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at large R. In very covalent molecules, whose component atoms 
are quite different in size, the second term should contribute 
significantly to the dipole moment. The model should apply 
equally well to molecules ranging from highly polar to hom-
onuclear. In the latter case the dipole moment given by eq 71 
reduces to zero as it should. This model in conjunction with 
experimental data can be used to explain trends in charge 
distributions in diatomic molecules across the periodic table. 
This possibility is explored in part 2 of this series. 
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The relationship of atomic interactions and molecular 
properties to bond parameters and charge distributions can be 
studied with the aid of appropriate models in conjunction with 
experimental data. Models of molecular properties are usually 
based on qualitative classical electrodynamic arguments and 
are self limiting in that they frequently do not incorporate 
important quantum mechanical effects. It is therefore desirable 
to derive models within the framework of a quantum me­
chanical formalism. 

One procedure for facilitating this endeavor was developed 
in the first paper2 of this series (1). There, a model relating 
dipole moments to bond lengths in diatomic molecules was 
derived using a formalism termed implicit perturbation theory. 
The model has the form 

V R Ri I 
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The first term represents the dipole moment associated with 
two hypothetical polarizable charges ±f located at the two 
nuclei. The second term describes the dipole moment associ­
ated with an overlap charge —2c located a distance — zCD 

toward A from the geometric center of the molecule. This 
charge induces moments in the partially charged ions. The 
third term approximates collision-induced moments at dis­
tances less than Re in addition to effects due to kinetic energy 
variations with R. 

In this paper we introduce a dipole moment model appro­
priate to highly polar molecules and evaluate it by analyzing 
experimental dipole moment data. The functional form we 
adopt is suggested both by the quantum mechanical model and 
the classical arguments of Rittner.3a Constants are obtained 
empirically by demanding the best possible fit with experi-
menta alkali halide data. Trends among the fitted constants 
are examined graphically to determine the correlation between 
actual and expected behavior. 

Based on an analysis of the constants, we attempt to deduce 
new information pertaining to bond formation and to evaluate 
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Table I. Calculated and Experimental Coefficients of Dipole Moment Expansion in Powers of {v + 1^) and J(J + 1) 

Molecule 

7Li1 9F 
6Li35Cl 
6Li79Br 
7Li127I 
2 3Na 1 9F 
23Na35Cl 
23Na79Br 
2 3Na1 2 7I 
3 9K1 9F 
39K35Cl 
39K79Br 
39K127I 
85Rb19F 
85Rb35Cl 
85Rb79Br 
85Rb127I 
'3 3Cs1 9F 
133Cs35Cl 
133Cs79Br 
'3 3Cs1 2 7I 

Theor 

6.152 84 
7.127 79 
7.209 59 
7.361 02 
8.128 78 
8.917 40 
9.073 32 
9.241 86 
8.554 83 

10.216 71 
10.600 62 
11.070 14 
8.529 55 

10.449 78 
10.955 53 
11.637 94 
7.831 06 

10.416 78 
11.293 49 
12.435 61 

Mo, D 

Exptl 

(6.284 0)° 
(7.085 3)" 
(7.226 2)* 
(7.387)c 

(8.123 49)^ 
(8.972 1)" 
(9.091 8)° 
(9.210 3)" 
(8.558 32)e 

(10.239 H ) / 
(10.602 87)* 
(11.05)? 

(8.513 1)° 
(10.483)° 

(7.842)° 
(10.392)' 

MI,D 

Theor 

0.077 38 
0.085 23 
0.086 32 
0.077 27 
0.063 22 
0.060 05 
0.053 14 
0.050 44 
0.068 83 
0.059 69 
0.049 72 
0.045 54 
0.066 26 
0.054 15 
0.041 49 
0.035 60 
0.072 75 
0.057 61 
0.041 53 
0.033 83 

Exptl 

(0.081 53)° 
(0.086 83)° 
(0.083 18) ' 
(0.074)* 
(0.06436)d 

(0.059 63)° 
(0.053 1)° 
(0.050 7)° 
(0.068 41)* 
(0.059 66) / 
(0.050 25)* 

(0.066 50)° 
(0.054)° 

(0.072 29)° 
(0.056)' 

Mil 

Theor 

0.000 60 
0.000 38 

-0 .000 19 
0.000 31 
0.000 36 
0.000 16 
0.000 13 
0.000 11 
0.000 25 
0.000 16 
0.000 12 
0.000 11 
0.000 23 
0.000 14 
0.000 10 
0.000 08 
0.000 27 
0.000 16 
0.000 11 
0.000 10 

, D 

Exptl 

(0.000 44)° 
(0.000 56)" 
(0.000 57)* 

(0.000 37)°' 
(0.000 17)° 

(0.000 26) ' 
(0.000 19)/ 

(0.000 26)° 

«) J X 105, D 

4.901 79 
4.818 07 
4.691 01 
3.463 60 
2.091 51 
1.564 84 
1.18467 
1.01796 
1.942 17 
1.14202 
0.754 13 
0.594 89 
1.598 04 
0.820 76 
0.456 31 
0.316 69 
1.685 41 
0.769 21 
0.373 81 
0.228 82 

MiJ X 107, D 

5.293 98 
7.524 83 

-3.325 76 
4.278 02 
5.248 26 
1.869 57 
1.062 90 
1.060 82 
3.126 29 
1.289 66 
0.778 60 
0.604 04 
2.058 35 
0.911 43 
0.409 14 
0.298 54 
2.342 52 
0.892 01 
0.337 17 
0.241 60 

° Reference 12. * Reference 15. c Reference 16. d Reference 6. ' Reference 11. /Reference 5. * Reference 14. 
data. ' Reference 4. 

Estimated from 6Li127I 

the quantum mechanical model. The independent procedures 
of deriving models semiempirically and quantum mechanically 
are complementary. In fact, the model developed in this paper 
preceded and suggested much of the formal development in 
part 1. 

Our analysis yields new insight into the traditional concepts 
of ionic and covalent character and electronegativity. It also 
suggests the existence of a new characteristic atomic property, 
the differential charge affinity. The latter property is closely 
related to the partial charge acquired by an atom during mo­
lecular formation. 

Analysis of Model Parameters 

A proper analysis of the dipole moment model requires ac­
curate experimental dipole moment curve data for a series of 
molecules. Such curves can be extracted from appropriate 
spectroscopic and molecular beam measurements. The latter 
yield the dipole moment expansions 

fiv.J = MO + tll(v + 1A) + MIl(V + 1^)2 

+ MO-VG/+ \) + HlJJ(J+ \)(v+'h) + -.. (2) 

where v and J are vibrational and rotational quantum numbers 
and Ma" are expansion coefficients. These data can be coupled 
with spectroscopic measurements to obtain dipole moment 
expansions about Re having the form 

M = Me + aH + P? + . . . (3) 

where £ = (R - Re)/Re. Using Rayleigh Schroedinger per­
turbation theory it can be shown3b that the coefficients in eq 
2 and 3 are related to spectroscopic constants Be and o>e by the 
equations, MO = Me, 

Be 
Ml = — [ -3aa , + 2/3] (4) 

Be
2 . I 45 , \ 

Mil = —J [« ( ~ Y a ' + 39a,a2 - 15a3 ) 

+ P(XSax
2 - Ga2)] (5) 

HoJ = 4aBe
2/we

2 (6) 

ind 

M.J = 
Bl 
W e

3 
[a(48 + 54a, - 54a,2 - 48a2) 

- / 3 ( 1 2 + 36a,)] (7) 

where Be = h2/&7r2tiRe
2, we = (4aoBe)^

2, and M is the reduced 
mass. The constants flo, ^ i . 02. and 03 are defined by the ex­
pansion, 

U=a0p(\ + cut + Ci2?+ a3? + ...) (8) 

where U is the potential energy of the system. 
Equations 3-8 comprise a set of simultaneous linear equa­

tions which can be solved for a and /3 to obtain M as a function 
of R. This requires considerable experimental data. For the 
alkali halides extensive spectroscopic and dipole moment 
measurements have been made.4"16 The results of these are 
tabulated in Table I and in columns 2-6 of Table II. However, 
even for this rather select group of molecules no experimental 
measurements of MO'' and Miy are available and only scattered 
measurements of MH exist. Thus, except in a few cases where 
available data allow a more accurate treatment, we utilize the 
approximation 

where 

and 

M = A + BR 

A = MO + Miwe/3a,fle 

B = -MIWe/3fl 1 fie/?e 

(9) 

(10) 

(H ) 

Equation 9 is derived by substituting a from eq 4 into eq 3, 
setting /3 = 0 and rearranging. 

Clearly, the information content in eq 9 is limited and in­
sufficient to permit examination of all features of the full dipole 
moment model. Thus we have adopted the simpler expression, 
applicable to very polar molecules, 

" - " 0 - ^ + F) (12) 
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Table II. Spectroscopic Constants for Alkali Halides and Sum of Partial Ionic Radii 

Molecule 

7Li19F 
6Li35Cl 
6Li79Br 
7Li127I 
2 3Na1 9F 
23Na35Cl 
23Na79Br 
23Na127I 
39K19F 
39K35Cl 
39K79Br 
39K127I 
8 5Rb1 9F 
85Rb35Cl 
85Rb79Br 
85Rb127I 
133Cs19F 
133Cs35Cl 
133Cs79Br 
133Cs127I 

a\ 

-2 .7239" 
-2 .72* 
- 2 . 7 1 * 
- 2 . 7 0 ' 
- 3 . 1 3 3 " 
-3.076* 
- 3 . 0 5 ' ' 
-3 .02 r f 

-3 .1157" 
- 3 . 2 2 6 s 

-3.24 r f 

-3 .25 r f 

-3 .1347" 
-3.297* 
-3 .33 r f 

-3.34 r f 

-3 .0324" 
-3.317* 
-3 .38* 
-3 .43 r f 

« 2 

6.6" 
5.3* 
6.8rf 

5 .C 
6.43" 
6.47* 
6.f 
5.9d 

6.34" 
6.96* 
6.9^ 
6.9rf 

6.58" 
7.08e 

7.3^ 
7.2^ 
5.65" 
6.92* 
7.6d 

7.6d 

03 

- 1 7 . 2 " 
- 9 * 

- 1 9 d 

- 8 r f 

- 9 . 2 " 
-11.0* 
- n d 

-t<* 
- 9 . 6 " 

-12 .0* 
- 1 1 * 
-W 
- 1 1 . 4 " 
-11 .5* 
-W 
-W 

- 7 . 2 " 
-10.0* 
-W 
-nd 

Sc. c m - 1 

1.345 39" 
0.804 40* 
0.640 300^ 
0.443 176^ 
0.436 903" 
0.218 064* 
0.151 253 d 

0.117 805^ 
0.279 938" 
0.128 635* 
0.081 221^ 
0.060 875<* 
0.210 665" 
0.087 640* 
0.047 528rf 

0.032 833 d 

0.184 369" 
0.072 091* 
0.036 069rf 

0.023 627rf 

a>e, cm ' 

922" 
684.1* 
576 .C 
490d 

536.10" 
364.60* 
298.49^ 
259.2C 
426.04" 
279.80* 
219.17'' 
186.53d 

373.27" 
233.34* 
169.46^ 
138.51rf 

352.56" 
214.22* 
149.5C 
119.195'' 

-Re. ^O 

2.955 28" 
3.818 54* 
4.101 55^ 
4.520 13d 

3.639 53" 
4.461 49* 
4.728 19^ 
5.123 94rf 

4.103 48" 
5.039 56* 
5.330 53rf 

5.759 59* 
4.290 32" 
5.266 57* 
5.564 8 C 
6.003 46 J 

4.432 09" 
5.492 34* 
5.805 74* 
6.264 85rf 

'M + ^x 

3.26 
3.97 
4.27 
4.69 
3.53 
4.24 
4.54 
4.96 
4.16 
4.87 
5.17 
5.59 
4.53 
5.24 
5.54 
5.96 
4.98 
5.69 
5.99 
6.41 

% difference 

10.3 
3.9 
4.1 
3.7 
3.0 
4.9 
3.9 
3.1 
1.4 
3.3 
1.3 
2.9 
5.6 
0.5 
0.3 
0.7 

12.4 
3.6 
3.1 
2.2 

<%diff> 3.7 

" Reference 13. * Reference 7. * Determined from relationship we = AaoBe using data from ref 7. d eference 10. * Reference 9. 

Table III. Experimental Values of/, a, and b and Calculated Values of/ 

Molecule / a, A3 b,A6 
/ = [k(qM-qx) A approx 

LiF 
LiCl 
NaF 
NaCl 
NaBr 
NaI 
KF 
KCl 
RbF 
RbCl 
CsF 
CsCl 

0.8730 
0.8188 
0.8925 
0.8633 
0.8428 
0.8116 
0.9331 
0.9077 
0.9435 
0.9181 
0.9891 
0.9627 

0.2722 
1.2622 
0.2401 
1.3623 
1.9677 
3.1420 
1.5554 
2.7788 
2.4897 
3.9542 
4.7630 
6.9745 

0.4360 
3.0505 
0.9129 
3.4746 
5.7500 

11.5882 
3.2760 
9.8281 
5.5106 

16.7424 
12.1388 
33.0768 

0.84 
0.815 
0.888 
0.865 
0.843 
0.812 
0.933 
0.908 
0.943 
0.918 
0.989 
0.964 

0.92 
0.88 
0.91 
0.86 
0.84 
0.81 
0.94 
0.90 
0.95 
0.90 
0.98 
0.92 

This model approximates a system of two polarizable positive 
and negative ions whose charges differ by If. The R~6 term 
can be viewed as a higher term in a multipole expansion. This 
expression is reminiscent of Rittner's model33 [see eq 24]. 
However, a is not assumed in advance to be a sum of ionic 
polarizabilities nor b a product. Nor is / assumed to be 
unity. 

To obtain values of/, a, and b from the experimental curves 
we equate zeroth, first, and second derivatives of eq 12 to 
corresponding derivatives of eq 9, all evaluated at /?e, and solve 
the resultant equations. Following this procedure we have 
determined the coefficients tabulated in columns 2-4 of Table 
III. 

Definition Coordinate Analysis 

The theoretical development in paper 1 suggests that certain 
trends should be evident in t h e / a, and b coefficients. For 
example, a is expected to be a sum of atomic polarizabilities 
a n d / i s expected to be related to atomic charge distributions. 
To discern systematic trends we use an empirical procedure 
which we call a definition coordinate analysis. Our primary 
aim is to ascertain functional relationships between/ a, and 
b and parameters identifiable with atomic properties and 
charges. 

In this procedure we graph appropriate constants against 

coordinates representing hypothetical parameters whose 
physical significance remains to be established. In Figures 1 
and 2 we apply the procedure to an analysis of/. At an arbi­
trary point along the abscissa in Figure 1, a vertical line was 
drawn with height corresponding to / for CsF. At another ar­
bitrary point, a vertical line was drawn with height corre­
sponding to / for NaF. On this line the NaCl, NaBr, and NaI 
/ s were plotted. A slanted line was next drawn through the 
points representing CsF and NaF. On this line/values of RbF 
and KF were marked and through these vertical lines were 
drawn. Finally, slanted lines parallel to the line through CsF 
and NaF were drawn through NaCl, NaBr, and NaI. On the 
slanted line through NaCl/values for LiCl, KCl, RbCl, and 
CsCl were plotted. Similarly/values of the remaining mole­
cules were included in the figure. According to these con­
structions, the abscissa represents a hypothetical quantity 
having the same value for all the sodium halides but varying 
linearly with/among the alkali chlorides. An axis used in this 
way we call a definition coordinate. Figure 2 was constructed 
in a similar fashion beginning with NaF and NaI. 

Figures 1 and 2 are consistent with eq 48 in part 1 in that the 
/ s appear as differences in quantities associated with the 
atoms. In addition, the figures imply that this difference is 
obtainable for each of the alkali halides from constants asso­
ciated with the component atoms. We call these constants ideal 
charges q and write 
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Ideal Charge Of Alkali Atom 
Figure 1. Variation of fractional electron charge transferred with ideal 
charge of alkali atom. The heights of curves are related to the ideal charge 
of halogen atoms. 

Table IV. Computed Values of Ideal Charges for Alkali and 
Halide Atoms 

Atom 

Li 
Na 
K 
Rb 
Cs 

<?M 

0.680 
0.776 
0.866 
0.886 
0.978 

Atom 

F 
Cl 
Br 
I 

4x 

-1 .000 
-0.950 
-0.910 
-0.848 

/ = ( < 7 M - < 7 X ) / 2 (13) 

Since the charges appear only as differences it is necessary to 
arbitrarily assign a value to one of the elements. Thus we assign 
fluorine an ideal charge of —1. The remaining ideal charges 
can be determined from eighty's. For example, <7R0 + 1 = 
2/RbF = 1.886, thus ^Rb = 0.886. In this manner we have de­
termined the remaining ideal charges for alkali and halide ions 
in alkali halide molecules and listed them in Table IV. As can 
be seen from Figure 1, t h e / s of LiCl and LiF imply different 
q's. Thus the tabulated value of qu is somewhat of an average 
chosen to optimize the agreement between the experimental 
dipole moments and those predicted by the model. 

The q's given in Table IV were used to compute t h e / s given 
in the fourth column of Table III. Included in the table are the 
experimental/s. The agreement is quite close except for LiF 
where a 4% difference exists. It should be pointed out that the 
/va lues are quite sensitive to the experimental data. A 1% 
variation in m can produce a 1% variation in / . The error es­
timate in IX] for RbCl is as one example 5'/2% of the magnitude 
of Hi- However, experimental error probably is not the cause17 

of the anomalous/for LiF. 
The coefficient a should be approximately a sum of effective 

1.00 

0.90 

O.80 

070 

-

-

NaK 

^ ^ NaBr4 

C s C ^ ^ ^ 

' R b C l l ^ ^ 

NaCL. 

TO 

LiCI 

,CsF 

RbF 
KF 

NaF 

LiF 

Ideal Charge Of Halogen Atom 

Figure 2. Variation of fractional electron charge transferred with ideal 
charge of halide atom. The heights of curves are related to the ideal charge 
of alkali atoms. 

atomic polarizabilities. In fact, by an analysis similar to the 
preceding, we find that a good representation of a is given by 
the expression 

a = a M ( l + &F) + a * O 4 ) 

where kj: is a coupling factor with value zero except for the 
molecules RbF, CsF, KF, and NaF. In these cases it is ap­
proximately equal to -1A for Rb, Cs, and K and -3A for Na. 
The effective polarizabilities are listed in column 7 of Table 
V. Pauling's values are listed under the column ap. The ap­
pearance of the factor 1 + k? is somewhat annoying but not 
too surprising considering the various molecular terms ap­
pearing in the dipole moment model developed formally, 
(owever, it is possible the parameter k? is an artifact of the 
model related to the fb/R5 term [see General Reliability of 
Constants].) 

A comparison of columns 7 and 8 in Table V indicates that 
the alkali ion polarizabilities determined from coefficients a 
are larger than Pauling's values while the halide ion polariz­
abilities are smaller. To understand why this should be it is 
instructive to examine eq 1. There we note that the term pro­
portional to — l/R3 is ( / + 7C)«A + if ~ 7C)«B- Our observed 
polarizabilities are true polarizabilities weighted by the factors 
/ + 7 c and/— Ic. This formula was derived assuming a co-
valent charge at RjI. In actuality, the smaller the relative size 
of the alkali atom the larger the weighting factor since the 
covalent charge is located a variable distance from the nucleus. 
Thus we observe lithium polarizability six times greater than 
Pauling's and a cesium polarizability 2.5 times greater. Con­
versely, Pauling's fluoride polarizability is approximately ten 
times greater than our value while the iodine value is 2.5 times 
greater. The fluorine discrepancy is greater than the iodine 

Table V. Ionic Constants for Alkali Metals and Halogens 

Ion 

Li+ 

Na + 

K + 

Rb + 

Cs + 

F -
C i -
Br-
I -

7 

-0 .400 48 
0.058 27 
1.098 61 
1.710 18 
2.460 40 
0.000 00 
1.181 27 
1.687 46 
2.385 82 

r, an 

1.51 
1.78 
2.41 
2.78 
3.23 
1.75 
2.46 
2.76 
3.18 

''p, ao 

0.903" 
1.559 
2.137 
2.364 
2.591 
1.841 
2.901 
3.192 
3.623 

R, A 

0.3629 
0.4861 
0.7655 
0.9297 
1.1312 
0.2978 
0.5743 
0.6928 
0.8563 

%*R2 

0.2002 
0.4811 
1.8788 
3.3662 
6.0631 
0.1106 
0.7943 
1.3928 
2.6297 

a, A3 

0.18 
0.53 
1.92 
3.17 
6.20 
0.09 
0.90 
1.47 
2.56 

«p,A3 

0.029 
0.181 
0.84 
1.42 
2.44 
1.05 
3.69 
4.81 
7.16 

" Determined by Honig et al. using Pauling's methods, ref 14. * L. Pauling, Proc. R. Soc. London, Ser. A, 114, 191 (1927). 
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Table VI. Computed Values of/, a, b, nt, a, and 0 for the Alkali Halides 

Molecule / a, A3 b, A6 /3, D 

LiF 
LiCl 
LiBr 
LiI 
NaF 
NaCl 
NaBr 
NaI 
KF 
KCl 
KBr 
KI 
RbF 
RbCl 
RbBr 
RbI 
CsF 
CsCl 
CsBr 
CsI 

0.840 
0.815 
0.792 
0.764 
0.888 
0.863 
0.843 
0.812 
0.93 
0.908 
0.888 
0.857 
0.943 
0.918 
0.898 
0.867 
0.989 
0.964 
0.944 
0.913 

0.2700 
1.0800 
1.6500 
2.7400 
0.2225 
1.4300 
2.0000 
3.0900 
1.5300 
2.8200 
3.3900 
4.4800 
2.4675 
4.0700 
4.6400 
5.7300 
4.7400 
7.1000 
7.6700 
8.7600 

0.669 99 
2.183 19 
3.621 83 
7.281 52 
1.060 00 
3.454 02 
5.730 08 

11.520 06 
3.000 00 
9.775 51 

16.217 16 
32.603 84 
5.529 96 

18.019 42 
28.893 47 
60.099 41 
11.709 96 
38.157 03 
63.300 93 

127.263 53 

6.152 84 
7.127 79 
7.209 59 
7.361 02 
8.128 78 
8.917 40 
9.073 32 
9.241 86 
8.554 83 
10.216 71 
10.600 62 
11.070 14 
8.529 55 
10.449 78 
10.955 53 
11.637 94 
7.831 06 
10.416 78 
11.293 49 
12.435 61 

5.755 20 
8.711 81 
9.490 40 
10.585 41 
7.872 63 
10.936 45 
11.534 23 
12.320 03 
11.246 19 
13.508 03 
13.728 08 
13.963 77 
12.542 64 
14.545 59 
14.502 26 
14.090 11 
15.407 66 
16.980 23 
16.054 88 
14.559 37 

r = 3T/5 + 7A 

2.998 35 
0.694 15 
0.293 70 

-0.153 39 
1.791 64 

-0.262 38 
-0.331 47 
-0.319 13 
-0.185 28 
-0.446 76 
0.358 23 
1.698 82 

-0.275 96 
0.156 80 
1.51829 
4.508 24 

-0.522 16 
1.10341 
4.675 89 
10.418 46 

4 5 
Re,Bohrs 

Figure 3. Plot of In b vs. Rt for alkali halide molecules. 

because the interfering covalent charge is closer to the former 
atom than the latter. 

A definition coordinate analysis of b indicates that this 
constant is related to atomic parameters 7 M and y\ by the 
equation 

b = 6Xp(^M + Tx) 

Using the coefficients listed in Table III, we have determined 
the 7 constants tabulated in Table V (information on eight 
molecules was needed for this determination). The 7's are 
closely related to the internuclear separation at which the 
charge cloud overlap begins affecting n (roughly Re). This is 
evident in Figure 3 where we have plotted In b vs. Re. This may 
be nature's way of saying that it prefers e~R to R~$ as the third 
term in the model. The exponential seems to appear whether 
or not it is included explicity. 

An analysis of the pattern displayed by Figure 3 indicates 
that the 7 are approximately linearly related to effective ionic 
radii r. An averaging of slopes and intercepts of the various 
lines yields the approximate relationship 

(16) 

with r in bohrs. Using this equation we have calculated the 
effective ionic radii listed in Table V. In Table II sums of ef­
fective ionic radii are tabulated along with Re and the per­
centage differences for alkali halides. The average difference 
is 3.7%. It should be noted that the effective radii, r, were de­
termined using a criterion only indirectly related to Re. There 
is a certain arbitrariness associated with splitting /?e into 
component radii. For example, the constant term % could be 
distributed differently. One third could be added to the halide 
radii and subtracted from the alkali radii. In that case the 
agreement between the Pauling radii, rp in Table V, and the 
radii based on 7's would be quite good. 

Using classical electrodynamic arguments18 it can be shown 
that ionic polarizabilities are proportional to the ionic volumes. 
Since we have indicated that 7 is linearly related to ionic ra­
dius, it follows that a is proportional to the cube of a linear 
function of 7. Indeed, the effective polarizability radii 

/ ? M = 0.268 5 5 7 M + 0 . 4 7 0 45 

and 
Rx = 0.234 097x + 0.297 77 

obtained by graphing a1/3 vs. 7, substituted into 

a = 4Z3IrR3 

yield the polarizabilities tabulated in the sixth column of Table 
V. These agree fairly well with the numbers extracted from the 
a's and listed in column 7. The average difference is about 6%. 

(17) 

(18) 

(19) 

(15) Complete Table of Dipole Moments for Alkali Halides 

Using the q's, as, and 7's listed in Tables IV and V together 
with eq 13, 14, and 15, the constants/, a, and b have been 
computed for each of the alkali halide molecules and tabulated 
in Table VI. Included are computed values of ^e, a, and /3 
which correspond to the zeroth, first, and second derivative of 
eq 12 with respect to £, evaluated at £ = 0. 

Using the data from Tables VI and II and eqs. 4-7, coeffi­
cients corresponding to the dipole moment expansion in powers 
of (v + 1^) "[J (J + l ) ] m have been calculated and listed in 
Table I. No experimental values for the tia

J constants are 
available. It can be seen that the agreement between computed 
and experimental values demonstrated in Table I is quite good. 
For small vibrational quantum numbers, the average difference 
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Table VII. Resolution of Dipole Moment Model as a Function of Internuclear Separation for KFfl 

R,a0 

2.0 
2.5 
3.0 
3.5 
4.0 
4.5 
5.0 
5.5 
6.0 
6.5 
7.0 
8.0 
9.0 
10.0 
12.0 
15.0 
20.0 
25.0 
30.0 

Mpc 

5.083 08 
6.353 86 
7.624 63 
8.895 40 
10.166 18 
11.436 95 
12.707 71 
13.978 49 
15.249 26 
16.520 03 
17.790 81 
20.332 4 
22.873 89 
25.415 44 
30.498 53 
38.123 16 
50.830 88 
63.538 59 
76.246 31 

fR 

4.742 52 
5.928 15 
7.113 78 
8.299 41 
9.485 04 
10.670 67 
11.856 30 
13.041 93 
14.227 56 
15.413 19 
16.598 82 
18.970 08 
21.341 34 
23.712 60 
28.455 13 
35.568 91 
47.425 21 
59.281 51 
71.13781 

Mpol 

-6.120 93 
-3.917 40 
-2.720 41 
-1.998 67 
-1.530 23 
-1.209 07 
-0.979 35 
-0.809 38 
-0.680 10 
-0.579 50 
-0.499 67 
-0.382 56 
-0.302 27 
-0.244 84 
-0.17003 
-0.108 82 
-0.061 21 
-0.039 17 
-0.027 20 

Mov 

10.124 29 
3.317 53 
1.333 24 
0.616 84 
0.316 38 
0.175 57 
0.103 67 
0.064 37 
0.041 66 
0.027 92 
0.019 27 
0.009 89 
0.005 49 
0.003 24 
0.001 30 
0.000 43 
0.000 10 
0.000 03 
0.000 01 

D 

1.000 00 
1.000 00 
1.000 00 
1.000 00 
1.000 00 
1.000 00 
1.000 00 
1.000 00 
1.000 00 
1.000 00 
1.000 00 
1.000 00 
1.000 00 
1.000 00 
1.000 00 
.997 366 
.003 79 
.000 00 
.000 00 

M* 

8.745 85 
5.328 27 
5.726 59 
6.917 57 
8.271 18 
9.637 15 
10.980 61 
12.296 90 
13.589 10 
14.861 59 
16.11840 
18.597 38 
21.044 52 
23.470 96 
28.286 35 
35.367 04 
0.179 51 
0.000 00 
0.000 00 

Mcxptlc 

2.845 11 
4.203 59 
5.561 79 
6.919 72 
8.277 37 
9.634 75 
10.991 85 
12.348 68 
13.705 23 
15.061 50 
16.417 50 
19.128 67 
21.838 74 
24.547 70 
29.962 32 
38.075 98 
51.576 69 
65.049 83 
78.495 41 

" All dipole moment data are expressed in debyes. * Sum of columns 3, 4, and 5 multiplied by D. c Values corresponding to R < 3 and R 
> 10 are probably not reliable. 

between the calculated and experimental ixv is on the order of 
'/3%. Overall, the trends and systematic variations displayed 
among the calculated noJ and n\J indicate that values of these 
coefficients are reasonably reliable and accurate. It does ap­
pear, however, that the mJ value for LiBr is anomalous. This 
may be due to poor experimental spectroscopic data. The value 
a2 = 5.2 for LiBr yields the reasonable result mJ = 6 X 10 - 7 

D. This value of aj was chosen to conform with the general 
pattern displayed in column 3 of Table II. 

Resolution of Dipole Moment Model 

It is instructive to examine in some detail the relative con­
tributions to the dipole moment from each of three terms in eq 
12. In Table VII we have listed the quantities 

Mpol = - / [ " M ( I +kF) + ax]/R2 (20) 

and 

w , = / [ e x p ( 7 M + 7 x ) ] / * 5 (21) 

along with the sum ix and jUexpti as a function of R for potassium 
fluoride. We have also tabulated eR, npc- Although the vari­
ation of the various terms in Table VII is typical of all the alkali 
halides, the less than 5% difference between n and Mexpti over 
a range of several bohr radii is better than average. For a given 
molecule this difference is roughly proportional to the percent 
difference in m indicated in Table I. 

The experimental dipole moment is based on eq 3. The 
equation is only reliable near Re since a and /3 were determined 
in this region. Consequently, at large R, the value of Mexpti 
becomes greater than the limiting value eR. At large R, the 
dipole moment computed with the model in eq 12 is expected 
to be more reliable than jiexpti- At small R (<3.0) the ap­
proximate nature of the overlap term (I/./?5) becomes ap­
parent. Since the slope of this function is too pronounced, re­
placing R~5 by a term which depends exponentially on R 
markedly improves the agreement between n and jtexpti in the 
region R < Re. 

In Figure 4 the quantities in Table VII are plotted as a 
function of R. In order to get a physically realistic result for 
the computed curve in the charge transfer region, we have 
multiplied/by the damping factor 

D = [1 + Rm/(RD + C)m]-[ (22) 

3 6 9 12 15 18 
R , Bohrs 

Figure 4. Variation of KF dipole moment with R. Curve A represents a 
point charge dipole, curve B represents the experimental curve, curve C 
represents the computed dipole using a damped/, curve D represents the 
overlap contribution, and curve E represents the effects of polarization. 

choosing arbitrarily the values Ro = 4/?e, w
 = 40, and C = 

1 for the various damping constants with R and C in bohrs. The 
purpose of this damping factor is to simulate the rapid decrease 
in dipole moment at distances beyond the curve crossing region 
when dissociating along the ground state potential curve. 
Values of D are listed in Table VII. If the damping factor is 
not included, the dipole moment, asymptotically, is that as­
sociated with two partially charged ions with charges ± / . 

Note that the overlap term is short ranged, being negligible 
at R > Re. The polarization term is intermediate in nature, 
extending to about 2Re. Figure 4 indicates that the dipole 
model, eq 12, gives a reasonable facsimile of the dipole moment 
variation with R for alkali halides over a considerable distance. 

Comparison of Dipole Moment Models 

Based on the formal analysis in paper 1 it is possible to give 
a reasonably thorough analysis of both eq 12 and other dipole 
models indicating strong points and shortcomings. Models 
which we investigate are eq 12, the Rittner model,3a the 
truncated Rittner (T-Rittner) and dipole distortion models 
proposed by Brumer and Karplus,19 and the DeWijn model.20 

In constructing his model, Rittner viewed alkali halide 
molecules as consisting of two mutually polarizable spheres 
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Table VIII. Comparison of Calculated Dipole Moments 

Molecule 

LiF 
LiCl 
LiBr 
LiI 
NaF 
NaCl 
NaBr 
NaI 
KF 
KCl 
KBr 
KI 
RbF 
RbCl 
RbBr 
RbI 
CsF 
CsCl 
CsBr 
CsI 

M(this paper) 

6.152 84* 
7.127 79 
7.209 59 
7.361 02 
8.128 8 
8.917 4 
9.073 3 
9.241 9 
8.554 8 

10.216 7 
10.600 6 
11.070 1 
8.529 5 

10.449 8 
10.955 5 
11.637 9 
7.831 1 

10.416 8 
11.293 5 
12.435 6 

<% error) 

I % error| 

2.08 
0.60 
0.05 
0.35 
0.06 
0.61 
0.19 
0.32 
0.04 
0.22 
0.02 
0.18 
0.18 
0.32 

0.12 
0.23 

0.34 

MDW 

6.04 
6.75 
7.10 
7.44 
8.02 
8.94 

8.61 
10.25 
10.79 
11.41 

7.96 
10.51 

12.12 

|%error| 

2.40 
4.66 
1.80 
0.72 
1.23 
0.33 

0.70 
0.19 
1.80 
3.25 

1.38 
1.55 

1.67 

MT-RUt" 

5.3921 
5.3306 
5.4908 
5.4533 
7.6563 
8.0037 
8.1879 
8.2272 
8.5042 
9.7492 

10.1370 
10.5020 
8.6027 

10.2250 

8.2172 
10.4740 

11.7270 

|%error| 

15.30 
24.80 
24.00 
26.60 

5.75 
10.80 
9.94 

10.70 
0.63 
4.77 
4.38 
4.95 
1.05 
2.46 

4.69 
1.11 

9.49 

MRitt0 

5.3106 
5.2413 
5.4083 
5.3752 
7.4922 
7.7727 
7.9597 
7.9917 
8.0739 
9.1814 
9.5754 
9.9214 
8.0013 
9.4491 

7.2781 
9.3640 

'0.6096 

|%error| 

15.56 
26.00 
25.10 
27.60 

7.76 
13.40 
12.50 
13.20 
5.65 

10.30 
9.68 

10.20 
6.01 
9.86 

7.26 
9.59 

13.07 

a As calculated by Brumer and Karplus, ref 20. * Dipole moments are in debyes. 

of charge ± 1 in units of e separated by a distance R. Using 
classical electrodynamics he showed that for such a system the 
dipole moment is related to R by the equation 

MRitt «*[ i -<* M + «x) ~ 4«Max/ 

* \ Ri - 4 a M « x / / ? 3 ' ( 2 3 ) 

where avi and ax are ionic polarizabilities. This expression has 
a singularity at R = (4aMax) I / '6 and is therefore clearly not 
valid for values of R in the neighborhood of this point. For large 
R we can expand in the form 

OtM + Otx , 4 « M « X 
MRitt - . [ , - = /?3 

; + - R6 -...] (24) 

The DeWijn model is the Rittner model with modified po­
larizabilities. DeWijn argues that the effect of mutual polar­
ization is too strong in the Rittner model. Thus in his model he 
incorporates quenching of the orbitals in the halogen ion di­
rected along the internuclear axis. Operationally speaking, he 
replaces ax by %ax-

The T-Rittner model is eq 24 without the third term. In their 
formal analysis, Brumer and Karplus observed that overlap 
would introduce an exponential R dependence on the polar-
izability. Thus, they incorporated such a factor and called the 
resultant T-Rittner model with variable polarizabilities, the 
dipole distortion model. 

Before examining each model separately it is useful to de­
termine how well they reproduce experimental data. In Table 
VIII we have tabulated equilibrium dipole moments for alkali 
halides calculated with various models along with average 
errors. The latter measures 13.07% for the Rittner model, 
9.49% for the T-Rittner model, 1.6% for the DeWijn model, 
and 0.33% for eq 12. 

As a further comparison we have tabulated in Table IX 
values of MI computed with several models. In this case the 
average error measures 30.4% for the T-Rittner model, 26.7% 
for the DeWijn model, 24% for the dipole distortion model, and 
1.5% for eq 12. 

To determine the source of these errors let us examine each 
model separately in light of the formal theory developed in 
paper 1. Consider first of all eq 12. This model has three basic 
components. The long-range component is given byfR where 

fs are independent of R. However, according to eq 1 in this 
region M should be given approximately by 

M = (f+2czcv/R)R (25) 

The second term is a covalent contribution to the dipole mo­
ment. This term is proportional to the difference in ionic radii 
and to the valence overlap. Thus, the more covalent the mol­
ecule and the greater the difference in ionic radii the larger the 
term. It is this effect that accounts for the anomalous/s ob­
served in the lithium halides. 

The second intermediate range component is given by 
—fa/R2. The constant a, according to theory, is rather more 
complicated than a simple sum of ionic polarizabilities. It is 
this complex nature which may lead to the appearance of the 
coupling constant in eq 14. (See, however, the General Reli­
ability of Constants section.) 

The third component of eq 12 has the form fb/R5. This term 
describes the short-range effect on the dipole moment which, 
as shown in paper 1, includes several factors. Since the overlap 
increases exponentially with decreasing R, the R~5 dependence 
is at best approximate. Thus at R = 2 in Table VII, the dipole 
moment of KF is 2.8451 while the model predicts 8.7458. 

Let us consider the other models which for convenience we 
refer to as the "basically Rittner" or B-R models. Each of these 
has two components, a long range and an intermediate range. 
The long-range component is given by eR. Comparison with 
eq 1 shows that this term fails to account for both the charge 
transfer and the covalent effect. Consequently, the long-range 
portion of B-R models is appropriate to totally ionic (J = 1) 
molecules. It might be expected that discrepancies between 
predicted and experimental values of properties determined 
with these models would be correlated with the charge transfer 
occurring in a particular molecule. This is in fact the case. To 
demonstrate, by example, we define an approximate charge 
transferred/approx by the equation 

A approx 
= 1 - 1 , 1IiA (26) 

where A is the fractional error in MI computed with the dipole 
distortion model (see column 10 of Table IX). In Table III we 
have tabulated/approx' The correlation between the/approx and 
/ i s quite good. The average difference is 3.2%. 
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Table IX. Comparison of Computed and Experimental Values of MI for Alkali Halides (Dipole Moments are in Debyes) 

Molecule 

7Li19F 
6Li35Cl 
6Li79Br 
7Li127I 
2 3Na 1 9F 
23Na35Cl 
23Na79Br 
23Na127I 
39K19F 
39K35Cl 
39K79Br 
39K127I 
8 5Rb1 9F 
85Rb35Cl 
85Rb79Br 
85Rb127I 
133Cs19F 
133Cs35Cl 
133Cs79Br 
133Cs127I 

Mi(exptl)" 

0.081 53 
0.086 83 
0.083 18 
0.074 
0.064 36 
0.059 63 
0.053 1 
0.050 7 
0.068 41 
0.059 66 
0.050 25 

0.066 50 
0.054 

0.072 29 
0.056 

Mi(this paper) 

0.077 38 
0.085 23 
0.086 42 
0.077 27 
0.063 22 
0.060 05 
0.053 14 
0.050 44 
0.068 83 
0.059 69 
0.049 72 
0.045 54 
0.066 26 
0.054 15 
0.041 49 
0.035 60 
0.072 75 
0.057 61 
0.041 53 
0.033 83 

<% error) 

I % error] 

5.1 
1.8 
3.8 
4.4 
1.8 
0.7 
0.0 
0.5 
0.6 
0.0 
1.0 

0.3 
0.0 

0.6 
2.8 

1.5 

MI(DW) 

0.098 
0.110 
0.113 
0.121 
0.077 
0.071 
0.073 
0.074 
0.075 
0.072 
0.067 
0.064 
0.077 
0.068 
0.056 
0.053 
0.078 
0.069 
0.054 
0.045 

|% error| 

20.2 
26.7 
35.8 
63.5 
19.6 
19.1 
37.7 
45.9 

8.9 
20.7 
33.3 

15.8 
25.9 

7.9 
23.2 

26.7 

MI(T-RiU) 

0.100 
0.121 
0.122 
0.132 
0.078 
0.082 
0.076 
0.078 
0.076 
0.074 
0.065 
0.065 
0.072 
0.066 

0.074 
0.065 

0.046 

|%error| 

22.6 
39.3 
46.7 
78.3 
21.2 
37.5 
43.4 
53.8 
10.4 
24.0 
29.3 

8.3 
22.2 

2.4 
16.1 

30.4 

MI(DD) 

0.095 
0.107 
0.110 
0.117 
0.075 
0.076 
0.071 
0.074 
0.076 
0.072 
0.063 
0.063 
0.073 
0.065 

0.075 
0.065 

0.046 

|% error] 

16.5 
23.2 
32.2 
58.1 
16.5 
27.4 
34.0 
45.9 
10.4 
20.7 
25.4 

9.8 
20.4 

3.7 
16.1 

24.0 

' See Table I for experimental dipole moment references. 

The principal differences among the various B-R models lie 
in the second term, that representing charge polarization. 
These differences are associated with the particular choices 
of polarizabilities. The Rittner model uses separated ion po-
larizabilities. These tend to subtract too much from the dipole 
moment. The more covalent the molecule, the further below 
the experimental Me is the value predicted by the Rittner model 
as can be seen by comparing columns 2 and 8 of Table VIII. 
DeWijn observed this behavior and deduced that it was due 
to the quenching of orbitals in the halogen ion directed along 
the internuclear axis. Thus he used halogen polarizabilities 
which were two-thirds the magnitude of the ionic polariz­
abilities. The resultant average error in Me computed with his 
model is quite small. Brumer and Karplus took a different 
approach. They postulated that nonbonding overlapping should 
affect the polarizability. So they introduced a polarizability 
which was exponentially dependent on R, and called the re­
sultant model a dipole distortion model. The constant ap­
pearing in the exponential was chosen by demanding that the 
model give the correct Me-

Regarding the third major factor influencing the dipole 
moment, that due to nonbonding overlapping, none of the B-R 
models has a term which directly describes this. However, the 
dipole distortion model indirectly attempts to describe this 
phenomenon. 

What are additional consequences of the shortcomings in 
the B-R models? First of all, predicted dipole moment slopes 
are too high since the polarizability term has to overcompen-
sate for the leading term R. This fact is demonstrated in Table 
X where we have tabulated slopes computed with the deriva­
tives of eq 12, the T-Rittner model, and eq 3 all evaluated at 
Re. The average error in the T-Rittner model is 42.4% while 
eq 12 yields an average error of 1.6%. Notice that the slopes 
computed with the T-Rittner model are, in all cases, too large 
and that the error correlates with the effective charge trans­
ferred in the particular molecule. 

To further illustrate this point, consider eq 4. By direct 
substitution it can be shown that the term a, representing the 
slope, contributes an order of magnitude more to MI than the 
term 0 representing the curvature. Thus MI computed with the 
B-R models must be considerably larger than those observed 
experimentally. That such is the case can be seen by examining 

Table X. Comparison of Slopes of Dipole Moment Curves 
Evaluated at Rt 

Molecule" 

LiCl 
NaF 
NaCl 
KF 
KCl 
RbF 

Exptl 

8.4818 
8.0053 

10.7967 
11.1612 
13.2106 
12.3755 

(«Wd*)|{ = 

T-Ritt 

11.74 
12.43 
18.01 
14.27 
18.92 
15.50 

(% error) 

|% error] 

38.4 
55.2 
67.6 
27.8 
43.2 
22.0 

42.4 

0 

Eq 58 

8.7118 
7.8726 

10.9365 
11.2462 
13.5080 
12.5426 

|% error] 

2.7 
1.7 
1.3 
0.7 
2.1 
1.3 

1.6 

columns 2, 5, 7, and 9 of Table IX. In all cases the B-R models 
predict values which are greater than the experimental values 
and in all cases the error is roughly proportional to the amount 
by which/varies from unity for a given molecule. 

Not unexpectedly, the curvatures predicted by B-R models 
are quite far from those determined experimentally. To illus­
trate, the average experimental curvature for the molecules 
listed in Table X is about 1.1 debye bohrs-2 while eq 12 yields 
an average of 1.09. The T-Rittner and dipole distortion models 
yield values more than ten times this amount. 

General Reliability of Constants 
An examination of the full dipole moment model suggests 

several alternative approximations. It is worthwhile to inves­
tigate some of these in order to obtain a feeling for the general 
reliability and reproducibility of the results based on eq 12. The 
available experimental data, however, place restrictions on the 
number and types of terms which can be included in a 
model. 

The models we investigated had the general form 

»=fR(l-i3+f»+keaR (27) 

All constants were determined analytically by equating various 
orders of derivatives of eq 27 and 3 evaluated at Rc. We as­
certained the following. (1) The values of/were fairly insen-
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Charge Transferred 

Figure 5. Schematic of differential changes in ionization potential and 
electron affinity vs. charge transferred. Curve A represents aE\/aq while 
curve B represents —aEu/aq. The projection of the intersection onto the 
abscissa corresponds to the polarity of the molecule AB. 

0.90 0.95 1.00 

Charge Transferred 

Figure 6. Variation of aE/aq with charge transferred for alkali and halogen 
atoms. 

sitive to the particular model. All models gave fs which were 
differences of atomic parameters. The magnitudes of the fs 
in all cases ranged from approximately 0.75 to 1.0 in a manner 
predictable from the periodic table. (2) The a coefficient ap­
proximated a sum of atomic polarizability in all cases. The 
model fR{\ — a/R3) + c/R4 yielded polarizabilities which did 
not require a coupling constant k/. The cube roots of these 
polarizabilities correlated with Pauling's ionic radii with a 
correlation coefficient of 0.9995. (3) Inclusion of the term keaR 

led to inconclusive results. The four-term model yielded a 
fourth-order equation in a. the solutions to this equation were 
highly sensitive to extremely small variations in the experi­
mental data. Consequently we had little confidence in the re­
sultant constants. In general, t h e / s obtained when keaR was 
included were slightly higher than when it was excluded. 

In principle the constants can be determined from ab initio 
calculations. We have determined fs for a few alkali halide 
molecules using SCF-LCAO-MO results.21 These yield fs 
slightly higher than those given in Table III. This is expected 
since single-determinant SCF wave functions dissociate to an 
ionic state. 

Bond Polarity and Bond Covalency 

Frequent attempts to formulate criteria for resolving 
chemical bonds into ionic and covalent categories have been 
thwarted by the fact that molecular charge distributions are 
governed by a multitude of interactions. Success requires a 
proper deconvolution of these factors and a clear understanding 
of their relative contributions to charge rearrangements. 

In the full dipole moment model two quantities/and c ap­
pear. As was pointed ou t , / i s a direct measure of the charge 
transferred during bond formation and c is a measure of the 
number of shared electron pairs. As such it is reasonable to 
refer to / a s the bond polarity or ionic bond number and to c 
as the bond covalency or covalent bond number. In singly 
bonded molecules / ranges in magnitude from unity for ion 
pairs to zero for homonuclear diatomic molecules while c 
ranges from zero for ion pairs to one in hypothetical singly 
bonded diatomic molecules in which two electrons are asso­
ciated with the central region. We suggest t h a t / a n d c are 
ideally suited to be the measure of the degree to which a bond 
be considered ionic or covalent. As was shown in paper 1,/is 
simply related to partial charges by the equation/ = {q\ — 
<7B)/2 while c = (q\ + <7B)/2. Clearly c is orthogonal t o / , a 
prerequisite if the classification of bonds into ionic and covalent 
categories is to have meaning in a quantitative sense. 

In terms of c and/ , the partial charges in a diatomic mole­
cule are given by q\ = c + / a n d q% = c —/ These equations 
represent a simple, relatively nonarbitrary, method of deter­
mining partial ionic charges from experimental data. The 
polarity is determined from dipole moment data. Values of the 

covalency should be extractible from potential curve or qua­
d r u p l e coupling constant measurements. Details of this pro­
cedure will be investigated in future papers. 

A. Differential Charge Affinity. An interesting fact emerges 
from an examination of the bond polarities of the alkali halides. 
Not only are t h e / s related to partial charges they are also 
computable using a set of atomic <7„'s. To demonstrate we have 
tabulated ga 's (ideal charges) for alkali and halogen atoms in 
Table IV and used these to compute the polarities listed in 
column 2 of Table VI. Empirically determined/s are given in 
column 2 of Table III. The agreement between the computed 
and empirical values is quite good. The average disagreement 
is less than 1%. 

What does this imply? Consider the following thought ex­
periment. Suppose from an isolated atom A, a differential el­
ement of electron density hq is removed from the surrounding 
charge cloud resulting in a partially charged ion with a charge 
cloud similar to that acquired in a molecular environment. The 
energy of the atom will be increased by an amount dE^/sq dq. 
Let us call the negative of this quantity the differential charge 
affinity. For a given differential charge, the change in energy 
will depend on the position of the atom in the periodic table. 
As charge builds up on the other side, the net gain in energy 
gradually decreases until at some point there is no advantage 
to shipping charge from one atom to the other. At this point 
the polarity of the molecule is determined. 

In terms of differential charge affinity curves, this situation 
corresponds to the point at which the curve of one atom in­
tersects the mirror image curve dE^{—q)/dq of the other. This 
is illustrated in Figure 5 where we plot dE^(q)/sq and-
—dEs(—q)/dq vs. charge (curves A and B, respectvely). The 
area under A represents the ionization potential while the area 
under B represents the electron affinity. The point of inter­
section projected onto the axis corresponds to the bond polarity 
or effective charge transferred/ 

Viewing this from another perspective we can say that 
charge is transferred until the quantity 

Hy)- r ( ^ ( , ) + ^ l ( - , ) ) d , (28) 
Jo \ da da / 

reaches a minimum with respect to variation in y. At the 
minimum y = / In Figure 6 we have plotted a schematic of 
dEw/dq and aEx(—q)/sq for several of the alkali and halogen 
atoms. The points of intersections projected onto the abscissa 
correspond to the measured/s . The additivity of t h e / s is ex­
plained by the approximate parallelism of the differential 
charge affinity curves. To test this hypothesis we have plotted 
<?M VS. ionization potential in Figure 7. Even though the ion­
ization potential represents the total area under the curve, a 
linear relationship is evident suggesting that the lines in Figure 
6 are parallel over most of the range of/. It should be stated 

Journal of the American Chemical Society / 98:12 / June 9, 1976 



3429 

i i3 

* i? 
3 

3 !•! 
L 

1 l0 

> 
0.9 

-

Cs 
- *s' 

S* " 

S-
S-

Rb 

Li 

.No „' 

S 

s* 

-

i -

1.0 0.9 0.8 0,7 

Ideal Charge, qM 

Figure 7. Variation of alkali atom ideal charge with ionization potential. 

-0.95 -0.9 

Ideal Charge, q 

Figure 8. Variation of halide atom ideal charge with electron affinity. 

that the schematic in Figure 6 assumes partial charges of ± / . 
In reality the charges are c + / a n d c ~f.lt is the energy ex­
pended in shipping — d^ from an ion with charge c + / t o one 
of charge c —/that in this approximation determines the end 
of charge transfer. In Figure 8 we have plotted the electron 
affinity of the halide atoms vs. qx, the ideal charge. This plot 
is linear except for fluorine. The implication of this is that the 
differential charge affinity curve of fluorine drops below that 
of chlorine when the electron charge approaches one. Substi­
tuting linear relationships between the q's and the ionization 
potential and electron affinity i n t o / = (q\ — <7B)/2 leads to 
the relationship 

Table XI. Comparison of Electronegativity with the Average of 
Ionization Energy and Electron Affinity" 

/ = 0 . 9 7 4 48 - 0.004 35(IPM - E A x ) (29) 

where I P M represents the ionization potential of the metal and 
EAx represents the halogen electron affinity except for fluo­
rine17 where it equals the electron affinity plus 9.486 kcal 
mol - 1 . This equation yields/s with an average error of about 
1.5%. 

The r e s u l t / « 1 - C(IPM - EAx) is reasonable. If, in a 
singly bonded diatomic molecule, one atom has an ionization 
potential equal to the electron affinity of the other, the electron 
would be expected to transfer completely, w i t h / = 1. In gen­
eral, the amount of charge transferred should be related to the 
difference between the ionization potential and electron af­
finity. Since the electron affinity of fluorine is less than that 
of chlorine this leads to the anomalous prediction that fluorides 
would be less ionic than the corresponding chlorides, although 
this is not the case. That this anomaly does not materialize can 
be attributed to the role played by covalent charge transfer in 
determining the partial charge on the negative ion. The actual 
effective charge c — / o n fluorine is considerably less than —1 
in the alkali halides. 

B. Relationship of Commonly Used Electronegativity Scales 
to Differential Charge Affinity Curves. The chemist calls the 
relative ability of atoms in a molecule to attract electrons the 
electronegativity. Since differential charge affinity curves give 
a direct measure of this ability they should be closely related 
to electronegativity scales. Let us examine this relationship. 

Several scales of electronegativity have been constructed. 
The two most widely used are those of Pauling23 and Mullik­
en.24 Pauling's scale is based on the assumption that the dif­
ference between the energy Z)(A-B) of the bond between two 
atoms A and B and the energy expected for a normal covalent 
bond 1^iD(A-A) + D(B-B)) increases as the difference in their 
electronegativities increases. In algebraic form 

23(* A - A-B)2 = D(A-B) - V2[D(A-A) + D(B-B)] (30) 

where X01 is the electronegativity of atom a. 
Mulliken bases his scale on the fact that the average ion­

ization potential IP and electron affinity EA of an atom should 

Atom 

F 
Cl 
Br 
I 
H 
Li 
Na 
K 
Rb 
Cs 

Ionization potential 

403.3 
300.3 
274.6 
242.2 
315.0 
125.8 
120.0 
101.6 
97.8 
91.3 

Electron 
affinity 

83.5 
87.3 
82.0 
75.7 
17.8 
0 
0 
0 
0 
0 

Sum/125 

3.90 
3.10 
2.86 
2.54 
2.66 
1.01 
0.96 
0.81 
0.78 
0.73 

Xp 

4.0 
3.0 
7.8 
2.5 
2.1 
1.0 
0.9 
0.8 
0.8 
0.7 

" L. Pauling, "The Nature of the Chemical Bond", 3rd ed, Cor­
nell University Press, Ithaca, N.Y., 1960, p 96. 

be a measure of the electron attraction of the neutral atom and 
hence its electronegativity, or Xa = (IP a + EA a ) /2 . Scales 
based on these somewhat different formulas are surprisingly 
similar. This can be seen by an examination of Table XI where 
we have tabulated ionization potentials, electron affinities, the 
average of the two quantities, and Pauling's value of the elec­
tronegativity for a series of atoms. 

A relationship between differential charge affinity curves 
and electronegativity scales is most easily obtained by utilizing 
Mulliken's scale. Substituting for IP a and EA a we obtain 

* » = 1* C T T 2 M - - < - « > " ! d * (3D 
Jo \_ dq eg J 

This relationship implies that the Mulliken scale of electro­
negativities is an integrated averaging of the detailed infor­
mation pertaining to bond polarity extractable from differ­
ential charge affinity curves. 

C. Bond Polarity and Ionic Character. According to Pauling 
the ionic character of a molecule is roughly approximated by 
the equation 

<5p = HeI Re (32) 

Let us examine the relationship between this quantity and the 
polarity/. Taking the zeroth, first, and second derivatives of 
eq 12 and solving fo r /we obtain 

/•=%£ + w + w - Re (33) 

This equation suggests that several factors effect the bond 
polarity. The term y.e/Re reflects the relative magnitude of the 
dipole moment at Re compared to the point charge dipole eRt. 
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The term iit' represents the slope of the ipole moment curve at 
7?e and ns" the curvature. The Pauling approximation only 
takes the first of these into account. 

It is not unreasonable to expect some correlation between 
bond polarity, ionic character, and electronegativity differences 
since all of these are related to the tendency of a bond to po­
larize. In Figure 9 we have plotted Pauling's approximation 
vs. electronegativity differences. We have connected molecules 
containing similar alkali or halogen atoms. Although there are 
certain trends, the figure is generally scrambled. In Figure 10 
the bond polarity is plotted against electronegativity differ­
ences. The pattern is quite symmetric confirming the close 
relationship between the two quantities. 

To account for the unreasonable trends displayed by Figure 
9 we can solve eq 12 for/in terms of <5P 

(34) 

It is evident from this equation that the low apparent ionic 
character of CsF for example is due to the neglect of a rather 
large Cs polarizability. 

Discussion 

The semiempirical dipole moment model examined in this 
paper appears to represent experimental data more accurately 
than the models of Rittner, DeWijn, Brumer, and Karplus. Its 
major advantage is its representation of transfer of a partial 
charge during bond formation, the amount varying in a sys­
tematic way with the periodic table. 

The analysis in this paper partially confirms the correctness 
of the model developed quantum mechanically in the first 
paper of this series, in which partial charge transfer is also 
represented. More accurate and extensive data are required 
to test other features of the quantum mechanical model. 

It is useful to have available approximate formulas which 
can be used to ascertain the relative contributions from charge 
transfer, charge polarization, and charge overlap effects from 
experimental dipole moment curves. This can be obtained by 
equating the zeroth, first, and second derivatives of eq 3 and 
12 evaluated at Re and solving for the appropriate coefficient. 
We find, in addition to eq 33, 

and 

f(aA + «B)//?e2 = % i t - sk Me/ _ \h Me 

Me 

'Re (35) 

/ e x p ( 7 A + 7 B ) / # e 5 = ~Xh J*- + 1J9 Me' + V18 Me"7?e (36) 

Equation 33 represents, effectively, a simple relationship be­
tween bond polarity and experimentally measurable dipole 
moment data. These equations should prove useful in clearing 
up several paradoxes reported in the literature.25 For example, 
O'Hare and Wahl suggest that their calculated value of the 
dipole moment of carbon monofluoride 

H = 0.471 - 3.561(7?-7?e) 
- 0.249(7?-7?e)

2 +0.169(7?-7?e)3 (37) 

implies that the charge distribution corresponds to C - F + . Such 
a suggestion, based on an oversimplified picture of the rela­
tionships of dipole moments to charge distributions, runs 
contrary to their chemical intuition and to ours. 

An interpretation more in accord with chemical experience 
can be obtained by an application of the above equations. 
According to eq 33 the effective charge transferred in CF is 
0.605 with polarity C+F - . Contributions to ̂ te from the charge 
transfer, charge polarization, and charge overlap terms are 
—3.65, 5.28, and —1.15 D, respectively. The dipole moment 
associated with the partial charges on each atom is thus quite 
large. The polarization term is clearly a prime contributor to 
the anomalous dipole moment near 7?e. It should be stated, 
however, that the application of the full model would probably 
be more appropriate to this problem due to the large covalent 
effects present in CF. 

Several points brought out in this paper are speculative and 
require confirmatory research and additional development. 
Nevertheless, we are reasonably confident of the correctness 
of our basic hypothesis. Part of this confidence is based on the 
fact that analysis of molecular wave functions yield results in 
fair agreement with ours. 

For example, Bader, Henneker, and Cade26 suggest that it 
is possible to obtain a fair approximation to the polarity of a 
bond by examining density distributions to determine the 
buildup of charge in various regions. Following this procedure 
they determine a polarity of 0.85 for LiF using SCF wave 
functions. This is close to our value of 0.84. 

An analysis of NaF based on density difference maps27 

suggests that fluorine has a partial charge of 0.6 ± 10% and 
this charge is constant between 7? = 6.0 and 3.1. This partial 
charge is in accord with a charge which would be predicted 
using the methods outlined in this paper. 

An examination of density difference profiles of alkali halide 
molecules27 using SCF wave functions21 indicates that the 
cross section in the area of the Li nucleus is very nearly the 
same whether in LiF, LiCl, or LiBr and the Cl cross section is 
remarkably similar in LiCl, NaCl, and KCl. 
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Figure 11. Variation of MO with Rc for Group 4 monocholcogenides. 

Bader and Srebrenik28 partition a molecule in such a way 
that the virial relationship between the average kinetic and 
potential energies observed for a total molecular system is 
found to hold for individual fragments. These fragments are 
defined in terms of an observable property of the charge dis­
tribution. One result of such a partitioning is the constancy of 
certain physical properties such as the fragmented charge 
distributions. 

Experimental confirmation is also available. For example, 
Ho/Re approximately equals 0.27, 0.034, and 0.22 for CsNa, 
NaLi, and KLi, respectively.29 If we arbitrarily assign qcs = 
1 and assume the polarizability and charge overlap effect on 
the dipole moment are negligible, we obtain qu — 0.372, ̂ Na 
= 0.46, and <?K = 0.832. Using q^a and q& to calculate/we 
obtain an approximate bond plarity of 0.176 for KNa. The 
observed value is 0.17. Similarly we predict a bond polarity of 
0.31 for CsLi. Using Re = 3.62 by Badger's Rule we obtain an 
estimated dipole moment n = 5.28 D for CsLi. The dipole 
moment has not yet been measured for this molecule. 

Hoeft, Lovas, Tiemann, and Toerring30 have determined 
that a plot of ̂ o and Re for the group 4 monochalcogenides 
yields a series of straight lines (see Figure 11). They suggest 
that a common fundamental property should explain the 
variation of electron distribution in the series of compounds 
of C, Si, Ge, Sn, and Pb. According to our views this property 
is the differential charge affinity. For comparison they plot no 
and /?e for the strongly polar alkali halides (see Figure 12), 
obtaining a series of curves. They interpret this nonlinear 
structure as evidence for a fundamental difference in bonding 
between the I/VII and IV/VI molecules. We suggest a dif­
ferent interpretation. As measurements of dipole moment 
curves accumulate, a systematic trend in polarities across the 
periodic table should emerge. Figure 12 can be viewed as a 
transparent sheet whose upper left corner (CsF) is bent toward 
the observer. To understand why the sheet is warped it is in­
structive to consider Figure 13 where we plot/and Re. The 
figure is similar to Figure 11. A plot of fRe vs. Rt also yields 
a regular grid. It is easily shown that 

Mo * / R e -
<?A<*B ~ g B « A 

* e 2 
(38) 

Thus to the extent no approximates the behavior of//?e, the 
grid is expected to be linear. A warped grid is due to systematic 
variations in the importance of the second and higher order 
terms. 

We are currently involved in an analysis of potential energy 

Figure 12. Variation of ^o with Rt for alkali halides. 

Figure 13. Variation of polarity with Re for alkali halides. 

curves and electric field gradients of diatomic molecules. This 
research should provide additional information regarding the 
polarity and covalency and their roles in chemical bonding. 
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bitals which are delocalized over the entire molecule in a 
manner consistent with molecular symmetry, spatial trans­
formations of these canonical MO's (CMO's) to localized 
MO's (LMO's) must be performed; a variety of techniques 
have been devised.3 The LMO's can be used to calculate dipole 
moments for the individual bonds of the molecule at its equi­
librium and vibrationailv distorted geometries. Although the 
relative accuracies of the assumptions involved in the bond 
moment models are expected to vary for different molecules, 
the results for any one molecule should contribute to our un­
derstanding of why these models are too simple to allow an 
accurate general interpretation of infrared intensities. 

We have chosen to study the infrared intensity data of am­
monia4 for the following reasons. First, the intensities can be 
interpreted in terms of the changes in the dipole moments of 
the NH bonds and the changes in the electronic distribution 
of the lone pair on nitrogen. Second, since CNDO5 determi­
nation of the signs of the dipole moment derivatives with re­
spect to the normal coordinates, the Sn/aQi, have been reported 
for only the Ai symmetry species,6 it is useful to obtain CNDO 
estimates of the derivatives for the E species. 

Calculations 

The CNDO calculated dipole moment derivatives with re­
spect to the symmetry coordinates, the dfi/dSj, were obtained 
in the usual manner.6'7 Maximum displacements of 0.02 A and 
2° from the equilibrium geometry were used to determine the 
symmetry coordinate distortions. The symmetry coordinates 
were taken to be functions of the internal coordinates equal to 
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