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1-1
The experimental arrangement for Ruther- 
ford's measurement of the scattering of α 
particles by very thin gold foils. The source 
of the α particles was radioactive radium, 
encased in a lead block that protects the 
surroundings from radiation and confines 
the α particles to a beam. The gold foil used 
was about 6 × 10-5 cm thick. Most of the 
α particles passed through the gold leaf 
with little or no deflection, a. A few were 
deflected at wide angles, b, and occasionally 
a particle rebounded from the foil, c, and was 
detected by a screen or counter placed on 
the same side of the foil as the source.

The concept that molecules consist of atoms bonded together in definite 
patterns was well established by 1860. shortly thereafter, the recognition that 
the bonding properties of the elements are periodic led to widespread speculation 
concerning the internal structure of atoms themselves. The first real break- 
through in the formulation of atomic structural models followed the discovery, 
about 1900, that atoms contain electrically charged particles—negative electrons 
and positive protons. From charge-to-mass ratio measurements J. J. Thomson 
realized that most of the mass of the atom could be accounted for by the 
positive (proton) portion. He proposed a jellylike atom with the small, negative 
electrons imbedded in the relatively large proton mass. But in 1906-1909, a 
series of experiments directed by Ernest Rutherford, a New Zealand physicist 
working in Manchester, England, provided an entirely different picture of the 
atom.

1-1 RUTHERFORD'S EXPERlMENTS AND A MODEL
FOR ATOMlC STRUCTURE

In 1906, Rutherford found that when a thin sheet of metal foil is bombarded 
with alpha (α) particles (He2+ ions), most of the particles penetrate the metal 
and suffer only small deflections from their original flight path. In 1909, at 
Rutherford's suggestion, H. Geiger and E. Marsden performed an experiment 
to see if any α particles were deflected at a large angle on striking a gold metal 
foil. A diagram of their experiment is shown in Figure 1-1. They discovered 
that some of the α particles actually were deflected by as much as 90° and a
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1-2
The expected outcome of the Rutherford scattering experiment, if one assumes (a) the 
Thomson model of the atom, and (b) the model deduced by Rutherford. In the Thomson model 
mass is spread throughout the atom, and the negative electrons are embedded uniformly in the 
positive mass. There would be little deflection of the beam of positively charged α particles. 
In the Rutherford model all of the positive charge and virtually all of the mass is concentrated 
in a very small nucleus. Most α particles would pass through undeflected. But close approach 
to a nucleus would produce a strong swerve in the path of the α particle, and head-on collision 
would lead to its rebound in the direction from which it came.

few by even larger angles. They concluded:

If the high velocity and mass of the α particle be taken into account, it 
seems surprising that some of the α particles, as the experiment shows, 
can be turned within a layer of 6 × 10-5 cm of gold through an angle 
of 90°, and even more. To produce a similar effect by a magnetic field, 
the enormous field of 109 absolute units would be required.

Rutherford quickly provided an explanation for this startling experimental 
result. He suggested that atoms consist of a positively charged nucleus sur
rounded by a system of electrons, and that the atom is held together by electro
static forces. The effective volume of the nucleus is extremely small compared 
with the effective volume of the atom, and almost all of the mass of the atom is 
concentrated in the nucleus. Rutherford reasoned that most of the α particles 
passed through the metal foil because the metal atom is mainly empty space, 
and that occasionally a particle passed close to the positively charged nucleus, 
thereby being severely deflected because of the strong coulombic (electrostatic) 
repulsive force. The Rutherford model of an atom is shown in Figure 1-2.
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1-2 ATOMIC NUMBER AND ATOMIC MASS

Using the measured angles of deflection and the assumption that an α particle 
and a nucleus repel each other according to Coulombs law of electrostatics, 
Rutherford was able to calculate the nuclear charge (Z) of the atoms of the 
elements used as foils. In a neutral atom the number of electrons equals the 
positive charge on the nucleus. This number is different for each element and 
is known as its atomic number.

The mass of an atomic nucleus is not determined entirely by the number of 
protons present. All nuclei, except for the lightest isotope of hydrogen, contain 
electrically neutral particles called neutrons. The mass of an isolated neutron 
is only slightly different from the mass of an isolated proton. The values of 
mass and charge for some important particles are given in Table 1-1.

1-3 NUCLEAR STRUCTURE

Table 1-1. Some low-mass particles

Particle Symbols

Mass in amu, 
atomic mass 
unitsa

Charge 
(esu × 1010)

Relative 
charge

Electron
(β particle) e-, β-, 0-1e 0.0005486 -4.80325 -1

Proton p, 11p, 11H 1.0072766 +4.80325 +1
Neutron n, 10n 1.0086652 0 0
α Particle α, 42He 4.00 +9.6065 +2
Deuteron d, 21d, 21p 2.01 +4.80325 +1

a1 amu = 1.660531 × 10-24 g.

Rutherford's basic idea that an atom contains a dense, positively charged 
nucleus now is accepted universally. The extranuclear electrons on the average 
are far away from the nucleus, which accounts for an atom's relatively large 
effective diameter of about 10-8 cm. In contrast, the nucleus has a diameter of 
about 10-13 cm.

Recent scattering experiments have shown that the nuclear radius is 
roughly proportional to Z1/3. These experiments have shown further that the 
arrangement of the nucleons (protons and neutrons) is structured and not 
random. Light nuclei are essentially all surface, whereas extremely heavy 
nuclei have a relatively thin outer layer. In the latter case there is evidence 
that the mutual electrostatic repulsion of the protons leads to a lower central 
density. It also has been postulated recently, from electron- and proton- 
scattering experiments, that essentially all nuclei have a neutron halo; that 
is, the neutron distribution in the nucleus extends beyond that of the protons.
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1-3
Bohr's picture of the hydrogen atom. A single 
electron of mass me moves in a circular orbit with 
velocity v at a distance r from a nucleus of mass mn.

Additional information of interest has been derived from electron-scattering 
studies with very high-energy electrons. These studies indicate that the charge 
density (proton density) within the nucleus undergoes systematic fluctuations. 
These experiments are only the beginning of the investigation of the internal 
structure of atomic nuclei.

1-4  BOHR THEORY OF THE HYDROGEN ATOM

Immediately after Rutherford presented his nuclear model of the atom, scientists 
turned to the question of the possible structure of the satellite electrons. The 
first major advance was accomplished, in 1913, by a Danish theoretical physicist, 
Niels Bohr. Bohr pictured the electron in a hydrogen atom as moving in a 
circular orbit around the proton. Bohr's model is shown in Figure 1-3, in 
which me represents the mass of the electron, mn the mass of the nucleus, r 
the radius of the circular orbit, and v the linear velocity of the electron.

For a stable orbit to exist the outward force exerted by the moving electron 
trying to escape its circular orbit must be opposed exactly by the forces of 
attraction between the electron and the nucleus. The outward force, F0, is 
expressed as

This force is opposed exactly by the sum of the two attractive forces that keep 
the electron in orbit—the electrostatic force of attraction between the proton 
and the electron, plus the gravitational force of attraction. The electrostatic 
force is much stronger than the gravitational force, thus we may neglect the

(1-1)
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gravitational force. The electrostatic attractive force, Fe, between an electron 
of charge -e and a proton of charge +e, is

(1-2)

The condition for a stable orbit is that F0 + Fe equals zero:

(1-3)

Now we are able to calculate the energy of an electron moving in one of 
the Bohr orbits. The total energy, E, is the sum of the kinetic energy, KE, 
and the potential energy, PE:

(1-8)

Now we only need to specify the orbit radius, r, before we can calculate the 
electron's energy. According to Equation 1-8 atomic hydrogen should release 
energy continuously as r becomes smaller. To keep the electron from falling 
into the nucleus Bohr proposed a model in which the angular momentum of 
the orbiting electron could have only certain values. The result of this restriction 
is that only certain electron orbits are possible. According to Bohr's postulate the 
quantum unit of angular momentum is h/2π, in which h is the constant in Planck's 
famous equation E = hv. (E is energy in ergs, h = 6.626196 × 10-27 erg sec,

or

(1-4)
in which KE is the energy due to motion,

(1-5)

and PE is the energy due to electrostatic attraction,

(1-6)

Thus the total energy is

(1-7)

However, Equation 1-3 can be written mev2 = e2/r, and if e2/r is substituted 
for mev2 into Equation 1-7, we have
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and ν is frequency in sec-1.) In mathematical terms Bohr's assumption was that

in which n = 1, 2, 3, · · · (all integers to ∞). Solving for v in Equation 1-9 we can 
write

(1-10)

Substituting the value of ν from Equation 1-10 into the condition for a stable 
orbit (Equation 1-3) we obtain

or

Equation 1-12 gives the radius of the possible electron orbits for the hydrogen 
atom in terms of the quantum number n. The energy associated with each 
possible orbit now can be calculated by substituting the value of r from Equation 
1-12 into the energy expression (Equation 1-8), which gives

(1-13)

Substituting n = 1 and the values of the constants we obtain

The Bohr radius for n = 1 is designated a0.

(1-9)

(1-11)

(1-12)

Exercise. Calculate the radius of the first Bohr orbit.

Solution. The radius of the first orbit can be obtained directly from Equation 
1-12,
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1-4
The spectrum of electromagnetic radiation. The visible region is only a small part of the entire 
spectrum. (a) Overall spectrum. (b) Visible region.

Exercise. Calculate the velocity of an electron in the first Bohr orbit of a 
hydrogen atom.

Solution. From Equation 1-10,

Substituting n = 1 and r = a0 = 0.529177 × 10-8 cm we obtain
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1-5
The electromagnetic absorption spectrum of hydrogen atoms. The lines in this spectrum 
represent ultraviolet radiation that is absorbed by hydrogen atoms as a mixture of all wave- 
lengths is passed through a gas sample.

1-5 ABSORPTlON AND EMISSlON SPECTRA
OF ATOMIC HYDROGEN

All atoms and molecules absorb light of certain characteristic frequencies. 
The pattern of absorption frequencies is called an absorption spectrum and is 
an identifying property of any particular atom or molecule. Because frequency 
is directly proportional to energy (E = hv), the absorption spectrum of an 
atom, such as hydrogen, shows that the electron can have only certain energy 
values, as Bohr proposed.

It is common practice to express positions of absorption in terms of the 
wave number,

Because λ is related to frequency (v) by the relationship λv = c (c = velocity 
of light = 2.9979 × 1010 cm sec-1), we also have

Region of many lines (not shown) 
at very small spacing

Limit

, which is the reciprocal of the wavelength, λ:

. Thus 
wave number and energy are directly proportional. If ν is in sec-1 units and c 
is in cm sec-1, is expressed in reciprocal centimeter (cm-1) units. The 
spectrum of electromagnetic radiation is shown in Figure 1-4.

The absorption spectrum of hydrogen atoms is shown in Figure 1-5. 
The lowest-energy absorption corresponds to the line at 82,259 cm-1. Notice 
that the absorption lines are crowded closer together as the limit of 109,678 cm-1 
is approached. Above this limit absorption is continuous.
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*In the region near the limits of the 
Lyman, Balmer, and Paschen series, 
the lines become too closely spaced 
to show on this scale.

1-6
The emission spectrum from heated hydrogen atoms. The emission lines occur in series 
named for their discoverers: Lyman, Balmer, Paschen. The Brackett and Pfund series are 
farther to the right in the infrared region. The lines become more closely spaced to the left in 
each series until they finally merge at the series limit.

If atoms and molecules are heated to high temperatures, light of certain 
frequencies is emitted. For example, hydrogen atoms emit red light when 
heated. An atom that possesses excess energy (an "excited" atom) emits light 
in a pattern known as its emission spectrum. A portion of the emission spectrum 
of atomic hydrogen is shown in Figure 1-6. The emission spectrum contains 
more lines than the absorption spectrum. The lines in the emission spectrum 
at 82,259 cm-1 and above occur at the same positions as the lines in the absorp- 
tion spectrum, but the emission lines below 82,259 cm-1 do not appear in the 
absorption spectrum (except at extremely high temperatures).

If we look more closely at the emission spectrum in Figure 1-6, we see that 
there are three distinct groups of lines. These three groups or series are named 
after the scientists who discovered them. The series that starts at 82,259 cm-1 
and continues to 109,678 cm-1 is called the Lyman series and is in the ultraviolet 
portion of the spectrum. The series that starts at 15,233 cm-1 and continues 
to 27,420 cm-1 is called the Balmer series and covers a large portion of the

Limit Limit Limit

Lyman Balmer Paschen

Ultraviolet Visible Infrared

Absorption spectrum
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visible and a small part of the ultraviolet spectrum. The lines between 5,332 cm-1 
and 12,186 cm-1 are called the Paschen series and fall in the near-infrared 
spectral region.

Although the emission spectrum of hydrogen appears to be complicated, 
Johannes Rydberg formulated a fairly simple mathematical expression that gives 
all the line positions. This expression, called the Rydberg equation, is

In the Rydberg equation n and m are integers, with m greater than n; Rh is 
called the Rydberg constant and is known accurately from experiment to be 
109,677.581 cm-1.

n = 1, m = 3 line:

n = 1, m = 4 line:

We see that the preceding wave numbers correspond to the first three lines 
in the Lyman series. Thus we expect that the Lyman series corresponds to lines 
calculated with n = 1 and m = 2, 3, 4, 5, · · · . Let us check this by calculating 
the wave number for the line with n = 1, m = ∞.

n = 1, m = ∞ line:

The wave number 109,678 cm-1 corresponds to the highest emission line in the 
Lyman series.

The wave number calculated for n = 2 and m = 3 is

This corresponds to the first line in the Balmer series. Thus the Balmer series 
corresponds to the n = 2, m = 3, 4, 5, 6, ∙ ∙ ∙ , lines. You probably would expect

Exercise. Calculate for the lines with n = 1 and m = 2, 3, and 4.

Solution.
n = 1, m = 2 line:
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1-7►
Orbits and energy levels of the hydrogen atom. (a) Hydrogen-atom orbits. Each arc of a circle 
represents an electron radius for the electron outside the positive nucleus. Series for more 
energetic (excited) electrons dropping from outer levels to various inner levels are shown. 
(b) The energy changes for electrons dropping from excited energy states to less energetic 
levels. ΔE is determined by initial and final energies, which in turn are determined by the 
principal quantum number of the orbit, n.

the lines in the Paschen series to correspond to n = 3, m = 4, 5, 6, 7, ∙ · ∙ ; and 
they do. Now you should wonder where the lines are with n = 4, m = 5, 6, 
7, 8, ∙ ∙ ∙ ; and n = 5, m = 6, 7, 8, 9, ∙ ∙ · . They are exactly where the Rydberg 
equation predicts they should be. The n = 4 series was discovered by Brackett 
and the n = 5 series was discovered by Pfund. The series with n = 6 and higher 
are located at very low frequencies and are not given special names.

The Bohr theory provided an explanation for the absorption and emission 
spectral lines in atomic hydrogen in terms of the orbits and energy levels shown 
in Figure 1-7. The orbit with n = 1 has the lowest energy, thus the one electron 
in atomic hydrogen occupies this level in its most stable state. The most stable 
electronic state of an atom or molecule is called the ground state. If the electron 
in a hydrogen atom can be only in certain orbits, it is easy to see why light 
is absorbed or emitted only at specific wave numbers. The absorption of light 
energy allows the electron to jump to a higher orbit. An excited hydrogen atom, 
in which the electron is not in the lowest-energy orbit, emits energy in the form 
of light when the electron falls back into a lower-energy orbit. The following 
series of spectral lines are a consequence of electronic transitions:

a) The Lyman series of lines arises from transitions from the n = 2, 3, 4, ∙ ∙ ∙ 
levels into the n = 1 orbit.

b) The Balmer series of lines arises from transitions from the n = 3, 4, 5, ∙ · ∙ 
levels into the n = 2 orbit.

c) The Paschen series of lines arises from transitions from the n = 4, 5, 6, · ∙ ·
levels into the n = 3 orbit.

The Bohr theory also explains why there are more emission lines than 
absorption lines. Excited hydrogen atoms may have n = 2, 3, 4, 5, · ∙ ∙ . Any 
transition to a lower level is accompanied by emission of a quantum unit of 
light of energy hv. Such a light quantum is called a photon. Since transitions 
are possible to all orbits below the occupied orbit in the excited atom, an excited 
hydrogen atom with an electron in the n = 6 orbit, for example, may "decay" 
to a less excited state by the transitions n = 6 → n = 5, n = 6 → n = 4, 
n = 6 → n = 3, and n = 6 → n = 2, or it may decay to the ground state by the
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transition n = 6 → n = 1. In other words, for the excited hydrogen atom with 
an n = 6 electron, there are five possible modes of decay, each with a finite 
probability of occurrence. Thus five emission lines, corresponding to five 
emitted photon energies (hv), result. The lines in the absorption spectrum of 
hydrogen are due to transitions from the ground state, n = 1 orbit, to higher 
orbits. Since almost no hydrogen atoms have n greater than one under typical 
absorption spectral conditions, only the transitions n = 1 → 2, 1 → 3, 1 → 4, 
1 → 5, ∙ ∙ ∙ , and 1 → ∞ are observed. These are the absorption lines that 
correspond to the series of emission lines (the Lyman series) in which the 
excited states decay in one transition to the ground state.

Now we are able to derive the Rydberg equation from the Bohr theory. 
The transition energy (ΔEh) of any electron jump in the hydrogen atom is the 
energy difference between an initial state, I, and a final state, II. That is,

(1-14)

From Equation 1-13 the expression for the transition energy becomes

or

Replacing ΔEh with its equivalent wave number of light from the relationship

(1-17)

Equation 1-17 is equivalent to the Rydberg equation, with nI = n, nII = m, and 
Rh = (2π2mee4)/ch3. If we use the value of 9.109558 × 10-28 g for the rest 
mass of the electron, the Bohr-theory value of the Rydberg constant is

(1-18)

Recall that the experimental value of RH is 109,677.581 cm-1. This remarkable 
agreement between theory and experiment was a great triumph for the Bohr 
theory.

(1-15)

(1-16)

we can write
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1-6  IONlZATION ENERGY OF ATOMIC HYDROGEN

The ionization energy (IE) of an atom or molecule is the energy needed to 
remove an electron from the gaseous atom or molecule in its ground state, 
thereby forming a positive ion. For the hydrogen atom the process is

To calculate IE for hydrogen we can start with Equation 1-16,

For the ground state nI = 1, and for the state in which the electron is removed 
completely from the atom nII = ∞. Thus

Recall that 

therefore

Then substituting 1/2α0 into the expression for IE we have

Ionization energies usually are expressed in electron volts (eV). Since 1 erg = 
6.24145 × 1011 eV we calculate

IE = (2.179914 × 10-11 erg)(6.24145 × 1011 eV erg-1) = 13.60582 eV

The experimental value of the IE of the hydrogen atom is 13.598 eV.

1-7  GENERAL BOHR THEORY FOR A ONE-ELECTRON ATOM

The problem of one electron moving around any nucleus of charge +Z is 
very similar to the hydrogen-atom problem. Since the attractive force is 
-Ze2/r2 the condition for a stable orbit is
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Proceeding from this condition in the same way as with the hydrogen atom we 
find

Thus for the general case of nuclear charge +Z, for a transition from nI to nII we 
have

Exercise. Calculate the third ionization energy of a lithium atom.

Solution. A lithium atom is composed of a nucleus of charge +3 (Z = 3) 
and three electrons. The first ionization energy, IE1, of an atom with more than 
one electron is the energy required to remove one electron. For lithium

Li(g) → Li+(g) + e-, ΔE = IE1

The energy needed to remove an electron from the unipositive ion, Li+, is 
defined as the second ionization energy, IE2, of lithium,

Li+(g) → Li2+(g) +e-, ΔE = IE2

and the third ionization energy, IE3, of lithium is the energy required to 
remove the one remaining electron from Li2+. For lithium, Z = 3 and 
IE3 = (3)2(2.1799 × 10-11 erg) = 1.96191 × 10-10 erg = 122.45 eV. The 
experimental value also is 122.45 eV.

The need for a better theory

The idea of an electron circling the nucleus in a well-defined orbit, analogous 
to the moon circling the earth, was easy to grasp, and Bohr's theory gained wide 
acceptance. However, it soon was realized that this simple theory was not the 
final answer. One difficulty was the fact that an atom in a magnetic field has 
a more complicated emission spectrum than the same atom in the absence of a 
magnetic field. This phenomenon is known as the Zeeman effect and it cannot 
be explained by the simple Bohr theory. However, the German physicist 
A. Sommerfeld was able to rescue temporarily the simple theory by suggesting 
elliptical orbits, in addition to circular orbits, for the electron. The combined 
Bohr-Sommerfeld theory explained the Zeeman effect very well.

and

or simply
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A more serious problem was the inability of even the Bohr-Sommerfeld 
theory to account for the spectral details of the atoms that have several electrons. 
The theory also failed completely as a means of interpreting the periodic 
properties of the chemical elements. Thus the "orbit" approach soon was 
abandoned in favor of a powerful new theory of electronic motion based on the 
methods of wave mechanics.

1-8 MATTER WAVES

In 1924, the French physicist Louis de Broglie advanced the hypothesis that all 
matter possesses wave properties. He postulated that for every moving particle 
there is an associated wave with a wavelength given by the equation

The mass times the velocity, mv, is the momentum, p, of a particle and is a 
measure of the inertia or the tendency of a particle to remain in motion.

In 1927, C. Davisson and L. H. Germer demonstrated that electrons are 
diffracted by crystals in a manner similar to the diffraction of x rays. These 
electron-diffraction experiments dramatically supported de Broglie's postulate 
of matter waves. Thus modern experimental evidence indicates that "particle" 
and "wave" phenomena are not mutually exclusive, rather they emphasize 
different attributes of all matter. Therefore it is reasonable to expect that all 
things in nature possess both the properties of particles (discrete units), and the 
properties of waves (continuity). The particle aspect of matter is more important 
in describing the properties of the relatively large objects encountered in normal 
observations. The wave properties are more important in describing the 
characteristics of many of the extremely minute objects outside the realm of 
ordinary perception.

It is helpful to point out why the characteristics of wave motion are not 
apparent in the motion of easily observable objects. Everything from a baseball 
to a battleship has a wavelike nature associated with its movements. However, 
for relatively large objects the wavelengths are so small that we cannot perceive 
them. For example, consider a baseball with a mass of 200 g and a speed of 
3.0 × 103 cm sec-1. From de Broglie's equation the wavelength of the as- 
sociated wave is 6.63 × 10-27/(200)(3.0 × 103) or approximately 10-32 cm. 
It is apparent that this wavelength is too small for ordinary observation. In 
contrast, an electron with a rest mass of approximately 10-27 g moving at the 
same speed would have a wavelength of about 2 × 10-3 cm, which is well 
within the realm of ordinary observation.

De Broglie's hypothesis of matter waves provided the foundation for an 
entirely new theory, which firmly established the quantum properties of energy 

(1-19)
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in physical systems. The new theory logically is called quantum mechanics. 
The remainder of this book will be devoted to the application of quantum 
mechanics to the description of electronic structures of atoms and molecules.

1-9 THE UNCERTAINTY PRINCIPLE

One of the most important consequences of the dual nature of matter is the 
uncertainty principle, which was derived in 1927 by Werner Heisenberg. 
The Heisenberg uncertainty principle states that it is impossible to know simul- 
taneously both the momentum and the position of a particle with certainty. 
This means that as a measurement of momentum or velocity is made more 
precisely, a measurement of the position of the particle is correspondingly less 
precise. Similarly, if the position is known precisely, the momentum must be 
less well known. Heisenberg showed that the lower limit of this uncertainty 
is Planck's constant divided by 4π. This relationship is expressed as

(1-20)

in which ∆px is the uncertainty in the momentum along the X direction and ΔX 
is the uncertainty in the position. Equation 1-20 is only one of several ways of 
expressing the uncertainty principle. For example, we could write

and

The uncertainty principle can be clarified by considering an attempt to 
measure both the position and the momentum of an electron (Figure 1-8). 
In this attempt the position of the electron is to be pinpointed by using electro- 
magnetic radiation as the measuring device. Thus a photon must collide with 
and be reflected from the electron for that electron to be "seen." But since 
photons and electrons have nearly the same energy, collisions between them 
result in changes in the electron's velocity and consequently in its momentum.

The position of a particle at any instant can be observed with a precision 
comparable to that of the wavelength of the incident light. However, during 
that measurement the light photon interacting with the electron causes an 
alteration of the electron's momentum of the same magnitude as the momentum 
of the photon itself. To increase the precision in detecting the position of the 
electron, the wavelength of the incident light must be decreased. But as the 
wavelength decreases the frequency of the light and the energy of the corre- 
sponding photons increase, thereby increasing the uncertainty in the momentum 
of the electron. Therefore uncertainty is inherent in the very nature of the 
measuring process.
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1-8
The position of an electron at an instant of time 
should be determinable by a "super microscope" 
with light of small wavelength, λ (x rays or γ rays). 
However, light photons of small λ have great 
energies and therefore very large momenta. A 
collision of one of these photons with an electron 
instantly changes the electronic momentum. Thus 
as the position is better resolved, the momentum 
becomes more and more uncertain.

Consider an attempt to measure simultaneously the momentum and position 
of an electron. For example, assume that the electron is moving with a velocity 
of 107 cm sec-1. Suppose that an attempt to measure its position is made with 
visible light of frequency 1015 sec-1. The energy of the electron is simply its 
kinetic energy or energy of motion, which is 1/2mν2 or approximately 10-12 erg. 
The energy of light photons is given by E = hv. From this equation, with 
visible light of frequency 1015 sec-1 the energy of a photon also is about 
10-12 erg. Therefore, in a measurement collision the momentum of the electron 
will be changed instantaneously, with a corresponding large uncertainty in the 
momentum at that instant.

The uncertainty principle need not be considered in measurements of the 
momentum and position of large bodies, because the measurements are not 
sufficiently precise to observe any inherent uncertainty. Only for small particles 
does the uncertainty principle become important. The following comparison 
of a baseball and an electron illustrates this.

Recall the baseball weighing 200 g and traveling with a velocity of 
3.0 × 103 cm sec-1 (Section 1-8). This baseball has a momentum of 
6.0 × 105 g cm sec-1. Furthermore, consider attempts to measure both the 
position and the momentum of the baseball. Suppose that it is possible to 
measure the momentum with a precision of one part in a trillion (1012). This 
would mean that the momentum is known with an uncertainty no greater 
than 6.0 × 10-7 g cm sec-1. The uncertainty principle asserts that the 
position then can be known with a precision of approximately 10-21 cm, 
which generally is much greater precision than typical physical measurements 
can achieve.

Now consider the electron with a mass of 10-27 g moving with the same 
velocity as the baseball. The electron would have a momentum of 3.0 × 

Photon
Electron changes 
momentum at the 
instant of collision

Nucleus
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10-24 g cm sec-1. If it were possible to measure that momentum with the same 
precision as in the case of the baseball, ∆p would be 3.0 × 10-36 g cm sec-1 
and the uncertainty in position, ΔΧ, would be close to a billion centimeters. 
From these examples it is clear that the uncertainty principle is important only 
in considering measurements of the small particles that comprise an atomic 
system.

1-10  ATOMIC ORBITALS

If electrons moved in simple orbits, then the momentum and position of the 
electron could be determined exactly at any instant. According to the un- 
certainty principle this situation does not correspond to reality. Therefore in 
discussing the motion of an electron of known energy or momentum around a 
nucleus, it is necessary to speak only in terms of the probability of finding that 
electron at any particular position.

To be consistent with the idea of the dual nature of matter we consider the 
motion of an electron as a wave. According to de Broglie's equation the velocity 
(consequently the energy) of the electron determines the wavelength and there- 
fore the frequency of the associated wave. The amplitude of the wave in any 
region indicates the relative probability of finding an electron in that region.

To clarify the concept of electron probability it is helpful to do a hypothetical 
experiment in which we take a set of instantaneous pictures of an electron with a 
specific energy moving around a nucleus. If all these imaginary sequential 
pictures, with the electron appearing as a small dot in each picture, were 
superimposed, a "cloud" similar to that shown in Figure 1-9(a) would result. 
This picture is called an electron-density or electron-cloud representation. 
The density of dots in a given spatial region is a pictorial representation of the 
probability density in that region.

If the electron cloud in Figure 1-9(a) is examined, the probability density 
is seen to be greater near the nucleus and to decrease as the distance from the 
nucleus increases. Consequently an atom cannot be given a definite radius, 
rather it is characterized by a fuzzy electron cloud possessing no definite 
boundaries. However, electronic motion with a poorly defined boundary is 
unwieldy for efficient pictorial representation. Thus, as an arbitrary boundary 
for the electronic motion, it is convenient to set a volume with a surface along 
which the probability density is some constant value. This is called a boundary 
surface of constant probability density. This ensures that the shape of electron 
density will be represented accurately. In addition, it is common to define this 
surface as enclosing about 90-99% of the electron density.

For the lowest-energy orbital of the hydrogen atom the boundary surface is 
a sphere of approximately 10-8-cm diameter. In Figure 1-9(b) a circular cross 
section of the boundary surface is superimposed over the electron-density



1-11 The wave equation and quantum numbers for the hydrogen atom 21

1-9
(a) Electron-density or electron-cloud representation of the motion of an electron around a 
positive nucleus. (b) Circular cross section of a spherical boundary surface enclosing 90-99% 
probability region of a 1s orbital. If an experimentalist could make a large number of measure
ments of the position of the electron, 90-99% of the time the electron would be found within 
the sphere enclosed by the boundary surface.

picture. In place of the model using planetary orbits, the probability-density 
representation describes the motion of the electron as being concentrated in a 
certain region with a certain shape around the nucleus. We will associate the 
name "electron orbital" with this type of model of electron motion. An orbital 
can be represented by a mathematical function, as well as pictorially by one of 
the probability-density representations that we have discussed. The mathe
matical functions that represent electron orbitals and their relationship to 
probability densities are presented in the next section.

1-11  THE wave EQUATION AND QUANTUM NUMBERS
FOR THE HYDROGEN ATOM

In 1926, Erwin Schrödinger advanced the famous wave equation that relates 
the energy of a system to its wave properties. Because of the rather complicated 
mathematical form of the Schrödinger equation and its solutions, we shall 
discuss the important results only qualitatively.

The Schrödinger equation for the system of one proton and one electron 
(i.e., the hydrogen atom) can be solved exactly. A quantization results in which 
only certain orbitals and energies are possible. These orbitals are specified 
by three orbital quantum numbers. The first orbital quantum number is called 
the principal quantum number and is given the symbol n. In a general way, the 
effective volume of an electron orbital depends on n. The orbital energy is 
determined by the value of n according to the expression
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1-10
Summary of the most important aspects of the hydrogen orbitals. (a) The principal quantum 
number, n, indicates approximately the effective volume of the orbital. (b) The orbital-shape 
quantum number, l, determines the general shape of the orbital.

in which k = 2πmee4/h2, as in the Bohr theory. A very useful value for k is 
13.6 eV.

The second orbital quantum number is designated l. The l quantum number 
determines, in a general way, the shape of the region in which the electron moves. 
Therefore l is called the orbital-shape quantum number. These first two quantum 
numbers together determine the spatial properties of the electron orbital, 
as shown in Figure 1-10.

n determines effective volume l determines shape
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1-11
Electron spin in a magnetic field. Just as the direction of current flow around an iron bar 
determines the direction of the polarity of the magnet induced in the iron bar, so the direction 
of the spin of an electron determines its spin quantum number. Electron spin is quantized in 
half-integer units and for each electron can have values of ±1/2.

The third orbital quantum number, ml, determines the orientation of a 
particular spatial configuration in relation to an arbitrary direction. The 
introduction of an external magnetic field most conveniently provides the 
arbitrary reference axis. We call the third quantum number the orbital
orientation quantum number. The preceding three orbital quantum numbers 
determine explicitly an electron orbital.

An electron moving in a particular orbital has properties that can be ex
plained by imagining that the electron is a tiny bar magnet with a north and a 
south pole. This "bar-magnet" behavior is described as electron spin and can 
be in either of two directions in reference to an arbitrary axis. The spin quantum 
number, ms, specifies the direction of spin in space with reference to such an 
arbitrary axis. The two orientations of electron spin in a magnetic field are 
shown schematically in Figure 1-11.
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Solution of the Schrödinger equation imposes certain restrictions on the 
values that the four quantum numbers can have. The principal quantum number 
can have any positive integral value from one to infinity. But a particular value 
of the principal quantum number determines the possible values of the l quantum 
number. Correspondingly, each value of the l quantum number determines the 
possible values of the ml quantum number. The four quantum numbers and the 
values that each can have are:

n = principal quantum number = 1, 2, 3, ∙ ∙ ∙ , ∞
l = orbital-shape quantum number = 0, 1, 2, ∙ ∙ ∙ , n - 1 (for any value 

of n)
ml = orbital-orientation quantum number = -l, -l + l, · ∙ ∙ , 0, ∙ ∙ ∙ , 

l - 1, l (for any value of l)
ms = spin quantum number = ±½

Exercise. An electron has the principal quantum number four. What are the 
possible values of l, ml, and ms for this electron?

Solution. With n = 4, l may have a value of 3, 2, 1, or 0.

For l = 3 there are seven possible values for ml: 3, 2, 1, 0, -1, -2, -3.
For l = 2 there are five possible values for ml: 2, 1, 0, -1, -2.
For l = 1 there are three possible values for ml: 1, 0, -1.
For l = 0 there is only one possible value of ml: 0.

Since for each set of orbital quantum numbers the electron can have 
either +1/2 or -1/2 spin, there are 32 possible combinations of l, ml, and ms 
with n = 4.

The Schrödinger wave equation can be set up for any atom, but it can be 
solved exactly only for the hydrogen atom (or ions with one electron). Con- 
sequently the four quantum numbers, and the corresponding wave functions 
obtained by solving the Schrödinger equation of motion, actually apply only 
to "hydrogenlike" atoms. Nevertheless, the concept of quantum numbers and 
orbitals remains very useful. To describe many-electron atoms we assume 
orbitals that are analogous to hydrogenlike orbitals, but modify them somewhat 
because of the repulsive interactions of the electrons.

Quantum number specification of orbitals

The different n values for the hydrogen atom are called energy levels or "shells" 
For each different shell (or n value) the l quantum number can have only certain 
discrete values, corresponding to orbitals of different shapes. For historical 
reasons the 0, 1, 2, and 3 values of the l quantum number are designated by 
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the letters s, p, d, and f, respectively. The combination of the principal quantum 
number and the appropriate letter corresponding to the value of the l quantum 
number is the shorthand notation for a particular orbital. For example, the 
combination n = 1, l = 0 is a 1s orbital, and that of n = 3, l = 1 is a 3p 
orbital.

The wave function ψ, a particular solution of the Schrödinger wave equation, 
mathematically describes the motion of an electron in an orbital. The amplitude 
of the wave function, indicated by its magnitude at various points in the region 
around a nucleus, gives the approximate probability of finding an electron in 
that orbital at any particular point. However, the precise value of the wave 
function squared (ψ2) is a direct measure of the probability density of the 
electron at any point in space. In other words, the greater the amplitude or 
value of ψ in a given region, the greater the probability that the electron is in 
that region.

For the lowest-energy level or shell, n is one. The rules relating the values 
of the quantum numbers require that the l and ml quantum numbers be zero. 
Accordingly, there is only one orbital with n = 1 (l = 0, ml = 0). This orbital 
is designated as 1s and is described by the following wave function, ψ:

(1-21)
in which

In Equation 1-21 the symbol ψ(1s) designates the wave function of the 
electron in the n = 1 orbital. The normalization constant, N, is fixed so that 
the probability of finding the electron somewhere in space is one. The quantity e 
is the base of natural or Naperian logarithms and is approximately 2.72. 
The distance r from the nucleus is expressed in atomic units, that is, in units of α0, 
the Bohr radius. The value of the wave function as a function of the radial 
distance from the center of the atom, r, is shown in Figure 1-12. The ψ(r) 
function is for the hydrogen 1s electron orbital. The electron density associated 
with an electron orbital is obtained from the square of the wave function, 
ψ2(r), which gives the probability density, P(r), for the electron at a given point 
in space:

(1-22)

In Figure 1-13 the probability density for a 1s orbital is plotted as a function 
of r. For s orbitals the probability of finding an electron at the nucleus is 
finite (nonzero), whereas for all other orbitals the value of ψ2(r) at the nucleus 
is zero.
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1-12
Plot of ψ(1s) = Ne-r for atomic hydrogen. The magnitude of the wave function, ψ(r), gives 
approximately the chance of finding the 1s electron at any distance r from the nucleus. The 
distance r is measured in atomic units, that is, in units of a0, the Bohr radius (1a0 = 0.529 Å).
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1-13
Plot of ψ2(r) = P(r) = N2e-2r for atomic hydrogen. The precise values of the square of the 
wave function is a direct measure of the probability density of an electron at any distance r 
from the nucleus. The probability curve never reaches zero, even at r = ∞. However, the 
sphere around the nucleus that contains 99% of the probability [see Figure 1-9(b)] has a 
radius of 4.2 atomic units (2.2 Å).
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◄1-14
Contour diagrams in the XZ plane for hydrogen wave functions that show the 50% and 99% 
contours. X and Z axes are marked in intervals of five atomic units. The 3pz orbital differs 
from the 2pz in having another nodal surface as a spherical shell around the nucleus at a 
distance of approximately six atomic units.

Nodal sphere at r = 2 
where probability density 
is zero

1-15
The hydrogen 2s orbital. (a) The graph of ψ2(r) against r. (b) A cross section through the 
probability function plotted in three dimensions. Probability density is represented by 
stippling.

The electron density of a 1s orbital is illustrated in Figure 1-9(a). The 
density of dots is a pictorial representation of the probability density. To 
restrict the region of space referred to in the discussion of orbitals, a cross- 
sectional contour of constant probability density can be used and is shown in 
Figure 1-9(b) for the 1s orbital. In this case the contour is a circle, which 
represents a cross section of the spherical 1s orbital. The contour is drawn 
such that the electron is inside the sphere for which the circle is a cross section 
about nine tenths of the time (or the charge inside the sphere is -0.9e). Figure 
1-14 shows two contours for each of several other hydrogen atomic orbitals.

When the principal quantum number is 2 the l quantum number is restricted 
to two values, 0 and 1. The orbital with l = 0 is the 2s orbital and can be 
described analytically as

(1-23)

The important differences between the 2s and 1s orbitals for the hydrogen atom 
are that the 2s orbital is effectively larger than the 1s orbital, and that for 
r = 2 the 2s wave function is zero. A surface on which a wave function is zero 
is called a node (or nodal surface). Thus the 2s orbital of atomic hydrogen has a 
nodal sphere with a radius of two atomic units, as shown in Figure 1-15.

Node
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1-16
The polar coordinates θ, ϕ, and r and their relationship to the X, Y, and Z axes. It can be 
shown that x = r sin θ cos ϕ, y = r sin θ sin ϕ, and z = r cos θ.

It is important to remember that all s orbitals are spherically symmetrical. 
Orbitals with l = 0 and different values of n differ only in "effective volume," 
and in the number of nodes.

In the second shell, with n = 2, an orbital with l = 1 is encountered. 
There are three orbitals with l = 1 because the ml quantum number can have 
the values -1, 0, and 1. Unlike the s orbitals, which are spherically symmetrical, 
the three 2p orbitals have directional properties. Accordingly, the 2p orbital 
with ml = 0 is specified in the polar coordinates of Figure 1-16 as

(1-25)

(1-24)

The 2pz orbital, which is described by Equation 1-24, has regions of 
greatest concentration or probability along the Z axis. The electron-density 
representation of this 2p orbital is shown in Figure 1-17(a). Examining this 
representation we see that the probability of finding the electron in the XY plane 
is zero [i.e., ψ(2pz) = 0 when cos θ = 90°]. This nodal plane containing the 
atomic nucleus is a property of all p orbitals.

The 2pz orbital also can be described with a contour diagram or a spatial 
representation. We can find the contour diagram by plotting lines of constant 
probability density, which correspond to constant |ψ| or ψ2. The square of 
the ψ(2pz) function is given by the equation

Electron
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1-17
Three ways of representing the 2pz atomic orbital of hydrogen. (a) ψ2 represented by stippling. 
(b) Contour diagram of the 2pz orbital. The contours represent lines of constant ψ2 in the 
YZ plane and have been chosen so that, in three dimensions, they enclose 50% or 99% of the 
total probability density. The 2pz orbital is symmetrical around the Z axis. (c) The 99% 
probability shell portrayed as a surface. The plus and minus signs on the two lobes represent 
the relative signs of ψ and should not be confused with electric charge. Notice that there is no 
probability of finding the electron on the XY plane. Such a surface, which need not be 
planar, is called a nodal surface.

Xϒ nodal plane

Boundary surface
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1-18
Boundary surfaces enclosing 99% of the probability 
for the 2py, 2px, and 2pz orbitals of hydrogen. 
Notice the nodal plane of zero probability density in 
each orbital.

The resulting contours and a spatial representation for the 2pz orbital are 
shown in Figure 1-17(b, c).

The signs of the two lobes in the spatial representation are a reminder that 
the 2pz wave function is positive for positive Z values and negative for negative 
Z values; that is, positive for θ values between 0° and 90° and negative for θ 
values between 90° and 0°. All p functions change sign when inverted at the 
atomic nucleus and are said to be antisymmetric. In contrast, s orbital functions 
are symmetrical because inversion does not generate a change in algebraic 
sign. The symmetry properties of orbitals are emphasized here because, as 
we will see later, they are important in classifying bonds between atoms.

A complete set of p orbitals is shown in Figure 1-18. The three equivalent p 
orbitals differ only in their spatial orientations. They are designated px, py, and 
pz, depending on their directional properties with respect to the X, Y, and Z axes.

When the principal quantum number is three, l can have three values: 
0, 1, and 2. A 3s orbital has l = 0 and is similar to the s orbitals described 
previously. (It is a general result that the number of nodes equals n - 1; 
thus the 3s orbital has two nodes.) When l = 1 there are three 3p orbitals. 
The 2p and 3p orbitals with the same ml quantum number have the same angular 
dependence, although the boundary contours of the 3p orbitals are more 
complicated than those for the 2p orbitals because of the presence of an additional 
node. However, the outer part of a 3p orbital looks like a 2p orbital (see Figure

py orbital

Nodal plane

pz orbital
px orbital
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1-19
The five 3d atomic orbitals of hydrogen. The 4d, 5d, and 6d orbitals can be considered as essen
tially identical to these 3d orbitals except for an increase in size. Notice how the sign of the wave 
function changes from one lobe to the next in a given orbital. This change of sign is important 
when atomic orbitals are combined to make molecular orbitals.

1-14) and we usually represent all p orbitals by the three spatial pictures shown 
in Figure 1-18.

When n = 3 we encounter for the first time a value of two for l, thereby 
giving five possible values for the ml quantum number. Thus there are five d 
orbitals. Although their mathematical representations are more complicated, 
pictorial representations of five energetically equivalent d orbitals are reasonably 
simple, as indicated in Figure 1-19. Notice that the dz^2 orbital, with ml = 0, 
has a different shape than the others. Again, the signs labeling the various

dxy orbital

dxz orbital
dz^2 orbital

dyz orbital dx^2-y^2 orbital
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lobes indicate that the 3d-orbital wave function is either positive or negative 
in that region. The d-orbital functions are symmetrical because inversion at 
the origin does not result in a change in algebraic sign.

There are orbitals of high l values in the shells with principal quantum 
numbers n > 3, but these orbitals are much more complicated and will not be 
introduced.

1-12 MANY-ELECTRON ATOMS

The Schrödinger equation can be set up for atoms with more than one electron, 
but it cannot be solved exactly in these cases. The second and subsequent 
electrons introduce the complicating feature of electron-electron repulsion, 
which is not present in the hydrogenlike atom. Nevertheless, with some modifica
tion the hydrogenlike orbitals account adequately for the electronic structures 
of many-electron atoms.

The key to the building or Aufbau process for many-electron atoms is 
called the Pauli exclusion principle, which states that no two electrons in an 
atom can have the same set of four quantum numbers. Thus two electrons in 
the ground state of atomic helium (Z = 2) must possess the following quantum 
numbers:

n = 1, l = 0, ml = 0, ms = +½
and

n = 1, l = 0, ml = 0, ms = -½

In other words, the two electrons in the helium atom are placed in the 1s 
orbital with opposite spins to be consistent with the Pauli principle. We abbreviate 
the orbital electronic structure of helium 

in which ↑ stands for ms = +½ and ↓ stands for ms = -½.
In discussing the properties of many-electron atoms such as helium the 

concept of effective nuclear charge (Zeff) is quite useful. Of course, the actual 
nuclear charge in a helium atom is +2. But the full force of this +2 charge 
is partially offset by the mutual repulsion of the two electrons. As far as either 
one of the electrons is concerned the Zeff is less than +2, because of the "shielding" 
provided by the other electron. One atomic property that illustrates that Zeff 
is less than +2 is the IE of helium, which is 24.59 eV. If there had been no 
electron-electron repulsion, each electron would have felt the full +2 nuclear 
charge. The IE in this hypothetical situation would have been equal to the 
value for a hydrogenlike atom with Z = +2, or IE = (2)2(13.6 eV) = 54.4 eV. 
Thus electron-electron repulsion reduces drastically the IE of helium, and the 
utility of the concept of Zeff is established.

or
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Another problem is encountered in the lithium atom, with Z = 3. The 1s 
orbital now is occupied fully by two electrons. The third electron must be 
placed in one of the orbitals with n = 2. But which one? The decision is not 
important in a hydrogenlike atom because 2s and 2p orbitals have the same 
energy. However, in a many-electron atom the shielding of any given electron 
from the nuclear charge by the other electrons depends on the l quantum number 
of the electron under consideration. For example, consider the 2s and 2p 
orbitals in the lithium atom. Both orbitals are shielded from the +3 nuclear 
charge by the 1s2 electrons, but the 2s orbital, because of its larger probability 
density very close to the nucleus (see Figure 1-15), is not shielded as strongly as is 
a 2p orbital. We say that the 2s orbital "penetrates" the inner 1s2 electron 
shell better than a 2p orbital does. Therefore the order of energies is 2s < 2p, 
and the third electron in the lithium atom occupies the 2s orbital in the ground 
state: 

all obey the Pauli principle. Which configuration most accurately represents 
the ground state of atomic carbon? The choice is made by invoking Hund's rule, 
which states that for any set of orbitals of equal energy the electronic configura
tion with the maximum number of parallel spins results in the lowest electron- 
electron repulsion. Thus the ground-state configuration of atomic carbon is

The two electrons with parallel spins (same ms value) are said to be "unpaired."

A beryllium atom (Z = 4) has a filled 2s orbital, and a boron atom 
(Z = 5) has the fifth electron in a 2p orbital:

For a carbon atom (Z = 6) we have a choice of electron placement because 
there are a number of possible configurations for the second electron in a set 
of three 2p orbitals. For example, the three configurations
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1-20
Relative energies of the orbitals in neutral, many-electron atoms. ln building the periodic 
table for many-electron, neutral atoms, electrons are put in the available orbital of lowest 
energy. For example, the 4s orbital is filled before the 3d orbital, the 6s orbital is filled before 
the 4f or 5d orbitals, and so on.

Now we are in a position to build the ground-state configuration of the 
atoms of all elements by filling the atomic orbital sets with electrons in order 
of increasing energy, making certain that the Pauli principle and Hund's rule 
are obeyed. The total number of electrons that the different orbital sets can 
accommodate is given in Table 1-2. The s, p, d, and f orbital sets usually 
are called subshells. As we noted previously, the group of subshells for any given n 
value is called a shell.

Table 1-2. The s, p, d, and f orbital sets

Type of 
orbital Orbital quantum numbers

Total 
orbitals 
in set

Total number 
of electrons 
that can be 
accommodated

s l = 0; ml = 0 1 2
p l = 1; ml = 1, 0, -1 3 6
d l = 2; ml = 2, 1, 0, -1, -2 5 10
f l = 3; ml = 3, 2, 1, 0, -1, -2, -3 7 14

High energy
En

er
gy

Low energy
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We have discussed the fact that the 2p orbitals have higher energy than the 
2s orbital in terms of different degrees of shielding in a many-electron atom. 
Actually, the energy order was known from atomic spectral experiments 
long before a theoretical rationale was available. We also know both from 
atomic theory and from experiments that the complete order of increasing 
energy of the orbital sets of interest in building the periodic table for many- 
electron, neutral atoms is 1s, 2s, 2p, 3s, 3p, 4s, 3d, 4p, 5s, 4d, 5p, 6s, 4f ≅ 5d, 
6p, 1s, 5f ≅ 6d. This relative ordering is shown in Figure 1-20.

We must emphasize that Figure 1-20 gives the order of filling of orbitals 
only for neutral atoms. Orbital energies depend heavily on the atomic number 
and on the charge on the atom (ion), as is illustrated for the 3d and 4s orbital 
levels in the first transition series of elements. The 4s orbital is occupied before 
the 3d orbitals for the scandium (Sc) atom, but in the Sc2+ ion the 3d orbital 
is filled before the 4s orbital. This means that for the neutral and ionic species 
the 4s and 3d energy levels in scandium have different relative positions. 
Generally, the transition metal positive ions have an nd level that is of lower 
energy than the (n + 1)s level. This energetic relationship will be important 
when we discuss the electronic structures of transition metal compounds in 
Chapter 5.
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QUESTIONS AND PROBLEMS

1. In each of the following statements choose one of the four possibilities, (a), (b), (c), 
or (d), that most accurately completes the statement. Read the statements carefully.
A) Rutherford, Geiger, and Marsden performed experiments in which a beam of 

helium nuclei (α particles) was directed at a thin piece of gold foil. They found that 
the gold foil (a) severely deflected most of the particles of the beam directed at it; 
(b) deflected very few of the particles of the beam and deflected these only very 
slightly; (c) deflected most of the particles of the beam but deflected these only 
very slightly; (d) deflected very few of the particles of the beam but deflected these 
severely.

B) From the results in (A) Rutherford concluded that (a) electrons are massive 
particles; (b) the positively charged parts of atoms are extremely small and ex
tremely heavy particles; (c) the positively charged parts of atoms are moving with 
a velocity approaching that of light ; (d) the diameter of an electron is approximately 
equal to the diameter of the nucleus.

C) Which one of the following statements concerning the Bohr theory of the hydrogen 
atom is not true? The theory (a) successfully explained the observed emission 
and absorption spectra of the hydrogen atom; (b) requires that the greater the 
energy of the electron in the hydrogen atom the greater its velocity; (c) requires 
that the energy of the electron in the hydrogen atom can have only certain discrete 
values; (d) requires that the distance of the electron from the nucleus in the hydrogen 
atom can have only certain discrete values.

2. Consider two hydrogen atoms. The electron in the first hydrogen atom is in the 
n = 1 Bohr orbit. The electron in the second hydrogen atom is in the n = 4 orbit. 
(a) Which atom has the ground-state electronic configuration? (b) In which atom 
is the electron moving faster? (c) Which orbit has the larger radius? (d) Which atom 
has the lower potential energy? (e) Which atom has the higher ionization energy?

3. How much energy is required to ionize a hydrogen atom in which the electron occupies 
the n = 5 Bohr orbit?

4. Set up an expression for the wavelength of the radiation that would be emitted by a 
He+ ion when it decays from an excited state having principal quantum number 
n = 4 to a lower excited state having n = 3. Your expression should give the wave- 
length as a function of m, e, h, π, and c only. Calculate the numerical value of the 
wavelength of the emitted radiation.
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5. Calculate the wavelength of a photon of visible light with a frequency of 
0.66 × 1015 sec-1. What is the energy of the photon? What is the wave number?

6. Calculate the energy released when a hydrogen atom decays from the state having 
the principal quantum number three to the state having the principal quantum number 
two.

7. Calculate the frequency of the light emitted when a hydrogen atom decays as in 
Problem 6. Calculate the wave number of the light emitted in the decay of the hydrogen 
atom described.

8. The ground-state electronic configuration of lithium is 1s22s1. When lithium is 
heated in a flame, bright red light is emitted. The red color is due to light emission 
at a wavelength of 6708 Å. Furthermore, no light emission is observed at longer 
wavelengths. (a) Suggest possible explanations for the emission at 6708 Å. [Hint: 
The 1s2 electrons are not involved.] (b) What is the frequency of the light? (c) What 
is the wave number (cm-1) of the light? (d) What is the energy of the process in 
kilocalories per mole?

9. Following are several electronic configurations that may be correct for the nitrogen 
atom (Z = 7). Electrons are represented by arrows whose direction indicates the 
value of the spin quantum number, ms. The three circles for the p orbitals indicate the 
possible values of the orbital-orientation quantum number, ml. For each configuration 
write one of the following words: "excited," if the configuration represents a possible 
excited state of the nitrogen atom; "ground," if the configuration represents the 
ground state of the nitrogen atom; "forbidden," if the configuration in question 
cannot exist.

10. Write the orbital electronic structures for the following atoms and ions and, where 
appropriate, show that you know Hund's rule: P(Z = 15); Na(Z = 11); As(Z = 33); 
C- (Z = 6); O+ (Z = 8).

11. Determine the number of unpaired electrons in the following atoms: C(Z = 6); 
F(Z = 9); Ne(Z = 10).

12. Draw spatial representations for the following orbitals and put in X, Y, and Z co- 
ordinates, if needed: 2pz; 3s; 3dx^2-y^2; 3dxz; n = 2, l = 1.
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13. An electron is in one of the 3d orbitals. What are the possible values of the orbital 
quantum numbers n, l, and ml for the electron?

14. Write the orbital electronic structure of the ground state of (a) the calcium atom 
(Z = 20), and (b) the Mg2+ ion (Z = 12).

15. The Balmer series for atomic hydrogen occurs in the visible region of the spectrum. 
Which series in the emission spectrum of Be3+ has its lowest-energy line closest to the 
first line in the hydrogen Balmer series? How many quantum-number combinations 
are there for each of the participating energy levels for this emission line in Be3+?

16. Suppose that you discovered some material from another universe that obeyed the 
following restrictions on quantum numbers:

n > 0
l + 1 ≦ n

ml = +l or -l
ms = +½

Assume that Hund's rule still applies. What would be the atomic numbers of the 
first three noble gases in that universe? What would be the atomic numbers of the first 
three halogens?

17. The spectrum of He+ contains, along with many others, lines at 329,170 cm-1, 
399,020 cm-1, 411,460 cm-1, and 421,330 cm-1. Show that these lines fit a Rydberg- 
type equation, = R(1/n12 - 1/n22). What is the ratio of RH (Rh = 109,678 cm-1) to 
Rhe^+? Do these facts agree with Bohr's theory of hydrogenlike atoms?

18. An atom is observed to emit light at 1000 Å, 1250 Å, and 5000 Å. Theoretical con- 
siderations indicate that there are only two excited states involved. Explain why 
three lines are observed. How far in energy are the excited states above the ground 
state?

19. Why do the 4s, 4p, 4d, and 4f orbitals have the same energy in the hydrogen atom but 
different energies in many-electron atoms?

20. How can the same atom of hydrogen, in quick succession, emit a photon in the 
Brackett, Paschen, Balmer, and Lyman series? Can it emit them in the reverse order? 
Why, or why not?


