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GO FIGURE

What is the charge on the particles that form the beam?

» FIGURE 2.10 Rutherford’s
a-scattering experiment. When « particles
pass through a gold foil, most pass through
undeflected but some are scattered, a few at
very large angles. According to the plum-
pudding model of the atom, the particles
should experience only very minor
deflections. The nuclear model of the atom
explains why a few «a particles are deflected
at large angles. For clarity, the nuclear atom
is shown here as a colored sphere, but

most of the space around the nucleus is
empty except for the tiny electrons

moving around.
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A few «a particles are
scattered because of
repulsion by tiny
positive nucleus

Most « particles
undergo no scattering
because most of
atom is empty

Rutherford explained the results by postulating the nuclear model of the atom, a
model in which most of the mass of each gold atom and all of its positive charge reside
in a very small, extremely dense region that he called the nucleus. He postulated further
that most of the volume of an atom is empty space in which electrons move around the
nucleus. In the a-scattering experiment, most of the particles passed through the foil
unscattered because they did not encounter the minute nucleus of any gold atom. Occa-
sionally, however, an « particle came close to a gold nucleus. The repulsion between the
highly positive charge of the gold nucleus and the positive charge of the « particle was
then strong enough to deflect the particle, as shown in Figure 2.10.

Subsequent experiments led to the discovery of positive particles (protons) and
neutral particles (neutrons) in the nucleus. Protons were discovered in 1919 by Ruther-
ford and neutrons in 1932 by British scientist James Chadwick (1891-1972). Thus, the
atom is composed of electrons, protons, and neutrons.

GIVE IT SOME THOUGHT

What happens to most of the « particles that strike the gold foil in Rutherford’s
experiment? Why do they behave that way?

2.3 THE MODERN VIEW OF
ATOMIC STRUCTURE

Since Rutherford’s time, as physicists have learned more and more about atomic nuclei,
the list of particles that make up nuclei has grown and continues to increase. As
chemists, however, we can take a simple view of the atom because only three subatomic
particles—the proton, neutron, and electron—have a bearing on chemical behavior.
As noted earlier, the charge of an electron is —1.602 X 107'° C. That of a proton is
equal in magnitude, +1.602 X 107 C. The quantity 1.602 X 107" C is called the
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electronic charge. For convenience, the charges of atomic and subatomic particles are
usually expressed as multiples of this charge rather than in coulombs. Thus, the charge
of the electron is 1— and that of the proton is 1+. Neutrons are electrically neutral
(which is how they received their name). Every atom has an equal number of electrons
and protons, so atoms have no net electrical charge.

Protons and neutrons reside in the tiny nucleus of the atom. The vast majority of an
atom’s volume is the space in which the electrons reside (» FIGURE 2.11). The elec-
trons are attracted to the protons in the nucleus by the electrostatic force that exists be-
tween particles of opposite electrical charge. In later chapters we will see that the
strength of the attractive forces between electrons and nuclei can be used to explain
many of the differences among different elements.

GIVE IT SOME THOUGHT

a. If an atom has 15 protons, how many electrons does it have?
b. Where do the protons reside in an atom?

Atoms have extremely small masses. The mass of the heaviest known atom, for
example, is approximately 4 X 1072 g. Because it would be cumbersome to express
such small masses in grams, we use the atomic mass unit (amu),* where 1 amu =
1.66054 X 10724 g. A proton has a mass of 1.0073 amu, a neutron 1.0087 amu, and an
electron 5.486 X 10 *amu (¥ TABLE 2.1). Because it takes 1836 electrons to equal the
mass of one proton or one neutron, the nucleus contains most of the mass of an atom.

Most atoms have diameters between 1 X 107 m and 5 X 107! m. A convenient
non-SI unit of length used for atomic dimensions is the angstrom (A), where
1A =1 X 1071 m. Thus, atoms have diameters of approximately 1—5 A. The diame-
ter of a chlorine atom, for example, is 200 pm, or 2.0 A.

SAMPLE EXERCISE 2.1 Ja\(s] 1 I{e2577 2}

The diameter of a US dime is 17.9 mm, and the diameter of a silver atom is 2.88 A. How many
silver atoms could be arranged side by side across the diameter of a dime?

SOLUTION

The unknown is the number of silver (Ag) atoms. Using the relationship 1 Ag atom = 2.88 A
as a conversion factor relating number of atoms and distance, we start with the diameter of the
dime, first converting this distance into angstroms and then using the diameter of the Ag atom
to convert distance to number of Ag atoms:

10 m 1X 1 Ag atom ,
Agatoms = (17.9 mm) =T = 6.22 X 10’Ag atoms
lom J\ 1070 m 2.88 X

That is, 62.2 million silver atoms could sit side by side across a dime!

PRACTICE EXERCISE

The diameter of a carbon atom is 1.54 A. (a) Express this diameter in picometers. (b) How
many carbon atoms could be aligned side by side across the width of a pencil line that is
0.20 mm wide?

Answers: (a) 154 pm, (b) 1.3 X 10° C atoms

The diameter of an atomic nucleus is approximately 10~ A, only a small fraction of
the diameter of the atom as a whole. You can appreciate the relative sizes of the atom and
its nucleus by imagining that if the hydrogen atom were as large as a football stadium,

TABLE 2.1 ¢ Comparison of the Proton, Neutron, and Electron

Particle Charge Mass (amu)
Proton Positive (1+) 1.0073
Neutron None (neutral) 1.0087
Electron Negative (1—) 5.486 X 107*

*The SI abbreviation for the atomic mass unit is u. We will use the more common abbreviation amu.

Nucleus Volume occupied
containing by electrons
protons and
neutrons

~107*A

‘«—1—5 A—»‘

A FIGURE 2.11 The structure of the
atom. A cloud of rapidly moving electrons
occupies most of the volume of the atom.
The nucleus occupies a tiny region at the
center of the atom and is composed of the
protons and neutrons. The nucleus contains
virtually all the mass of the atom.
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A CLOSER LOOK

BASIC FORCES

Four basic forces are known in nature: (1) gravitational,

(2) electromagnetic, (3) strong nuclear, and (4) weak

nuclear. Gravitational forces are attractive forces that

act between all objects in proportion to their

masses. Gravitational forces between atoms or

between subatomic particles are so small that they are of no chemical
significance.

Electromagnetic forces are attractive or repulsive forces that act
between either electrically charged or magnetic objects. Electric
forces are important in understanding the chemical behavior of
atoms. The magnitude of the electric force between two charged par-
ticles is given by Coulomb’s law: F = kQ,Q,/d* where Q, and Q, are
the magnitudes of the charges on the two particles, d is the distance

between their centers, and k is a constant determined by the units for
Qand d. A negative value for the force indicates attraction, whereas a
positive value indicates repulsion.

All nuclei except those of hydrogen atoms contain two or more
protons. Because like charges repel, electrical repulsion would cause
the protons to fly apart if the strong nuclear force did not keep them
together. This force acts between subatomic particles, as in the nu-
cleus. At this distance, the attractive strong nuclear force is stronger
than the positive—positive repulsive electric force and holds the nu-
cleus together.

The weak nuclear force is weaker than the electric force but
stronger than the gravitational force. We are aware of its existence
only because it shows itself in certain types of radioactivity.

RELATED EXERCISE: 2.88

the nucleus would be the size of a small marble. Because the tiny nucleus carries most of
the mass of the atom in such a small volume, it has an incredibly high density—on the
order of 10°~10' g/cm’. A matchbox full of material of such density would weigh
over 2.5 billion tons!

An illustration of the atom that incorporates the features we have just discussed is
shown in Figure 2.11. The electrons play the major role in chemical reactions. The sig-
nificance of representing the region containing the electrons as an indistinct cloud will
become clear in later chapters when we consider the energies and spatial arrangements
of the electrons.

Atomic Numbers, Mass Numbers, and Isotopes

What makes an atom of one element different from an atom of another element is that
the atoms of each element have a characteristic number of protons. Indeed, the number of
protons in an atom of any particular element is called that element’s atomic number.
Because an atom has no net electrical charge, the number of electrons it contains must
equal the number of protons. All atoms of carbon, for example, have six protons and six
electrons, whereas all atoms of oxygen have eight protons and eight electrons. Thus, car-
bon has atomic number 6, and oxygen has atomic number 8. The atomic number of
each element is listed with the name and symbol of the element on the inside front cover
of the text.

Atoms of a given element can differ in the number of neutrons they contain and,
consequently, in mass. For example, most atoms of carbon have six neutrons, although
some have more and some have less. The symbol 12C (read “carbon twelve,” carbon-12)
represents the carbon atom containing six protons and six neutrons. The atomic num-
ber is shown by the subscript; the superscript, called the mass number, is the number
of protons plus neutrons in the atom:

Mass number (number of
protons plus neutrons)
%C <—— Symbol of element

Atomic number (number
of protons or electrons)

Because all atoms of a given element have the same atomic number, the subscript is
redundant and is often omitted. Thus, the symbol for carbon-12 can be represented
simply as '2C. As one more example of this notation, carbon atoms that contain six
protons and eight neutrons have mass number 14, are represented as '¢C or '*C, and are
referred to as carbon-14.



TABLE 2.2 ¢ Some Isotopes of Carbon”

Symbol Number of Protons Number of Electrons Number of Neutrons
e 6 6 5
2c 6 6 6
Bc 6 6 7
e 6 6 8

*Almost 99% of the carbon found in nature is '*C.

Atoms with identical atomic numbers but different mass numbers (that is, same
number of protons but different numbers of neutrons) are called isotopes of one
another. Several isotopes of carbon are listed in A TABLE 2.2. We will generally use the
notation with superscripts only when referring to a particular isotope of an element.

SV NSRS (S {5 -8 Determining the Number of Subatomic Particles

in Atoms

How many protons, neutrons, and electrons are in (a) an atom of 1974, (b) an atom of
strontium-90?

SOLUTION

(a) The superscript 197 is the mass number (protons + neutrons). According to the list of
elements given on the inside front cover, gold has atomic number 79. Consequently, an atom
of 17Au has 79 protons, 79 electrons, and 197 — 79 = 118 neutrons. (b) The atomic number
of strontium (listed on inside front cover) is 38. Thus, all atoms of this element have 38 pro-
tons and 38 electrons. The strontium-90 isotope has 90 — 38 = 52 neutrons.

PRACTICE EXERCISE

How many protons, neutrons, and electrons are in (a) a 13883 atom, (b) an atom of
phosphorus-31?

Answer: (a) 56 protons, 56 electrons, and 82 neutrons, (b) 15 protons, 15 electrons, and
16 neutrons

SV A E SN (e B SR Writing Symbols for Atoms

Magnesium has three isotopes with mass numbers 24, 25, and 26. (a) Write the complete
chemical symbol (superscript and subscript) for each. (b) How many neutrons are in an atom
of each isotope?

SOLUTION

(a) Magnesium has atomic number 12, so all atoms of magnesium contain 12 protons and
12 electrons. The three isotopes are therefore represented by 73Mg, 33Mg, and 7$Mg. (b) The
number of neutrons in each isotope is the mass number minus the number of protons.
The numbers of neutrons in an atom of each isotope are therefore 12, 13, and 14, respectively.

PRACTICE EXERCISE

Give the complete chemical symbol for the atom that contains 82 protons, 82 electrons, and
126 neutrons.

Answer: 23Pb

2.4 | ATOMIC WEIGHTS

Atoms are small pieces of matter, so they have mass. In this section we discuss the mass
scale used for atoms and introduce the concept of atomic weights.

The Atomic Mass Scale

Scientists of the nineteenth century were aware that atoms of different elements have dif-
ferent masses. They found, for example, that each 100.0 g of water contains 11.1 g of hy-
drogen and 88.9 g of oxygen. Thus, water contains 88.9/11.1 = 8 times as much oxygen,

SECTION 2.4 Atomic Weights
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by mass, as hydrogen. Once scientists understood that water contains two hydrogen
atoms for each oxygen atom, they concluded that an oxygen atom must have2 X 8 = 16
times as much mass as a hydrogen atom. Hydrogen, the lightest atom, was arbitrarily
assigned a relative mass of 1 (no units). Atomic masses of other elements were at first
determined relative to this value. Thus, oxygen was assigned an atomic mass of 16.

Today we can determine the masses of individual atoms with a high degree of accu-
racy. For example, we know that the 'H atom has a mass of 1.6735 X 10 >* g and the
160 atom has a mass of 2.6560 X 1023 g. As we noted in Section 2.3, it is convenient to
use the atomic mass unit (amu) when dealing with these extremely small masses:

lamu = 1.66054 X 10 2*gand 1 g = 6.02214 X 10* amu

The atomic mass unit is presently defined by assigning a mass of exactly 12 amu to an
atom of the '2C isotope of carbon. In these units, an 'H atom has a mass of 1.0078 amu
and an '°0 atom has a mass of 15.9949 amu.

Atomic Weight

Most elements occur in nature as mixtures of isotopes. We can determine the average
atomic mass of an element, usually called the element’s atomic weight, by using the
masses of its isotopes and their relative abundances:

Atomic weight = E [(isotope mass) X (fractional isotope abundance)]

over all isotopes of the element  [2.1]

Naturally occurring carbon, for example, is composed of 98.93% 12C and 1.07% BC.
The masses of these isotopes are 12 amu (exactly) and 13.00335 amu, respectively, mak-
ing the atomic weight of carbon

(0.9893)(12 amu) + (0.0107)(13.00335 amu) = 12.01 amu

The atomic weights of the elements are listed in both the periodic table and the table of
elements inside the front cover of this text.

GIVE IT SOME THOUGHT

A particular atom of chromium has a mass of 52.94 amu, whereas the atomic
weight of chromium is 51.99 amu. Explain the difference in the two masses.

SN SN S ({28 Calculating the Atomic Weight of an Element

from Isotopic Abundances

Naturally occurring chlorine is 75.78% 3°Cl (atomic mass 34.969 amu) and 24.22% *’Cl
(atomic mass 36.966 amu). Calculate the atomic weight of chlorine.

SOLUTION

We can calculate the atomic weight by multiplying the abundance of each isotope by its atomic
mass and summing these products. Because 75.78% = 0.7578 and 24.22% = 0.2422, we have
(0.7578)(34.969 amu) + (0.2422)(36.966 amu)

26.50 amu + 8.953 amu

35.45 amu

This answer makes sense: The atomic weight, which is actually the average atomic mass, is
between the masses of the two isotopes and is closer to the value of 35Cl, the more abundant
isotope.

Atomic weight

PRACTICE EXERCISE

Three isotopes of silicon occur in nature: 2881 (92.23%), atomic mass 27.97693 amu; 2°Si
(4.68%), atomic mass 28.97649 amu; and 3°Si (3.09%), atomic mass 29.97377 amu. Calculate
the atomic weight of silicon.

Answer: 28.09 amu



A CLOSER LOOK

THE MASS SPECTROMETER

The most accurate means for determining atomic

weights is provided by the mass spectrometer

(¥ FIGURE 2.12). A gaseous sample is introduced

at A and bombarded by a stream of high-energy

electrons at B. Collisions between the electrons

and the atoms or molecules of the gas produce positively charged

particles that are then accelerated toward a negatively charged grid

(C). After the particles pass through the grid, they encounter two slits

that allow only a narrow beam of particles to pass. This beam then

passes between the poles of a magnet, which deflects the particles

into a curved path. For particles with the same charge, the extent of

deflection depends on mass—the more massive the particle, the less

the deflection. The particles are thereby separated according to their

masses. By changing the strength of the magnetic field or the acceler-

ating voltage on the grid, charged particles of various masses can be
selected to enter the detector.

Accelerating grid Magnet
Heated '_ (= ) '
fﬂament |
. S .
Sample of positive Slit
(+) \ ions
Ionizing To vacuum Separation of
electron pump ions based on
beam mass differences

A FIGURE 2.12 A mass spectrometer. Cl atoms are introduced
at A and are ionized to form CI" ions, which are then directed
through a magnetic field. The paths of the ions of the two CI
isotopes diverge as they pass through the field.

Detector
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A graph of the intensity of the detector signal versus particle
atomic mass is called a mass spectrum (¥ FIGURE 2.13). Analysis
of a mass spectrum gives both the masses of the charged particles
reaching the detector and their relative abundances, which are ob-
tained from the signal intensities. Knowing the atomic mass and the
abundance of each isotope allows us to calculate the atomic weight of
an element, as shown in Sample Exercise 2.4.

Mass spectrometers are used extensively today to identify chem-
ical compounds and analyze mixtures of substances. Any molecule
that loses electrons can fall apart, forming an array of positively
charged fragments. The mass spectrometer measures the masses of
these fragments, producing a chemical “fingerprint” of the molecule
and providing clues about how the atoms were connected in the orig-
inal molecule. Thus, a chemist might use this technique to determine
the molecular structure of a newly synthesized compound or to iden-
tify a pollutant in the environment.

RELATED EXERCISES: 2.33, 2.34, 2.35(b), 2.36, 2.92, and 2.93
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A FIGURE 2.13 Mass spectrum of atomic chlorine. The
fractional abundances of the isotopes 3°Cl and 7Cl are indicated by
the relative signal intensities of the beams reaching the detector of
the mass spectrometer.

2.5 | THE PERIODIC TABLE

As the list of known elements expanded during the early 1800s, attempts were made to
find patterns in chemical behavior. These efforts culminated in the development of the
periodic table in 1869. We will have much to say about the periodic table in later chap-
ters, but it is so important and useful that you should become acquainted with it now.
You will quickly learn that the periodic table is the most significant tool that chemists use

for organizing and remembering chemical facts.

Many elements show strong similarities to one another. The elements lithium (Li),
sodium (Na), and potassium (K) are all soft, very reactive metals, for example. The ele-
ments helium (He), neon (Ne), and argon (Ar) are all very nonreactive gases. If the ele-
ments are arranged in order of increasing atomic number, their chemical and physical
properties show a repeating, or periodic, pattern. For example, each of the soft, reactive
metals—lithium, sodium, and potassium—comes immediately after one of the non-
reactive gases—helium, neon, and argon—as shown in » FIGURE 2.14.
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