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Atoms and atomic
structure

3.1 The importance of electrons

We saw in Chapter 1 that chemistry is concerned with atoms and the species

that are formed by their combination. In this chapter, we are concerned with

some details of atomic structure. You will learn about a description of atomic

structure that is pervasive throughout modern chemistry, and we will extend

this description to give an understanding of the structure of multi-atomic ions

and molecules.

Atoms consist of nuclei and electrons. The electrons surround the central

nucleus which is in turn composed of protons and neutrons. Only in the

case of protium (1H) is the nucleus devoid of neutrons.

Most chemistry is concerned with the behaviour of electrons. The behaviour of

nuclei is more properly the realm of the nuclear chemist or physicist. Ions are

formed by the gain or loss of electrons; covalent bonds are formed by the shar-

ing of electrons. The number of electrons in an atom of an element controls

the chemical properties of the element.

Empirical observations led to the grouping together of sets of elements with

similar chemical characteristics and to the construction of the periodic table.

A periodic table is presented inside the front cover of this book.

We now come to the critical question. If the chemical properties of elements

are governed by the electrons of the atoms of the elements, why do elements in

the same group of the periodic table but with different total numbers of elec-

trons behave in a similar manner? This question leads to the concept of elec-

tronic structure and a need to understand the organization of electrons in

atoms.
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3.2 The classical approach to atomic structure

The road to the present atomic theory has developed from classical mechanics

to quantum mechanics. The transition was associated with a crisis in relating

theory to experimental observations and with fundamental changes in the

understanding of science in the late 19th and early 20th centuries.

The simplest models of atomic structure incorporate no detailed descrip-

tion of the organization of the positively charged nuclei and the negatively

charged electrons. The structure merely involves electrostatic attractions

between oppositely charged particles. A series of experiments established a

model of the atom in which a central positively charged nucleus was

surrounded by negatively charged electrons. Consider the consequences of

having a positively charged nucleus with static electrons held some distance

away. The opposite charges of the electrons and the protons mean that

the electrons will be attracted to the nucleus and will be pulled towards it.

The only forces opposing this will be the electrostatic repulsions between

the similarly charged electrons. This model is therefore not consistent

with the idea that electrons are found in a region of space distant from

the nucleus.

This led to attempts to describe the atom in terms of electrons in motion

about a nucleus. In 1911, Ernest Rutherford proposed an atom consisting of

a positively charged nucleus around which electrons move in circular orbits.

In a classical model of such an atom, the electrons obey Newton’s Laws of

Motion (see Box 3.1), and Rutherford’s proposals were flawed because the

electron would be attracted towards the nucleus and would plunge towards

it. The orbits could not be maintained. Additionally, this classical picture

can only describe completely the relative positions and motions of the nucleus

and the electron in the hydrogen atom. In atoms withmore than one electron it

is impossible to solve algebraically the equations describing their motion. Even

for hydrogen, however, the Rutherford description was not able to account for

some experimentally observed spectroscopic properties.

3.3 The Bohr atom – still a classical picture

In 1913, Niels Bohr developed a quantized model for the atom. In the Bohr

atom, electrons move in planetary-like orbits about the nucleus. The basic

assumption that made the Bohr atom different from previous models was

that the energy of an electron in a particular orbit remains constant and that

Atomic spectrum of
hydrogen: see Section 3.16

A scalar quantity possesses
magnitude only, e.g. mass.

A vector quantity possesses

both magnitude and
direction, e.g. velocity.

"

THEORY

Box 3.1 Newton’s Laws of Motion

The First Law

A body continues in its state of rest or of uniform
motion in a straight line unless acted upon by an

external force.

The Second Law

The rate of change of momentum of a body is

proportional to the applied force and takes place in
the direction in which the force acts.

The Third Law

For every action, there is an equal and opposite
reaction.
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only certain energies are allowed. By classical theory, an electron cannot move

in a circular orbit unless there is a force holding it on this path – if there is no

attractive force acting on the electron, it will escape from the orbit (think what

happens if you swing a ball tied on the end of a string in circles and then let go

of the string). Figure 3.1 shows an electron moving with a velocity v in a

THEORY

Box 3.2 Atomic theory as a sequence in history

1801 Young demonstrates the wave properties of

light.
1888 Hertz discovers that radio waves are produced

by accelerated electrical charges; this indicates

that light is electromagnetic radiation.
1897 J. J. Thomson discovers the electron.
1900 Rayleigh and Jeans attempt to calculate the

energy distribution for black-body radiation,
but their equation leads to the ‘ultraviolet cata-
strophe’ (see Box 3.3).

1900 Planck states that electromagnetic radiation is

quantized, i.e. the radiation is emitted or
absorbed only in discrete amounts (E ¼ h�).

1905 Einstein considers that light waves also exhibit

particle-like behaviour; the particles are called
photons and have energies h�. (The name
photon did not appear until 1926.)

1909 Rutherford, Geiger andMarsden show that when
a-particles strike a piece of gold foil, a small
number are deflected (an a-particle is an He2þ

ion). Rutherford suggests that an atom contains

a small positively charged nucleus surrounded
by negatively charged electrons.

1911 Rutherford proposes an atom consisting of a posi-

tively charged nucleus around which the electron

moves in a circular orbit; the model is flawed
because the orbit would collapse as the electron

was attracted towards the nucleus (see Section
3.2).

1913 Bohr proposes a model for the hydrogen atom in

which an electron moves around the nucleus in an
orbit with a discrete energy. Other orbits are possi-
ble, also with discrete energies (see Section 3.3).

1924 De Broglie suggests that all particles, including

electrons, exhibit both particle and wave proper-
ties; this iswave–particle duality (see Section 3.5).

1926 The Schrödinger wave equation is developed (see

Section 3.7).
1927 Davisson and Germer experimentally confirm

de Broglie’s theory.

1927 Heisenberg states that, because of wave–particle
duality, it is impossible to determine simulta-
neously both the position and momentum of a
microscopic particle; this includes an electron.

The statement is the uncertainty principle (see
Section 3.6).

Lord Rayleigh (John William Strutt)

(1842–1919) was awarded the Nobel

Prize in Physics in 1904 ‘for his investiga-

tions of the densities of the most impor-

tant gases and for his discovery of argon

in connection with these studies’.

Prince Louis-Victor Pierre Raymond de

Broglie (1892–1987) was awarded the

Nobel Prize in Physics in 1929 ‘for his

discovery of the wave nature of elec-

trons’.

Ernest Rutherford (1871–1937) was

awarded the Nobel Prize in Chemistry

in 1908 ‘for his investigations into the

disintegration of the elements, and the

chemistry of radioactive substances’.
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circular path about the fixed nucleus. Velocity is a vector quantity and for any

given point in the path of the electron, the velocity will have a direction tangen-

tial to the circle.

In the Bohr atom, the outward force exerted on the electron as it tries to

escape from the circular orbit is exactly balanced by the inward force of

attraction between the negatively charged electron and the positively charged

nucleus. Thus, the electron can remain away from the nucleus. Bohr built

into his atomic model the idea that different orbits were possible and that

the orbits could only be of certain energies. This was a very important

advance in the development of atomic theory. By allowing the electrons to

move only in particular orbits, Bohr had quantized his model. The model

was successful in terms of being consistent with some atomic spectroscopic

observations but the Bohr atom fails for other reasons. We return to the

Bohr atom in Section 3.16.

3.4 Quanta

In the preceding paragraphs we have considered the organization of the

electrons in an atom in terms of classical mechanics and of ‘classical’

quantum mechanics. In the late 19th century, an important (historical)

failure of the classical approach was recognized – the so-called ‘ultraviolet

catastrophe’ (see Box 3.3). This failure led Max Planck to develop the idea

of discrete energies for electromagnetic radiation, i.e. the energy is quantized.

Equation 3.1 gives the relationship between energy E and frequency �. The

proportionality constant is h, the Planck constant (h ¼ 6:626� 10�34 J s).

E ¼ h� ð3:1Þ

3.5 Wave--particle duality

Planck’s model assumed that light was an electromagnetic wave. In 1905,

Albert Einstein proposed that electromagnetic radiation could exhibit

particle-like behaviour. However, it became apparent that while electro-

magnetic radiation possessed some properties that were fully explicable in

terms of classical particles, other properties could only be explained in

terms of waves. These ‘particle-like’ entities became known as photons and

from equation 3.1, we see that each photon of light of a given frequency �

has an energy h�.

Now let us return to the electrons in an atom. In 1924, Louis de Broglie

argued that if radiation could exhibit the properties of both particles and

Quantization is the
packaging of a quantity into
units of a discrete size.

E ¼ h�
The units of energy E are
joules (J), of frequency � are
s�1 or Hz, and h is the

Planck constant,
6:626� 10�34 J s.

Fig. 3.1 The Bohr atom. The
negatively charged electron is
involved in circular motion about
a fixed positively charged
nucleus. There is an attractive
force, but also an outward force
due to the electron trying to
escape from the orbit.
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waves (something that defeats the laws of classical mechanics), then so

too could electrons, and indeed so too could every moving particle. This

phenomenon is known as wave–particle duality.

The de Broglie relationship (equation 3.2) shows that a particle (and this

includes an electron) with momentum mv (m ¼ mass and v ¼ velocity of the

particle) has an associated wave of wavelength �. Thus, equation 3.2 combines

the concepts of classical momentum with the idea of wave-like properties.

� ¼ h

mv
where h ¼ the Planck constant ð3:2Þ

And so, we have begun to move towards quantum (or wave) mechanics and

away from classical mechanics. Let us see what this means for the behaviour

of electrons in atoms.

3.6 The uncertainty principle

For a particle with a relatively large mass, wave properties are unimportant

and the position and motion of the particle can be defined and measured

almost exactly. However, for an electron with a tiny mass, this is not the

case. Treated in a classical sense, an electron can move along a defined

path in the same way that a ball moves when it is thrown. However, once

Albert Einstein (1879–1955).

THEORY

Box 3.3 Black-body radiation and the ‘ultraviolet catastrophe’

An ideal black-body absorbs all radiation of all wave-
lengths that falls upon it. When heated, a black-body
emits radiation.

If one applies the laws of classical physics to this situa-
tion (as was done by Rayleigh and Jeans), the results are
rather surprising. One finds that oscillators of very short
wavelength, �, should radiate strongly at room tempera-

ture. The intensity of radiation is predicted to increase
continuously, never passing through a maximum. This
result disagrees with experimental observations which

show a maximum with decreasing intensity to higher or
lower wavelengths. Very short wavelengths correspond
to ultraviolet light, X-rays and �-rays. Hence the term

the ‘ultraviolet catastrophe’.
The situation can only be rectified if one moves

away from classical ideas. This was the approach taken

by Max Planck. He proposed that the electromagnetic
radiation had associated with it only discrete energies.
The all-important equation arising from this is:

E ¼ h�

where E is the energy, � is the frequency and h is the
Planck constant. This equation means that the energy
of the emitted or absorbed electromagnetic radiation

must have an energy which is a multiple of h�.

Remember that frequency, �, and wavelength, �, of
electromagnetic reaction are related by the equation:

c ¼ ��

where c is the speed of light (see Appendix 4).

Max Karl Ernst Ludwig Planck (1858–1947).
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we give the electron wave-like properties, it becomes impossible to know

exactly both the position and the momentum of the electron at the same

instant in time. This is Heisenberg’s uncertainty principle.

We must now think of the electron in a new and different way and consider

the probability of finding the electron in a given volume of space, rather than

trying to define its exact position and momentum. The probability of finding

an electron at a given point in space is determined from the function  2 where

 is the wavefunction. A wavefunction is a mathematical function which tells

us in detail about the behaviour of an electron-wave.

Now we must look for ways of saying something about values of  and  2,

and this leads us on to the Schrödinger wave equation.

The probability of finding an electron at a given point in space is determined
from the function  2 where  is the wavefunction.

3.7 The Schrödinger wave equation

The equation

One form of the Schrödinger wave equation is shown in equation 3.3.

h ¼ E ð3:3Þ
When first looking at equation 3.3, you might ask: ‘Can one divide through

by  and say thath ¼ E?’ This seems a reasonable question, but in order to

answer it (and the answer is ‘no’), we need to understand what the various

components of equation 3.3 mean.

Look first at the right-hand side of equation 3.3. We have already stated

that  is a wavefunction. E is the total energy associated with the wave-

function  . The left-hand side of equation 3.3 represents a mathematical

operation upon the function  . h is called the Hamiltonian operator

(Box 3.4).

Werner Karl Heisenberg
(1901–1976).

Erwin Schrödinger (1887–1961).

THEORY

Box 3.4 The Hamiltonian operator

Just as the name suggests, a mathematical operator
performs a mathematical operation on a mathematical
function.

Differentiation is one type of mathematical operation
and is reviewed at a basic level in theMathematics Tutor
(on the website accompanying this book; see

www.pearsoned.co.uk/housecroft). For example:
d

dx
instructs you to differentiate a variable with respect to x.

Equation 3.3 introduces the Hamiltonian operator,
h, in the Schrödinger wave equation. The Hamiltonian

operator is a differential operator and takes the form:

� h2

8�2m

�
@2

@x2
þ @2

@y2
þ @2

@z2

�
þ Vðx; y; zÞ

in which
@2

@x2
,
@2

@y2
and

@2

@z2
are partial differentials (see

Box 17.1) and Vðx; y; zÞ is a potential energy term. The

complicated nature of h arises from the need to
describe the position of the electron in three-dimensional
space.
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Eigenvalues and eigenvectors

Equation 3.3 can be expressed more generally as in equation 3.4. The equa-

tion is set up so that, having ‘operated’ on the function (in our case,  ) the

answer comes out in the form of a scalar quantity (in our case, E) multiplied

by the same function (in our case,  ). For such a relationship, the function is

called an eigenfunction and the scalar quantity is called the eigenvalue.

Applied to equation 3.3, this means that  is an eigenfunction and E is an

eigenvalue, while h is the operator.

Operator working on a function ¼ (scalar quantity)� (the original function)

ð3:4Þ

What information is available from the Schrödinger equation?

It is difficult to grasp the physical meaning of the Schrödinger equation.

However, the aim of this discussion is not to study this equation in detail

but merely to illustrate that the equation can be set up for a given system

and can be solved (either exactly or approximately) to give values of  and

hence  2. From the Schrödinger equation, we can find energy values that

are associated with particular wavefunctions. The quantization of the

energies is built into the mathematics of the Schrödinger equation.

A very important point to remember is that the Schrödinger equation

can only be solved exactly for a two-body problem, i.e. for a species that

contains a nucleus and only one electron, e.g. H, Heþ or Li2þ ; these are

all hydrogen-like species.

The wavefunction  is a solution of the Schrödinger equation and

describes the behaviour of an electron in the region in space of the atom

called the atomic orbital. This result can be extended to give information

about a molecular orbital in a molecular species.

An atomic orbital is usually described in terms of three integral quantum

numbers. The principal quantum number, n, is a positive integer with values

lying between limits 1 and 1. For most chemical purposes, we are within the

limits of n ¼ 1–7. Two further quantum numbers, l and ml, may be derived

(see Section 3.10) and a combination of these three quantum numbers defines

a unique orbital.

A wavefunction  is a mathematical function that contains detailed information
about the behaviour of an electron (electron-wave).

The region of space defined by such a wavefunction is termed an atomic orbital.

Each atomic orbital may be uniquely defined by a set of three quantum numbers:

n, l and ml .

Radial and angular parts of the wavefunction

So far, we have described the position of the electron by Cartesian coordi-

nates (x; y; z) with the nucleus at (0; 0; 0). It is very often convenient to use

a different coordinate system which separates a radial distance coordinate

(r) from the angular components (� and �) (Figure 3.2). These are called

spherical polar coordinates. We will not be concerned with the mathematical

manipulations used to transform a set of Cartesian coordinates into spherical

One form of the Schrödinger

wave equation is:

h ¼ E 

h is the Hamiltonian

operator, the wavefunction
 is an eigenfunction and
the energy E is an

eigenvalue.

A hydrogen-like species

contains one electron.

Quantum numbers: see
Section 3.10

"
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polar coordinates. However, it is useful to be able to define separate wave-

functions for the radial (r) and angular (�; �) components of  . This is

represented in equation 3.5 where RðrÞ and Að�; �Þ are new radial and

angular wavefunctions respectively.

 Cartesianðx; y; zÞ �  radialðrÞ angularð�; �Þ ¼ RðrÞAð�; �Þ ð3:5Þ

The radial component in equation 3.5 is dependent upon the quantum

numbers n and l, whereas the angular component depends on l and ml.

Hence the components should really be written as Rn;lðrÞ and Al;ml
ð�; �Þ. In

this book we shall simplify these expressions. The notation RðrÞ refers to

the radial part of the wavefunction, and Að�; �Þ refers to the angular part

of the wavefunction. It follows that RðrÞ will give distance information,

whereas Að�; �Þ will give information about shape.

3.8 Probability density

The functions  2, RðrÞ2 and Að�;�Þ2

The function  2§ is proportional to the probability density of the electron at a

point in space. By considering values of  2 at points in the volume of space

about the nucleus, it is possible to define a surface boundary that encloses the

region of space in which the probability of finding the electron is, say, 95%.

By doing this, we are effectively drawing out the boundaries of an atomic

orbital. Remember that  2 may be described in terms of the radial and angular

An atomic wavefunction  
consists of a radial, RðrÞ,
and an angular, Að�; �Þ,
component.

§ Although here we use  2, we ought really to write   � where  � is the complex conjugate of  .
In one dimension (say x), the probability of finding the electron between the limits of x and
(xþ dx) (where dx is an extremely small change in x) is proportional to the function
 ðxÞ �ðxÞ dx. In three dimensions this leads to the use of   � d� in which we are considering
the probability of finding the electron in a volume element d� . Using only the radial part of the
wavefunction, the function becomes RðrÞR�ðrÞ.

Fig. 3.2 Definition of the polar
coordinates ðr; �; �Þ for a point
shown here in red; r is the radial
coordinate and � and � are
angular coordinates. Cartesian
axes (x, y and z) are also shown.
The point at the centre of the
diagram is the origin.
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components RðrÞ2 and Að�; �Þ2. Remember, also, that these boundaries are

only approximations; in principle, all orbitals are infinitely large.

The 1s atomic orbital

The lowest energy solution to the Schrödinger equation for the hydrogen

atom leads to the 1s orbital. The 1s orbital is spherical in shape; it is

spherically symmetric about the nucleus. If we are interested only in the

probability of finding the electron as a function of distance from the nucleus,

we can consider only the radial part of the wavefunction RðrÞ. Values of

RðrÞ2 are largest near to the nucleus and then become smaller on moving

along a radius centred on the nucleus. Since the chance of the electron

being far out from the nucleus is minutely small, we draw the boundary

surface for the orbital so as to enclose 95% of the probability density of

the total wavefunction  2. Figure 3.3 gives a plot of RðrÞ2 against the

distance, r, from the nucleus. The curve for RðrÞ2 approaches zero only as

the radius approaches 1.

Normalization

Wavefunctions are usually normalized to unity. This means that the

probability of finding the electron somewhere in space is taken to be unity,

i.e. 1. In other words, the electron has to be somewhere!

Mathematically, the normalization is represented by equation 3.6. This effec-

tively states that we are integrating ðÐ Þ over all space (d�) and that the total

integral of  2 (which is a measure of the probability density) must be unity.§ð
 2 d� ¼ 1 ð3:6Þ

3.9 The radial distribution function, 4�r2RðrÞ2

Another way of representing information about the probability density is to

plot a radial distribution function. The relationship between RðrÞ2 and the

radial distribution function is given in equation 3.7.

Radial distribution function ¼ 4�r2RðrÞ2 ð3:7Þ

Atomic orbitals:
see Section 3.11

"

§ Strictly we should write equation 3.6 as
Ð
  �d� ¼ 1 where  � is the complex conjugate of  .

Fig. 3.3 A plot of RðrÞ2, as a
function of distance, r, from the
atomic nucleus. This plot refers
to the case of a spherically
symmetrical 1s orbital of the
hydrogen atom.
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The advantage of using this new function is that it represents the probability of

finding the electron in a spherical shellof radius r and thickness dr, where ðrþ drÞ
may be defined as ðrþ a small increment of radial distance) (Figure 3.4). Thus,

instead of considering the probability of finding the electron as a function of dis-

tance from the nucleus as illustrated inFigure 3.3,we are nowable to consider the

complete region in space in which the electron resides.

Figure 3.5 shows the radial distribution function for the 1s orbital.

Notice that it is zero at the nucleus; this contrasts with the situation for

RðrÞ2 (Figure 3.3). The difference arises from the dependence of the radial

distribution function upon r; at the nucleus, r is zero, and so 4�r2RðrÞ2
must equal zero.

The radial distribution function is given by the expression 4�r2RðrÞ2. It gives the
probability of finding an electron in a spherical shell of radius r and thickness
dr. The radius r is measured from the nucleus.

3.10 Quantum numbers

In several parts of the preceding discussion, we have mentioned quantum

numbers. Now we look more closely at these important numbers.

As we have seen, the effects of quantization are that only certain electronic

energies, and hence orbital energies, are permitted. Each orbital is described

We return to radial
distribution functions in

Section 3.13

"

Fig. 3.5 The radial distribution
function 4�r2RðrÞ2 for the 1s
atomic orbital of the hydrogen
atom. This function describes the
probability of finding the
electron at a distance r from the
nucleus. The maximum value of
4�r2RðrÞ2 corresponds to the
distance from the nucleus where
there is the maximum probability
of finding the electron.

Fig. 3.4 A view into a spherical
shell of inner radius r (centred on
the nucleus) and thickness dr,
where dr is a very small
increment of the radial distance r.
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by a set of quantum numbers n, l and ml. A fourth quantum number, ms,

gives information about the spin of an electron in an orbital. Every orbital

in an atom has a unique set of three quantum numbers and each electron

in an atom has a unique set of four quantum numbers.

The principal quantum number n

The principal quantum number nmay have any positive integer value between

1 and1. The number n corresponds to the orbital energy level or ‘shell’. For a

particular energy level there may be sub-shells, the number of which is defined

by the quantum number l. For hydrogen-like species, all orbitals with the same

principal quantum number have the same energy. This is not the case for other

species where the sub-shells have different energies.

The orbital quantum number l

The quantum number l is called the orbital quantum number. For a given

value of the principal quantum number, the allowed values of l are positive

integers lying between 0 and ðn� 1Þ. Thus, if n ¼ 3, the permitted values of l

are 0, 1 and 2. Each value of l corresponds to a particular type of atomic

orbital.

Knowing the value of l provides detailed information about the region of

space in which an electron may move. It describes the shape of the orbital.

The value of l also determines the angular momentum of the electron

within the orbital, i.e. its orbital angular momentum (see Box 3.5).

The magnetic quantum number ml

The magnetic quantum number ml relates to the directionality of an orbital

and has values which are integers between þl and �l. If l ¼ 1, the allowed

values of ml are �1, 0 and þ1.

Worked example 3.1 Deriving quantum numbers and what they mean

Derive possible sets of quantum numbers for n ¼ 2, and explain what these sets

of numbers mean.

Let n ¼ 2.

The value of n defines an energy (or principal) level.

Possible values of l lie in the range 0 to ðn� 1Þ.
Therefore, for n ¼ 2, l ¼ 0 and 1.

This means that the n ¼ 2 level gives rise to two sub-levels, one with l ¼ 0

and one with l ¼ 1.

Now determine the possible values of the quantum number ml: values of

ml lie in the range �l . . . 0 . . .þl.

The sub-level l ¼ 0 has associated with it one value of ml :

ml ¼ 0 for l ¼ 0

An atomic orbital is defined

by a unique set of three
quantum numbers (n, l and
ml).

An electron in an atom is
defined by a unique set

of four quantum numbers
(n, l, ml and ms).

Principal quantum number,

n ¼ 1; 2; 3; 4; 5 � � �1

The quantum number l is
also known as the azimuthal

quantum number

Orbital quantum number,
l ¼ 0; 1; 2; 3; 4 . . . ðn� 1Þ.
n ¼ 1 l ¼ 0

n ¼ 2 l ¼ 0; 1

n ¼ 3 l ¼ 0; 1; 2

n ¼ 4 l ¼ 0; 1; 2; 3

Magnetic quantum number

ml ¼ �l, ð�l þ 1Þ, . . . 0,
. . . ðl � 1Þ, l

"
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The sub-level l ¼ 1 has associated with it three values of ml:

ml ¼ �1; 0 or þ1 for l ¼ 1

The possible sets of quantum numbers for n ¼ 2 are:

n l ml

2 0 0

2 1 �1

2 1 0

2 1 þ1

The physical meaning of these sets of quantum numbers is that for the level

n ¼ 2, there will be two types of orbital (because there are two values of l).

For l ¼ 1, there will be three orbitals all of a similar type but with different

directionalities. (Details of the orbitals are given in Section 3.11.)

THEORY

Box 3.5 Angular momentum

Angular momentum ¼ Mass�Angular velocity

Angular velocity is the angle, 	, turned through per
second by a particle travelling on a circular path. The

SI units of angular velocity are radians per second.

Consider an electron that is moving in an orbital about
the nucleus. The electron has spin and orbital angular
momenta, both of which are quantized. The orbital
angular momentum is determined by the quantum

number l. The amount of orbital angular momentum
that an electron possesses is given by:

h

2�

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
lðl þ 1Þ

p

where h ¼ Planck constant.
The axis through the nucleus about which the elec-

tron (considered classically) can be thought to rotate

defines the direction of the orbital angular momentum.
This gives rise to a magnetic moment as shown below:

An electron in an s orbital (where l ¼ 0) has no angu-
lar momentum. An electron in a p orbital (where l ¼ 1)

has orbital angular momentum of:

h

2�

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
lðl þ 1Þ

p
¼

ffiffiffi
2

p �
h

2�

�

Remember that momentum is a vector property. There
are (2l þ 1) possible directions for the orbital angular
momentum vector, corresponding to the (2l þ 1) pos-

sible values of ml for a given value of l. Thus, for an
electron in a p orbital (l ¼ 1), there are three possible
directions for the orbital angular momentum vector.

Exercise
For an electron in a d orbital, show that the orbital

angular momentum is
ffiffiffi
6

p �
h

2�

�
and that there are five

possible directions for the orbital angular momentum
vector.
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The spin quantum number s and the magnetic spin quantum
number ms

In a mechanical picture, an electron may be considered to spin about an axis

passing through it and so possesses spin angular momentum in addition to

the orbital angular momentum discussed above. The spin quantum

number s determines the magnitude of the spin angular momentum of an

electron and can only have a value of 1
2. The magnetic spin quantum

number ms determines the direction of the spin angular momentum of an

electron and has values of þ 1
2 or � 1

2.

An atomic orbital can contain a maximum of two electrons. The two

values of ms correspond to labels for the two electrons that can be accom-

modated in any one orbital. When two electrons occupy the same orbital,

one possesses a value of ms ¼ þ 1
2 and the other ms ¼ � 1

2. We say that this

corresponds to the two electrons having opposite spins.

Worked example 3.2 Deriving a set of quantum numbers that uniquely defines a particular electron

Derive a set of quantum numbers that describes an electron in an atomic orbital

with n ¼ 1.

First, determine how many orbitals are possible for n ¼ 1.

For n ¼ 1, possible values for l lie between 0 and ðn� 1Þ.
Therefore, for n ¼ 1, only l ¼ 0 is possible.

Now determine possible values of ml.

Possible values of ml lie in the range �l . . . 0 . . .þl.

Therefore for l ¼ 0, the only possible value of ml is 0.

The orbital that has been defined has the quantum numbers:

n ¼ 1; l ¼ 0; ml ¼ 0

This orbital can contain up to two electrons.

Therefore, each electron is uniquely defined by one of the two following

sets of quantum numbers:

n ¼ 1; l ¼ 0; ml ¼ 0; ms ¼ þ 1
2

or

n ¼ 1; l ¼ 0; ml ¼ 0; ms ¼ � 1
2

3.11 Atomic orbitals

Types of atomic orbital

In the previous section we saw that the quantum number l defines a particular

type of atomic orbital. The four types of atomic orbital most commonly

encountered are the s, p, d and f orbitals. The letters s, p, d and f are simply

used here as labels. A value of l ¼ 0 corresponds to an s orbital, l ¼ 1 refers

to a p orbital, l ¼ 2 refers to a d orbital and l ¼ 3 corresponds to an f orbital.

The labels s, p, d and f originate from thewords ‘sharp’, ‘principal’, diffuse’ and

‘fundamental’. These originally referred to the characteristics of the lines

An atomic orbital can
contain a maximum of two

electrons.

Magnetic spin quantum

number ms ¼ � 1
2

We return to quantum
numbers in Section 3.18

For an s orbital, l ¼ 0

For a p orbital, l ¼ 1
For a d orbital, l ¼ 2
For an f orbital, l ¼ 3

Atomic spectrum of
hydrogen: see

Section 3.16

"

"
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observed in the atomic spectrum of hydrogen, but are best thought of simply as

labels. Further types of atomic orbital are labelled gðl ¼ 4Þ, hðl ¼ 5Þ, etc.
The distinction between different types of atomic orbital comes from their

shapes and symmetries, and the shape of the orbital is governed by the quan-

tum number l.

An s orbital is spherically symmetric about the nucleus and the boundary

surface of the orbital has a constant phase. That is, the amplitude of the

wavefunction associated with the boundary surface of the s orbital is

always either positive or negative (Figure 3.6a).

For a p orbital, there is one phase change with respect to the surface

boundary of the orbital, and this occurs at the so-called nodal plane

(Figure 3.7). Each part of the orbital is called a lobe. The phase of a wave-

function is designated as having either a positive or negative amplitude, or

by shading an appropriate lobe as indicated in Figure 3.6b. A nodal plane

in an orbital corresponds to a node in a transverse wave (Figure 3.8).

The amplitude of the wavefunction associated with an s orbital is either positive

or negative. The surface boundary of an s orbital has no change of phase, and
the orbital has no nodal plane.

The surface boundary of a p orbital has one change of phase, and the orbital
possesses one nodal plane.

The numbers and shapes of orbitals of a given type

For an s orbital, the orbital quantum number, l, is 0. This corresponds to

only one value of ml: l ¼ 0, ml ¼ 0. For a given principal quantum

number, n, there is only one s orbital, and the s orbital is said to be singly

degenerate. The s orbital is spherically symmetric (Figure 3.9).

For a p orbital, the orbital quantum number l has a value of 1. This leads

to three possible values of ml, since, for l ¼ 1, ml ¼ þ1; 0;�1. The physical

Fig. 3.6 Two ways of
representing the phase of a
wavefunction. The examples
shown are (a) a 1s orbital for
which there is no phase change
across the orbital, and (b) a 2p
orbital (here the 2pz) for which
there is one phase change.

Fig. 3.7 The phase change in an
atomic p orbital. In this case, the
orbital is the py orbital and the
nodal plane lies in the xz plane.
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meaning of this statement is that the Schrödinger equation gives three

solutions for p orbitals for a given value of n when n � 2. (Exercise: Why

does n have to be greater than 1?) The three solutions are conventionally

drawn as shown in Figure 3.9. The surface boundaries of the three np orbitals

are identical but the orbitals are mutually orthogonal. A set of p orbitals is

said to be triply or three-fold degenerate. By normal convention, one p orbital

points along the x axis and is called the px orbital, while the py and pz orbitals

point along the y and z axes respectively. This, in effect, defines the x, y and

z axes!

For a d orbital, the orbital quantum number l is 2. This leads to five

possible values of ml (for l ¼ 2, ml ¼ þ2;þ1; 0;�1;�2). The Schrödinger

equation gives five real solutions for d orbitals for a given value of n when

Degenerate orbitals possess
the same energy.

The shapes of d orbitals are
described in Section 23.1

"

Fig. 3.9 For a given value of the
principal quantum number n
there is one s orbital. For a given
value of n when n � 2, there
are three p orbitals. The figure
shows ‘cartoon’ diagrams of the
orbitals alongside more realistic
representations generated
using the program Orbital
Viewer (David Manthey,
www.orbitals.com/orb/
index.html).

Fig. 3.8 The definition of a node
in a transverse wave. At a node,
the amplitude of the wave is zero.
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n � 3. (Exercise: Why must n be greater than 2?) A set of d orbitals is said to

be five-fold degenerate.

Sizes of orbitals

Orbitals that have identical values of l and ml (e.g. 2s and 4s, or 2pz and

3pz) possess the same orbital symmetry. A series of orbitals of the same

symmetry but with different values of the principal quantum number (e.g.

1s; 2s; 3s; 4s . . .) differ in their relative sizes (volumes or spatial extent). The

larger the value of n, the larger the orbital. This is shown in Figure 3.10

for a series of ns atomic orbitals. The relationship between n and orbital

size is not linear. The increase in size corresponds to the orbital being

more diffuse. In general, the further the maximum electron density is from

the nucleus, the higher the energy of the orbital.

3.12 Relating orbital types to the principal quantum number

For a given value of the principal quantum number n, an allowed series of

values of l and ml can be determined as described in Section 3.10. It follows

that the number of orbitals and types allowed for a given value of n can there-

fore be determined. We distinguish between orbitals of the same type but

with different principal quantum numbers by writing ns; np; nd . . . orbitals.

Consider the case for n ¼ 1

If n ¼ 1, then l ¼ 0 and ml ¼ 0.

The value of l ¼ 0 corresponds to an s orbital which is singly degenerate.

There is only one allowed value of ml (ml ¼ 0).

Thus, for n ¼ 1, the allowed atomic orbital is the 1s.

Consider the case for n ¼ 2

If n ¼ 2, then l ¼ 1 or 0.

Take each value of l separately.

For l ¼ 0, there is a single s orbital, designated as the 2s orbital.

For l ¼ 1, the allowed values ofml are þ1, 0 and�1, and this corresponds to

a set of three p orbitals.

Thus, for n ¼ 2, the allowed atomic orbitals are the 2s, 2px, 2py and 2pz.

Consider the case for n ¼ 3

If n ¼ 3, then l ¼ 2, 1 or 0.

Take each value of l separately.

For l ¼ 0, there is a single s orbital, designated as the 3s orbital.

For a given value of n, the
total number of atomic
orbitals is n2.

Fig. 3.10 The increase in size of
hydrogen ns atomic orbitals
exemplified for n ¼ 1, 2, 3 and 4.
The 4s orbital ismore diffuse than
the 3s, and this in turn is more
diffuse than the 2s or the 1s
orbitals.
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For l ¼ 1, the allowed values ofml are þ1, 0 and �1, and this corresponds to

a set of three p orbitals.

For l ¼ 2, the allowed values of ml are þ2, þ1, 0, �1 and �2, and this cor-

responds to a set of five d orbitals.

Thus, for n ¼ 3, the allowed atomic orbitals are the 3s, 3px, 3py, 3pz and five

3d orbitals.

n Atomic orbitals Total number Total number

allowed of orbitals, n2 of electrons

1 one s 1 2

2 one s, three p 4 8
3 one s, three p, five d 9 18

3.13 More about radial distribution functions

So far, we have focused on the differences between different types of atomic

orbitals in terms of their different quantum numbers, and have stated that the

shape of an atomic orbital is governed by the quantum number l. For the

specific case of the 1s orbital, we have also considered the radial part of

the wavefunction (Figures 3.3 and 3.5). Now we look at how the radial

distribution function, 4�r2RðrÞ2 (see Section 3.9), varies as a function of r

for atomic orbitals other than the 1s orbital.

First, we consider the 2s orbital. Figure 3.10 showed that the surface bound-

aries of the 1s and 2s orbitals are similar. However, a comparison of the radial

distribution functions for the two orbitals (Figure 3.11) shows these to be

The labels for the five 3d
atomic orbitals are given in

Section 23.1

"

Fig. 3.11 (a) Radial distribution functions, 4�r2RðrÞ2, for the 1s, 2s and 3s atomic orbitals of hydrogen. Compare the number
of radial nodes in these diagrams with the data in Table 3.1. (b) Cutaway views of the 1s, 2s and 3s atomic orbitals showing
the presence of zero, one and two radial nodes, respectively. Orbitals were generated using the program Orbital Viewer
(David Manthey, www.orbitals.com/orb/index.html).
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dissimilar. Whereas the radial distribution function, 4�r2RðrÞ2, for the 1s

orbital has one maximum, that for the 2s orbital has two maxima and the

function falls to zero between them. The point at which 4�r2RðrÞ2 ¼ 0 is

called a radial node. Notice that the value of zero at the radial node is due to

the function RðrÞ equalling zero, and not r ¼ 0 as was true at the nucleus.

As we are dealing with a function containing RðrÞ2, the graph can never have
negative values. The wavefunction RðrÞ can have both positive and negative

amplitudes.

Figure 3.11 also shows the radial distribution function for the 3s orbital.

The number of radial nodes increases on going from the 2s to the 3s orbital.

The trend continues, and thus the 4s and 5s orbitals have three and four

radial nodes respectively. The presence of the radial nodes in s orbitals

with n > 1 means that these orbitals are made up, rather like an onion,

with concentric layers.

Radial distribution functions for the 3s, 3p and 3d orbitals are shown in

Figure 3.12. Patterns in numbers of radial nodes as a function of n and l

are given in Table 3.1.

At a radial node, the radial
distribution function
4�r2RðrÞ2 ¼ 0.

Table 3.1 Number of radial nodes as a function of orbital type and principal quantum
number, n. The pattern continues for n > 4.

n s (l ¼ 0) p (l ¼ 1) d (l ¼ 2) f (l ¼ 3)

1 0

2 1 0

3 2 1 0

4 3 2 1 0

Fig. 3.12 Radial distribution
functions, 4�r2RðrÞ2, for the 3s,
3p and 3d atomic orbitals of
hydrogen. Compare these
diagrams with the data in
Table 3.1.
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3.14 Applying the Schrödinger equation to the hydrogen atom

In this section we look in more detail at the solutions of the Schrödinger

equation relating to the hydrogen atom. This is one of the few systems for

which the Schrödinger equation can be solved exactly. You may think that

this is restrictive, given that there are over 100 elements in addition to vast

numbers of molecules and ions. However, approximations can be made in

order to apply quantum mechanical equations to systems larger than

hydrogen-like systems.

It is not necessary for us to work through the mathematics of solving the

Schrödinger equation. We simply consider the solutions. After all, it is the

results of this equation that a chemist uses.

The wavefunctions

Solving the Schrödinger equation for  gives information that allows the

orbitals for the hydrogen atom to be constructed. Each solution of  is in the

form of a complicated mathematical expression which contains components

that describe the radial part,RðrÞ, and the angular part,Að�; �Þ. Each solution

corresponds to a particular set of n, l and ml quantum numbers.

Some of the solutions for values of  are given in Table 3.2. These will

give you some idea of the mathematical forms taken by solutions of the

Schrödinger equation.

Schrödinger equation:
see equation 3.3

"

Table 3.2 Solutions of the Schrödinger equation for the hydrogen atom that define the 1s,
2s and 2p atomic orbitals. For these forms of the solutions, the distance r from the nucleus
is measured in atomic units.

Atomic

orbital n l ml

Radial part of the

wavefunction, RðrÞy
Angular part of

wavefunction, Að�;�Þ

1s 1 0 0 2e�r 1

2
ffiffiffi
�

p

2s 2 0 0
1

2
ffiffiffi
2

p ð2� rÞ e�ðr=2Þ 1

2
ffiffiffi
�

p

2px 2 1 þ1
1

2
ffiffiffi
6

p r e�ðr=2Þ
ffiffiffi
3

p ðsin � cos�Þ
2

ffiffiffi
�

p

2pz 2 1 0
1

2
ffiffiffi
6

p r e�ðr=2Þ
ffiffiffi
3

p ðcos �Þ
2

ffiffiffi
�

p

2py 2 1 �1
1

2
ffiffiffi
6

p r e�ðr=2Þ
ffiffiffi
3

p ðsin � sin�Þ
2

ffiffiffi
�

p

yFor the 1s atomic orbitals, the formulaR(r) is actually 2ð z
a0
Þ3=2e�zr=a0 , but for the hydrogen atom,

Z ¼ 1 and a0 ¼ 1 atomic unit. Other functions are similarly simplified.
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Energies

The energies for the hydrogen atom that come from the Schrödinger

equation represent energies of orbitals (energy levels) and can be expressed

according to equation 3.8.

E ¼ � k

n2
ð3:8Þ

where: E ¼ energy

n ¼ principal quantum number

k ¼ a constant

The constant k has a value of 1:312� 103 kJmol�1. Thus, we can

determine the energy of the 1s orbital from equation 3.8 by substituting in

a value of n ¼ 1. Similarly for n ¼ 2; 3; 4 . . . . (see end-of-chapter problem 3.9).

Note that, in this case, only one energy solution will be forthcoming from

equation 3.8 for each value of n. This means that for the hydrogen atom,

electrons with a particular principal quantum number n have the same

energy regardless of the l and ml values. Such orbitals are degenerate. For

example, the energy is the same when the single electron of a hydrogen

atom is in a 2s or 2p orbital. Similarly, equal energy states are observed

when the electron is in any of the 3s, 3p and 3d atomic orbitals of the

hydrogen atom. (Note that the electron in the hydrogen atom can only

occupy an orbital other than the 1s orbital when the atom is in an excited

state; see below.)

Figure 3.13 shows a representation of the energy solutions of the

Schrödinger equation for the hydrogen atom. These solutions are peculiar to

the hydrogen atom. The energy levels get closer together as the value of n

increases, and this result is a general one for all other atoms.

Where does the electron reside in the hydrogen atom?

Once the orbitals and their energies have been determined for the hydrogen

atom, the electron can be accommodated in the orbital in which it has the

lowest energy. This corresponds to the ground state for the hydrogen atom

and is the most stable state.

Hence, the single electron in the hydrogen atom resides in the 1s orbital.

This is represented in the notational form 1s1. We say that the ground state

electronic configuration of the hydrogen atom is 1s1.

Other ‘hydrogen-like’ systems include Heþ and Li2þ . Their electronic

configurations are equivalent to that of the H atom, although the nuclear

charges of these ‘hydrogen-like’ systems differ from each other.

The type and occupancy of an atomic orbital are represented in the form:

nsx or npx or ndx, etc:

where n ¼ principal quantum number and x ¼ number of electrons in the
orbital or orbital set.

1s1 means that there is one electron in a 1s atomic orbital.

Fig. 3.13 A schematic (not
to scale) representation of the
energy solutions of the
Schrödinger equation for the
hydrogen atom. The energy levels
between n ¼ 6 and infinity
(the continuum) are not shown.
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The electron in hydrogen can be promoted (raised in energy) to an atomic

orbital of higher energy than the 1s orbital. For example, it might occupy

the 2p orbital. Such a state is called an excited state. This process is denoted

2p 3��1s.

Worked example 3.3 Hydrogen-like species

Explain why Li
2þ

is termed a ‘hydrogen-like’ species.

A hydrogen atom has one electron and a ground state electronic

configuration of 1s1.

The atomic number of Li ¼ 3.

Therefore, Li has three electrons.

Li2þ has ð3� 2Þ ¼ 1 electron.

The ground state electronic configuration of Li2þ is therefore 1s1, and this

is the same as that of a hydrogen atom.

3.15 Penetration and shielding

What effects do electrons in an atom have on one another?

So far, we have considered only interactions between a single electron and

the nucleus. As we go from the hydrogen atom to atoms with more than

one electron, it is necessary to consider the effects that the electrons have

on each other.

Occupying atomic orbitals
with electrons:

see Section 3.18
For clarification of notation,

see Box 3.6

"

THEORY

Box 3.6 Absorption and emission spectra

The ground state of an atom (or other species) is

one in which the electrons are in the lowest energy
arrangement.
When an atom (or other species) absorbs electro-

magnetic radiation, discrete electronic transitions occur
and an absorption spectrum is observed.
When energy is provided (e.g. as heat or light) one

or more electrons in an atom or other species may be
promoted from its ground state level to a higher
energy state. This excited state is transient and the
electron falls back to the ground state. An emission

spectrum is thereby produced (see Figure 3.17).
Absorption and emission transitions can be distin-

guished by using the following notation:

Emission: (high energy level) ��" (low energy level)
Absorption: (high energy level) 3�� (low energy level)

Spectral lines in both absorption and emission spectra

may be designated in terms of frequency �:

Two useful relationships are: E ¼ h� and � ¼ c

�
where E ¼ energy, � ¼ frequency, � ¼ wavelength,

c ¼ speed of light and h ¼ Planck constant.
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In Section 3.13 we looked at the radial properties of different atomic

orbitals. Now let us consider what happens when we place electrons into

these orbitals. There are two types of electrostatic interaction at work:

. electrostatic attraction between the nucleus and an electron;

. electrostatic repulsion between electrons.

In the hydrogen-like atom, the 2s and 2p orbitals are degenerate, as are all

orbitals with the same principal quantum number. The electron can only

ever be in one orbital at once. An orbital that is empty is a virtual orbital

and has no physical significance.

Now take the case of an atom containing two electrons with one electron in

each of the 2s and 2p orbitals. In order to get an idea about the regions of

space that these two electrons occupy, we need to consider the radial distri-

bution functions for the two orbitals. These are drawn in Figure 3.14. The

presence of the radial node in the 2s orbital means that there is a region of

space relatively close to the nucleus in which the 2s electron is likely to be

found. In effect, an electron in the 2s orbital will spend more time nearer

to the nucleus than an electron in a 2p orbital. This is described as penetration.

The 2s orbital penetrates more than the 2p orbital.

In the hydrogen atom, with only one electron, the energy is identical

whether the electron is in the 2s or the 2p orbital. The slightly greater average

distance of the electron in the 2s orbital from the nucleus than the 2p orbital

is compensated by the radial node in the 2s orbital.

What happens when we have electrons in both of the 2s and 2p orbitals?

The presence of the radial node in the 2s orbital means that there is a

region of negative charge (due to the electron in the 2s orbital) between

the nucleus and the average position of the electron in the 2p orbital. The

potential energy of the electron is given by equation 3.9. It is related to

the electrostatic attraction between the positively charged nucleus and the

negatively charged electron.

E / 1

r
ð3:9Þ

where E is the Coulombic (potential) energy and r is the distance
between two point charges

However, the positive charge (of the nucleus) experienced by the electron

in the 2p orbital is ‘diluted’ by the presence of the 2s electron density close to

An atom or ion with one
electron is called a
‘hydrogen-like’ species.

An atom or ion with more
than one electron is called a

‘many-electron’ species.

Fig. 3.14 Radial distribution
functions, 4�r2RðrÞ2, for the 2s
and 2p atomic orbitals of the
hydrogen atom.
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the nucleus. The 2s electron screens or shields the 2p electron. The nuclear

charge experienced by the electron in the 2p orbital is less than that experi-

enced by the electron in the 2s orbital. Taking into account these effects, it

becomes necessary in many-electron atoms to replace the nuclear charge Z

by the effective nuclear charge Zeff. The value of Zeff for a given atom

varies for different orbitals and depends on how many electrons there are

and in which orbitals they reside. Values of Zeff can be estimated on an

empirical basis using Slater’s rules.§

The 2s orbitals are more penetrating and they shield the 2p orbitals. Elec-

trons in the 2p orbitals experience a lower electrostatic attraction and are

therefore higher in energy (less stabilized) than electrons in 2s orbitals.

Similar arguments place the 3d orbitals higher in energy than the 3p which

in turn are higher than the 3s (Figure 3.15). An extension of this argument

leads to a picture in which all electrons in lower energy orbitals shield

those in higher energy orbitals. For example, in a boron atom ð1s22s22p1Þ,
the 2s electrons are shielded by the 1s pair, whereas the 2p electron is shielded

by both the 1s and 2s electron pairs.

Changes in the energy of an atomic orbital with atomic number

In this section, we briefly consider how the energy of a particular atomic

orbital changes as the atomic number increases. For example, the 2s

atomic orbital is of a different energy in lithium from that in other elements.

As atomic number increases, the nuclear charge must increase, and for an

electron in a given ns or np orbital, the effective nuclear charge also increases.

This results in a decrease in atomic orbital energy. The trend is relatively

smooth, although the relationship between ns or np atomic orbital energy

and atomic number is non-linear (Figure 3.16). Although the energies of nd

The effective nuclear charge,

Zeff, is a measure of the
positive charge experienced
by an electron taking into

account the shielding of the
other electrons.

§ We shall not elaborate further on Slater’s rules; for further details see: C. E. Housecroft and
A. G. Sharpe (2008) Inorganic Chemistry, 3rd edn, Prentice Hall, Harlow, Chapter 1.

Fig. 3.15 A schematic (not
to scale) representation of the
energy solutions (for n ¼ 1, 2
and 3) of the Schrödinger
equation for a many-electron
atom.
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and nf atomic orbitals generally decrease with increasing atomic number, the

situation is rather complex, and we shall not discuss it further here.§

3.16 The atomic spectrum of hydrogen and selection rules

Spectral lines

When the single electron in the 1s orbital of the hydrogen atom is excited (that

is, it is given energy), it may be promoted to a higher energy state. The new state

is transient and the electron will fall back to a lower energy state, emitting

energy as it does so. Evidence for the discrete nature of orbital energy levels

comes from an observation of spectral lines in the emission spectrum of

hydrogen (Figure 3.17). The emphasis here is on the fact that single lines are

observed; the emission is not continuous over a range of frequencies. Similar

single frequencies are also observed in the absorption spectrum.

Fig. 3.16 In crossing the period
from Li to F, the energies of the
2s and 2p atomic orbitals
decrease because the effective
nuclear charge increases.

Fig. 3.17 A schematic representation of part of the emission spectrum of hydrogen showing the Lyman, Balmer and Paschen
series of emission lines. The photograph shows the predominant lines in the observed, visible part of the spectrum of hydrogen
which appear at 656 (red), 486 (pale blue) and 434 nm (blue). Other, less intense lines are not visible in this photograph. Photo:
Dept of Physics, Imperial College/Science Photo Library.

§ For a detailed discussion see: K. M. Mackay, R. A. Mackay and W. Henderson (2002) An
Introduction toModern Inorganic Chemistry, 6th edn, Nelson Thornes, Cheltenham, Chapter 8.
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Some of the electronic transitions which give rise to frequencies observed

in the emission spectrum of atomic hydrogen are shown in Figure 3.18.

Notice that some transitions are not allowed. The selection rules given in

equations 3.10 and 3.11 must be obeyed.

In equation 3.10, �n is the change in the value of the principal quantum

number n, and this selection rule means that there is no restriction on

transitions between different principal quantum levels. In equation 3.11,

�l is a change in the value of the orbital quantum number l and this selection

rule places a restriction on this transition: l can change by only one unit.

Equation 3.11 is known as the Laporte selection rule, and corresponds to a

change of angular momentum by one unit.

�n ¼ 0;�1;�2;�3;�4 . . . ð3:10Þ
�l ¼ þ1 or �1 Laporte selection rule ð3:11Þ

Basic selection rules for electronic spectra:

�n ¼ 0;�1;�2;�3;�4 . . .

�l ¼ þ1 or �1 Laporte selection rule

For example, a transition from a level with n ¼ 3 to one with n ¼ 2 is only

allowed if, at the same time, there is a change in l of �1. In terms of

atomic orbitals this corresponds to a transition from the 3p��" 2s or

3d ��" 2p orbitals but not 3s��" 2s or 3d ��" 2s. The latter are disallowed

because they do not obey equation 3.11; �l values for each of these last

transitions are 0 and 2 respectively. In the hydrogen atom, atomic levels

with the same value of n are degenerate and so a transition in which

Selection rules tell us
which spectroscopic

transitions are allowed:
see also Section 12.3

"

Fig. 3.18 Some of the allowed
transitions that make up the
Lyman (shown in blue) and
Balmer (shown in pink) series in
the emission spectrum of atomic
hydrogen. The selection rules in
equations 3.10 and 3.11 must be
obeyed.
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�n ¼ 0 (say, 2p��" 2s) does not give rise to a change in energy, and cannot

give rise to an observed spectral line.

The lines in the emission spectrum of atomic hydrogen fall into several dis-

crete series, two of which are illustrated (in part) in Figure 3.18. The series are

defined in Table 3.3. The relative energies of the transitions mean that each set

of spectral lines appears in a different part of the electromagnetic spectrum (see

Appendix 4). The Lyman series with lines of type n’��" 1 (2��" 1;

3��" 1; 4��" 1 . . .) contains energy transitions that correspond to frequencies

in the ultraviolet region. The Balmer series with lines of type n’��" 2

(3��" 2; 4��" 2; 5��" 2 . . .) contains transitions that correspond to frequen-

cies in the visible region. Of course, in the hydrogen atom, the nd, np and ns

orbitals possess the same energy and the transitions np��" ðn� 1Þs and

nd ��" ðn� 1Þp occur at the same frequency for the same value of n.

The Rydberg equation

The frequencies of the lines arising from n’��" n transitions where n’ > n in

the Lyman, Balmer, Paschen and other series obey the general equation 3.12.

� ¼ R

�
1

n2
� 1

n’2

�
ð3:12Þ

where: � ¼ frequency in Hz (Hz ¼ s�1)
R ¼ Rydberg constant for hydrogen ¼ 3:289� 1015 Hz

The frequencies of lines in the atomic spectrum of hydrogen can be calculated

using equation 3.12. However, their positions in the spectrum are often

quoted in terms of wavenumbers instead of frequencies. Wavenumber is

the reciprocal of wavelength (equation 3.13) and the units are ‘reciprocal

metres’ (m�1), although ‘reciprocal centimetres’ (cm�1) are often more

convenient. The relationship between wavenumber (��) and frequency (�)

follows from the equation relating frequency, wavelength and the speed of

light (c ¼ 2:998� 1010 cm s�1) as shown in equation 3.13.

Wavenumber ð�� in cm�1Þ ¼ 1

Wavelength ð� in cmÞ

c ¼ �� � ¼ c

�
�� ðin cm�1Þ ¼ 1

�
¼ � ðin s�1Þ

c ðin cm s�1Þ

9>>>=
>>>;

ð3:13Þ

We return to the relationships between frequency, wavelength, wave-

number and energy in Chapter 11, but for now we note that equation 3.12

Degenerate energy levels in
the H atom: see Section 3.14

R is used for the Rydberg
constant and for the molar

gas constant, but the context
of its use should be clear

"

"

Table 3.3 Series of lines observed in the emission spectrum of the hydrogen atom.

Name of series n’��" n Region in which transitions are observed

Lyman 2��" 1, 3��" 1, 4��" 1, etc. Ultraviolet

Balmer 3��" 2, 4��" 2, 5��" 2, etc. Visible

Paschen 4��" 3, 5��" 3, 6��" 3, etc. Infrared

Brackett 5��" 4, 6��" 4, 7��" 4, etc. Far infrared

Pfund 6��" 5, 7��" 5, 8��" 5, etc. Far infrared

The atomic spectrum of hydrogen and selection rules 111



may be written in the form of equation 3.14 in which the units of the Rydberg

constant are cm�1.

�� ¼ 1

�
¼ R

�
1

n2
� 1

n’2

�
ð3:14Þ

where: �� ¼ wavenumber in cm�1

R ¼ Rydberg constant for hydrogen ¼ 1:097� 105 cm
�1

Worked example 3.4 The Rydberg equation

Determine the frequency of the 7��" 3 transition in the Paschen series in the

emission spectrum of atomic hydrogen.

The notation 7��" 3 refers to n’ ¼ 7 and n ¼ 3. Use the Rydberg equation

in the form:

� ¼ R

�
1

n2
� 1

n’2

�
where R ¼ 3:289� 1015 Hz

�¼ð3:289�1015Þ
�
1

32
� 1

72

�
¼ð3:289�1015Þ

�
1

9
� 1

49

�
¼ 2:983�1014Hz

Determining the ionization energy of hydrogen

The Lyman series of spectral lines is of particular significance because it may

be used to determine the ionization energy of hydrogen. This is the energy

required to remove the 1s electron completely from the atom. The frequencies

of lines in the Lyman series give values of n corresponding to the spectral

transitions n’��" n ¼ 2��" 1; 3��" 1; 4��" 1. The series can be extrapolated

to find a value of � corresponding to the transition 1��" 1. The method is

shown in worked example 3.5.

The first ionization energy of an atom is the energy required to completely
remove the most easily separated electron from the atom in the gaseous state.

For an atom X, it is defined for the process:

XðgÞ ��"XþðgÞ þ e�

Worked example 3.5 Determination of the ionization energy of hydrogen

The frequencies of some of the spectral lines in the Lyman series of atomic

hydrogen are 2.466, 2.923, 3.083, 3.157, 3.197, 3.221 and 3:237� 10
15
Hz.

Using these data, calculate the ionization energy of atomic hydrogen.

The data correspond to spectral transitions, �. The aim of the question is

to find the ionization energy of atomic hydrogen and this is associated with

a value of � for the transition n’��" n ¼ 1��" 1.

The relationship
between energy and
frequency is: E ¼ h�

"
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The level n’ ¼ 1 (the continuum, see Figure 3.13) corresponds to the elec-

tron being completely removed from the atom. As we approach the level

n ¼ 1, differences between successive energy levels become progressively

smaller until, at the continuum, the difference between levels is zero. At

this point, the energy of the electron is independent of the nucleus and it

is no longer quantized. Spectral transitions to the level n ¼ 1 from levels

approaching n ¼ 1 will have virtually identical energies.

In order to determine the ionization energy of the hydrogen atom, we need

first to find the point at which the difference in energies between successive

spectral transitions approaches zero. This corresponds to the convergence

limit of the frequencies.

First, calculate the differences, ��, between successive values of � for the

data given. These are:

ð2:923� 2:466Þ � 1015 ¼ 0:457� 1015 Hz

ð3:083� 2:923Þ � 1015 ¼ 0:160� 1015 Hz

ð3:157� 3:083Þ � 1015 ¼ 0:074� 1015 Hz

ð3:197� 3:157Þ � 1015 ¼ 0:040� 1015 Hz

ð3:221� 3:197Þ � 1015 ¼ 0:024� 1015 Hz

ð3:237� 3:221Þ � 1015 ¼ 0:016� 1015 Hz

Now, plot these differences against either the higher or the lower value

of ��. Here we use the lower values, and the curve is shown below.

The curve converges at a value of � ¼ 3:275� 1015 Hz. Therefore, the

value of E which corresponds to this value of � is:

E ¼ h� ¼ ð6:626� 10�34 J sÞ � ð3:275� 1015 s�1Þ
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But this value is per atom.

The ionization energy should be given in units of energy per mole, which

means we need to multiply by the Avogadro number (the number of atoms

per mole).

Ionization energy of hydrogen

¼ ð6:626� 10�34 J sÞ � ð3:275� 1015 s�1Þ � ð6:022� 1023 mol�1Þ
¼ 1:307� 106 Jmol�1

¼ 1307 kJmol�1

Bohr’s theory of the spectrum of atomic hydrogen

In Section 3.3, we introduced the Bohr model of the atom. The model is

quantized, and for the hydrogen atom, the electron can be in one of an infi-

nite number of circular orbits. Lines in the emission or absorption spectrum

of atomic hydrogen then arise as energy is emitted or absorbed when the elec-

tron moves from one orbit to another. The orbits can be considered to be

energy levels having principal quantum numbers n1; n2; . . . and energies

E1;E2 . . . . The change in energy, �E, when the electron changes orbit is

given by equation 3.15.

�E ¼ E2 � E1 ¼ h� ð3:15Þ
where: h ¼ Planck constant ¼ 6:626� 10�34 J s

� ¼ frequency (in Hz ¼ s�1) of the transition

The radius, rn, of each allowed orbit in the Bohr atom is given by equation

3.16. The equation arises from a consideration of the centrifugal force

acting on the electron as it moves on a circular path.

rn ¼
"0h

2n2

pmee
2

ð3:16Þ

where: "0 ¼ permittivity of a vacuum ¼ 8:854� 10�12 Fm�1

h ¼ Planck constant ¼ 6:626� 10�34 J s

n ¼ 1; 2; 3 . . . describing a given orbit
me ¼ electron rest mass ¼ 9:109� 10�31 kg
e ¼ charge on an electron ¼ 1:602� 10�19 C

For the first orbit, n ¼ 1, and an evaluation of equation 3.16 for n ¼ 1 gives a

radius of 5:292� 10�11 m (52.92 pm). This is called the Bohr radius of the

hydrogen atom and has the symbol a0. This corresponds to the maximum

probability in Figure 3.5.

3.17 Many-electron atoms

We have already seen that a neutral atom with more than one electron is

called a many-electron atom and, clearly, all but the hydrogen atom fall

into this category. As we have seen, the electrostatic repulsion between

electrons in a many-electron atom has to be considered, and solving the
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Schrödinger equation exactly for such atoms is impossible. Various approx-

imations have to be made in attempting to generate solutions of E and  for a

many-electron atom, and for atoms, at least, numerical solutions of high

accuracy are possible.

We shall not delve into this problem further, except to stress the important

result from Section 3.15. The effects of penetration and shieldingmean that in

all atoms with more than one electron, orbitals with the same value of n but

different values of l possess different energies (Figure 3.15).

3.18 The aufbau principle

The word ‘aufbau’ is German and means ‘building up’. The aufbau principle

provides a set of rules for determining the ground state electronic structure of

atoms. We are concerned for the moment only with the occupancies of

atomic (rather than molecular) orbitals.

The aufbau principle is used in conjunction with two other principles –

Hund’s rule and the Pauli exclusion principle. It can be summarized as follows.

. Orbitals are filled in order of energy with the lowest energy orbitals being

filled first.

. If there is a set of degenerate orbitals, pairing of electrons in an orbital

cannot begin until each orbital in the set contains one electron. Electrons

singly occupying orbitals in a degenerate set have the same ( parallel)

spins. This is Hund’s rule.

. No two electrons in an atom can have exactly the same set of n, l, ml and

ms quantum numbers. This is the Pauli exclusion principle. This means

that each orbital can accommodate a maximum of two electrons with

different ms values (different spins).

The first of the above statements needs no further clarification. The second

statement can be exemplified by considering two electrons occupying a

degenerate set of p orbitals. Electrons may be represented by arrows, the

orientation of which indicates the direction of spin (ms ¼ þ 1
2 or � 1

2).

Figure 3.19a shows the correct way to arrange the two electrons in the

ground state according to Hund’s rule. The other possibilities shown in

Figures 3.19b and 3.19c are disallowed by Hund’s rule (although they

represent excited states of the atom).

The Pauli exclusion principle prevents two electrons with the same spins

from entering a single orbital. If they were to do so, they would have the

same set of four quantum numbers. In Figure 3.20, the allowed and disallowed

arrangements of electrons in a 1s orbital are depicted.

Degenerate = same energy

Wolfgang Pauli (1900–1958).

"

Fig. 3.19 Hund’s rule: two
electrons in a degenerate set of p
orbitals must, in the ground state,
be in separate orbitals and have
parallel (the same) spins.
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The Pauli exclusion principle states that no two electrons in an atom can have
the same set of n, l, ml and ms quantum numbers.

This means that every electron in an atom is uniquely defined by its set of four
quantum numbers.

Hund’s rule states that when filling a degenerate set of orbitals in the ground
state, pairing of electrons cannot begin until each orbital in the set contains
one electron. Electrons singly occupying orbitals in a degenerate set have
parallel spins.

The aufbau principle is a set of rules that must be followed when placing
electrons in atomic or molecular orbitals to obtain ground state electronic

configurations. The aufbau principle combines Hund’s rules and the Pauli
exclusion principle with the following additional facts:

. Orbitals are filled in order of increasing energy.

. An orbital is fully occupied when it contains two electrons.

Worked example 3.6 Using the aufbau principle

Determine the arrangement of the electrons in an atom of nitrogen in its ground

state.

The atomic number of nitrogen is 7, and there are seven electrons to be

considered.

The lowest energy orbital is the 1s (n ¼ 1; l ¼ 0; ml ¼ 0).

The maximum occupancy of the 1s orbital is two electrons.

The next lowest energy orbital is the 2s (n ¼ 2; l ¼ 0; ml ¼ 0).

The maximum occupancy of the 2s orbital is two electrons.

The next lowest energy orbitals are the three making up the degenerate set

of 2p orbitals (n ¼ 2; l ¼ 1, ml ¼ þ1; 0;�1).

The maximum occupancy of the 2p orbitals is six electrons, but only three

remain to be accommodated (seven electrons in total for the nitrogen

atom; four in the 1s and 2s orbitals).

The three electrons will occupy the 2p orbitals so as to obey Hund’s rule.

Each electron enters a separate orbital and the three electrons have parallel

spins.

Fig. 3.20 The Pauli exclusion
principle: two electrons
occupying a 1s atomic orbital can
only have non-identical sets of
the four quantum numbers n, l,
ml and ms if their spins are
different.
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The arrangement of electrons in a nitrogen atom in its ground state is

represented by:

3.19 Electronic configurations

Ground state electronic configurations

The aufbau principle provides us with a method of predicting the order of fill-

ing atomic orbitals with electrons and gives us the ground state arrangement

of the electrons – the ground state electronic configuration – of an atom. The

result may be represented as in Figure 3.21 for the arrangement of electrons

in the ground state of a carbon atom (Z ¼ 6).

Another way to present the electronic configuration is given below. For the

hydrogenatom,we saw inSection3.14 that theoccupancyof the1satomicorbital

bya single electron couldbe indicatedby thenotation1s1.This canbeextended to

give the electronic configurationof anyatom.Thus, for carbon, the configuration

shown in Figure 3.21 can be written as 1s22s22p2. Similarly, for helium and

lithium (Figure 3.22) the configurations are 1s2 and 1s22s1 respectively.

The order of occupying atomic orbitals in the ground state of an atom

usually follows the sequence (lowest energy first):

1s < 2s < 2p < 3s < 3p < 4s < 3d < 4p < 5s < 4d < 5p < 6s < 5d

	 4f < 6p < 7s < 6d 	 5f

We emphasize that this series may vary for some atoms because the energy

of electrons in orbitals is affected by the nuclear charge, the presence of

The ground state electronic

configuration of an atom is

its lowest energy state.

Z ¼ atomic number

"

Fig. 3.21 The arrangement of
electrons in the atomic orbitals of
carbon in the ground state.
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other electrons in the same orbital or in the same sub-level, and the

overall charge. We shall mention this point again when we look at aspects

of d-block metal chemistry in Chapter 23.

By combining the sequence of orbitals shown above with the rules stated in

the aufbau principle, we can write down the ground state electronic config-

urations of most atoms. Those for elements with atomic numbers 1 to 20

are given in Table 3.4. As we progress down the table, there is clearly a repe-

tition corresponding to the lowest energy electrons which occupy filled quan-

tum levels. Thus, an abbreviated form of the electronic configuration can be

used. Here, only electrons entering new quantum levels (new values of n) are

emphasized, and the inner levels are indicated by the previous group 18 ele-

ment (He, Ne or Ar). You should note the relationship between the pattern of

repetition of the electronic configurations and the positions of the elements in

the periodic table (given inside the front cover of the book). We return to

these relationships in Section 3.20.

For the time being we shall leave ground state electronic configurations for

elements with atomic number >20. This is the point at which the sequence of

orbitals given above begins to become less reliable.

Valence and core electrons

Wenow introduce the terms valence electronic configurationand valence electron

which are commonly used and have significant implication. The valence elec-

trons of an atom are those in the outer (highest energy) quantum levels and it

is these electrons that are primarily responsible for determining the chemistry

of an element. Consider sodium (Z ¼ 11) – the ground electronic configuration

is 1s22s22p63s1. The principal quantum shells with n ¼ 1 and 2 are fully occu-

pied and electrons in these shells are referred to as core electrons. Sodium has

one valence electron (the 3s electron) and the chemistry of sodium reflects this.

Worked example 3.7 Determining a ground state electronic configuration

Determine the ground state electronic configuration for sodium (Z ¼ 11).

There are 11 electrons to be accommodated.

The sequence of atomic orbitals to be filled is 1s < 2s < 2p < 3s.

The maximum occupancy of an s level is two electrons.

The maximum occupancy of the p level is six electrons.

Therefore the ground state electronic configuration for sodium is:

1s22s22p63s1 or ½Ne
3s1

The usual ordering (lowest
energy first) of atomic
orbitals is:

1s < 2s < 2p < 3s < 3p <
4s< 3d < 4p< 5s< 4d <

5p < 6s < 5d
	 4f < 6p < 7s < 6d
	 5f

Fig. 3.22 The arrangement of
electrons in the atomic orbitals of
helium and lithium in the ground
state.
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Worked example 3.8 Core and valence electrons

The atomic number of phosphorus is 15. How many core electrons and valence

electrons does a phosphorus atom possess? What is its valence electronic

configuration in the ground state?

An atom of phosphorus (Z ¼ 15) has a total of 15 electrons.

In the ground state, the electronic configuration is 1s22s22p63s23p3.

The core electrons are those in the 1s, 2s and 2p orbitals: a phosphorus

atom has 10 core electrons.

The valence electrons are those in the 3s and 3p orbitals: a phosphorus

atom has five valence electrons.

The valence electronic configuration in the ground state is 3s23p3.

Table 3.4 Ground state electronic configurations for the first 20 elements.

Atomic

number

Element

symbol

Electronic

configuration

Shortened form of the notation for

the electronic configuration

1 H 1s1 1s1

2 He 1s2 1s2 ¼ [He]

3 Li 1s22s1 [He]2s1

4 Be 1s22s2 [He]2s2

5 B 1s22s22p1 [He]2s22p1

6 C 1s22s22p2 [He]2s22p2

7 N 1s22s22p3 [He]2s22p3

8 O 1s22s22p4 [He]2s22p4

9 F 1s22s22p5 [He]2s22p5

10 Ne 1s22s22p6 [He]2s22p6 ¼ [Ne]

11 Na 1s22s22p63s1 [Ne]3s1

12 Mg 1s22s22p63s2 [Ne]3s2

13 Al 1s22s22p63s23p1 [Ne]3s23p1

14 Si 1s22s22p63s23p2 [Ne]3s23p2

15 P 1s22s22p63s23p3 [Ne]3s23p3

16 S 1s22s22p63s23p4 [Ne]3s23p4

17 Cl 1s22s22p63s23p5 [Ne]3s23p5

18 Ar 1s22s22p63s23p6 [Ne]3s23p6 ¼ [Ar]

19 K 1s22s22p63s23p64s1 [Ar]4s1

20 Ca 1s22s22p63s23p64s2 [Ar]4s2
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3.20 The octet rule

Inspection of the ground state electronic configurations listed in Table 3.4

shows a clear pattern, which is emphasized in the right-hand column of the

table. This notation makes use of filled principal quantum shells as ‘building

blocks’ within the ground state configurations of later elements. This trend is

one of periodicity – repetition of the configurations of the outer electrons but

for a different value of the principal quantum number.

We see a repetition of the sequences nsð1 to 2Þ and ns2npð1 to 6Þ. The total

number of electrons that can be accommodated in orbitals with n ¼ 1 is

only two, but for n ¼ 2 this number increases to eight (i.e. 2s22p6). The

number eight is also a feature of the total number of electrons needed to

completely fill the 3s and 3p orbitals. This is the basis of the octet rule. As

the name§ suggests, the octet rule has its origins in the observation that

atoms of the s- and p-blocks have a tendency to lose, gain or share electrons

in order to end up with eight electrons in their outer shell.

The ground state electronic configurationof fluorine is [He]2s22p5. This is one

electron short of the completed configuration [He]2s22p6. Fluorine readily gains

an electron to form the fluoride ion F�, the ground state configuration of which
is [He]2s22p6. An atom of nitrogen ([He]2s22p3) requires three electrons to give

the [He]2s22p6 configuration and N3� may be formed. On the other hand, a

carbon atom ([He]2s22p2) would have to form the C4� ion in order to achieve

the [He]2s22p6 configuration and this is energetically unfavourable. The answer

here is for the carbon atom to share four electrons with other atoms, thereby

completing its octet without the need for ion formation.

Despite its successes, the concept of the octet rule is rather limited. We can

apply it satisfactorily to the principal quantum shell with n ¼ 2. Here the

quantum shell is fully occupied when it contains eight electrons. But there

are exceptions even here: the elements lithium and beryllium which have

outer 2s electrons (Table 3.4) tend to lose electrons so as to possess

helium-like (1s2) ground state electronic configurations, and molecules

such as BF3 with six electrons in the valence shell are stable.

What about the principal quantum shell with n ¼ 3? Here, Na and Mg

(Table 3.4) tend to lose electrons to possess a neon-like configuration and in

doing so they obey the octet rule. Aluminiumwith a ground state configuration

of [Ne]3s23p1 may lose three electrons to becomeAl3þ (i.e. neon-like) or it may

participate in bond formation so as to achieve an octet through sharing

electrons. Care is needed though! Aluminium also forms compounds in

which it does not formally obey the octet rule, for example AlCl3 in which Al

has six electrons in its valence shell. Atoms of elements with ground state

configurations between [Ne]3s23p2 and [Ne]3s23p6 may also share or gain elec-

trons to achieve octets, but there is a complication. For n � 3, elements in the

later groups of the periodic table form compounds in which the octet of elec-

trons appears to be ‘expanded’. For example, phosphorus forms PCl5 in

which P is in oxidation state þ5 and the P atom appears to have 10 electrons

in its valence shell.Wediscuss to the bonding in such compounds in Section 7.3.

The octet rule is very important, and the idea can be extended to an

18-electron rule which takes into account the filling of ns, np and nd

sub-levels. We return to the 18-electron rule in Chapter 23.

An atom is obeying the octet
rule when it gains, loses or

shares electrons to give an
outer shell containing eight
electrons with the

configuration ns2np6.

Formation of ions:
see Chapter 8

Aluminium halides:
see Section 22.4

"

"

§ The word ‘octet’ is derived from the Latin ‘octo’ meaning eight.
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Worked example 3.9 The octet rule

Suggest why fluorine forms only the fluoride F2 (i.e. molecular difluorine), but

oxygen can form a difluoride OF2. (For F, Z ¼ 9; for O, Z ¼ 8.)

First, write down the ground state electronic configurations of F and

O:

F 1s22s22p5

O 1s22s22p4

An F atom can achieve an octet of electrons by sharing one electron with

another F atom. In this way, the principal quantum level for n ¼ 2 is

completed.

Oxygen can complete an octet of outer electrons by sharing two electrons

with 2 F atoms in the molecule OF2. The octet of each F atom is also

completed by each sharing one electron with the O atom.

3.21 Monatomic gases

The noble gases

In looking at ground state electronic configurations, we saw that configura-

tions with filled principal quantum shells appeared as ‘building blocks’ within

the ground state configurations of heavier elements. The elements that

possess these filled principal quantum shells all belong to one group in the

periodic table – group 18. These are the so-called noble gases.§

The ground state electronic configurations of the noble gases are given in

Table 3.5. Note that each configuration (except that for helium) contains

an ns2np6 configuration for the highest value of n – for example, the

configuration for argon ends 3s23p6. The ns2np6 configuration is often referred

§ Although ‘inert gas’ is commonly used, ‘noble gas’ is the IUPAC recommendation; see
Section 1.10.

Table 3.5 Ground state electronic configurations of the noble gases.

Noble

gas

Symbol Atomic

number

Ground state electronic configuration

Helium He 2 1s2

Neon Ne 10 1s22s22p6

Argon Ar 18 1s22s22p63s23p6

Krypton Kr 36 1s22s22p63s23p64s23d104p6

Xenon Xe 54 1s22s22p63s23p64s23d104p65s24d105p6

Radon Rn 86 1s22s22p63s23p64s23d104p65s24d105p66s24f 145d106p6
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to as an ‘inert (noble) gas configuration’. Do not worry that the heaviest

elements possess filled d and f shells in addition to filled s and p orbitals.

The fact that each noble gas has a filled outer np shell (He is the exception)

means that the group 18 elements exist in the elemental state as monatomic

species – there is no driving force for bond formation between atoms.

Forces between atoms

The noble gases (with the exception of helium, see Table 3.6) solidify only at

low temperatures. The melting points of neon and argon are 24.5K and 84K

respectively. These low values indicate that the interatomic forces in the solid

state are very weak indeed and are easily overcome when the solid changes

into a liquid. The very narrow range of temperatures over which the group

18 elements are in the liquid state is significant. The net interatomic forces

in the liquid state are extremely weak and the ease with which vaporization

occurs is apparent from the very low values of the enthalpy changes for this

process (Table 3.6).

What are the nature and form of the forces between atoms? Let us consider

two atoms of argon. Each is spherical with a central positively charged

nucleus surrounded by negatively charged electrons. At large separations,

there will only be very small interactions between the atoms. However, as

two argon atoms come closer together, the electron clouds begin to repel

each other. At very short internuclear distances, there will be strong repulsive

forces as a result of electron–electron repulsions. A good mathematical

approximation of the repulsive force shows that it depends on the

internuclear distance d as stated in equation 3.17. The potential energy is

related to the force and varies according to equation 3.18. This repulsive

potential (defined with a positive energy) between two argon atoms is

shown by the red curve in Figure 3.23.

Repulsive force between atoms / 1

d13
ð3:17Þ

Potential energy due to repulsion between atoms / 1

d12
ð3:18Þ

Interatomic interactions:
see Section 2.10

�vapH: see Section 2.9

In an atom or molecule, an
asymmetrical distribution

of charge leads to the
formation of a dipole. One
part of the atom or

molecule has a greater share
of the negative (or positive)
charge than another. The

notation d� and dþ

indicates that there is a
partial separation of
electronic charge.

"

"

Table 3.6 Some physical properties of the noble gases.

Element Melting

point / K

Boiling

point / K

�fusH /

kJmol
�1

�vapH /

kJmol
�1

Van der

Waals

radius

(rv) / pm

First

ionization

energy /

kJmol
�1

Helium –a 4.2 – 0.1 99 2372

Neon 24.5 27 0.3 2 160 2081

Argon 84 87 1.1 6.5 191 1521

Krypton 116 120 1.4 9 197 1351

Xenon 161 165 1.8 13 214 1170

Radon 202 211 – 18 – 1037

a Helium cannot be solidified under any conditions of temperature and pressure.
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If this repulsive force were the only one operative in the system, then elements

such as the noble gases would never form a solid lattice. We need to recognize

that there is an attractive force between the atoms that opposes the electronic

repulsion.

We may envisage this attractive force as arising in the following way.

Within the argon atom, the positions of the nucleus and the electrons are

not fixed. At any given time, the centre of negative charge density may not

coincide with the centre of the positive charge, i.e. with the nucleus. This

results in a net, instantaneous dipole. This dipole is transient, but it is

sufficient to induce a dipole in a neighbouring atom (Figure 3.24) and electro-

static dipole–dipole interactions between atoms result. Since the dipoles are

transient, each separate interaction will also be transient, but the net result

is an attractive force between the argon atoms.

The attractive force due to the dipole–dipole interactions may be repre-

sented as shown in equation 3.19. This leads to a potential energy which

varies with internuclear distance d (equation 3.20) and this attractive

potential (defined with a negative energy) between atoms of argon is

shown by the blue curve in Figure 3.23.

Attractive force between atoms / 1

d7
ð3:19Þ

Potential energy due to attraction between atoms / 1

d6
ð3:20Þ

Dipole moments:
see Section 5.11

"

Fig. 3.23 Potential energy curves
due to repulsion (red line) and
attraction (blue line) between two
atoms of argon as a function of
the internuclear distance, d.

Fig. 3.24 A dipole set up in atom
1 induces a dipole in atom 2

which induces one in 3, and so
on. The distance rv is the van der
Waals radius¼ half the distance
of closest approach of two
non-bonded atoms.
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Finally, in Figure 3.25 we show the overall potential energy (repulsion plus

attraction) between argon atoms as a function of the internuclear separation

d. At infinite separation (d ¼ 1), the argon atoms do not experience any

interatomic interactions. This situation is represented as having zero potential

energy. As the separation between the argon atoms decreases, attractive forces

become dominant. As the two argon atoms come together, the attractive

potential increases to a given point of maximum stabilization (lowest

energy). However, as the atoms come yet closer together, the electronic repul-

sion between them increases. At very short distances, the electron–electron

repulsion is dominant and highly unstable arrangements with positive potential

energies result.

Van der Waals radius

The value of d at the point in Figure 3.25 where the potential is at a minimum

corresponds to the optimum distance, de, between two argon atoms. This is a

non-bonded separation and is the point at which the attractive and repulsive

forces are equal.

It is convenient to consider de in terms of an atomic property – the value

de=2 is defined as the van der Waals radius, rv, of an atom of argon. The

value of rv is half the distance of closest internuclear separation of adjacent

argon atoms. Values of the van der Waals radii for the noble gases are

given in Table 3.6. In the particular case of a monatomic noble gas, these

radii can be used to give a good idea of atomic size. The atomic volume

may be estimated using the van der Waals radius; the volume of the spherical

atom is then 4
3�rv

3. The increase in atomic volume on descending group 18 is

represented in Figure 3.26.

The van der Waals radius,
rv, of an atom X is
measured as half the

distance of closest approach
of two non-bonded atoms
of X.

Fig. 3.25 The overall potential
energy of two argon atoms as
they are brought together from
infinite separation. The value of
the internuclear distance, d, at
the energy minimum (de)
corresponds to twice the van der
Waals radius of an argon atom.

Fig. 3.26 Atomic volumes for
the noble gases determined using
the van der Waals radius of each
atom. The volume increases as
group 18 is descended.
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SUMMARY

This chapter has dealt with some difficult concepts, but they are essential to an understanding of the
chemistry of the elements. As we introduce other topics in this book, there will be plenty of opportunity
to review these concepts and this should provide you with a feeling as to why we have introduced them
so early.

Do you know what the following terms mean?

. vector

. scalar

. quantized

. photon

. wavefunction

. eigenfunction

. eigenvalue

. quantum numbers n, l, ml

and ms

. radial distribution function

. atomic orbital

. nodal plane

. lobe (of an orbital)

. phase (of an orbital)

. surface boundary of an orbital

. degenerate orbitals

. non-degenerate orbitals

. diffuse (with reference to an
atomic orbital)

. penetration

. shielding

. effective nuclear charge

. hydrogen-like atom or ion

. many-electron atom

. first ionization energy

. aufbau principle

. Hund’s rule

. Pauli exclusion principle

. ground state electronic
configuration

. noble (inert) gas configuration

. octet rule

. core electrons

. valence electrons

. van der Waals radius

. induced dipole moment

You should now be able:

. to describe brieflywhat ismeant bywave--particle
duality

. to describe briefly what is meant by the
uncertainty principle

. to discuss briefly what is meant by a solution of
the Schrödinger wave equation

. to describe the significance of the radial and
angular parts of the wavefunction

. to state what is meant by the principal quantum
number

. to state what is meant by the orbital and spin
quantum numbers and relate their allowed
values to a value of the principal quantum
number

. to describe an atomic orbital and the electron(s)
in it in terms of values of quantum numbers

. to discuss briefly whywe tend to use normalized
wavefunctions

. to sketch graphs for the radial distribution
functions of the 1s, 2s, 3s, 4s, 2p, 3p and 3d
atomic orbitals; what do these graphs mean?

. to outline the shielding effects that electrons
have on one another

. to draw the shapes, indicating phases, of ns and
np atomic orbitals

. to distinguish between npx , npy and npz atomic
orbitals

. to explain why in a hydrogen-like atom, atomic
orbitals with the same principal quantum
number are degenerate

. to explain why in a many-electron atom,
occupied orbitals with the same value of n but
different l are non-degenerate

. to estimate the ionization energy of a hydrogen
atom given a series of frequency values from
the Lyman series of spectral lines

. to describe how to use the aufbau principle to
determine the ground state electronic
configuration of an atom

. to write down the usual ordering of the atomic
orbitals from 1s to 4p. Which has the lowest
energy? What factors affect this order?

. given the atomic number of an element (up to
Z ¼ 20), to write down in notational form the
ground state electronic configuration

. given the atomic number of an element (up to
Z ¼ 20), to draw an energy level diagram to
show the ground state electronic configuration

. to explain how a potential energy curve such as
that in Figure 3.25 arises; what is the
significance of the energy minimum?

Summary 125



PROBLEMS

3.1 Distinguish between a vector and a scalar quantity
and give examples of each.

3.2 Write down a relationship between wavelength,
frequency and speed of light. Calculate the
wavelengths of electromagnetic radiation with
frequencies of (a) 2:0� 1013 Hz, (b) 4:5� 1015 Hz

and (c) 2:1� 1017 Hz. By referring to the spectrum
in Appendix 4, assign each wavelength to a
particular type of radiation (e.g. X-rays).

3.3 Determine the possible values of the quantum
numbers l and ml corresponding to n ¼ 4. From
your answer, deduce the number of possible 4f
orbitals.

3.4 Give the sets of four quantum numbers that
uniquely define each electron in an atom of (a) He
(Z ¼ 2) and (b) B (Z ¼ 5), each in its ground state.

3.5 How many orbitals are there in (a) the shell with

n ¼ 3, (b) the 5f sub-shell, (c) the 2p sub-shell,
(d) the 3d sub-shell and (e) the 4d sub-shell?

3.6 Which atomic orbital has the set of quantum
numbers n ¼ 3, l ¼ 0, ml ¼ 0? How do you

distinguish between the two electrons that may
occupy this orbital?

3.7 What do the terms singly degenerate and triply

degenerate mean? Give examples of orbitals that are
(a) singly and (b) triply degenerate.

3.8 How does an increase in nuclear charge affect the
(a) energy and (b) the spatial extent of an atomic

orbital?

3.9 Determine the energy of the levels of the hydrogen
atom for n ¼ 1, 2 and 3.

3.10 Which of the following are hydrogen-like species?

(a) Hþ, (b) H�, (c) He, (d) Heþ, (e) Liþ, (f ) Li2þ .

3.11 Sketch an energy level diagram showing the
approximate relative energies of the 1s, 2s and 2p
atomic orbitals in lithium. How does this diagram

differ from a corresponding diagram showing these
levels in the hydrogen atom?

3.12 For lithium, Z ¼ 3. Two electrons occupy the 1s
orbital. Is it energetically better for the third

electron to occupy the 2s or 2p atomic orbital?
Rationalize your choice.

3.13 What is the difference between the absolute nuclear
charge of an atom and its effective nuclear charge.

Are these variable or constant quantities?

3.14 (a) Why does the 2p��" 2s transition not give rise to
a spectral line in the emission spectrum of atomic
hydrogen? (b) What is the difference between an
absorption and emission spectrum?

3.15 Identify each of the following n’��" n transitions in
the emission spectrum of atomic hydrogen as

belonging to either the Balmer or Lyman series:
(a) 2��" 1; (b) 3��" 2; (c) 3��" 1; (d) 5��" 1;
(e) 5��" 2.

3.16 The frequencies of some consecutive spectral lines in

the Lyman series of atomic hydrogen are 2.466,
2.923, 3.083, 3.157 and 3:197� 1015 Hz. (a) Use
these values to draw a schematic representation of
this part of the emission spectrum. (b) How does the

spectrum you have drawn relate to the
representation of the transitions shown in the figure
below? (c) Assign each of the lines in the spectrum to

a particular transition.

3.17 Using the frequencies in problem 3.16 and the
assignments you have made, plot an appropriate
graph to estimate a value for the Rydberg constant.

3.18 Starting from the Rydberg equation, determine the

ionization energy of hydrogen. Write an equation to
show to what process this energy refers.

3.19 Determine the ground state electronic
configurations of Be (Z ¼ 4), F (Z ¼ 9), P (Z ¼ 15)

and K (Z ¼ 19), giving your answers in both
notational form and in the form of energy level
diagrams.

3.20 What do you understand by the ‘octet rule’?

3.21 How many electrons are present in the valence shell
of the central atom in each of the following species?

(a) SCl2; (b) H2O; (c) NH3; (d) [NH4]
þ; (e) CCl4; (f)

PF3; (g) BF3; (h) BeCl2. Comment on the answers
obtained.
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ADDITIONAL PROBLEMS

3.22 Use the data in Table 3.2 to sketch a graph showing
the radial wavefunction for a hydrogen 2s atomic

orbital as a function of r. Comment on features of
significance of the plot.

3.23 Use the data in Table 3.4 to organize the elements
from Z ¼ 1–20 into ‘families’ with related ground
state electronic configurations. Compare the result

with the periodic table (see inside the front cover)
and comment on any anomalies. On the basis of the
ground state electronic configurations, say what you

can about the properties of related elements.

CHEMISTRY IN DAILY USE

3.24 Discharge lamps are used worldwide for lighting
and advertising. Each lamp consists of a sealed tube

with a metal electrode at each end, and contains a
gas (e.g. helium, neon, argon) or vapour (sodium,
mercury), the atoms of which are excited by an

electrical discharge. A helium discharge lamp emits
a pale yellow glow, and Figure 3.27 shows the visible
region of the emission spectrum of helium. (a) The

National Institute of Standards and Technology
(NIST) atomic spectra database lists 381 lines in the
emission spectrum of helium. Suggest two reasons
why Figure 3.27 shows only six lines. (b) The

wavelength of the yellow line in Figure 3.27 is

587 nm. To what frequency does this correspond?
(c) What is the electronic ground state of helium?
(d) The red line in Figure 3.27 is given the notation
‘1s13d1��" 1s12p1’. Explain what this means. (e)

Give a general explanation of how a series of
spectral lines such as those in Figure 3.27 arise.

3.25 NMR spectrometers, including those used in

magnetic resonance imaging (MRI) in hospitals,
contain magnets with superconducting coils that
operate only at extremely low temperatures. The
magnet is surrounded by liquid helium (bp¼ 4.2K).

(a) Why is the boiling point of helium so low?
(b) �vapH(bp) for helium is 0.1 kJmol�1. To what
process does this refer? (c) Suggest why the liquid

helium tank is surrounded by a tank containing
liquid N2 (bp ¼ 77K).

3.26 Low-pressure sodium street lamps emit bright
yellow light of wavelength 589 nm (actually, two

very close emissions at 589.0 and 589.6 nm). In
contrast, the spectrum of sunlight contains two dark
lines at 589.0 and 589.6 nm. These are two of many

such dark lines (called Fraunhofer lines) in the
otherwise continuous solar spectrum. By
considering how the light from the Sun reaches

Earth, suggest how the two dark lines at 589.0 and
589.6 nm arise. How are the observations of
Fraunhofer lines and of the emission of light of

discrete wavelengths by sodium street lights related
to quantum theory?

Fig. 3.27 The visible region of the emission spectrum of helium with lines at 668 (red), 588 (yellow), 501 and 492 (pale blue) and
471 nm (blue). Photo: Dept of Physics, Imperial College/Science Photo Library.
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