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1 Molecular Orbital Theory
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11 The Atomic Orbitals of a Hydrogen Atom
The spatial distribution of thezelef:tron ina hyc.ir'ogcn atom is usually expressed
g5 3 WOVE function where ¢°dt lg the probability of finding the electron in the
volume 4%, and the integral of ¢*dt over the whole of space is 1. The wave
sunction is the underlying mathematical description, and it may be positive or

ared does it correspond to anything with physical

pegalive- Only when squ ]
reality—the probability of finding an electron in any given space. Quantum
gives us anumber of permitted wave equations, but the one that matters

here is the lowestin energy,-n which the electron is in a 1s orbital. This is
ically symmetrical about the nucleus, with a maximum at the centre, and
falling off rapidly, sO that the probability of finding the electron within a

A is 90% and within 2 A better than 99%. This orbital is

of radius 1.4 A i
calculated to be 13.60 eV lower in energy thana completely separated electron

and proton.

We need pictures to illustrate the electron distribution, and the most common is
simply to draw a circle, Fig. 1.1a, which can be thought of as a section through a
spherical contour, within which the electron would be found, say, 90% of the time.

c is a section through a cloud.

Fig. 1.1b is a section showing more contours s and Fig. 1.1
ven ber of times, and plotting the

where one imagines blinking one’s eyes very large num
points at which the electron was at each blink. This picture contributes to the language
ofien used, in which the electron populationina given volume of space is referred toas
d“m density. Taking advantage of the spherical symmetry, We can also plot the
fraction of the electron population outside a radius ragainst 7, as in Fig. 1.2a, showing
;be rapid fall off of electron population with distance. The van der Waals rzfdius at
ﬁm.Z A has no theoretical significance—it is an empirical measurement from solid-state
s, being one-half of the distance apart of the hydrogen atoms in the C—H
wa wof Mjmt molecules. It is an average of several mcasu-rcmcms.. Yet anotl‘\::
plor th appreciale the clectron distribution is to look at “,“",md’a' density, where
P rad'e probability of finding the electron between onc sphere of radius 7 and -
o radius r + dr. This has the form, Fig. 1.2b. With 2 maximum 0.529 A from
Ucleus, showing that, in spite of the wave function being at @ maximum at
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(a) One contour (b) Several contours

(c) An electron cloud

Fig. 1.1 The s atomic orbital of a hydrogen atom

nucleu§. the chance of finding an electron preci_sczulere is very small. The distance
0.529 A proves to be the same as the radius calculated for the orbit of an electron in the

early but untenable planetary model of a hydrogen atom. Itis called the Bohr radius ap,

and is often used as a unit of length in molecular orbital calculations.
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(b) Radial density for the ground

(a) Fraction of charge-cloud
state hydrogen atom

outside a sphere of radius r

Fig. 1.2 Radial probability plots for the 1s orbital of a hydrogen atom

1.2 Molecules made from Hydrogen Atoms

1.2.1 The H; Molecule

To understand the bonding in a hydrogen molecule, we have to see what happens
when the atoms are close enough for their atomic orbitals to interact. We need 2
description of the electron distribution over the whole molecule. We accept that afirst
ximation has the two atoms remaining more or less unchanged, so that the
description of the molecule will resemble the sum of the two isolated atoms. Thus W€ .
combine the two atomic orbitals in a linear combination expressed in Equation 1.1,
where the function which describes the new electron distribution, the molecular
orbital, is called o and ¢; and &; are the atomic 1s wave functions on atoms 1 and 2.

o=c1¢; + 20, 1.1

k- The coefficients, ¢; and c¢,, are a measure of the contribution which the atomic

R orbital is making to the molecular orbital. They are of course equal in magnitude in

| this case, since the (wo atoms are the same, but they may be positive or negative: TO

pbtain the electron distribution, we square the function in Equation 1.1, which 15
en in two ways in Equation 1.2.
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P = (6o + ady)’ = (1))’ + (e2))” + 2c1h,0205 1.2

_ anded version, we can see that the molecular orbital o’ differs
Takin guperp}j-‘i“o“ of the two atomic orbitals (¢,¢,)? Feahy)? by the term
from ‘f‘c ;‘Tﬁus w';havc two solutions (Fig. 1.3). In the first, both ¢, and ¢, are _
2010162 with orbitals of the same sign placed next to each offier; the electron
»smvc_'o o between the two atoms is increased (shaded area), and hence the
pul_a ‘; charge which these electrons carry attracts the two positively charged
negat!VThis results in a lowering in energy and is illustrated in Fig. 1.3, where
nucroli Yhorizontal line next to the drawing of this orbital is placed low on the
e -am.Alternatively) ¢; and ¢, are of opposite sign, and we represent the sign

. g;:s; po b;man onemmﬂs, calling the plane which divides the
nction at the sign change a node. If there were any electrons in this orbital, the
reduced electron population between the nuclei would lead to repulsion
petween them and a raised energy for this orbital.\ In summary, by making a
bond between two hydrogen atoms, we create two new orbitals, o and o*, which
we call the molecular orbitals; the former is bonding and the latter antibonding
(an asterisk generally signifies an antibonding orbital). In the ground state of
the molecule, the two electrons will be in the orbital labelled o. There is,
therefore, when we make a bond, a lowering of energy equal to twice the
value of E,, in Fig. 1.3 (twice the value, because there are two electrons in the

bonding orbital).

"—Q\U'H—H m 1 m
Energy Fa .
® m— — ®
J E,
‘H"’ OH—H @ 0 nodes

Fig. 1.3 The molecular orbitals of the hydrogen molecule

g the exp

C_xil:: (f?fﬂt;-c holding_,;he.;wo_ atoms together is obviously depender?t upon the

p;)smon-——-f;-ﬂﬂhp_)gt the bonding orbital. If we bring the two 1s orbitals from a

arrangc.}: ere %heryns essentially no overlap at 2.5A thr(_)ugh the bonding

ma ematizltllg Superimposition, the extent of overlap steadily increases. The

b OV@rlap' = al Cscn;?llon of the overlap is an integral S, (Equation ]..3) called _lhc

Mo 1 gy g egraly Which, for a pair of 1s orbitals rises from 0 at infinite separation
Superimposition (Fig. 1.4).

>

Si2= Jff’nfi’zd’f 1.3
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Fig. 1.4 The overlap integral S for two Isy orbitals as a function of internuclear distance

The mathematical description of the effect of overlap on the electronic epe,
1s complex, but some of the terminology is worth recognising. The energy E of ap

electron in a bonding molecular orbital is given by Equation 1.4 and for the
antibonding molecular orbital is given by Equation 1.5:

a+
E"“1+S -
—vw 2 \J
\ ‘ = 3 <
:9\\,}//) E=3 4 N 47 0 L5
s ' | =§= ' > .

in which the symbot o s the energy of an electron in an isolated atomic
orbital, and is called a 3ral)The function represented byThE_Eymbol
[&tﬁnﬁ‘ibdtes to the energy of an | g_ic@nmjyg;ﬁ_eidﬂﬁdkﬂﬂwc}ék and is called
the Fesonance integral)1t is roughly proportional to S, and 5o the overlap integral
appedrs in the equations twice. It is important to realise that the use of the word
resonance does not imply an oscillation, nor is it the same as the ‘resonance’ of
valence bond theory. In both cases the word is used because the mathematical
form of the function is similar to that for the mechanical coupling of oscillators,
We also use the words delocalised and delocalisation to describe the electron
distribution enshrined in the 3 function—unlike the words resonating and reso-
nance, these are not misleading, and are the better words to use.

The function £3 is a negative number, lowering the value of E in Equation 1.4
and raising it in Equation 1.5. In this book, 3 will not be given a sign on the
diagrams on which it is used, because the sign can be misleading. The symbol 3
should be interpreted as 13), the positive absolute value of B. Since the diagrams-
are always plotted with energy upwards and almost always with the o value
visible, it should be obvious which B values lead to a lowering of the energy below-
the a Jevel, and which to raising the energy above it.

The overall effect on the energy of the hydrogen molecule relative to that of two
separate hydrogen atoms as a function of the internuclear distance is given in Fig. 15
If the bonding orbital is filled, the energy derived from the electronic conm‘buupn
(Equation 1.4) steadily falls as the two hydrogen atoms are moved from infinity
towards one another (curve A). At the same time the nuclej repel each other ever
more strongly, and the nuclear contribution to the energy goes steadily up (curve B)-

gy
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B nuclear Coulombic repulsion

A electronic energy

® HOIO

| 1A 2A  THH 3A

Fig. 1.5 Electronic attraction, nuclear repulsion and the overall effect as a function
of internuclear distance for two 1sy atoms

The sum of these two is the familiar Morse plot (curve C) for the relationship between

internuclear distance and energy, with a minimum at the bond length. If we had filled
the antibonding orbital instead, the resultant curve would be a steady increase in

as the nuclei are pushed together. The characteristic of a bonding orbital is that
the nuclei are held together, whereas the characteristic of an antibonding orbital, if it
were to be filled, is that the nuclei would fly apart unless there are enough compen-
sating filled bonding orbitals. In hydrogen, having both orbitals occupied is overall
antibonding, and there is no possibility of compensating for a filled antibonding

orbital.
We can see from the form of Equations 1.4 and 1.5 that the term « relates to
labelled 1sy in Fig. 1.3, and the term Bto

the energy levels of the jg)lé@’_d atoms
(and the rise labelled E,«). Equations 1.4 and ¥

the drop in energy labclE%g E, ar

show that, since the denominator in the bonding combination is 1+S and the

denominator in the antibonding combination is 1 — S, the bonding orbital is not
ding is raised. In addition, putting two

as much lowered in energy as the antibon
t achieve exactly twice the energy-

electrons into a bonding orbital does no
lowering of putting one electron into it. We are allowed to put two electrons

into the one orbital if they have opposite spins, but they still repel each other,
because they have the same sign and have 10 share the same space; consequently,
in forcing a second electron into the o orbital, we lose some of the bonding we
might otherwise have gained. For this reason too, the value of E, in Fig. 1.3 is
smaller than that of E,». This is why two helium atoms do not combine to form
an He, molecule. There are four electrons in two helium atoms, two of which
would go into the g-bonding orbital and two into the o*-antibonding orbital.
s'ﬂf’c 2E . is greater than 2E,, W€ would need extra energy to keep the two
helium atoms together. Two electrons in the same orbital can keep out of each
o‘hﬁf's.way, with one electron on one side of the orbital, while the other is on the
other sndc' most of the time, and so the energetic penalty for having a second
electron in the orbital is not large. This synchronisation of the electrons’

o
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o ; nergy-raising effecy of
i | ‘tron correlation. The e
movements ix referred to as elec - : 8 effec
t‘l:'\:;:tul-tluln of one electron by the other is automatically imludled ";] calculy.
‘ | ; 18 treated as ;
tony baxed on Equations 1.4 and 1.5, but each clcc};m‘ni 1“r :.k.cmm u::'
average distribution with rexpect to the other. The effec o g "
I often not included, without much penalty in Recurac y.‘ u b h,'n
the calenlation ix deseribed ax being with configuration interaction, g v i

Ng an
lation
Cludeq
of fine

The detailed form that o and 4 take is where the mathematical cu-mplexily
appears. They come from the Schrivdinger equation, and

they are integrals over
all coondinates, represented here simply by dt, in the form of Equations 1 ¢
and |7

e “GMHff’]dt 1.6

3 I'fHH(f’:dT 11
where H is the energy operator known as a Hamiltonian, Even without goin g into

this in more detail, it is clear how the term o relates to the atom, and the term 310
interaction of one atom with another.
As with atomic orbitals, w

¢ need pictures o illustrate the
in the molecular orbitals.

electron distribution
For most purposes, the convent

ional drawings of the
g and antibonding orbitals in Fig. 1.3 are clear enough—we sSimply make
mental reservations about what they represent. In order to

(a) The o-bonding orbital

(b) The a*-antibonding orbital
Fig. 1.6 Contours of the wave function of the molecular orbitals of Ha
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The coefficients cjand ¢, in Equation 1.1 are a ibuti
ohich each atomic_orbilal 1s making to the molcc:I]:: '::E::: l\l:hz:ntt:bmmn
Jectrons in. the orb{ml. the squares of the c-values are a mea:;u.re of the eT;t:;:
Wl:tion in the neighbourhood of the atom in question. Thus in each orbital the
m of the squares of aElI the c-values must equal one, since only one electron in

spin state can be in the orbital. Since Ic,| must equal Icyl in a homonuclear
giatomic like H,, we have defined what the values of ¢, and ¢, in the bondin
orbital must be, namely 1/v2 =0.707: 2 :

¢ =)
o* 0.707 O o -0.707  ¥c*2-1.000
o 0.707 O O 0.707  ¥¢2=1.000

Z¢,2=1.000 £¢,2=1.000

If all molecular orbitals were filled, then there would have to be one electron in
each spin state on each atom, and this gives rise to a second criterion for c-values,
namely that the sum of the squares of all the c-values on any one atom in all the
molecular orbitals must also equal one. Thus the o*-antibonding orbital of
hydrogen will have c-values of 0.707 and —0.707, because these values make

the whole set fit both criteria.

1.2.2 The H3 Molecule

We might ask whether we can join more than two hydrogen atoms together. We
shall consider first the possibility of joining three atoms together in a triangular
amangement. With three atomic orbitals to combine, we can no longer simply
draw an interaction diagram as we did in Fig. 1.3, where there were only two
atomic orbitals. One way of dealing with the problem is first to take two of them
logether 10 form a hydrogen molecule, and_ then_we combine the o and o*
orbitals, on the right of Fig. 1.7, with the s orbital of the third hydrogen atom
on the left.

H
A A :

il & R 1 node
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' yz . | O 0 nodes
‘! _"-' i
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Fig. 1.7 Interacting orbitals for Hy
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10 combine those
We now meet an important rule: we are only allowed

ith respect to all the symmetry elements
orbitals that have the same symmetry wi ' -

' ' tand in the orbitals of the component. we
present in the structure of the produc i . betweon twe
Are combining. This problem did not arise in formmf ahcbond S
dentical hydrogen atoms, because they have inherently t h"‘:’; r yThc ﬁl?:t
but now we are combining different sets of orbllalf with eac e "th .t
task is to identify the Symmetry elements, and classlfy thc'oTblla S wi reslpec
10 them, Because all the orbitals are s orbitals, there is a lﬂ"lﬂ} Symmetry plane
in the plane of the page, which we shall label throughout this bo?k as the xz
plane. We can ignore it, and other .-:!'pli]gr_symmclry clrtmcnts. in this case.
The only Symmetry element that is not triyia) is the plane in what we shall call
the yz plane, running from top 1o bottom of the page and rising anlcally
from it, The o orbital and the 1 orbital are symmetric with respect to lhl's plane,

orbital g antisymmetric, because the component atomic orbitals are

out of phase. We therefore label the orbitals as S (symmetric) or A
(amisymmctric).

€ @ orbital and the Is orbital are both S and they can interact in the same way
aS we saw in Fig. 13

b ~2 10 create g new pair of molecular orbitals labelled 7, and
a2*. Th

remains unchanged in the H,
1S no orbital of the correct symmetry to interact with j;.

as we had three atomic orbitals to




