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treatments of theoretical chemistry seldom do. However,
most chemists often find it easier and more convenient to con-
sider the electron as a particle rather than a wave.

Some important successes of classical
quantum theory

Historical discussions of the developments of quantum
theory are dealt with adequately elsewhere, and so we
focus only on some key points of classical quantum theory
(in which the electron is considered to be a particle).

At low temperatures, the radiation emitted by a hot body
is mainly of low energy and occurs in the infrared, but as the
temperature increases, the radiation becomes successively
dull red, bright red and white. Attempts to account for this
observation failed until, in 1901, Planck suggested that
energy could be absorbed or emitted only in guanta of mag-
nitude AE related to the frequency of the radiation, v, by

equation 1.1. The proportionality constant is /, the Planck

constant (h = 6.626 x 107 Js).

AE=hv  Units: EinJ; vins™' or Hz (1.1)
¢=M  Units: X in m; vin s~ or Hz (12)

The hertz, Hz, is the SI unit of frequency.

Balmer series

TOWer energy State, emittng energy as 1t does so. THe
consequence is the observation of spectral lines in the
emission spectrum of hydrogen; the spectrum (a small
part of which is shown in Figure 1.2) consists of groups
of discrete lines corresponding to electronic transitions,
cach of discrete energy. As long ago as 1885, Balmer
pointed out that the wavelengths of the spectral lines
observed in the visible region of the atomic spectrum of
hydrogen obeyed equation 1.4, in which R is the Rydberg
constant for hydrogen, 7 is the wavenumber in cm™', and
n is an integer 3, 4, 5... This series of spectral lines is
known as the Balmer seri

Wavenumber = reciprocal of wavelength; convenient (non-
SI) units are ‘reciprocal centimetres’, cm™"

(14)

R = Rydberg constant for hydrogen
=1.097 x 10'm™" = 1.097 x 10°cm™"

Other series of spectral lines occur in the ultraviolet (Lyman
series) and infrared (Paschen, Brackett and Pfund series). All

Lyman series
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At low temperatures, the radiation emitted by a hot body
is mainly of low energy and occurs in the infrared, but as the
temperature increases, the radiation becomes successively
dull red, bright red and white. Attempts to account for this
observation failed until, in 1901, Planck suggested that
energy could be absorbed or emitted only in guanta of mag-
nitude AE related to the frequency of the radiation, v, by
equation 1.1. The proportionality constant is /, the Planck

constant (h = 6.626 x 107 Js).
AE=hy  Units: Ein J;vins™ or Hz (11)
=\ Units: Ainm;vins™ or Hz (1.2)

The hertz, Hz, is the SI unit of frequency.

Balmer series
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known as the Balmer seri

‘Wavenumber = reciprocal of wavelength; convenient (non-
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R = Rydberg constant for hydrogen

=1.097 x 10"m™"

1.097 x 10% cm™

(14)

Other series of spectral lines occur in the ultraviolet (Lyman
series) and infrared (Paschen, Brackett and Pfund series). All

Lyman series
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Fig. 1.2 Part of the emission spectrum of atomic hydrogen. Groups of lines have particular names, e.g. Balmer and Lyman series.
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Fig. 1. Part of the emission spectrum of atomic hydrogen. Groups of lines have particular names, e.g. Balmer and Lyman series.
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of the word allowed; the transitions must obey selection
rules, to which we return in Section 20.6.
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Bohr’s theory of the atomic spectrum of
hydrogen

In 1913, Niels Bohr combined clements of quantum theory
and classical physics in a treatment of the hydrogen atom.
He stated two postulates for an electron in an atom:

e Stationary states exist in which the energy of the electron
is constant; such states are characterized by circular orbits
about the nucleus in which the electron has an angular
momentum mur given by equation 1.6. The integer, n, is
the principal quantum number.

_— 0

where m = mass of electron; v = velocity of electron; r =
radius of the orbit; 4 = the Planck constant; 4/2m may
be written as 4.

If we apply the Bohr model to the H atom, the radius of cach
allowed circular orbit can be determined from equation 1.8.
The origin of this expression lies in the centrifugal force
acting on the electron as it moves in its circular orbit; for
the orbit to be maintained, the centrifugal force must equal
the force of attraction between the negatively charged
electron and the positively charged nucleus.
2
a )

e
where g = permittivity of a vacuum

=8854x 1072 Fm™

= Planck constant = 6.626 x 107*Js
n=1,2,3...describing a given orbit

m, = electron rest mass = 9.109 x 107! kg

e = charge on an electron (clementary charge)
=1602x107°C

From equation 1.8, substitution of 7 =1 gives a radius
for the first orbit of the H atom of 5.293 x 10" m, or
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Fig. 2 Some of the transitions that make up the Lyman and Balmer series in the emission spectrum of atomic hydrogen.
Bohr’s theory of the atomic spectrum of hydrogen

In 1913, Niels Bohr combined elements of quantum theory and classical physics in a 

treatment of the hydrogen atom. He stated two postulates for an electron in an atom:
 (i) Stationary states exist in which the energy of the electron is constant; such states 

are characterized by circular orbits about the nucleus in which the electron has an 

angular momentum mvr. The integer, n, is the principal quantum number.
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where  m = mass of electron; v = velocity of electron; r = radius of the orbit; h = the Planck constant.
(ii) Energy is absorbed or emitted only when an electron moves from one stationary state to another where n1 and n2 are the principal quantum numbers referring to the energy levels En1 and En2 respectively.
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If we apply the Bohr model to the H atom, the radius of each allowed circular orbit can be determined from the equation below. The origin of this expression lies in the centrifugal force acting on the electron as it moves in its circular orbit; for the orbit to be maintained, the centrifugal force must equal the force of attraction between the negatively charged electron and the positively charged nucleus.
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some of the allowed transitions of the Lyman and Balmer
series in the emission spectrum of atomic H. Note the use
of the word allowed; the transitions must obey selection
rules, to which we return in Section 20.6.

(b 2)

Bohr’s theory of the atomic spectrum of
hydrogen

(15)

In 1913, Niels Bohr combined elements of quantum theory
and classical physics in a treatment of the hydrogen atom.
He stated two postulates for an electron in an atom:

® Stationary states exist in which the energy of the electron
is constant; such states are characterized by circular orbits
about the nucleus in which the electron has an angular
momentum mor given by equation 1.6. The integer, n, is
the principal quantum number.

[k
mor=n( 3

where m = mass of electron; v = velocity of electron; r =
radius of the orbit; s = the Planck constant; h/2w may
be written as 7i.

(1.6)

E,, respectively.

AE=E, ~E, =hs

(1.7) E

If we apply the Bohr model to the H atom, the radius of each
allowed circular orbit can be determined from equation 1.8.
The origin of this expression lies in the centrifugal force
acting on the electron as it moves in its circular orbit; for
the orbit to be maintained, the centrifugal force must equal
the force of attraction between the negatively charged
electron and the positively charged nucleus.

_ahtn?

(18)
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where &) = permittivity of a vacuum

=8854x 10" Fm™
h = Planck constant = 6.626 x 107**J s

n=1,2,3...describjng a given orbit
m, = electron rest mass = 9.109 x 107! kg
= charge on an electron (elementary charge)
=1.602x 107" C
From equation 1.8, substitution of n =1 gives a radius

for the first orbit of the H atom of 5.293 x 10™"'m, or
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Substitution of n =1 gives a radius for the first orbit of the H atom of 5:293 x 10-11 m, or 52.93 pm. This value is called the Bohr radius of the H atom and is given the symbol a0.

An increase in the principal quantum number from n = 1 to n=∞ has a special significance; it corresponds to the ionization of the atom and the ionization energy, IE, can be determined as shown in the following example.

 Values of IEs are quoted per mole of atoms:
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6 Chapter 1 » Some basic concepts

52.93 pm. This value is called the Bohr radius of the H atom
and is given the symbol ap.

An increase in the principal quantum number from n = 1
to n = oo has a special significance; it corresponds to the
ionization of the atom (equation 1.9) and the ionization
energy, IE, can be determined by combining equations 1.5
and 1.7, as shown in equation 1.10. Values of /Es are
quoted per mole of atoms:

One mole of a substance contains the Avogadro number, L,
of particles:

L=6.022x 10" mol™!

H(g) —H*(g) +¢”

IE=E,, = he (

=2179x 1078

=2.179 x 107'* x 6.022 x 10 Jmol ™!
=1.312x 10°Tmol ™!

= 1312kJmol ™!

Although the SI unit of energy is the joule, ionization

to a velocity of 6 x 10°ms™" (by a potential of 100 V) have
an associated wavelength of ~120pm and such electrons
are diffracted as they pass through a crystal. This phenom-
enon is the basis of electron diffraction techniques used to
determine structures of chemical compounds (see Box 1.2).

The uncertainty principle

If an electron has wave-like properties, there is an important
and difficult consequence: it becomes impossible to know
exactly both the momentum and position of the electron ar
the same instant in time. This is a statement of Heisenberg’s
uncertainty principle. In order to get around this problem,
rather than trying to define its exact position and momen-
tum, we use the probability of finding the electron in a given
volume of space. The probability of finding an electron at
a given point in space is determined from the function v#
where 1 is a mathematical function which describes the
behaviour of an electron-wave; 1 is the wavefunction.

The probability of finding an electron at a given point in

space is determined from the function ¥/* where ¢ is the
wavefunction.

The Schrédinger wave equation

T e e o
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52.93 pm. This value is called the Bohr radius of the H atom
and is given the symbol ap.

An increase in the principal quantum number from n = 1
to n = oo has a special significance; it corresponds to the
ionization of the atom (equation 1.9) and the ionization
energy, IE, can be determined by combining equations 1.5
and 1.7, as shown in equation 1.10. Values of /Es are
quoted per mole of atoms:

One mole of a substance contains the Avogadro number, L,
of particles:

L=6.022x 10" mol™!

H(g) —H*(g) +¢”

IE=E,, = he (

=2179x 1078

=2.179 x 107'* x 6.022 x 10 Jmol ™!
=1.312x 10°Tmol ™!

= 1312kJmol ™!

Although the SI unit of energy is the joule, ionization

to a velocity of 6 x 10°ms™" (by a potential of 100 V) have
an associated wavelength of ~120pm and such electrons
are diffracted as they pass through a crystal. This phenom-
enon is the basis of electron diffraction techniques used to
determine structures of chemical compounds (see Box 1.2).

The uncertainty principle

If an electron has wave-like properties, there is an important
and difficult consequence: it becomes impossible to know
exactly both the momentum and position of the electron ar
the same instant in time. This is a statement of Heisenberg’s
uncertainty principle. In order to get around this problem,
rather than trying to define its exact position and momen-
tum, we use the probability of finding the electron in a given
volume of space. The probability of finding an electron at
a given point in space is determined from the function v#
where 1 is a mathematical function which describes the
behaviour of an electron-wave; 1 is the wavefunction.

The probability of finding an electron at a given point in

space is determined from the function ¥/* where ¢ is the
wavefunction.

The Schrédinger wave equation
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Although the SI unit of energy is the joule, ionization energies are often expressed in electron volts (eV) (1 eV = 96:4853 = 96:5 kJ mol-1).
