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, A METHOD FOR ESTIMATING ATOMIC ". 
CHARGES BASED ON ELECTRONEGATIVITY PARAMETERS .... 

w. L. Jolly, W. Perry and G. Andersen 
, , 

Inorganic Materials Research Division, Lawrence Berkeley Laboratory 
. and Department of ChemiStry; University of California, 

Berkeley, California 

Introduction 

The value of X-ray photoelectron spectroscopy to cheniists lies mainly 

in the fact that the measured core electron binding energies show shifts 

with changes in cheniical environment. Several methods are available for 

predicting or correlating ,these chemical shifts in binding energy. Ab 
' .... 

initio SCF calculations, either with or without the imposition of Koopmans' 

theorem, can give good results, but such calculations are expensive and 
.) .. ~. ' , 

1-4 'are readily appiied only to relatively simple molecules. The thermo-

dynaniic method, based on the concept of equivalent cores, gives good re­

sultswhe~ever the required thermodynaniic data are available or calcula­

ble?':"9' The method of correlation with atoniic charge gives variable re­

sults, depending on the sophistication of the treatment~,lO-12 Poor 

results are usually obtained when Pauling charges are employed, especially 

when the electrostatic potential at the site of the ionizing atom is ig-

nored. Fair results are usually obtained when cNDb charges are employed 

with inclusion of the electrostatic potential term. In view of the impor-

tance of the concept of atomic charges to cheniists, the atoniic charge 

correlation method is potentially very valuable. We felt that it would be 

possible to devise a simple empirical method for estimating atoniic charges 

that would c~rrelate with binding energy data more closely than charges 

calculated by any other existing method~ In this paper we describe the 

13 14 development and application of such a method. ' 
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The Method 

Our method for estimating th~ ~toudc ~harge~of a molecule involves 

. the "estimation ofth~ ch~rges·(q) tr~~:f~~~ed b~twe~n" ~h~ pairs of adja­

cently bonded atoms in the molecule,"· asstlDling an initial charge distribu-
" . . .. . , 

tion corresponding to the hypothetical 100% covalent struc-

ture. The atomic charges of the 100% covalent structure are defined as the 

15 formal atomic charges of the. classical valence bond structure, or, when 

more than one structure can be written, as the average of all the accepta­

ble resonance structures which can be written for the species. The struc-

ture is required; when possible, to be in accord w~th the Octet Rule. Thus 

we write the following 100% covalent structures for the molecules N20, 

+ 
N=N=O 

-0.5 

lJ 
H-C 

'0----H 
+0.5 

. . " 16 
In the c~se of electron-deficient molecules, Linnett-type structures 

or structures consistent with simple molecular orbital theory should be 

used. Thus the following structures are written for the molecules N02 

and LiF: 

-.25 +.5 -.25 
0- -: - N - -:- 0 

-3 ·+3· 

Li-F 

For elements heavier than neon, p1T bonding is excluded unless such bond-

17 ing is necessary to satisfy the Octet Rule. 

O=N-Cl 

Thus for ONCI we write 

, . 
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In the case of highly delocalized bonding systems, we ignore individual 

resonance structures in which atoms of opposite formal charge are separ-

ated by more, than one atqm or in. which atoms having formal charges of the same 

sign are adjacent. Thus we rule out the following resonance structures 

18 for fluorobenzene and £.-difluorobenzene:. 

·0-
t ~. 

+py+ 
The 100% covalent charge distributions for these molecules are as follows: 

0.0 

0.0 

0.0 

F+O· 5 

0.0 

-0.286 

F 

The negative charge q transferred from an atom A to an attached atom 

B is calculated from the relation 

(1) 

where qmax is the maximum charge transferrable, ~ and xA are "electro­

negativity parameters" for atoms B and A appropriate for the particular 

bond under consideration, p is a "bond polarizability factor," and 

f [p (x
B 

- xA)] is an empirically determined function of p (~ ..,. x
A

) which 
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has values, between 0 and 1. Atoms A and B are always chosen so that 

~ ~ xA• 

One eV'aluates'q' , by assuming 'that the electron";'donating atom can 
max 

transfer its share (one-half) of the electrons in the A-B bond and, when 

the electron-accepting atom lacks an octet, enough of its nonbonding 

electrons to complete the ,octet of the electron-accepting atom. For 

species in accord with the Octet Rule, q, is equivalent to the bond 
max 

order. Values of qmax for the bonds in ~everal molecules are indicated 

18 in the following structures. 

Li-- F N--N--O 

T T T 
4 2 2 

~<--1.5 

\ 
1.25 

The bond polarizability factor, p, is a function of ~x, as shown 

in Table I. Interpolation may be used to obtain p values corresponding 

to qmax values not tabulated. Values of the function f[p{~ - leA)] 

(that is, of q/q ) are tabulated as a function of p(s- - xA) in Table 
max ' H 

II. Interpolation is also possible in this table. 

The value of x for an atom involved in a particular bond (i.e., x
A 

or xB) is calculated from the relation 

x = x + 0.127 Q' + h 
o 

(2) 

where x is an empirical constant characteristics of the element, Q' is o 

. 

t· 
! 



, '. Table r. 

. .: ". 

Values of 

qmax 

0 

.5 

1.0 

1.5 

2.0 

2.5 

3.0 

3.5 

4.0 

-5-

the Polarizability Factor 

p 

1.144 

1.072 

1.000 

0.928 

0.856 

0.784 

0.718 

0.638 

0.568 

., 
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Table II. Values of q/q . . max .. 
p(~ - xA) q/qmax p(~ - xA) q/~x p(~ - xA) q/qmax 

) .. 
.02 ;. ·.026 .60 .499 1.15 .909 
.04 .050 .62 .510 1.,80 .918 
.06 .072 .64 .520 1.85' .926 
.08 .094 .66 .530 1.90 .934 
.10 .115 .68 .539 1.95 .941 
.12 .134 .70 .548 2.00 .947 
.14 .154 .72 .557 2.10 .957 
.16 .173 .74 .566 2.20 .966 
.18 .192 .76 ~574 2.30 .973 
.20 .211 .78 .583 2.40 .979 
.22 .229 .80 .591 2.50 .984 
.24 .247 .85 .611 2.60 .989 
.26 .265 .90 .630 2.70 .993 
.28 .282 .95 .650 
.30 .299 1.00 .669 
.32 .315 1.05 .688 
.34 .331 1.10 .'707 
.36 ,. .347 LIS .726 
.38 .363 1.20 .745 
.40 .377 1.25 .764 
.42 .391 1.30 .782 
.44 .404 1.35 .800 
.46 .417 1.40 .815 
.48 .430 1.45 .830 
.50 .443 1.50 .845 ' 
.52 .455 1.55 .860 
.54 .466 1.60 .874 
.56 .477 1.65 .886 
.58 .488 1. 70 .898 

~ .. : 
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the atomic charge calculated from the 100% covalent formal charge and the 

q values for all the bonds to the atom except the bond under consideration, 

and h is a term which accounts for the increase in the effective electro-

negativity of an atom when its bonding orbital is hybridized either sp or 

2 
sp. To evaluate h, the following relation, in which n = 1 or 2 (for sp 

2 . 
or sp hybridization, respectively) and in which q refers to the bond 

max 

in question, is used: 

h = 0.15/(nq ) 
max (3) 

The value of h is taken as zero for any atom more. electronegative than carbon 

and for any bonding orbital with more p character than an sp2hybrid orbital. 

Values of x for the ~lementsconsidered in this study are given in Table 
o 

III. 

Calibration With Theoretical Charges 

The parametersp and Xo in Tables I and III and the function q/qmax 

in Table II were empirically evaluated such that the atomic charges calcu-

lated for 30 ground-state heteronuclear diatomic species were in good 

agreement with the charges calculated for these species from high quality 

19 wave functions by Bader, Beddall and Cade. In effect, our method was 

calibrated using the theoretical charge data. Our method reproduces their 

calculated charges with an average deviation of ±0.036. The charges ob-

tained by the two methods can be compared for a few diatomic species by 

reference to Table IV. 

It should be pointed out that, in this calibration with the diatomic 

data, it was unnecessary to consider the terms involving Q' and h in 
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Table III. Values of the E1ectronegativity Parameters, Xc, 
• 

for Some Elements 

H 2.313 N 3.000 " " 

Li 1.038 0 3.433 

·,Be 1.598 F 4.044 

B 1.980 Ne 4.400 

C' 2.414 ' C1 3.000 

Table IV. A Comparison of Estimated Atomic Charges 

for Ground-State Diatomic Species 

Species Charge on the More Electropositive Atom 

Ca1cd. by Bader Ca1cd. by our 
et a1. 19 method --

LiF 0.84 0.844 
BO+ 1. 79 1.804 
LiF+ .93 .930 
BN+ 1.57 1.590 
LiO+ .92 .892 

BeF -.08 -.096 

CO .92 .908 

CN .36 .350 
BF+ 1.57 1.598 
CO+ 1.60 1.590 



• 
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equation 2. The Q' term could be ignored, even though the atoms had 

finite formal charges, because the quantity Q' B - Q'A for a diatomic 

species of the second row of the. periodic table is always equal to the 

difference in the atomic numbers of Band A. 20 Consequently the coeffi-

cient of Q' in equation 2 can be set equal to any quantity (including 

zero) if the.x value for each element is decreased by that quantity 
o 

times the atomic number of the element. If we letp represent the co-

efficient of Q' in equation 2, and ZA and ZB the atomic numbers of A and 

B, then we can write 

= x- - x - p[(Z - Z ) - (Q' - Q' )] 
.IS A B A B A 

Th~ parameter h in eq'-'uation 2 can be ignored when considering diatomic 

species because, by our convention, neither atom in such a species is 

either sp or sp2 hybridized. 

Our first approximation to the function f[p(~ - xA)] was obtained 

by plotting the q/q values of Bader et ale against 6x values calculated max --

using Pauling electronegativities~l The points formed a family of 

curves corresponding to different values of q ~ These curves could be , max 

made to coincide by multiplying the 6x values for each curve by appropriately 

chosen values of p. Small adjustments were made in both the x values and 

in the smooth curves drawn through the points until the deviations from the 

smooth curves were minimized. Thus the optimum values of x for the elements 
o 
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from lithium to fluorine and the function f[p(~ -xAH were obtained. 

It will be noted that the x values for the elements from lithium to 
o 

fluorine are'very close, if not 'equal; to the 'Pauling electronegai:ivities. 

Therefore for Iieon and chloririe, for which Bader" et al.'provided no cal-

culated data, we simply used the Pauling electrortegativities. Because 

of the unique character of hydrogen, we did not m~ke the corresponding 

approximation in that case. 

Calibration With Core. Binding Energies 

The electronegativity parameter for hydrogen, the coefficient ofQ' 

in equation 2, and the hybridization correction term h in the same equa-

tion were chosen so as to minimize the standard deviation between 129 

experimental and calculated core binding energies for compounds of boron, 

carbon, nitrogen, oxygen, and fluorine. The calculations were made using 

4 
an equation based on the potential model: 

(4) 

In this equation, EB is the core binding energy in eV (relative to that 

of an arbitrarily chosen reference compound), Q is the charge of the 

ionizing atom, V is the coulomb potential energy of an electron at the 

hypothetical vacated site of that atom in the midst of the other atoms 

of the molecule, and k and ~ are empirical constants, determined by 

least-squares fitting of the binding energy data for a given element to 

the calculated Q and V values. The energy V was calculated from the 

relationV= L(q/r), in which q is the charge on an atom, r is its 

• 

• 
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v 
distance from the site of the ionizing atom, and the sum is carried out 

over all the atoms. The charges were calculated, not for the ground 

state molecules, but for the hypothetical molecules having valence elec-

tron distributions 'half-way between those of the ground state and those 

of the final sta'te2,14,22,23. Th IIi d 'b i h e ca cu at ons were ma e y us ng t e 

average of the initial and final x values for the ionizing atom. The 
o 

average Xo value was calculated by application of the principle of equi-

V'alent cores5.-7 Th d th 1 ti us, we use e re a on 

x (z) + x (z + 1) 
o 0 x ("ave") = ~---~--­

o + 0.0635 
2 

where x (z) is the x value for the ionizing element, x (z + 1) is the 
000 

x value for the next element in the periodic table, and the 0.0635 term o 

corresponds to the additional formal charge of +0.5. 

The inverse dependence of h on nand q (as shown in equation 3) max 

was chosen because of its simplicity and its qualitative agreement with 

intuition. The electronegativity of an orbital increases with its s 

2 character, and both increase on going from sp to sp hybridization (i.e., 

as n changes from 2 to 1). Similarly, both the electronegativity and s 

character increase upon going from a double bond orbital to an sp2 single 

bond orbital, or from a triple bond orbital to an sp single bond orbital 

(i.e., as q , the bond order, decreases). The factor 0.15 was obtained max , 

empirically. It should be emphasized that h is included in equation 2 only 

for atoms using sp or sp2 hybridized orbitals. 
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In our initial attempts to correlate binding energies with our 

calculated charges using equation 4, very poor correlations were obtained 

be·cause the magnitudes of the potential terms~ V, were too great. How­

ever, we found by trial that good correlations were obtained if all our 

calculated atomic charges are mult,iplied by the factor 0.2, and there­

fore we have applied this factor in all the applications of our calculated 

charges to equation 4. Although this factoring procedure is completely 

ad hoc, it is justifiable in view of the arbitrary method of atomic charge 

apportionment used by Bader et al. for the molecules with which we cali­

brated our method. Indeed, the charges calculated by Bader et al. do 

seem too large when compared with corresponding values obtained from 

Mulliken population analyses and Pauling's method. In Table V we list 

values of our factored calculated atomic charges for a few simple mole­

cules and for the corresponding hypothetical neutral half-ionized core 

molecules. 

• 
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Table V. Some Factoreda Calculated Charges 

i\ Molecule and atomb Initial State Neutral half-ionized 
core state 

CH4 C -0.067 -0.261 

H +0.017 +0.065 

N(CH3)3 N -0.274 .. -0.348 

C +0.007 +0.025 

H +0.028 +0.030 

CHF . 
3 F -0.167 -0.180 

F -0.167 

C +0.423 +0.434 

H +0.078 +0.079 

aAll Q values multiplied by the factor 0.2. 

bThe ionizing atom is listed first. 
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The Correlation of Core Binding Energies 

The experimental and calculated binding energies are listed in 

Table VI. The calculations were niade using equation 4 and the k a'nd R. 

values listed in Table VII. The overall standa'rd deviation is ±O.'6l eV; 

the standard deviations for the compounds of boron, carbon, nitrogen, oxy­

gen, and fluorine are :!O.59, :!O~64, :!O.83, :!O.75, and :!o.25 eV, respec­

tively. 'A plot of experimental binding energies vs. calculated binding 

energies (the reference states chosen so as to bring all the points together 

on the graph) is shown in Figure I.' The results indicate that the rela­

tively simple method which we have devised for estimating atomic charges 

is useful for correlating and predicting core electron binding energies 

for compounds of the first row of the periodic table. 

Computer Calculation 

The calculation of the atomic charges of a diatomic molecule by the 

method we have described is a simple matter requiring less than five minutes. 

For a molecule such as NF
3

, about 10 minutes calculation time is required, 

and for a relatively complicated molecule such as CH3NH2' more than 30 

minutes time is generally requi~ed. A FORTRAN IV computer program for 

making these atomic charge calculations has been written; a print...:out of 

this program will be sent to those interested upon request. 

Acknowledgement.- This work was supported by the U. S. Atomic Energy 

Commission. We are grateful to John Illige for help with some of the 

initial calculations. 

• 

,) 

• 
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Table VI. Experimental and Calculated Is Binding Energies 

ri-

EB, eV 

<'I Compound. Expt1. C81cd. Ref. 

BF3 0.0 -0.43 

BC13 -2.65 -3.28 24,25 

B(OCH3)3 -4.7 -4.44 24,25 

B(OC2H5) 3 -5.2 -4.59 25 

B(CH3)3 -6.4 -6.68 24 

B(C2H5)3 -7.3 -6.70 25 

B(C2H5'2C1 -5.8 -5.47 25 

BH3CO -7.6 -6.72 24 

BH3N(CH3)3 -9.1 -9.52 24 

BH3N(C2H5)3 -9.6 -9.55 25 

BH2N(C2H5)2 -8.5 -7.39 25 

B2H6 -6.3 -6.92 24,25 

B2H5N(CH3) 2 -7.5 -7.35 25 

B5H9 -8.6 -9.02 25 

-6.7 -7.06 25 

1,5-C2B3H5 -6.8 -7.86 25 

1,6-C2B4H6 -7 .• 4 -7.17 25 
c~ 

CH4 0.0 -0.04 
.. 

C2H6 -0.2 -0.29 26 

CH3C1 1.6 1.51 27 

CH2C12 3..1 2.91 27 

CHC13 4.3 4.15 27 
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Table VI. Experimental and Calculated Is Binding Energies,'cont. 

J 
. Compound Exptl. Calcd. Ref. 

CC14 5.5 5.12 27 ) 

CH3F 2.8 2.32 27 

CHF3 8.3 7.47 27 

CF4 11.0 ' 10.00 27 

CO 5.3 4.22 4, 28 

C2H4O 2.0 1.57 28 

CH30H 1. 75 1.46 4, 28 

C2H50H 0.2 0.25 4 

1.6 1.08 4 

C2H2 0.4 -0.28 28 

HCN 2.6 3.06 28 

CO2 6.8 6.52 4 

C302 0.8 2.69 29 

4.2 4.16 29 

CH20 3.3 3.25 4 

CH3CHO 0.6 1.23 4 

3.2 2.74 4 

(CH3)2CO 0.5 ·1.07 4 

3.1 2.21 4 

HC02H 5.0 4.64 4 

CH3C02H 0.7 1.98 4 

4.7 4.14 4 

C2H5C02C2H2 0.1 0.56 4 

1.7 1.33 4 
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Table VI. Experimental and Calculated Is Binding Energies, cont. 

Compound Expt1. Calcd. Ref. ..J 

ONF3 7.1 6.96 32 
.) 

NF3 4.3 5.27 32 . 

N02 3.0 2.45 32 

N2F4 2.4 4.03 32 

ONCI 1.5 0.40 32 

NO 0.8 0.83 32 

N2 0.0 -0.93 

N2H4 -3.8 -3.58 32 

NH3 -4.3 -3.40 32 

CH3NH2 -4.8 -4.13 32 

(CH3)2NH -5.0 -4.87 32 

(CH3)3N -5.2 -5.62 32 

N20 -1.3 -0.94 32 

2.6 1.67 32 

HCN -3.1 ~3.83 32 

CH3N02 2.23 1.28 31 

C6HSN02 1.7 1.24 4 

C6HSNH2 -4.4 -3.10 4 

,,) 

O2 0.0 -0.09 

CO -0.95 -2.62 4, 28 ,.. 

NO 0.2 -1.29 4 

N02 -1.8 -1.62 4 

H2O -3.6 -3.72 4, 28 

CH30H -4.4 -4.78 4, 28 
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Table VI. Experimental and Calculated Is Binding Energies, cont. 

i} 
Compound Exptl. Calcd. Ref. 

C2H5OH -4.5 -4.83 4 
(\ 

C2H4O -4.9 -5.62 28 

CO2 -2.35 -1.99 4, 28 

C302 -3.5 -3.32 29 

CH3CHO -5.5 ..,4.92 4 

(CH3)2CO -4.1 -5.05 4 

HC02H -4.79 -4.59 28 

-3.17 -2.57 28 

CH3C02H -4.9 -4.74 4 

-3.1 -2.71 4 

C2H5C02C2H5 -5.5 -4.83 4 

-4.3 -3.78 4 

N20 -2.1 -1.62 4, 28 

CH3N02 -4.35 -2.96 31 

CF4 0.0 -0~04 

CHF3 -0.9 -1.13 12 

CH2F2 -1.87 -2.05 12 

CH3F -2.6 -2.83 12 

l" C2H5F -3.15 -2.89 31 

CH3CHF2 -2.22 -2.13 31 

CH3CF3 -1.39 -1.32 31 

C2F6 -0.25 -0.01 31 

HF -1.4 -1.47 33 

CF2C12 -0.88 -0.91 31 
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Table VI. Experimental and Calculated 1s Binding Energies, cont •. 

Compound Exptl. Ca1cd.' Ref. 
-' 

NF3 -0.75 -0.60 31 
) 

BF3 -0.9 -0.66 31 

C6H5F -2.64 -2.24 12 

0-C6H4F2 -2.27 -2.12 12 

m-C6H4F2 -2.34 - 2.06 12 

p-C6H4F2 -2.34 -2.26 12 

1,3,5-C6H3F3 -2.13 -1.92 12 

C6F6 -1.26 -1.47 12 

CH2CHF -2.27 -2.32 31 

CH2CF2 -1.21 -1.30 31 

CHFCF2 -1.47 -1.97 31 

-0.77 -1.37 31 

Table VII. Values of k and f 

Ionizing atom k 

B 23.84 -6.63 

C 24.10 2.89 

N 25.45 0.64 

0 35.13 2.79 ..) 

F 30.92 1.40 
t' 

aA11 Q values multiplied by the factor 0.2. 
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FIGURE CAPTION 

Figure 1.-- Plot of eXperimental 1s binding energies vs the correspond­

ing calculated energies for compounds ,of boron, carbon, ni­

trogen,oxygen, and fluorine. The reference states have 

been chosen so as to cluster the points together on the graph. 

The open circles correspond to boron compounds, the closed 

circles to carbon compounds, the crosses to nitrogen compounds, 

the open triangles to oxygen compounds,and the closed tri­

angles to fluorine compounds. 
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