
36 RONALD F. BROWN Vol. 83 

% were examined. Redistilled tetralin and re
agent-grade benzene were added to the 30,000 c.s. 
silicone polymer and gel determinations made on 
samples of the irradiated solutions. In all cases, the 
gel yields are based on the polymer content of the 
original solution. From the corrected gel yields for 
doses in the range 10 to 40 Mr., the equivalent dose, 
D', was determined from Fig. 1 of the preceding 
paper. In Fig. 3 the suppression of crosslinking, 
D'/D1 is shown as a function of the amount of 
diluent. 

Compared to the mercaptans, described in the 
previous section, tetralin is much less effective in 
retarding crosslinking. Thus, at 10 weight % 
(tetralin — 0.75 mole/1., butyl mercaptan — 1.1 
mole/1.), the D'/D ratios are 0.4 and 0.1, respec
tively, for tetralin and K-butyl mercaptan. Ben
zene is even less effective than tetralin. From 

Despite wide usage and acceptance, the concept 
of electronegativity and the relationship to ionic 
character have remained obscure. We propose to 
introduce two factors, inductive charge transfer 
and non-bonded interactions, in considering the 
problem. By correction of the experimental dissoci
ation energies for a series of diatomic molecules for 
non-bonded interactions it looked to be possible to 
use Pauling's1 method to calculate a set of electro
negativity differences from which a revised set of 
electronegativities could be obtained. In order to 
be of value, such a set should show very little, if 
any, inconsistency between differences in electro
negativity taken from the set as compared with 
those calculated from the corrected dissociation 
energies.2 With such electronegativity values, a 
comparison with the charges as calculated from 
dipole moments could be made and a transmission 
coefficient for charge transfer (or partial neutrali
zation of charge across a given bond) calculated. 
Such transmission coefficients should bear a rela
tionship to the geometry of the molecule as should the 
longitudinal polarizability of the bond. This pro
gram has been carried through, and considering the 
simplicity of the model the results have been sur
prisingly satisfactory. 

(1) L. Pauling, "The Nature of the Chemical Bond," 3rd ed., Cor
nell University Press, Ithaca, N. Y., 1960, p. 80, 82, 88. 

(2) See Table III in M. L. Huggins, T H I S JOURNAL, 76, 4123 (1953), 
for an example of the lack of concordance even in the revised electro
negativities proposed by Huggins, but using experimental dissociation 
energies. 

Fig. 3 it can be seen that it requires 50% benzene 
(6.4 mole/1.) to produce the same suppression of 
crosslinking, D'/D = 0.25, as only 20% tetralin 
(1.5 mole/1.). The fact that, on either a weight or 
a molar basis, considerably more benzene than te
tralin is required to suppress crosslinking suggests 
that such factors as hydrogen transfer and radiation 
yield of radicals, both of which should be higher for 
tetralin than for benzene, are more important than 
"protection" by energy transfer to aromatic solvent 
molecules in this polymer system. 
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the course of this work. 

It seems to be commonly agreed that non-bonded 
interactions exist in those molecules in which filled 
orbitals lie in proximity to each other. Such inter
actions have been used successfully in estimating 
the enthalpy and entropy of hydrocarbons,8 and 
Mulliken4 has considered the halogen molecules 
from the viewpoint that negative bond order is the 
counterpart in l.c.a.o. m.o. theory of nonbonded 
repulsions in v.b. theory. Such a repulsion in a 
halogen-halogen bond (absent or weak in a hydro
gen-halogen bond) should weaken the bond.4 

According to v.b. theory non-bonded interactions 
exist not only between lone pairs on adjacent atoms 
but also between every electron on one atom and 
every electron of like spin on the other. Of these 
non-bonded interactions, those between electrons in 
orbitals of like symmetry (both c, or both T+ or 
both 7r~) are repulsions, and these are often strong, 
just as between two lone pairs one on each atom. 
Non-bonded attractions occur between electrons of 
unlike symmetry and on different atoms (O-A, TB 
attractions, 7TA+, 7TB- attractions). The net effect 
of the non-bonded interactions not involving lone 
pairs on each atom may be and is fairly large. 
Magnitudes of terms of this sort have been dis
cussed by Mulliken5 who gives earlier references. 
Since the approach used here has been empirical, 

(3) K. S. Pitzer, ibid., 70, 2140 (1948); 72, 4493 (1950). 
(i) R. S. Mulliken, ibid., Tl, 884 (1955); J. Chem. Phys., 23, 2343 

(1955). 
(5) R. S. Mulliken, J. Phys. Chem., 56, 295 (1952). 

[CONTRIBUTION FROM THE DEPARTMENT OF CHEMISTRY, UNIVERSITY OF SOUTHERN CALIFORNIA, UNIVERSITY PARK, L O S 
ANGELES, CALIFORNIA] 

Electronegativity, Non-bonded Interactions and Polarizability in the Hydrogen Halides 
and the Interhalogen Compounds 

B Y R O N A L D F . B R O W N 

RECEIVED SEPTEMBER 4, 1959 

The dissociation energies of the compounds in the title have been corrected for non-bonded interactions by an empirical 
scheme. The corrected values were used to calculate the electronegativities for the five elements. A new scale of electro
negativity is proposed based upon the ionization energy of hydrogen. Using the charges predicted by the electronegativity 
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were obtained and shown to be related to the molecular geometry and to the longitudinal polarizabilities of the bonds. 
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we have assumed only tha t a repulsion exists in all 
the compounds considered except in hydrogen and 
hydrogen halides. The crude method used glosses 
over any of the finer details. 

In order to set up a reasonable, though empirical, 
method of estimating the magnitude of such an 
effect, use was made of a correction term A / r AB" such 
t ha t t he repulsion energy, RAB is set equal to 
— DABA/TAB", in which A is a constant and DAB is 
the experimental dissociation energy of the substance 
AB. The interatomic distance was used for ?"AB 
since the p orbitals lie parallel to each other a t tha t 
distance. The exponent n, analogous to the Born 
exponent (note t ha t the correction term is similar in 
form to the Be2/rn term used to express the repul
sion energy term in the equation for crystal energy)6 

was chosen by the use of equation 1 in which Z is an 
atomic number. This equation 

«AB = 2 + V 2 A + ZB + VZA - ZB ; ZA > ZB (1) 

was selected after experimentation with a number 
of other relations between n and Z failed to repro
duce the values of «AB ordinarily used such as 7 for 
neon-neon like ionic repulsions, 9 for argon-argon 
like ionic repulsions, etc.6 The calculated values 
of WAB for the interhalogen compounds are listed in 
Table I along with the values of ?"AB used and the 
calculated values of rABA

TABLE I 

VALUES OF WAB AND (tr — 1)AB FOR A — 1.9741 

Cmpd 
AB 

FF 
FCl 
FBr 
FI 
ClCl 
ClBr 
ClI 
BrBr 
BrI 
II 

«AB° 

6.243 
9.927 

13.732 
16.507 
7.831 

13.454 
16.367 
10.367 
15.623 
12.296 

I-AB, A . & 

1.418 
1.628 
1.759 
1.915 
1.988 
2.138 
2.324 
2.283 
2.478 
2.667 

TAB" 

8.852 
126.31 

2334.0 
45482 

217.24 
27533 

986500 
5206.3 

1,436,100 
172760 

(P -
DAB = 

- (R/Z3)AB 
0.223000 

.015629 

.000846 

.000043 

.009087 

.000072 

.000002 

.000379 

.000001 

.000011 
" The exponent n in r" was calculated from equation 1. 

6 All bond distance values are from L. E. Sutton, ed., 
"Tables of Interatomic Distances and Configuration in 
Molecules and Ions," Special Publication No. 11, The 
Chemical Society, London, 1958. 

A serious criticism of the correction term used 
here is t ha t if the repulsion energy is a t all sizable, 
the experimental bond length should be longer than 
normal, and the correction term less than it other
wise would be. This might be taken care of by the 
use of a modified Morse equation in which an extra 
exponential repulsion term is introduced or by 
corrections to the existing exponential repulsion 
term. A plot of such a modified equation should 
fit the experimental dissociation energy and bond dis
tance while the absence of the modifying terms would 
represent the case in which the extra repulsion is 
not present and which should lie below and to the 
left of the modified plot. Efforts were made along 
this line, bu t since such an approach required a 
knowledge of the variation of TAB with D A B which in 
turn required t ha t the Morse function be depend
able a t distances from the minimum where it is 

(6) Ref. 1, pp. 507, 509. 

known to be inaccurate, and since we failed to find 
reasonable criteria for the needed arbitrary factors, 
no satisfactory results were obtained. I t has been 
found7 t h a t the power term form is a t least as good 
as the Morse form exponential in other instances. 
Since the case of fluorine would be the most seriously 
in error by the approach used here, the fluorine 
molecule was used as a fixed point in the selection of 
the constant, A, with the expectation t ha t the error 
so introduced for the other molecules would be 
small because of the magnitude of the resulting 

7-AB°. 
Since the dissociation energy, D, is taken with a 

positive sign, R is negative, and a normal bond 
energy, N, may be defined from the relation DAB = 
^V"AB + RAB- In this manner one may consider 
the normal bond energy as being tha t which would 
be calculated from covalent and ionic canonical 
forms if all other effects were eliminated, all other 
effects including, among other things, non-bonded 
repulsions, hybridization, conjugation, etc., so 
tha t D=N+R+H+C+ Here, 
for the diatomic molecules being considered, all 
terms but R are neglected. For convenience in 
calculation, another term was defined, PAB = 
(N/D)AB = (D - R)/D so tha t (p - 1)A B = 
— (R/D)AB which is tabulated in Table I. 

An innovation introduced a t this point is a re
definition of Pauling's1 A' which he used as A 'AB 
= DAB — \/DAADBB, the primed delta being used 
to distinguish the use of the geometric mean from the 
plain delta as used for the ari thmetic mean. In
stead of using the experimental dissociation ener
gies, D, we use the normal bond energies, or 

A ' A B = A7AB — V A1AA-NBB = PABJDAB — 

VPAAPBBDAA-OBB (2) 

Pauling then proceeded to divide A or A' by an 
arbi trary constant (23.06, the number of kilocalo-
ries in an electron-volt), to take the square root, and 
use the result as the difference in electronegativity 
between " A " and " B . " If we follow such a pro
cedure as well and if the electronegativities of a 
series of elements lie in the order EA > EB > Ec, 
then equation 3 follows.8 

V A 7 I O = V A 'AB + V A ' B C (3) 

In order to use this equation, the constant A the 
numerator in the correction term, was evaluated by 
selecting an arbi trary value of 0.1 for (PFF — 1). 
This in tu rn corresponded to an arbi trary value 
for A from which a value of (PAB — 1) and A'AB 
could be evaluated for every other interhalogen 
compound. Then (3) was used to find the dis
crepancy in the equality between the left- and right-
hand sides of the equation for all possible " A B C " 
sequences. The process was repeated by selecting 
a new arbi trary value, say 0.2 for (PFF — 1), and 
finding a new series of discrepancies by the use of 
(3). I t soon became evident tha t most of the dis
crepancies decreased rapidly as (PFF — 1) increased, 
soon changed sign and began to increase in the oppo
site direction. By interpolation (PFF — 1) = 0.22300 

(7) E. C. Baughan, Trans. Faraday Soc, 53, 1046 (1957); 55, 736 
(1959). 

(8) C. A. Coulson, "Valence," Oxford University Press, London, 
1952, p. 133. Note that any divisor used is eliminated in equation 3. 
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was found to fit equation 3 for \/A'pBr = \ / A ' F C I + 
CiBr, and A = 1.9741. Table I lists the values 

of (PAB — 1) calculated for A = 1.9741. However, it 
turned out that some of the discrepancies remained, 
specially after the hydrogen halides were considered 
in which £>HH = NHR, and DHx = A^HX were used. 
This meant that an estimate of error needed to be 
made for most of the \ / A ' A B values. Instead, the 
procedure was reversed and values of the dissocia
tion energies needed to give no discrepancies in 
applying equation 3 were calculated on the as
sumption that the DAB values of all the elements 
(except hydrogen) and compounds were subject to 
experimental errors of the order of up to 0.4 kcal. 
This was done by assuming an experimental error, 
5, in D F F of 0.2 kcal., so that £>*FF = 38.006 kcal. 
instead of D F F = 37.806 kcal. Using all other DAB 
values as given, 5 values or discrepancies were cal
culated for the three interhalogen fluorine com
pounds by the use of equation 3. Next, a value of 
D*Cici = 58.084 instead of DCici = 57.884 was 
used, returning to DFF = 37.806 kcal., and keeping 
all other DAB values as given. Then 5 values for the 
three interhalogen compounds containing chlorine 
were calculated. In turn, the D value of BrBr, II, 
and each hydrogen halide was increased by 0.2 
kcal. and the 5 values for the corresponding inter
halogen compounds determined. The results were 
set up in a table from which it was found that, by 
assigning values of 5 as shown in Table II to the 
DAB values for the halogens and hydrogen halides 
and calculating the 8 values for the interhalogen 
compounds as given in Table II, the largest & value 
was 0.453 for FI, all others being less. Since an 
accuracy of better than 0.4 kcal. seldom is claimed 
for DAB determinations (the values used in Table II 
to three decimal places were taken from tables which 
required comparison from one temperature to 
another for a given substance), the agreement is 
excellent for the purpose of obtaining a consistent 
set of differences proportional to electronegativity 

differences, namely \ / A ' A B . The values of D used 
in Table II were taken from recent compendia and 
checked with later reports. The consistency of the 
whole set of calculations tends to sustain the reli
ability of the values used. That a consideration of 
non-bonded repulsions should give rise to such con
cordance of V A ' A B values, crude though the 
method is, verifies the correctness of the approach 
used. It is of interest to note that the magnitude 
of R falls rapidly with increase in size of the atoms, 
being -8.431 kcal. for F-F, -0.528 for Cl-Cl, 
- 0.952 for F-Cl, - 0.052 for F-Br, and practically 
negligible for all the others, although even the value 
of — 0.004 for Cl-Br is necessary in order to give a 
perfect fit. 

So long as no quantitative use was made of elec
tronegativity values, E, the original scale proposed 
by Pauling has remained in use even though many 
efforts have been made to improve the precision of 
the assignments.9 Now, with the more consistent 
values available, for five elements at least, it would 
be useful to change the scale to one in which a dif
ference in electronegativity would give the charges 

(9) See, for example, (a) ref. 2 and (b) H. O. Pritchard and H. A. 
Skinner, Chem. Revs., 65, 745 (1955). 

on the atoms which arise from this cause alone, that 
is, apart from atomic and homopolar dipole effects 
and before the operation of inductive charge trans
fer comes into play. At first, Pauling1 converted A 
into electron volts before taking the square root, 
( £ B - EA) = VA/23.06, and then selected values 
of E to satisfy approximately the various differ
ences in electronegativity. Later on he arbitrarily 
selected 30 kcal. as the divisor for A'. We propose 
a scale by dividing A' by the energy of the hydrogen 
atom (the ionization energy of hydrogen) before 
taking the square root. With our proposal, the 
assumption is made that the difference in electro
negativity becomes equal to the charge, XAB, or 

EB - £A = XAB/XH = V^lhi = 0.05645 V A 7 (4) 

This may be shown to be numerically and dimen-
sionally consistent as follows. Squaring (4) gives 
X2ABA2H = A'/IK- But In = -e2x2

H /2rH = 
313.85 kcal. Substituting for In, X2AB/X2H = - 2 A ' 
PHA2X2H from which it is found that A'= - S 2 X 2 A B / 
2fH which is the energy necessary to separate to an 
infinite distance the charges XAB and —.TAB from a 
common center of density but at a radius equal to 
the Bohr radius, rn = 0.5292 A. Hence, the divi
sion of A' by JH is a means of comparing XAB and 
Xn under identical conditions. Since XH is the elec
tronic charge, namely one, the ratio XAB/XH is 
numerically equal to the charge, XAB, on an atom in 
the bond but is dimensionless. In effect (4) repre
sents a normalization of electronegativity differ
ences10 such that if the origin of the scale be properly 
chosen no value of E will exceed one. 

In order to set the origin for the scale, the elec
tronegativity of hydrogen was calculated as the 
average of the ionization energy and electron 
affinity as originally suggested by Mulliken and 
extended by Moffitt.9b This average of 165.94 
kcal. was divided by In to give En = 0.5287. 
Hydrogen was chosen because no complications 
concerning valence states intrude and the average 
value is relatively reliable. The use of the Es — 
EA values from Table II allows the evaluation of 
EY = 0.9872, £Ci = 0.8107, EB r = 0.7723 and Ex = 
0.7018 to be made. 

Table III presents a comparison of electronega
tivity values on the basis of the old convention and 
on the basis proposed here. The various scales are 
comparable but the differences are noticeable. The 
principal difference is the higher values in the pro
posed scale for £Ci, EBr and Ei while EF and En are 
nearly the same as on the Pauling or Huggins lists. 
The Mulliken and Moffitt list is lower in general 
than the other three even if En is given a high value 
as in column 4. This probably reflects the uncer
tainties involved in the calculation of the valence 
state energy by their method for the halogens. 

(10) One should inquire into the use of the enthalpy change for the 
reaction H - H —>• H+H"" (no change in internuclear distance) as a 
normalizing factor. Although attractive at first glance because it 
represents a change from an almost pure covalent bond to an ionic 
bond, the objection lies in "almost pure," namely the H - H bond energy 
contains some ionic terms, etc., while the enthalpy change itself is not 
known with precision. Tf, however, one were to use a value of 170 
kcal. for this purpose, then B H = 0.9428, and the £ B - EA values in 
Table II should be multiplied by 1.3354 so that Ef — En, for example, 
would become 0.6123, and Ef = 1.5551. As a result Ef - ENa would 
certainly be greater than unity. 
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C m p d . 
A B 

H F 
HCl 
HBr 
HI 
ClF 
BrF 
I F 
BrCl 
ICl 
IBr 

D A A , » 
kcal . 

104.180 
104.180 
104.180 
104.180 

57.884 
46.070 
36.084 
46.070 
36.084 
36.084 

NORMAL BO: 
«AA,<< 
kcal . 

None 
None 
None 
None 
0.200 
None 
0.300 
None 
0.300 
0.300 

A7AA, 
kcal . 

104.180 
104.180 
104.180 
104.180 

58.612 
46.087 
36.384 
46.087 
36.384 
36.384 

TABLE II 

MD ENERGIES 0 AND 
£>BB,t> 
kca l . 

37.806 
57.884 
46.070 
36.084 
37.806 
37.806 
37.806 
57.884 
57.884 
46.070 

NBB, 
kca l . 

46.237 
58.612 
46.087 
36.384 
46.237 
46.237 
46.237 
58.612 
58.612 
46.087 

ELECTRONEGATIVITY DIFFERENCES 
DAB,' 
kcal . 

135.193 
103.095 
87.510 
71.372 
61.265 
60.312 
67.035 
52.201 
50.334 
42.511 

SAB,** 
kcal . 

0.200 
None 
0.400 

- .400 
- .374 

.303 
- .453 

.232 
- .435 
- .004 

NAB, 
kcal . 

135.393 
103.095 
87.910 
70.972 
61.843 
60.667 
66.585 
52.437 
49.899 
42.507 

A', 
kca l . 

65.989 
24.953 
18.618 
9.405 
9.785 

14.505 
25.570 

0.463 
3.719 
1.558 

\ / A ' 
8.123 
4.995 
4.315 
3.067 
3.127 
3.808 
5.057 
0.680 
1.929 
1.249 

( B B - E A ) 

0.4585 
.2820 
.2436 
.1731 
.1765 
.2149 
.2854 
.0384 
.1089 
.0705 

" See the text for definition. b D for the elements from D. R. Stull and G. C. Sinke, "Thermodynamic Properties of the 
Elements," No. 18 of Advances in Chemistry, American Chemical Society, Washington, D. C1 1956. " D for the hydrogen 
halides from F. D. Rossini, D. D. Wagman, W. H. Evans, S. Levine and I. Jaffe, "Selected Values of Chemical Thermo
dynamic Properties," Circular of N.B.S. 500, U.S.G.P.O., Washington, D. C, 1952. D for the interhalogen compounds 
from W. H. Evans, T. R. Munson_and D. D. Wagman, / . Research Natl. Bur. Standards, SS, 147 (1955). d See text; 5FF is 
zero. ' EB - EA = 0.05645 \ / A ' = \/&'/Ia. 

TABLE III 

COMPARISON OF ELECTRONEGATIVITY VALUES AND SCALES 
Paul Hug- M and 
inga gins& Mc 

F 4.0 3.90 3.91 
Cl 3.0 3.15 3.00 
Br 2.8 2.95 2.76 
I 2.5 2.65 2.56 
H 2.1 2.20 2.28 2.142 .53 

This 
paper d 

4.000 
3.285 
3.129 
2.844 

Paul
ing ' 

1.01 
0.76 

.70 

.63 

Hug-
gins* 

0.94 
.76 
.71 
.64 
.53 

M and 
M« 

0.907 

.640 

.594 

.529 

This 
paper 

0.9872 
.8107 
.7722 
.7018 
.5287 

" Ref. l , p . 60. 6 Ref. 2. c H. O. Pritchard and H. A. 
Skinner, Chem. Revs., 55, 745 (1955), the values they give in 
e.v. calculated by the method of Mulliken and Moffitt multi
plied by 1/3.15. d Our scale values multiplied by 4.0519 in 
order to give EF — 4.00. • Values from columns 2, 3 and 4 
multiplied by a factor such that EB = 0.5287 in each. 

Another comparison is made in Table IV by dis
playing EB — -EA values calculated in three different 
ways, namely, (1) by means of the arithmetic mean 
from D values, (2) by means of the geometric mean 
from D values and (3) by the use of N values 
through the geometric mean as proposed in this 
paper. Alongside are shown the E B — EA dif
ferences calculated from the last 4 columns of Table 
I I I . In going from the arithmetic mean method, 
column 2, Table IV, to the geometric mean method, 
column 3, all the differences in electronegativities 
are increased. Then the use of N values, column 4, 
results in a small decrease and illustrates the effect 
of including the repulsion and experimental error 
corrections as compared to column 3. None of the 
older electronegativity scales, column 5, 6 and 7, 
gives complete agreement with any of the calculated 
differences, columns 2, 3 and 4. The scale proposed 
in this paper fits exactly with column 5, but it was 
set up to do so. Nevertheless, the deviations of the 
previous scales from a good fit are demonstrated. 

The charges set up in a diatomic molecule by 
electronegativity differences are neutralized par
tially by inductive transfer of the charge difference 
across the bond. The actual situation is more 
complex than this because of the presence of homo-
polar terms, etc. Nevertheless, let us define a 
transmission coefficient as a = (XB — XB0V(XA — 

XB,) in which XA and XB are the final charges on A 
and B after transmission of charge has occurred, 
and XA0 and XB0 are the initial charges as set up by 
electronegativity differences and other forces. 

Then XB = XB0 + a(xA — XB0) and XA = 
XA0 — O(XA — XB0). These equations may be solved 
to give XA = (XA0 + C X B 0 V ( I + a) and x B = (GXA, 
+ X B 0 V ( I + fl)- In a diatomic molecule XA, = 
— XB0, SO t h a t 

XA = -XB = X A 0 ( I — a)/(I + a) (5) 

If "a" is thought of as a measure of charge transfer, 
then the ratio (1 — a)/(I + a) may be set equal to 
T which will serve as a coefficient to measure charge 
retained. We shall let XA, as measured from dipole 
moments, /UAB = ST-ABXA, serve as a measure of 
ionic character. 

As has been discussed elsewhere,11 the dipole 
moment may be considered to be a sum of individual 
moments (see eq. 6) in which JUAB is the measured 

MAB = ME + MO + MH + MP (6) 

dipole, PE is an "ionic" term which we will equate to 
CT-ABCEB ~ -EA), MC is the "over lap" or "homo-
polar" term which arises from a difference in size of 
A and B, JUH is the "hybridizat ion" or "a tomic" 
term originating in a change in center of density on 
a given atom with hybridization, while ^ P is a 
polarizability term which often is neglected. If our 
proposed scale of electronegativities is to be of any 
value, it is necessary to evaluate the other terms 
and show tha t MAB may be reproduced with some 
accuracy. As a first approximation we shall as
sume tha t JUH is zero for the compounds considered 
here even though Mulliken12 has discussed the bond 
energy of fluorine in terms of repulsions and of the 
other halogens in terms of partial d hybridization. 
This leaves ^0 and ^ P to be accounted for. If x0 and 
T are capable of being estimated, then, since a 
moment equals ê ABX, (6) may be rewritten as 7. 

XA = XE + Xg + 0 + XP (7) 

Here, x E = EB - EA, XP = (T - I ) ( E B - E A + 
X0), so t h a t XA = T ( E B — E A + X0) and XA0 = 
E B — E A + X0 as used in (5). 

Our calculation of Xo depends upon another way 
of considering a moment. Following Gordy,1 1 con-

(11) R. S. Mulliken, J. Chem. Phys., 3, 573 (1935). and W. Gordy, 
W. V. Smith and R. F. Trambarulo, "Microwave Spectroscopy," 
John Wiley and Sons, Inc., New York, N. Y., 1953, p. 290, and refer
ences given by them, as well as B. P. Dailey and C. H. Townes, J. 
Chem. Phys., 23, 118 (1955), and ref. 8, p. 102. 

(12) R. S. Mulliken, T H I S JOURNAL, 77, 884 (1955). 
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TABLE IV 

COMPARISON OP METHODS OP CALCULATING ELECTRONEGATIVITY DIFFERENCES 
Cmpd. 

AB 

H F 
HCl 
HBr 
HI 
CIF 
BrF 
IF 
BrCl 
ICl 
IBr 

EB - EA" 

0.4523 
.2651 
.1986 
.0629 
.2068 
.2420 
.3096 
.0267 
.1033 
. 0676 

BB - BA b 
0.4804 
.2847 
.2410 
.1790 
.2148 
.2433 
.3097 
.0423 
. 1215 
.0744 

Ea - B A = 

0.4585 
.2820 
.2436 
.1731 
. 1765 
.2149 
. 2854 
.0384 
. 1089 
. 0705 

E B - EAd 

0.48 
.23 
.17 
.10 
.25 
.31 
.38 
.06 
.13 
.07 

EB - E A ' 

0.41 
.23 
.18 
.11 
.18 
.23 
.30 
.05 
.12 
.07 

BB - BA/ 

0.378 
.167 
.111 
.065 
.211 
.267 
.313 
.056 
.102 
.040 

BB - BA" 

0.4585-
.2820 
.2436 
.1731 
. 1765 
.2149 
.2854 
.0384 
.1089 
.0705 

" Calculated from DAB values in Table II by use of the arithmetic mean, EB 

6 Calculated from DAB values in Table II by use of the geometric mean, EB — E, 

£ A = 0.05645 V D A B - 1 A ( ^ A A + DBB) . 

0.05645 S/D A . _ . ^ A B - V D A A D B B . C Cal
culated from JVAB values as in Table I I . d From the differences in Pauling's values of electronegativity as given in column 6 
of Table I I I . « From Huggin's values as given in column 7 of Table I I I . ' From Mulliken and Moffitt values as given in 
column 8 of Table I I I . » From this paper as given in column 9 of Table I I I . 

sider the atoms A and B linked along the z axis (to 
avoid confusion since x refers to electronic charge) 
with the origin a t the mid-point, C. If TA < fB 
(bond radii of atoms) then a point D to the left of C 
represents the juncture of the radii and would be 
the center of density of the pair of electrons in the 
bond if no other effects were in operation. Thus 
SA' = TA — PAB/2 is the distance from C to D in the 
negative direction, and HA = 2ez'A. In effect this 
regards a dipole moment as having a constant 
charge (2e) and a variable distance (SA')> in contrast 
to the former scheme in which fi\' = CTABXA' in 
which the distance is constant and the charge 
variable. This gives 22A' = ^ABXA', SO tha t A"A' — 
2A ' / ( ? "AB/2 ) , or any variable charge, x, is related to 
the variable distance, z, through the factor 1/ 
( ^ A B / 2 ) . I t turns out tha t XA' is of such magnitude 
tha t it could not be used in place of X0 in (7). Con
sequently it was necessary to find a reasonable 
method of reducing the size of XA • This was done 
by assuming t ha t 2o is the height of the cylinder of 
radius PAB/2 and of a volume equal to tha t of the 
cylinder of height ZA' and radius 2 A ' / 2 . This gives 
X0 = 2 ( Z A ' A A B ) 3 . By defining TA = rABr\A/(rAA 
+ T-BB), which makes TA proportional to PAA such 
tha t TA + Ts, = fAB, 2A' becomes equal to TAB (^AA — 

»"BB)/2(rAA + P B B ) a n d 

x0 = 0.25[(rAA - rBB)/<>AA + ' B B ) ] 3 (8) 

This allowed "T" and "a" to be calculated from (7) 
and (5). The results are presented in Table V. I t 
is seen tha t the results are quite reasonable. 
Furthermore if one a t tempts a least squares fit to 
the equation, <JAB = P + (?^AB2, for the hydrogen 
halides, one obtains P = - 0.2044 and Q = 
0.2491. Using these constants to recalculate OAB 
from fAB2; « H F = 0.005, OHCI = 0.2005, «HBr = 
0.2936 and a m = 0.4396 are obtained in very good 
agreement with those given in the table. Even more 
interesting, if <ZAB is set equal to unity, (fAB!)a=i 
= 4.8356. This suggested itself as being 4.8029 or 
tha t (rAB2)a-i is numerically equal in area in A.2 to 
e X 1010 esu. Also, 1 - 4 . 8 0 2 9 / 4 = - 0 . 2 0 0 7 in close 
agreement with P. Such being the case, equation 
9 was used without at taching any special signifi-

aAB = -0.2007 + OTAB>-AB78 (9) 

cance to the use, at present, of e. T h a t <IAB should 

be a function of T"AB2 may be partially justified in 
tha t 1/aAB may be considered to be analogous to a 
resistance which in turn should be proportional to a 
length, ^AB, and perhaps proportional to a function 
of density (of electronic charge?) which involves a 
term 1 /VAB3- The coefficient "m" seems to be a type 
of bond factor since « H H = 4, m n x = 2, « x v = 1 
were the values used and correspond of course to 
sigma-sigma, sigma-pi and pi-pi bonding. Table 
VI shows the concordance of this independent cal
culation of <2AB by demonstrating tha t )UAB may be 
calculated knowing only the electronegativities and 
bond distances by the use of equations 7, 8 and 9. 

Cmpd. 
AB 
HF 
HCl 
HBr 
HI 
ClF 
BrF 
IF 
BrCl 
ICl 
IBr 

CALCULATION 

/iABa 

1.94 
1.08 
0.78 
0.38 
0.88 
1.29 

0.57 
0.65 
1.2 

XA b 

0.4400 
.1764 
.1149 
.0492 
.1125 
. 1527 

.0555 

.0583 

.1008 

TABLE 

O F XA, XO, 

XE" 

0.4585 
. 2820 

.2436 

.1731 

.1765 

.2149 

.2854 

.0384 

.1089 

. 0705 

V 

, TAB AND 

Xo^ 

-0.0076 
- .0238 
- .0331 
- .0450 

.0012 

.0032 

.0071 

.0001 

.0008 

.0001 

OAB 

TAB* 

0.9759 
.6832 

.5458 

.3841 

.6330 

.6999 

1.4419 
0.5317 
1.4290 

(JAB/ 

0.0122 
.1882 
.2938 
.4450 
.2248 
. 1765 

.7082 

" Values of ,u are in Debye units; for H F , HCl, HBr, HI 
and IBr from C. P . Smyth, "Dielectric Behavior and Struc
t u r e , " McGraw-Hill Book Co., New York, N.Y., 1955, p . 
244, which also lists Mici = 1; for ClF, BrF, BrCl and ICl from 
Gordy, et al., ref. 11, p . 361. * X.K = MAB/VAB; TAB from 
Table I . c xE = En - EA- d Calculated from eq. 8. 
' TAB = XAZ(EB - Ej, + X0). ' SAB = (1 - T A B ) / ( I + 
TAB). Since TAB and aAB have limits of zero and 1, the 
values of 7"BrCi and TiBr are impossible. AU calculations 
were carried out to five decimal places and the rounded off 
values are reported. 

Furthermore, if the longitudinal polarizability, 
I AS, of a bond be set equal to the volume of the 
cylinder of height ?"AB and radius TAB/S, it is found 

IAB = OTAB ffi-3AB/4 (10) 

tha t equation 10 agrees very well with the available 
data, as shown in Table VI. LeFevre13 has pro
posed a more general equation, /AB = A + Bd3, in 
which d is related to TAB, ?A and TB depending upon 

(13) R. J. W. LeFfevre, Proc. Chem. Sac, 283 (1958). 
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Cmpd.o 
AB 

H F 
HCl 
HBr 
HI 
FCl 
FBr 
FI 
ClBr 
ClI 
BrI 
H H 
F F 
ClCl 
BrBr 
I I 

aABh 

0.0122 
.1882 
.2938 
.4450 
.2247 
.1765 

.7082 

OAB ,c 

calcd. 
0.0100 

.2057 

.2991 

.4457 

.1306 

.1860 

.2577 

.3707 

.4738 

.5668 

.0746 

.0506 

.2933 

.4508 

.6884 

TABLE VI 

CALCULATED RESULTS OP 

MAB d 

1.94 
1.08 
0.78 

.38 
- .88 
- 1 . 2 9 

- 0 . 5 7 
- 0 . 6 5 
- 1 . 2 

J lAB,* 

calcd. 
1.95 
1.04 
0.77 
0.38 

- 1 . 0 7 
- 1 . 2 6 
- 1 . 5 9 
- 0 . 1 8 
- .44 
- .23 

O A B , jUAB, 

ZAB/ 

3.1 
4 .2 
6.6 

0.7 

6.6 

/AB AND XAB 

U B , s 
calcd. 

1.22 
3.26 
4.44 
6.53 
3.39 
4.27 
5.52 
7.68 
9.85 

11.95 
1.28 
2.24 
6.17 
9.35 

14.90 

•SAB'1 

0.300 
.490 
.495 
.500 
.220 
.235 
.240 
.295 
.300 
.305 
.75 
.17 
.29 
.30 
.31 

XAB< 

1.878 
1.323 
1.226 
1.126 
0.846 

.833 

.811 

.977 

.951 

.975 

X* - l i 
1 + \' + 2\S 

0.447 
.186 
.135 
.079 

- .136 
- .147 
- .167 
- .018 
- .039 
- .019 

" The compounds have been arranged such tha t ZA < ZB as required for the use of SAB and XAB- b From Table V as cal
culated from observed MAB. ' From eq. 9. d From Table V, other values which have been given are /*HCI = 1.03, MICI = 1. 

From the use of eq. 6, 7, 8 and 9. f /HH from Smyth, note a, Table V, p. 409. All others from K. G. Denbigh, Trans. 
Faraday Soc, 36, 936 (1940). Also see ref. 13. « From eq. 10,1 in (A.).8 * R. S. MuUiken, T H I S JOURNAL, 72, 4493 (1950). 
-S1FBr, SFI , SciBr, -Sen, ^BrBr and SBri interpolated. * From eq. 13. ' Calculated from data in the Table; see text. 

the structure. Designed for application to organic 
compounds, he finds /HCI = 2.8, ĤBr = 3.8 and 
/HI = 5.4, so that eq. 10 appears to be superior for 
our purposes. 

Combining equations (9) and (10) leads to (11), 
which illustrates the complex relationship which 
exists between <ZAB and /AB. 

W * A B = [0.5 - 0.8028/mAB rAB2]/irrAB2 (H) 

Since the dipole moment may also be expressed as 
equal to the product of the longitudinal polariz
ability and a force field, ^AB = IABGAB = (TWATAB3/ 
4) (ef(E-B — EA + X0)/VAB2), the dipole moment also 
was calculated in this fashion. I t was found that 
the results differed from those presented in Table 
VI by a constant factor, 4/WABIT. Since the force 
field supposedly is external to the system upon 
which it is acting, the system having a longitudinal 
polarizability which measures the response of the 
system by way of producing a dipole moment, it is 
not surprising that the charge which produces the 
field T(EB — EA + X0), and the charge resulting 
from the polarizability response should differ by 
such a factor. In fact, it is difficult to see why the 
equation should fit at all. 

Since others14 have shown that relationships exist 
between force constants, electronegativity and bond 
lengths, and since inductive charge transfer, longi
tudinal polarizability and dipole moments have 
been related to electronegativity and bond lengths 
here, the empirical inter-correlations of bond prop
erties for diatomic molecules are nearly complete 
although bond shortening awaits more clarification. 

The equation for a dipole moment as derived from 
m.o. theory should be examined in the light of our 
calculations. Following Coulson,16 equation 12 

is easily derived from which it is equally easy to 
derive a formula for XAB, equation 13, the values of 
which are given in Table VI. The term XAB is 
used16 as a measure of polarity of the orbital, in 

XAB [— X0 + SAB XA + V(^o — SAB ^A) 2 + 1 — x 2 ] / 
(1 - XA) (13) 

^AB = 2 « 3 A B 2e 
>-AB/2)(XAB

2 - D + 2 X A B Z Q 1 

. 1 + XAB2 + 2XABSAB J ' 
(12) 

XA = (XAB2 - 1 + 2XABX0)/(XAB2 + 1 + 2 *AB SAB) 

(14) See G. R. Somayajulu, J. Chem. Phys., 28, 814 (1958), for a 
recent example and references to earlier work. 

(15) Ref. 8, p. 102. 

simple form V̂ AB = ^A + XAB<AB, or XAB = C B / 
CA- Some effort was made to assign various terms 
in the numerator of (12), as being proportional to 
XE or other component charges. However, no co
ordination was found as shown by the values of X2 — 
I1 listed in the last column in Table VI and which 
do not fit with any of the component charges as 
given in equation 7 and Table V. However, 
MuUiken as well as Parr and Pariser have consid
ered the problem of inductive charge transfer in 
relation to electronegativity and partial charge 
neutralization from a theoretical standpoint17 and 
propose that such a separation is possible. In view 
of the complex relationship between XAB, XA, XO and 
S, such a partition of XAB2 — 1 + 2XAB£O into addi
tive portions bearing a simple relationship to X-E, XQ 
and xp seems difficult at best. 

In conclusion, if the empirical relations given 
here have any validity, then the polarizability 
term, x-p, is rather more important, and the overlap 
term, x0, is less important in contributing to the 
dipole moment than has been thought.18 Also 
the usage of inductive charge transfer of the charges 
produced by electronegativity difference and homo-
polar effects as the polarizability term (equation 
6 and 7) should clarify the meaning of ionic char
acter, reserved to XA, as apart from the electro
negativity character as shown by XE.19 The elec-

(16) Ref. 8, p. 71. 
(17) R. S. MuUiken, / . chim. phys., 46, 497 (1949); G. R. Parr and 

R. Pariser, J. Chem. Phys., 23, 711, 2343 (1955). See also ref. 19. 
(18) Coulson, ref. 8, p. 146, gives — 1 as the homopolar dipole in 

HCl, whereas we find 1.73, —0.15 and —0.54 for HE, MO and j*P. 
(19) Ref. 1, p. 98, for example. It is of interest that J. K. Wilms-

hurst, J. Chem. Phys., 30, 561 (1959), and previous papers found it 
necessary to propose that ionic character be equated to ( E A — E B ) / 
( E A + E B ) as a consequence of using the old electronegativity scale 
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tronegativity scale proposed here may merit general charge, inductive transmission of charge and dipole 
adoption because of the simple relationship with moment. 
*„A „.„wi„,r „„i.,,; KT*- T. u ,JU <. A .u t .1 • J r •*• We are happy to acknowledge the support of the 
and neglecting polarizabuities. It should be noted that this definition , T . ^ . r r ; . . ° "K _ 
predicts a greater ionic character for a given electronegativity differ- JNatlOnal Science Foundat ion for a portion Of the 
ence as the sum of the electronegativities decreases. WOrk reported in this paper. 
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Isotope Effects in Deuterium Oxide Solution. I. Acid-Base Equilibria 

BY C. A. BUNTON AND V. J. SHINER, JR.1 

RECEIVED MAY 17, 1960 

It is suggested that the deuterium oxide solvent isotope effect on aqueous acid dissociation constants arises principally from 
changes in zero-point energy associated in turn principally with changes in hydrogen bonding strength and number on dissoci
ation. These considerations lead to a simple quantitative method of estimating the isotope effect on acid-base equilibrium 
constants; this shows good agreement with experiment. 

Solvent deuterium isotope effects are an impor
t an t tool for the determination of the mechanism of 
reactions, particularly those catalyzed by acids and 
bases; e. g., the observation t ha t some acid cata
lyzed reactions are faster in deuterium than in pro-
tium oxide often is used as evidence t ha t the con
jugate acid of the reactant is an intermediate 
formed in an equilibrium step. 

Understanding of these kinetic isotope effects 
can only follow our understanding of isotope effects 
upon reaction equilibria. This lat ter topic is the 
subject of this paper, which will be followed by 
another dealing with the more complex problems 
set by solvent kinetic isotope effects. We discuss 
equilibria first because the knowledge of initial and 
final s ta te s tructure makes possible experimental 
justification of our t rea tment . In discussions of 
mechanism the s t ructure of the transit ion s ta te 
represents an additional unknown which leads to 
additional uncertainties and controversy. 

The general theoretical considerations involved 
in the t rea tment permit quali tat ive predictions 
about isotope effects on acid-base equilibria. In 
addition, by choice of certain simple rules and the 
acceptance of assignment of certain vibrational 
frequencies a simple model is set up which provides 
generally satisfactory quant i ta t ive explanations of 
such effects. 

I t has long been known tha t prot ium oxide has a 
larger self dissociation constant than deuterium 
oxide2 '3 and tha t dissociation constants of weak 
acids are larger in water than in deuterium oxide, 
the isotope effect being larger the weaker the acid.4'5 

I t has been suggested tha t these differences are 
related to the smaller zero point energy of the 
dissociated proton relative to a covalently bonded 
hydrogen.2 '3 '6 

This difference of dissociation constants gives a 
ready explanation for the greater ra te in deuterium 
oxide (by factors up to 3) of those acid catalyzed 
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(2) G. N. Lewis and P. W. Schutz, THIS JOURNAL, 86, 1913 (1934). 
(3) O. Halpern, J. Chem. Phys., 3, 456 (1935). 
(4) C. K. Rule and V. K. LaMer, THIS JOURNAL, 60, 1974 (1938). 
(5) D. C. Martin and J. A. V. Butler, / . Chem. Soc, 1366 (1939). 
(6) K. Wiberg, Chem. Revs., 55, 713 (1955). 

reactions in which the rate depends on an equilib
rium concentration of the conjugate acid of the 
reactants.6 

By making certain reasonable approximations 
one can express the deuterium isotope effect upon 
a reaction equilibrium constant, between the initial 
s ta te having a sum of the vibration frequencies for 
the isotopically substi tuted hydrogen atoms, SJ>H> 
and a final s tate having a corresponding sum 2 ^ H ' , 
by the expression7 

Sxn - 2»H' = 12.53 T log KB/KD 

The dissociated proton exists in water solution 
as the hydronium ion, H 3 O + , 8 which is strongly 
hydrogen bonded to three adjacent water mole
cules. Recently the vibration frequencies of this 
ion in solution have been assigned.9 The stretch
ing vibration frequencies of the hydronium ion in 
concentrated solution lead to a broad band centered 
a t 2900 c m . - 1 , appreciably lower than the cor
responding absorption of water, 3400 c m . - 1 . This 
difference, however, of itself is not sufficient to ex
plain the deuterium isotope effect upon the auto-
pro tolysis of water, K-R1O/K^o = 6.5.10 Fur ther 
it gives no explanation of the dependence of rela
tive acid dissociation constants in water and deu
terium oxide upon the strength of the acid. 

The clue which leads to a general explanation of 
these observations is the fact t ha t the ratio X H I O / 
X D 2 O for the dissociation of acids decreases as the 
acid becomes stronger. Since all acids partially 
dissociate in water to the hydronium ion and a con-

(7) This equation, an approximation of a more exact and general 
formulation of the effect of isotopic substitution on reaction rate pub
lished by Bigeleisen (see ref. 18), involves the assumption that all of 
the isotope effect is due to zero-point eneigy differences and that the 
reduced mass relationship holds between the vibration frequencies of 
hydrogen and deuterium. For further discussion of these approxima
tions see A. Streitweiser, Jr., R. H. Jagow, R C. Fahey and S. Suzuki, 
THIS JOURNAL, 80, 2326 (1958). Explicitly neglected are any isotopic 
entropy effects, tunnelling and anharmonicity. Within the accuracy 
of the present calculations these limitations should not be serious. 

(8) (a) M. Eigen, L. deMaeyer and W. J. Hamer, "The Structure 
of Electrolytic Solutions," John Wiley and Sons, New York, N. Y., 
1959, chap. 5; (b) B. E. Conway, J. O'M. Bockris and H. Linton, 
J. Chem. Phys., Zi, 834 (1956). 

(9) M. FaIk and P. A. Giguere, Can. J. Chem., 35, 1195 (1957). 
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