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where W3, , ¥;,, ¥, are the atomic orbitals on chlorine (3s and 3p) and hydrogen (1s).
Now a and b can be varied relative to each other in such a way that any amount of p
character can be involved in the molecular orbital. For example, if @ = 0, the chlorine
uses a pure p orbital, but if a = 1b, the p character will be 759 (an * sp? hybrid ”* in
VB terminology). And, of course, the relative weighting of @ and b vs. ¢ indicates
relative contribution of chlorine vs. hydrogen to the bonding molecular orbital.

Electronegativity and molecular orbital theory

As we have seen, the ““ distortion >’ that takes place as one progresses from Figs. 4.58
and 4.59 results from differences in electronegativity between the bonding atoms. In
general, MO language does not speak of the “electronegativity difference”” but of
the magnitude of the coulomb integrals of the constituent atoms. These may be taken
as the valence state ionization energies (VSIE), i.e., the energy necessary to remove an
electron from an atom under the conditions that exist in the molecule. The VSIE will
therefore not be identical to the usual ionization energy of an atom though related to it.
A discussion of the various methods of estimating coulomb integrals would be beyond
the scope of this text but it may be mentioned that the VB methods of evaluating
electronegativity are related to this problem. Inasmuch as more work has probably
been done in the valence bond context, this aspect of electronégativity will be discussed
at greater length with the reminder that the results can be transferred qualitatively to
MO theory.

Pauling’s electronegativity and valence bond theory

Pauling first defined electronegativity and suggested methods for its estimation.
Pauling’s definition®® has not been improved upon: The power of an atom inamolecule
to attract electrons to itself. It is evident from this definition that electronegativity is
not a property of the isolated atom (although it may be related to such properties)
but rather a property of an atom in a molecule, in the environment of and under the
influence of surrounding atoms.

Pauling based his electronegativity scale on thermochemical data. It had been
observed that bonds between dissimilar atoms were almost always stronger than
might have been expected from the strength of bonds of the same elements when
bonded in homonuclear bonds. For example, the bond energy of chlorine mono-
fluoride, CIF, is about 255 kJ/mole, greater than either Cl, (242 kJ/mole) or F,
(153 kJ/mole).°! Pauling suggested that molecules formed from atoms of different
electronegativity would be stabilized by ionic resonance energy resulting from resonance
of the sort:

"Wap=a¥,_ 5 + bV, +5- +cP,-p- (4.54)
For molecules in which atoms A and B are identical, b = ¢ < a (see page 96 for the
H, molecule), and the contribution of the ionic structures is small. If B 1S more
electronegative than A, then the energy of the contributing structure A" B~ approaches
more nearly to that of the purely covalent structure A—B and resonance is enhanced.
On the other hand, the energy of BT A~ is so prohibitively high that this structure may
‘be dismissed from further consideration. For a predominantly covalent, but polar,

0 L. Pauling, “ The Nature of the Chemical Bond,” 3rd ed., Cornell University Press, Ithaca, N.Y.,
1960, p. 88.
%1 See Appendix F.
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bond, @ > b > c. The greater the contribution of the ionic structure (i.e., the closer
it comes to being equivalent in energy to the covalent structure) the greater the reso-
nance between the contributing structures and the greater the stabilizing resonance
energy. Pauling suggested that electronegativity could be estimated from calculations
involving this ionic resonance energy. The method is briefly outlined as follows.

An estimate of the ionic resonance energy may be obtained from subtracting an
average ‘“‘nonpolar’ bond energy for atoms A and B from the real, experimentally
obtained bond energy. The “nonpolar” energy is supposed to be that resulting if a
purely covalent bond (corresponding to contributing structure (I)) could be formed
between A and B. Pauling first suggested that the arithmetic mean of the bond energies
AA and BB would provide a suitable estimate of this quantity, but because of difficul-
ties with this method, later suggested the geometric mean as more reliable. For the
CIF bond mentioned above, the two methods yield:

Arithmetic mean Geometric mean

Bond energy, Cl. Ecic = 240 Ecian = 240
Bond energy, F: Err = 155 Err = 155
Average energy, CIF Ecici + Ere/2 = 198 (Eciar X Erp)t = 194

Experimental energy, CIF Ecir = 249 Ecir = 249
A= 249 — 198 = 51 A = 249 — 194

I
a

lTonic res. energy

The two methods do not differ appreciably, but geometric means are always smaller
than arithmetic means, so the ionic energy calculated by the geometric mean method
(A") will be slightly larger than when using the arithmetic mean (A). Table 4.8 lists
estimates of ionic resonance energy obtained by both methods. The values of A and A’
parallel our intuitive feelings about electronegativity: Bonds between elements
expected to have large differences in electronegativity (e.g., H—F) have large ionic
resonance energies, but with elements having small electronegativity differences

Table 4.8 Ionic Resonance Energy of Some
Common Bonds (kJ/mole)

H C S Cl F

Arithmetic mean method,* A

BT 226 3l v
e T 10 3 aas
S e R e o el
(3 0 39 6 Vgt
F 306 254 97.5 56.5 0

Geometric mean method,® A’

"

a yalues to the right of the *‘step rule” were de-
rived by the arithmetic mean method.
b Values to the left of the *step rule” were de-

rived by the geometric mean method.

Il
|
,Ml:
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(H—C, C—S), small ionic resonance energies are found.®? The elements may thus be
arranged in the order of their electronegativities as has been done in Table 4.8.How-
ever, in order to obtain quantitative estimates of electronegativity, it 1s necessary to
replace A (or A’) by an additive function.®® For this purpose, Pauling suggested that
the square root of the ionic resonance energy was more nearly additive and should be
used as an estimate of the difference in electronegativity between two elements. He
first used the arithmetic mean method of calculation and bond energies in electron
volts (1 eV = 96.49 kJ/mole). The difference in electronegativity between two ele-
ments, A and B, then becomes®*

AAB(kJ)
Ay = ———=
96.49

Later, when the advantages of the geometric mean method became apparent, Pauling
suggested the arbitrary conversion factor of 125 to make the values obtained from
A’ compatible:

i A;AB(kJ)
125

Values for electronegativity differences, using both methods, are listed in Table 4.9.

Table 4.9 Differences in Electronegativity
Obtained from Ionic Resonance Energies

H C S Cl 2

Arithmetic mean method?

0 048 060 . 098 168
C 0443158 BT ) com 0.60 . 1.56
S Oipde DaReErat)f  RIGRLNTHOMSION B9
G S Toig0 16T IS GAEETGH AR | SR 0.73
F 56 s ™0 GRS IR0 L 0

Geometric mean method®

2 Yalues to the right of the ‘“step rule’ were de-
rived by the arithmetic mean method.

® Values to the left of the “‘step rule’ were de-
rived by the geometric mean method.

The values are roughly additive, especially when the electronegativity differences are
not too great:

Axuc + Ateer = 0.44 + 0.56 = 1.00 = Ayyey = 0.92 4.57)

62 Negative ionic resonance energies are occasionally obtained as in the case of the C—S bond
above. They are, of course, meaningless and arise from errors in the method, namely, estimating a
small quantity (A or A’) by subtracting two large quantities, one of which, the ‘‘ covalent energy > of
C—S8, is estimated very crudely. The geometric mean tends to encounter this problem less often than the
arithmetic mean method.

63 Neither A nor A’ is additive; i.e., Ayc; 7 Aye + Accrs 22.1 # 5.9 + 8.0; for A’, 25.6 # 6.6 + 9.0.

64 One should be careful to distinguish between the quantity A, the ionic resonance energy, and the
quantity Ay, the difference in electronegativity.
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AXHC! Sie AXCIF =0.92 + 0.67 = 1.59 ~ AXHF —21:56 (4.58)
R R B S i DR (4.59)
Ajiii Ny 2 0D 6T 1109 Ay = 0,88 4.60)

and we are justified in setting up an electronegativity scale based on:
Axur = Axuc + Axer (4.61)

It is thus possible to set up an additive, linear electronegativity scale in which the
difference in electronegativity of two elements is equal to the sum of their differences
from a third element.

Pauling set up such a scale, arbitrarily setting hydrogen at 2.1 and arranging the
other elements relative to it. It should be obvious from the data in Table 4.9 that there
1s no unique way to determine the electronegativities of the other elements since the
values are not perfectly additive. Nevertheless, by performing very many calculations
of this type and choosing electronegativity values such that deviations are minimized,
it is possible to obtain a table of electronegativities for general use.®® Pauling’s values,
with minor corrections resulting from improved energy data, are listed in Table 4.10.

Pauling’s method of obtaining electronegativity data is probably mainly of histori-
cal interest since there are now improved methods of estimating electronegativities.®®
The concept of covalent-ionic resonance is still quite useful, however. As pointed
out above, the fact that a bond with partial ionic character can be stronger than
either a purely covalent or purely ionic bond has often been overlooked as alternate
methods of treating electronegativity have developed. Energies associated with elec-
tronegativity differences can be useful in accounting for the total bonding energy of
molecules.®”

Other methods of estimating electronegativity

Many other methods have been suggested for determining the electronegativity
values of the elements. Only two general methods will be discussed here. The first
was proposed by Mulliken®® shortly after Pauling proposed his method. Mulliken
suggested that the attraction of an atom for electrons should be an average of the
ionization energy and electron affinity of the atom. Mulliken electronegativities can
be estimated by the equation:

1y = 0.168 (IE, + EA, — 1.23) 4.62)

where the valence state ionization energy (1E) and electron affinity (EA) are in electron
volts. The valence state ionization energy and electron affinity are not the experimen-
tally observed values but those calculated for the atom in its valence state as it exists
in a molecule. Two short examples will clarify the nature of these quantities.
Divalent beryllium bonds through two equivalent sp or digonal hybrids. The
appropriate ionization energy therefore is not that of ground state beryllium, 15*2s2,

65 The discussion here is oversimplified. Difficulties are sometimes encountered in obtaining ac-
curate bond energies, and modifications of the above procedures must be resorted to [¢f. Pauling, *“ The
Nature of the Chemical Bond,” or H. O. Pritchard and H. A. Skinner, Chem. Rev., 55, 745 (1955)].

66 Not all chemists would agree with this statement.

67 See pages 234—235. :

68 R . S. Mulliken, J. Chem. Phys., 2,782 (1934), 3, 573 (1935); W. Moffitt, Proc. Roy. Soc. (London),
A202, 548 (1950). .




