Earth, they are
actually quite different. (Of course it would make
no more sense to measure atoms in pounds or
kilograms than to measure the width of a hair
in light-years; but pounds and kilograms are
the most familiar units of weight and mass
respectively.)

Weight is a measure of force affected by
Earth’s gravitational pull. Therefore a person’s
weight varies according to gravity, and would be
different if measured on the Moon, whereas mass
is the same throughout the universe. Its invari-
ability makes mass preferable to weight as a
parameter of scientific measure.

PUTTING AN ATOM’S SIZE
AND MASS IN CONTEXT

Mass does not necessarily relate to size, though
there is enough of a loose correlation that more
often than not, we can say that an item of very
small size will have very small mass. And atoms
are very, very small—so much so that, until the
early twentieth century, chemists and physicists
had no accurate means of isolating them to
determine their mass.

The diameter of an atom is about 10-8 cm.
This is equal to about 0.000000003937 in—or to
put it another way, an inch is about as long as 250
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million atoms lined up side by side. Obviously,
special units are required for describing the size
of atoms. Usually, measurements are provided in
terms of the angstrom, equal to 10-10 m. (In other
words, there are 10 million angstroms in a mil-
limeter.)

Measuring the spatial dimensions of an
atom, however, is not nearly as important for
chemists’ laboratory work as measuring its mass.
The mass of an atom is almost inconceivably
small. It takes about 5.0 * 102> carbon atoms to
equal just one gram in mass. At first, 1023 does
not seem like such a huge number, until one
considers that 106 is already a million, meaning
that 1023 is a million times a million times a mil-
lion times 100,000. If 5.0 « 1023 angstrom
lengths—angstroms, not meters or even millime-
ters—were laid end to end, they would stretch
from Earth to the Sun and back 107,765 times!

ATOMIC MASS UNITS

It is obvious, then, that an entirely different unit
is needed for measuring the mass of an atom, and
for this purpose, chemists and other scientists
use an atom mass unit (abbreviated amu), which
is equal to 1.66 * 10-24 g.

Though the abbreviation amu is used in this
book, atomic mass units are sometimes designat-
ed simply by a u. On the other hand, they may be
presented as numbers without any unit of meas-
ure—as for instance on the periodic table of
elements.

Within the context of biochemistry and
microbiology, often the term dalton (abbreviated
Da or D) is used. This is useful for describing the
mass of large organic molecules, typically ren-
dered in kilodaltons (kDa). The Latin prefix kilo-
indicates 1,000 of something, and “kilodalton” is
much less of a tongue-twister than “kilo-amu”.
The term “dalton” honors English chemist John
Dalton (1766-1844), who, as we shall see, intro-
duced the concept of the atom to science.

Since
1960, when its value was standardized, the atom-

AVERAGE ATOMIC MASS.

ic mass unit has been officially known as the
“unified atomic mass unit” The addition of the
word “unified” reflects the fact that atoms are not
weighed individually—a labor that would be
problematic at the very least. In any case, to do so
would be to reinvent the wheel, as it were,
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ERNEST RUTHERFORD.

because average atomic mass figures have been
established for each element.

Average atomic mass figures range from
1.008 amu for hydrogen, the first element listed
on the periodic table of elements, to over 250
amu for elements of very high atomic number.
Figures for average atomic mass can be used to
determine the average mass of a molecule as well,
since a molecule is just a group of atoms joined
in a structure. The mass of a molecule can be
determined simply by adding together average
atomic mass figures for each atom the molecule
contains. A water molecule, for instance, consists
of two hydrogen atoms and one oxygen atom;
therefore, its mass is equal to the average atomic
mass of hydrogen multiplied by two, and added
to the average atomic mass of oxygen.

AVOGADRO’S NUMBER AND
THE MOLE

Atomic mass units and average atomic mass are
not the only components necessary for obtaining
accurate mass figures where atoms are con-
cerned. Obviously, as suggested several times
already, it would be fruitless to determine the
mass of individual atoms or molecules. Nor
would it do to measure the mass of a few hun-
dred, or even a few million, of these particles.
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After all, as we have seen, it takes about 500,000
trillion million carbon atoms to equal just one
gram—and a gram, after all, is still rather small
in mass compared to most objects encountered
in daily life. (There are 1,000 g in a kilogram, and
a pound is equal to about 454 g.)

In addition, scientists need some means for
comparing atoms or molecules of different sub-
stances in such a way that they know they are
analyzing equal numbers of particles. This can-
not be done in terms of mass, because the num-
ber of atoms in each sample varies: a gram of
hydrogen, for instance, contains about 12 times
as many atoms as a gram of carbon, which has an
average atomic mass of 12.01 amu. What is need-
ed, instead, is a way to designate a certain num-
ber of atoms or molecules, such that accurate
comparisons are possible.

In order to do this, chemists make use of a
figure known as Avogadro’s number. Named after
Italian physicist Amedeo Avogadro (1776-1856),
it is equal to 6.022137 x 1023. Avogadro’s number,
which is 6,022,137 followed by 17 zeroes, desig-
nates the quantity of molecules in a mole (abbre-
viated mol). The mole, a fundamental SI unit for
“amount of substance,” is defined precisely as the
number of carbon atoms in 12.01 g of carbon. It
is here that the value of Avogadro’s number
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becomes clear: as noted, carbon has an average
atomic mass of 12.01 amu, and multiplication of
the average atomic mass by Avogadro’s number
yields a figure in grams equal to the value of the
average atomic mass in atomic mass units.

REAL-LIFE
APPLICATIONS

EARLY IDEAS OF ATOMIC MASS

Dalton was not the first to put forth the idea of
the atom: that concept, originated by the ancient
Greeks, had been around for more than 2,000
years. However, atomic theory had never taken
hold in the world of science—or, at least, what
passed for science prior to the seventeenth centu-
ry revolution in thinking brought about by
Galileo Galilei (1564-1642) and others.

Influenced by several distinguished prede-
cessors, Dalton in 1803 formulated the theory
that nature is formed of tiny particles, an idea he
presented in A New System of Chemical Philoso-
phy (1808). Dalton was the first to treat atoms as
fully physical constructs; by contrast, ancient
proponents of atomism conceived these funda-
mental particles in ideal or spiritual terms. Dal-
ton described atoms as hard, solid, indivisible
particles with no inner spaces—a definition that
did not endure, as later scientific inquiry revealed
the complexities of the atom. Yet he was correct
in identifying atoms as having weight—or, as sci-
entists say today, mass.

THE FIRST TABLE OF ATOMIGC
WEIGHTS. The question was, how could any-
one determine the weight of something as small
as an atom? A year after the publication of Dal-
ton’s book, a discovery by French chemist and
physicist Joseph Gay-Lussac (1778-1850) and
German naturalist Alexander von Humboldt
(1769-1859) offered a clue. Humboldt and Gay-
Lussac—famous for his gas law associating pres-
sure and temperature—found that gases com-
bine to form compounds in simple proportions
by volume.

For instance, as Humboldt and Gay-Lussac
discovered, water is composed of only two ele-
ments: hydrogen and oxygen, and these two com-
bine in a whole-number ratio of 8:1. By separat-
ing water into its components, they found that
for every part of oxygen, there were eight parts of
hydrogen. Today we know that water molecules
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are formed by two hydrogen atoms, with an aver-
age atomic mass of 1.008 amu each, and one oxy-
gen atom. The ratio between the average atomic
mass of oxygen (16.00 amu) and that of the two
hydrogen atoms is indeed very nearly 8:1.

In the early nineteenth century, however,
chemists had no concept of molecular structure,
or any knowledge of the atomic masses of ele-
ments. They could only go on guesswork: hence
Dalton, in preparing the world’s first “Table of
Atomic Weights,” had to make some assumptions
based on Humboldt’s and Gay-Lussac’s findings.
Presumably, Dalton reasoned, only one atom of
hydrogen combines with one atom of oxygen to
form a “water atom.” He assigned to hydrogen a
weight of 1, and according to this, calculated the
weight of oxygen as 8.

AVOGADRO
IMPROVE ON DALTON’S WORK. The
implications of Gay-Lussac’s discovery that sub-
stances combined in whole-number ratios were

AND BERZELIUS

astounding. (Gay-Lussac, who studied gases for
much of his career, is usually given more credit
than Humboldt, an explorer and botanist who
had his hand in many things.) On the one hand,
the more scientists learned about nature, the
more complex it seemed; yet here was something
amazingly simple. Instead of combining in pro-
portions of, say, 8.3907 to 1.4723, oxygen and
hydrogen molecules formed a nice, clean, ratio of
8 to 1. This served to illustrate the fact that, as
Dalton had stated, the fundamental particles of
matter must be incredibly tiny; otherwise, it
would be impossible for every possible quantity
of hydrogen and oxygen in water to have the
same ratio.

Intrigued by the work of Gay-Lussac, Avo-
gadro in 1811 proposed that equal volumes of
gases have the same number of particles if meas-
ured at the same temperature and pressure. He
also went on to address a problem raised by Dal-
ton’s work. If atoms were indivisible, as Dalton
had indicated, how could oxygen exist both as its
own atom and also as part of a water “atom”?
Water, as Avogadro correctly hypothesized, is not
composed of atoms but of molecules, which are
themselves formed by the joining of two hydro-
gen atoms with one oxygen atom.

Avogadro’s molecular theory opened the
way to the clarification of atomic mass and the
development of the mole, which, as we have seen,
makes it possible to determine mass for large
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quantities of molecules. However, his ideas did
not immediately gain acceptance. Only in 1860,
four years after Avogadro’s death, did Italian
chemist Stanislao Cannizzaro (1826-1910) resur-
rect the concept of the molecule as a way of
addressing disagreements among scientists
regarding the determination of atomic mass.

In the meantime, Swedish chemist Jons
Berzelius (1779-1848) had adopted Dalton’s
method of comparing all “atomic weights” to
that of hydrogen. In 1828, Berzelius published a
table of atomic weights, listing 54 elements along
with their weight relative to that of hydrogen.
Thus carbon, in Berzelius’s system, had a weight
of 12. Unlike Dalton’s figures, Berzelius’s are very
close to those used by scientists today. By the
time Russian chemist Dmitri Ivanovitch
Mendeleev (1834-1907) created his periodic
table in 1869, there were 63 known elements.
That first table retained the system of measuring
atomic mass in comparison to hydrogen.

THE DISCOVERY OF SuBATOMIC
STRUCTURES

Until scientists began to discover the existence of
subatomic structures, measurements of atomic
mass could not really progress. Then in 1897,
English physicist J. J. Thomson (1856-1940)
identified the electron. A particle possessing neg-
ative charge, the electron contributes little to an
atom’s mass, but it pointed the way to the exis-
tence of other particles within an atom. First of
all, there had to be a positive charge to offset that
of the electron, and secondly, the item or items
providing this positive charge had to account for
the majority of the atom’s mass.

Early in the twentieth century, Thomson’s
student Ernest Rutherford (1871-1937) discov-
ered that the atom has a nucleus, a center around
which electrons move, and that the nucleus con-
tains positively charged particles called protons.
Protons have a mass 1,836 times as great as that
of an electron, and thus seemed to account for
the total atomic mass. Later, however, Rutherford
and English chemist Frederick Soddy (1877-
1956) discovered that when an atom emitted cer-
tain types of particles, its atomic mass changed.

ISOTOPES AND ATOMIC MASS.
Rutherford and Soddy named these atoms of dif-
fering mass isotopes, though at that point—
because the neutron had yet to be discovered—
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they did not know exactly what had caused the
change in mass. Certain types of isotopes, Soddy
and Rutherford concluded, had a tendency to
decay, moving (sometimes over a great period of
time) toward stabilization. Such isotopes were
radioactive.

Soddy concluded that atomic mass, as meas-
ured by Berzelius, was actually an average of the
mass figures for all isotopes within that element.
This explained a problem with Mendeleev’s peri-
odic table, in which there seemed to be irregular-
ities in the increase of atomic mass from element
to element. The answer to these variations in
mass, it turned out, related to the number of iso-
topes associated with a given element: the greater
the number of isotopes, the more these affected
the overall measure of the element’s mass.

A NEW DEFINITION OF ATOMIC
NuMBER. Up to this point, the term “atomic
number” had a different, much less precise,
meaning than it does today. As we have seen, the
early twentieth century periodic table listed ele-
ments in order of their atomic mass in relation to
hydrogen, and thus atomic number referred sim-
ply to an element’s position in this ordering.
Then, just a few years after Rutherford and Soddy
discovered isotopes, Welsh physicist Henry
Moseley (1887-1915) determined that every ele-
ment has a unique number of protons in its
nucleus.

Today, the number of protons in the nucle-
us, rather than the mass of the atom, determines
the atomic number of an element. Carbon, for
instance, has an atomic number of 6, not because
there are five elements lighter—though this is
also true—but because it has six protons in its
nucleus. The ordering by atomic number hap-
pens to correspond to the ordering by atomic
mass, but atomic number provides a much more
precise means of distinguishing elements. For
one thing, atomic number is always a whole inte-
ger—1 for hydrogen, for instance, or 17 for chlo-
rine, or 92 for uranium. Figures for mass, on the
other hand, are almost always rendered with dec-
imal fractions (for example, 1.008 for hydrogen).

NEUTRONS COMPLETE THE
PICTURE. As with many other discoveries
along the way to uncovering the structure of the
atom, Moseley’s identification of atomic number
with the proton raised still more questions. In
particular, if the unique number of protons iden-

tified an element, what was it that made isotopes
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of the same element different from one another?
Hydrogen, as it turned out, indeed had a mass
very nearly equal to that of one proton—thus
justifying its designation as the basic unit of
atomic mass. Were it not for the isotope known
as deuterium, which has a mass nearly twice as
great as that of hydrogen, the element would
have an atomic mass of exactly 1 amu.

A discovery by English physicist James
Chadwick (1891-1974) in 1932 finally explained
what made an isotope an isotope. It was Chad-
wick who identified the neutron, a particle with
no electric charge, which resides in the nucleus
alongside the protons. In deuterium, which has
one proton, one neutron, and one electron, the
electron accounts for only 0.0272% of the total
mass—a negligible figure. The proton, on the
other hand, makes up 49.9392% of the mass.
Until the discovery of the neutron, there had
been no explanation of the other 50.0336% of
the mass in an atom with just one proton and
one electron.

AVERAGE ATOMIC MASS TODAY

Thanks to Chadwick’s discovery of the neutron,
it became clear why deuterium weighs almost
twice as much as ordinary hydrogen. This in turn
is the reason why a large sample of hydrogen,
containing as it does a few molecules of deuteri-
um here and there, does not have the same aver-
age atomic mass as a proton. Today scientists
know that there are literally thousands of iso-
topes—many of them stable, but many more of
them unstable or radioactive—for the 100-plus
elements on the periodic table. Each isotope, of
course, has a slightly different atomic mass. This
realization has led to clarification of atomic mass
figures.

One might ask how figures of atomic mass
are det