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INTRODUCTION

It has been increasingly recognised in the last ten years

that the concept of electronegativity 1,2

s iIn spite of its con-
siderable éarly successes; is in a crisis 30 The concept of
electronegativity has only a semiuquantitative significance, and,
as the theory of the cﬁemical bond becomes ﬁore refined that

concept looses its importance. In this way, unless we try to refine

* This work was done while the author was a Rockefeller Foundation Fellow at
the California Institute of Technology, Pasadena, during the academic year
19 59 "‘1960 °

+  Submited for publication in the Journal of Physical Chemistry.

*%  On lsave of absence from the University of Recife, Recife; Brazil.
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the concept of electronegativity in order that its usefulness can

4 when he

be enhanced we may well have to agree with Mulliken
expressed his fears that the concept may some day outlive its

usefulness.

To a large extent the limitations of the concept of
electronegativity for describing bond properties are due to the

fact that the effective electronegativity of an atom in a

molecule is not equal to the electronegativity of the free atom,
X(0). This difference occurs because electronegativity is a
function of the hybridizétion state of the atom (hybridization
effect) and of the net charge of the atom (charge effect). It

is our purpose to show that by taking into account these two
effects it is possible to give to the concept of electronegativity
a Tlexibility which permits improved quantitativeluses, without
ihtroducing undeserved complications. More specifiéally, we.will
try to show how this can be accomplished by using the principle

of electronegativity equalization. In this paper we wlll di scuss

the fundamentals of this prineiple and its application for the
calculation of bond moments 5, and in the subsequent papers of
this series we will discuss force constants and bond dissociation

energles.

The principle of electronegativity equalization is a
generalization firstly proposed by Sanderson 6 and in its most

general form it can be formulated thus: in a given atomic system

the electronegativities of all bonded atoms at their equilibrium

distances are equal. This generalization can be established from

the ILCAO-MO method and, in fact, 1t is as valid as this approxi-

mation.
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Let ua consider an atom B with a valence electron i obeying

the eguations
B2
o . T2 i Y (1) = By ¥o(1) (1)
5= VT Pp(d) + Vg %5 Eg ¥

8r~m

where Vz 1s the Coulomb potential acting on the ]l electron and
qb(i) is its wave function. The potential Vp is given by Z%e/rag
where_zg is the effective nuclear charge acting at the distance Tpe
The ionization potential of the 1 electron includes also the ki-
netic energy and the virial theorem permits one to write VB=ZIB(1).
If we add an electrén J to the atomie orbital Qb the potential
acting on it is equal to 2 BEy(J) s where EB(j) is the electron-
affinity of atom B for the j electron. According to Mulliken &,
the elsctronegativity of atom B is given by 1/2 (Ig(1) + Eg(]):

thus the electronegativity represents the average binding energy

of the electron-palr by atom B.

In the same way the J electron of an atom A obeys the

equation:
2

“é%g VE B + T, (5 = By ¥,(3) (2)
where V, = ZZe/rA is the Coulomb potential acting on the J electron
and equal to 2 I,(j). If we add an electron i to the atomic § to
the atomic orbital ¥, the potential acting on it is given by 2B A(i),
where E,(1) is the electron-affinity of atom A for the 1 eleetron,
Mullikents electronegativity is 1/2 (IA(j) + EA(i), that is, the

average binding energy of the eleetron pair by atom A.

Now, let us suppose that atoms A and B combine to form a

hond invelving electrons i1 and j. These two electrons now occupy
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the same molecular orbital Zgn and are subjeet to the same molecu
lar potential Vye Let us suppose also that XA(O) = X5(0)5 in this
case there will occur an overlap between the atomi orbital Uh and
¢B but since the average binéing energy of the electron pair by

the two atoms are the same, nc net charge transfer will occur. The

situation can be visualized by the following diagram:

In general, however, XA(O) # Xp(0)3 for example, suppose
that XA(O)3>XB(O), In this case, and considering the continuous
distribution of the electrons in the spacey, the system will not be
in equilibrium. There will occur a partial charge transfer from
B to A, increasing XB and decreasing XAg until the condition X,= B
attains; this is the equilibrium condition. In this way we obtain
exactly the principle of eiectronegativity equalization. The
bonding electrons i and j now obey the equafions

2
h .

It is seen that since the electronegativities of the
free atoms differ from element to element and since their values are

equalized by a process of charge transfer, Sandersonts prineiple
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permits, in principle, the caleuldation of the amount of charge
transferred. hence of the primary bond moments. In practice,

difficulties may arise: in the first place, the electronegativity

ig a function of the hyhridization state of the atom 7 and there
is no general criterion for establishing the actual hybridization
state of an atom in a molecule, and, in the second place there 1is
the gifficulty in the choice of the proper screening-constants of
the bonding electrons, that is, in the evaluation of the cnarge

effect.

TLet us discuss this last diffieulty in the first place.
In our previous note 5 we already psiated out that the electro-
negativity of an atom can be treated as a potential function, and
proposed a modification of the linear dependence between electro-
negativity and charge suggested by Pauling 8, The refinement
takes into account the fact that the value of the screening-constant

of an electron depends of its wave function. For a molecule BnAm

our equations are:

m

Xg(+mg) = Xp(0) + q 3 A X; (4)
i=l
n

X,(-ng) = X,(0) » g X DX] (5)
J=1

in which XA(O) and XB(O) are the electronegativities of atoms A
and B in the uncombined state (with X,(0)>Xp(0), n and m are
the corresponding oxidation numbers, g 1s the fractional charge
transferred when n = =1 and m = +1, and ZSX; and ZXXE represent

the variations in the value of X caused by the complete removal
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of the 1 electron of atom B and the complete acceptance of the j
electron by atom A, respectively. The principle of elactronega-~

" tivity equalization requires that X,(-nq) = Xy (+mq). Hence:

X,(0) = x5(0) |
q = (6)

m +' n w'

> AX, + > _OX,
174 5

i=]1 =1 -

=

The expressions for A}{; and: A}Cj are given by:

+ 9
AXj = =S 1 Xp,0(0) - X5(0) (7)
Kk
.
AX] = —ad— $X(0) - X, .(0) (8)
17 1o |TA A-1

where gy is the screening-constant of the i electron of atom B,
O3 is tﬁ% screening~constant of the differentiating electron of
element ZB+1’ cj is the screening-constant of the j electron
accepted 9 by atom A, and Gh is the screening=-constant of the

differentiating electron of atom A.

It is well known that not only does the screening-constant
of an electron depend of its wave function, but, as Sommerfeld 10
firstly pointed out, different screening~constant must be used for
different properties. This introduces another difficulty because
screening-constant for electrcnégativity are not known. In the
simple treatmeht of the charge effect, Pauling 8 and also

Haissinsky 11

chose for the electronegativity screening-constant
of one valence electron for another the size screening=-constant 12

of the ls electron of hydrogen. We prefer to use the values



343
established by Kohlrausch 13 from ionization potential data, and
presently we will discuss the approximations involved in this

procedure.

In this paper we will consistentliy use Mullikents

electronegativity scale. According to this scale? electronega~-

I(v) + E(v)
663

are, respectively. the valence state ionization potential and the

tivities are given X(0) = s in which I(v) and E(v)

valence state electron-affinity of the free atom (the numerical

3

coefficient 6.3 was introduced by Pritchard and Skinner - in order
that when I(v) and E(v) are measured in electron-volts, X(0) as
defined above be comparable with Pauling's values). Now, not

only I(v) is not necessarily equal to the ground-state ionization
potentials used by Kohlrausch, but, more important still, whereas
I0 (the ground state ionization potential} does not increase
monotonically with increasing values of Z along a given period of
the Periocic System of the Blements, the sum I(v) + E(v), that

is X(0), does increase monotonically along each period. The errors
introduced by using Kohlrausch's values as the true electronega-
tivity screening~constants are particularly large for the elements
of groups IIIb and VIb, since these elements have abnormally low
ground state ionization potentials, when compared with the elements
immedlately prececeding them in the Periodic System 14. This faet
corresponds to large values of Kohlrausch screening-constants of
the differentiating electrons of these elements of groups IIIb and
VIb, but since the electronegativities are normal the corresponding
screening-constants must be much smaller. For these elements,

therefore, it is more reliable to use interpolated values for the

electronegativity screening~constants. With these corrections,
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Kohirausch's values cannot differ from the true electronegativity
screening-constants by more than a few perdent, and can be

confidently used within these limits.

The hybridization effect introduces difficulties of a more
fundamental character. The electronegativity of an atom is a

237415 and in

function of the hybridization state of the atom
particular the value of X(0) increases as the value of a in the
isovalent hybrid orbital of the form (ag + bp) increases. This
faet is shown in Table I, constructed from the data by Pritchard
and Skinner ° and Pritchard ~0; this Table also shows the values
of the screening~constants of the differentiating electrons
calculated from Kohlrauschfs data 13. Although no sure criterion
exists for the establishment of the hybridization state of an
atom in a molecule, the molecular geometry gives in many cases
reliable informations for the correct utilization of the values

shown in Table I 170

THE EFFECTIVE ELECTRONEGATIVITIES

If we calculate from equation (6) the value of g for a
given molecule, and use this value in equations (4) and (5), then

Xp(+mg) and X;(-nq) are the effective electronegativities of

atoms B and A in the compound Bn Am' It should be pointed out
that in the various treatments of the relations between electro-
negativity difference and ionic character of bonds 8’18’19, the
lonic fraction g is uniquely determined by the value of the

slectronegativity difference., XA(O} - X5(0), and it is possible
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to draw a curve connecting the lonic character with this differ-
ence. According to equation (6), however, g is not a unique
function of XA(O) = X5(0), but depends also of the screening-
~constants of the bonding electrons. In other words, g is a
property characteristic of each molecule as an independent entity,
and a single curve connecting g with electronegativity difference
has no meaning at all. This is,; we believe, an important result

of the principle of electronegativity equalization 6’290

THE CALCULATION OF BOND MOMENTS

Both the wvalence bond method and the molecular orbital
method predict that the electric moment of a bond is the sum of

four distinet contributions:

i - the primary moments due to the assymmetry of charge in

the bonding electrons, and equal to eqRys Ro being the equilibrium
internuclear distancej

il «  the homopolar dipole or gverlap dipole, due to the ine-

quallity of size of the bonding orbitals Zlo This contribution is

zero only if the bonding orbitals are of the same size, or if the

overlap integral is zero 225

iii - the atomic moment or hybridization moments which arises

from the assymmetry of the hybrid atomic orbitals in relation to

the atomic nucleus; its value is zero for non-hybrid orbitals;

iv = the electron-pair moment, due to the fact that as the

bonding orbitals are hybridized the non-bonding electrons also
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hybridize; this contribution is opposite to the atomic moment.

From the above considerations it is clear that we cannot
expect that a calculation of the primary bond moment alone could
give good results for the total moment. It seems, however, that
the primary moment is the main component of the total dipole
moment in the hydrogen halides. Table II gives, in the second
column, the values of g for these molecules, obtained from equation
(6) and assuming that the halogen atoms use pure p orbitmls. The
agreement beiween eqRO and the experimental values of the gaseous

dipole moments is surprising.

It is well known 23 that the dipole moment of a molecule
like HC1l is extremely sensitive to bond hybridization. If the
chlorine atom uses a pure p bonding orbital the homopolar moment
puts a negative charge in the hydrogen atom, but this negative
charge is reduced and even reserved by assuming an g-contribution
to the bonding orbital of the chlorine atom 9or by introducing
ioniec terms to the total wave function of the molecule 24’25’26.
This same entangled situation occurs in the interpretation of

nuclear quadrupole coupling constants 3118525

Now, we have seen
that as we increase the g-character of the bonding orbitals the
electronegativity Iincreases. This means that the value of g
increases with the ammount of g-character and a simple calculation
shows that the experimental values of the dipole moments are
obtained from equation (6) by assuming an s-contribution to the
halogen wave function of 4% in HF, 2% in HCl, 3% in HBr, and 0%
in HI. It is seen that any increase in the g-character of the

bonding orbitals leads to an increase in the ionic fraction, so

that the two effects are not mutually independent.
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A test for the reliability of the values of g given by
equation (6) could be made only if it 1s possible to find molecules

obeying the following conditions:

a) The hybridization state of the atoms is known from a sure

criterion;
b) Electron-pair dipoles do not exist;
e¢) Atomic dipoles exactly counterbalance one another;

d) Homopolar dipoles also obey condition (¢) or are vanishingly

small.

These conditions occur within a good approximation in
certain carbon compounds in which the hybridization state of the
various carbon atoms can be known from the differing spatial
arrangements of the bonds 27o For example, in the case of toluene,
propene, butene-l, methylacetylene, and butyne=1, all the restrictive
conditions (a-d) prevail, and the electric moments of the gaseous
molecules should be given by the vectorial sum of all primary bond
moments. Table III shows in the second column the values of g
calculated from (6) for the bonds C(sp3) - C(spz) and C(sps) - C(spJ.
Columns 4 and 5 show the calculated primary moments of these bonds
and the experimental gaseous dipole moments for these molecules,
regspectively. It is seen that the calculated values are within the
limits of the experimental error for toluene, propene, and butene-l,
and abount 15% larger than the experimental values for the substi-

tuted acetylenes.

Since the total moment of the molecules is given by the

sum of all primary moments, the good results obtained for the flrst
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three compounds are justified only if the C(sp3) - H primary
moment is equal to the C(spZ) - H primary moment 28._ Now, the G-R
primary moment in ethane is 0.21 D, whereas the E:E primary moment
in gthylene is 0.41 D. However, the primary moment of the C-H bond
in the methyl group of toluene, propene, and butene=1 is certainly
larger than 0.21 D, because the positive charge in the sp3 carbons
of these molecules, due to the charge transfer to the sp2 carbons,
increase their electronegativities. In the same way, the primary
moment of the C-H bonds of the methylene group of propene and
butene-1 (and the C(spa) - H primary bond moment of toluene) is
less than 0.41 D. Calculations by an iterative process show that,
in fact, the primary moments of the two types of C~H bonds cannot
differ by more than 0.05 D.

For the substituted acetylenes there is a similar situation
but since the primary ézﬁ bond moment in acetylene (0,98 D) is
much larger than the primary E:ﬁ moment in ethane, it is not
completely counterbalanced by the C(sp3) - H bond moment; an
iterative caleulation shows that the difference Pe(sp)-a =~ Pe(sp?)-x

is about 0.2 D, in the opposite sense of the primary C(sp3) - C(sp)
bond, again in excellent agreement with the experimental valunes
(Table III).

We have applied the method also to two alyciclie. hydro-
carbons, 1,3~cyclopentadiene and cyclohexene. The experimental
values for the dipole moments of these substances are 0.53 D and
0.85 Dy respectively (see references given in Table III). The sum
of the C(sp3) - C(spz) bond moments, calculated from the known
cohriguration of these substances are 0.45 D for 1,3~cyclopentad1ens

and 0.58 D for cyclohexene.
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An interesting consequence of these results is that they
tend to disproof the dipole moment evidences put forward in support
of the existence of hyperconjugation 290 In a recent discussion
Dewar and Schmeising 30 have pointed out that since sp2 carbon
is more electronegative than sp—5 carbons the bonds between a
trigonal carbon and a tetrahedral carbon must be polar, and they
stated that "unless the magnitude of the C(sps) - C(spZ) dipole
can be estimated and shown to be less than the observed moments
of propene and toluene, one cannot conclude from the polarity of
these hydrocarbons that the bbnds to methyl are not single". Our
results are definitely in favour of the view that hyperconjugation

does not contribute to the ground states of these molecules 30a°

THE ELECTRONEGATIVITY OF DIAGONAL CARBON

The large value for the electronegativity of gp carbon
used in this péper, 3.374 may be questioned. This value is obtained
from spectroscopic data 3 and it 1s further supported from a study
of the dipole moments of mono-~halogenated acetylenes and of the

- polarity and ionization potential of carbonyl groups.

Table IV shows the values of calculated C(sp) - Hal
primary moments in monochlorOmécetylene and monobromo-acetylene,
obﬁained from equation (6) and assuming an sp electronegativity
for carbon of 3.37 and a pure p electronegativity for chlorine
(3.00) and bromine (2.76) 31 The results are particularly impreg
siVe and it must be pointed out that the zero dipole moment of

CH = CBp had never before been interpreted. The fact that the
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halogen atoms of these molecules do have a positive charge 1is
indeed entirely in agreement with the chemical behaviour of these

substances.

Walsh 7, noting that the ionization potential of the
carbonyl group of various compounds changes from 14.55 eV in CO
to 10.2 eV in acetone (Table V), tried to relate this variation
with the polarity of the C = O group. Price 5% had shown that
the ionization potential of the carbonyl group refers to the non-
-bonding p electrons of the oxygen atom, and should be compared
with the ground-state ionization potential of atomic oxygen,

which corresponds to the transition (o, 3PZ) ——%>(0+, 4S ). Omn

3/2
the assumption that Xp(0) is always larger than X.(0), Walsh
attributed the decreasing ionization potential in the series

CO, COZ’ HCO0H, HZCO, CH3=CO-CH3, to an inereasing negative charge
in the oxygen atom. However, it is impossible in this way to
explain why it is that the ionization potential of the oxygen atom
in CO and CO2 is larger than IO for oxygen. Walsh also noted
that the decrease in the ionization potential is accompanied by an
increase in the C=0 bond distance, which means a decrease in the

C-0 bond strength.

We think that these facts can be interpreted in the
following way: in CO and CO, the carbon atom is in the sp state 32,
and its electronegativity is larger than the p electronegativity of
oxygen (X.(sp) = 3.37; X9{p) = 3.17). Hence, both in CO and co,

the oxygen atoms have a positive charge which results from o-bonding

electron transfer to the carbon atom. The charge calculated from

equation (6) is however reduced by the atomic dipole of the sp

carbon 340 In the organic carbonyl compounds, on the other hand
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the carbon atom is in the trigonel state and the electronegativity
difference is reversed, with the oxygen atom negatively charged.
We have calculated by our method the charge transferred by o-bond-
ing alone, and the results &re shown in Table V. For formaldehyde
and formic acid monomer the results were obtained by a simple
iterative process. We did not compute the charge in the oxygen
atom of acetone because the atomic dipoles of the C(sp3) - C(sp%)
bonds reduce the electronegativity of the trigonal carbon by an

unkown ammount.

The increase in the C-0 bond distance observed in passing
from CO and CO2 to the organic carbonyl compounds 1is clearly

assoclated with the change in hybridization of the carbon atom 35¢

A positive charge in the oxygen atom of CO is substanti-
36

ated by some recent work on this molecule. Thus, Burrus has

shown that the dipole moment of CO is 0.112 Dy and Rosenblum,
' 37

Nefhercot Jr., and Townes have conclusively shown, in what is
probable the first absolute determination of the sign of a dipole
moﬁent, that the positive end of the dipole of the CO molecule is
in the oxygen atom. Theoretical calculations by Ransil 38 tends

to confirm this.

IHE ALKALI-METAL HALIDE MOLECULES

Another class of compoundé which partially obeys the
restrictive conditions discussed on page 9 are the alkali-metal
"halides. In these compounds the overlap integral i1s small, so

that the homopolar dipole is practically zero, and we can further
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assume that the halogen atoms use pure p bonding orbitals. Unfortu
nately, only for a small number of compounds we can make a compari-
son between the calculated and the experimental dipole moments.
Thus, although the electric moment of gaseous KF, KCI and KI are

known 39 540

there is not in the literature electron~affinity data
for calcium, and this prevents us from calculating ZKX; for
potassium. As for the lithium and sodium halides, reliable values
of the dipole moments exist only for LiF, LiCl, and Nal, and these
are shown in the last colamn of Table VI. For comparison the
fourth column of Table VI shows the values of eqRO for these

molecules, caleulated from equation (6).

An interesting result of our calculation is that the
lithium halides are apparently more ionic® than the corresponding
sodium compounds, although the differences XHal(O) - XNa(O) are
larger than the corresponding differences KHal(O) - XLi(O). The
explanation of this fact resides in that the screening-constant
of the 3s electron of sodium is larger than the screxening-constant

of the 25 electron of lithium.

WATER AND IIYDROGEIN] SULPHIDE

If we assume that the oxygen atom in water uses pure p
bonding orbitals #1, we obtain from equation (£) the value
g = C.114 e. u.y vwhich means that each hydrogen atom has a pogitive
charge of 0.114 e. u., and the oxygen atom a negative charge of
-~ 0.228 e. u. This corresponds to a dipole moment of only 0.64 D

and furthermore thore could be no electron~pair contribution. The
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experimental value of the dipole moment of gaseous H.0 is 1.85 D

pad
(reference given in Table II). On this ground we must reject this
electronic structure for water, and we must admit that in this

molecule the oxygen atom uses apj bonding orbitals 42u

Using the
sp 3 electronegativity of oxygen we obtain q = 0.24, and this
corresponds to a primary dipole moment of 1.36 D, which would be

further increased by the resultant of the two electron-pair dipoles.

For the molecule HZS the situation 1s different, since
we know from valence angle data 43 that the S-H bond involves
almost pure P bonding orbitals, with perhaps a few percent
s-character. Our calculations tend to support this view: if we
use the gga electronegatliivity of sulfur, 3.52, we obtain q = 0.21,
which gives a resultant primary dipole moment of 1.86 D for the
molecule HZS’ and to which we must add the electron-pair dipoles.
The experimental value of the dipole moment of gaseous HZS is only
0.92 D; this value can be obtained as the resultant primary moment
only by assuming that the sulfur bonding orbitals in HZS Involve
10% s-character (g = 0.083). In fact, this value (10% s-character)
i1s an upper limit for s~hybridization., since we did not take into

account the electron-pair dipoles.

An important conclusion of the prineciple of electro-
negativity equalization is that the polarity of, let us say, the
two O-H bonds in water is the same, without simultaneously implying
that the polarity of adjacent bonds are mutually independent. In
other words, the polarity of the CO=H bond in the free radical OH

44

is different from the polarity of the O-H bonds in the molecule

HZO’ but the fact that the electronegativities of all the three
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atoms in this last molecule are equal means that the polarity of

the two O-H bonds in water is the same. It is perhaps interesting
to note that this conclusion 1s not reached by the conventional
ionic~-covalent resonance theory. The inconsistenéy of the resonance
approach 1s well illustrated by the following remarks due to

15: "ag soon as one O-H bond is ionic, the flow of charge

Coulson
to the oxygen atom neutralizes the excess electronegativity and
renders the probability that the second bond should be simultane

ously ionics much smaller than before".

COMPLEX IONS

The extension of this method to more complicated systems,
such as molecules with multiple bonds, coordination compounds, ionic
crystalsy ete., presents many difficulties. For example, the charge
distribution calculated for the alkali-metal halides (Table VI)
refers to the gaseous molecules. In the crystal the charge
distribution is different, since each atom (ion) is under the infln

ence of the total crystal field.

For the complex ions we need first obtain reliable data
on the valence state lonizatlon potentials of the central ions
(involving outer s and p orbitals). It is possible, however, to
extend our method in a rough way, provided we known the (approximate)
electronegativity of the central metallic atom and restricting
ourselves to ligands without vacant orbitals to form w-bonds. As
an illustrative exampley let us consider the hexaminne-cobalt -(III)

son; [Co(;)] *3 . let us suppose that Sidgwick's dative bond
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structure applies initially to this ion. We can visualize it as

formed by the species 00'3 linked by normal covalent bonds with

six species H3N+1. The electronegativity of cobalt is 1.8

45

according to Bellugue and Daudel sy and assuming an average AX~

of 3.0 we obtain XCO(—B) = = 7.2. In the same way we can calculate
that the electronegativity of vt oig 7.6. It is seen that the

electronegativity of 00-3 is very low and the electronegativity of

+1

N is extremely highjthere will be a large charge transfer from

Co™3 to the ligands. Using equation (6) one gets q:2%6+-(éx?§§) -

0.66. Hence the net charge in the cobalt atom will be (=~3+(6x0,66)=

+ 0.96 e. n.y and the net charge in the nitrogen atom of ammonia
will be (1 = 0.66) = + 0.34 e. u. This charge in the nitrogen

atom 1s further reduced by the electron transfer in the N-H bonds,
but our data is so rough that we think that a refihement in the
calculation by an iterative process is not worth while. The
interesting conclusion, however, is that even such a c¢rude procedure
indicates that the charge in a complex ion is uniformly distributed
over the various atoms,; ln accordance with the "postulate of electric

neutrality" 46.

This simple result compare well with the charge in the

central atoms of similar complexes determined from paramagnetic

resonance spectroscopy by Owen 47.
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APPEND X

Referring to the diagram on page 3 we wish to point out
the following: in the LCAO-MO method there appears integrals of
the type: H;, =.[Qh H qﬁ d¥ . These integrals are the so called
Coulomb integrals and it is generally recognised that they
‘measure the total energy of the bonding electron (in our case, the
J electron of atom A) in the molecule AB, the Hamiltonian referring
to the whole molecule. From the diagram on page 3 it is clear
that the potential energy of the j electron is given by 21, + 28y
(note that 2 EB is essentially the sttraction of Z; e for the
j electron less the g0 ey repulsion). By the virial theorem
the totai energy is half the potential energy, hence:

In the same way we must have:
HBB=[2,DBH Yp 4% = Ig + B,

We think that the identification of the Coulomb integrals
Hyp» Hpgs ete.y with the sums I, + B , Ig+ Eys etc.y may be
extremely useful for the dmiculation of molecular energy levels by

the LCAO-MO method.

D*D*O*O*D*O
Il & (&) ° o @
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Element

Xe

2.28(s)
3.82(s)
0.94(s)
0.92(p)
1.37(p)
1.78(p)
2,33(p)
3.17{p)
3.91(p)

0.93(s)
0.78(p)
1.29(p)
1.38(p)
1,81(p)
2.41(p}
3.00(p}

1.75(p}
2.23(p)
2.76(p)

2,10(p)
20 56(}'))

2.01({s)
3.29(s)
4.83(s)
6.55(s)
8.75(s)

10.77(s)

1.87(s)
2.84(s)
2.84(s)}

5.17(s)

6.85(g)
6.59(s}

5.14(s)

5.98(g)®

5,40(s)°

TABLE I
Elsctronegativity
1.46(sp)
2.33{sp) 2001(sp2)
3.37(sp) 2088€sp2)
4.55(sp)  3.98(sp°)
1.32(sp)

1081(sp§5

1.85(sp’)
2.63(sp”)
3055(3p3)
4.83(sp°)

) 2
20M(SPJ>
3000(5933
3.52(3p°)

2.98(3p°)

361

Sereeningeconstbant
of differentiating

electron

(0.625)%
0,625
(0.59)%
9.59
(0.66)°
0,73
0,75
(0.755)
0.76
0.78
(0.67)2
0.67
(0,69)P
0.71
0.74
(0.75)°
0.76
0.78
0,81
(0.815)°
0,82
0,83
(0.83)"
0.84
0.84

=y

s Values obtained by assuming that in virtue of the spherical symmetry of the
g electrons, two electrons with the same ng number have the sams screening-
congtant.

b Interpolated values.

¢ Extrapolated values.

<

ooooo



362

TABLE 1II

Molecule gle.u) Rb(A) eqRO(D) pexp(D)
HF 0.33 0.92 1.45 1.91 - 1.74%
HC1 0.16 1.275 0.99 1.05
HBr 0.10 .41 0.68 0.80
Hi 0.056 1,60/, 0.42 0.42

Experimental gaseous dipole moments of HC1, HBr, and HI from: A. A. Maryott,

and F, BucMiley, "Table of Dielectric Constants and Electric Dipole Moments of

Substances in the Gaseous State!, National Bureau of Standard Gircular #£ 537,
Washington, D. C., 1953.

Bond distances from "Tables of Interatomic Distances and Configurationg in
Molecules and Ions", Special Publication # 11, The Chemical Society, London,
1958,

a Untill recently the accepted value for the dipole moment of HF(g) has been
1.91 D, found by N. B, Hanney, and G. P, Smyth (J. Am. Chem. Soc., 68, 171
(1946) vut a new absolute value of 1.74 D has been reported by G, A. Kuipers
(Quart. Progr. Rep. Solid -State Molec. Theory Gp., M. I. T., 15 January
1958, p. 42).

TABLE 1III

Molecule a{e.u.) Ro{z)a eqRO(D) ngp(D)
oH,- <D 0,049 1.52 00357 0.36 = 0.02
OH,~CH=CH, 0.049 1.53 0.359 0.35 L 0,01
CH,~CH,~CH=GH,, 0,049 1.54 0.362 ':Z g
OH,~C = CH 0.13 L.46 0.92 0,75 = 0.01
0H,~0H,—G = 08 0.13 1.47 0.92 0.80

Dipole moments and bond distances from the same sources as in Table II.

a8 The bond’ distances refer to the G(sp3) C(spz) and G(spB) ~ G(sp) bonds.



TABLE IV
Molecule gy yleow.) R (A)  eqt (D) Py (D)
HG =G-C1 0,076 1.63 0, 59% 0,98
H-G =(-Br 0.124 1.80 -0,98% 0.98

363

wa1e® Py (D)
0.39 0.44
0.00 0.0

Bond Jdistances and dipole moments from the same sources ag in Table IT.

a The minus sign means that the positive end of the dipole is in the halogen

aton.
TABLE v
O
Molecule I.P. {eV) Hybridization R, (&) Charge in the oxy-
state of ¢ gen atom (e,u.)
o 14.55 sp 1.128 + 0.038
co, 13.73 sp 1,160 + 0.024
0 13.57 0.000
H-GOOH 11.3 sp* 1,23 - 0.095
H,-G=0 10.43 sp~ 1,23 - 0.13
GH,, ~GO—CH 10,2 sp® 1.23
3 3
TABLE VI
Molecule gle.u) RO(A) eqR | (D) Pbba (b)
LiF 0.75 1,51 5.5 5.04%
° ¢ ¢ 606—003
LiCl 0059 2.0 5.8 5,9%1.3°
NaF 0.69
NaCl 0.54 2.36 6.1 -
Nal 0.38 2.71 4eO 4,99
a E.S. Rittner, J. Chem. Phys., 19, 1030 (1951).
b  R. Breunstein, and J.W. Trischka, Phys. Rev., 98, 1092 (1955).
¢  D.T.F, Marple, and J.W. Trischka, Phys. Rev., 103, 597 (1956).
d  H. Scheffers, Physik Z., 35, 425 (1934).



