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INTRODUCTION

A molecule contains two kinds of electrons: wvalence electrons

and atomic core electrons., The valence electrons occupy molecular

orbitals and are more or less delocalized on the various atoms of
the molecule, whereas the core electrons are highly localized on
individual atoms of the molecule. In gas-phase X-ray photoelectron
spectroscopy (XPS), one irradiates a sample chamber containing the
molecules under study with an approximately monochromatic beam of
X~rays and_measures the kinetic energy distribution of the ejected
electrons.t™3 The spectrum is a plot of electron counting rate as
a function of kinetic energy, Egx. Peaks are observed corresponding
to electronic levels with binding energies (Eg) less than the X-ray
photon energy, hv. ' By use of the Einstein relation, hv = Eg + Egs
one can readily calculate the binding energy corresponding to each
peak. The X-ray has enough energy to eject not only valence elec-
trons, but also some core electrons. The main use of XPS is in the
determination of core electron binding energies, and this paper will
be concerned with the information that one can glean from the core .
binding energies of molecules.?

It is well known that core electrons are not significantly

‘involved in chemical bonding, and therefore one might well ask why

chemists should have any interest in measuring their binding
energies. The answer lies in the fact that the binding energy of

a particular core level of an atom is a function of the chemical
environment of the atom.  On going from one molecule containing a
particular element to another containing the same element, the core
binding energy changes. In the case of a molecule containing atoms
of the same element with markedly different bonding, the binding
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energies correspvonding to the different atoms will in general be
different. For example, consider Figure 1, which shows the carbon
1s region of the X-ray photoelectron spectrum of the complex
(CH,) 3CFe(CO) 3, which has the following structure

CH,

o . . e e ._.,‘ e

The three main peaks on the right side of the spééfrﬁm befééband_ 

to the three different kinds of carbon atoms in the molecule. The

strong peak, at low binding energy, corresponds to the three CH»
carbon atoms of the (CH;)3C ligand. The weak peak, at intermediate
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binding energy, corresponds to the central carbon atom of. the 1igand;i
And the peak at relatively high binding energy, which has lost some

intensity to the shake-up peaks shown on the left side of the
spectrum, corresponds to the three CO carbon atoms. The question
to be considered now is: What can one learn about molecular elec-
tron distribution from binding energies obtained from spectra such

as this?

QUANTITATIVE EXPRESSIONS FOR BINDING ENERGIES

If, during the ejection of a core electron from an atom A in a _

molecule, all the other electrons in the molecule remained frozen
in their original positions, the core binding energy would be pre-
cisely equal to the potential, V(A), at the site of the core elec-
tron of atom A in the ground-state molecule. Of course, the other
electrons do not remain frozen. As a consequence of the ioniza-
tion, they tend to flow toward the core hole and thus reduce the
energy required for electron ejection from atom A. The energy
associated with this flow is the electronic relaxation energy -as-
sociated with the core ionization, ER(A), and we may write

- - E (D)
| E;(A) = V(A) - Ep(A)
or, for a difference (chemical shift) in binding energy,
AEL(A) = AV(A) - AE;(A) (2)

As a good approximation, the quantity AV(A) may be replaced by =~



, 3

AV(A) al’ the change in potential due to the change in the distri-
bution of the molecule's valence electrons (and of the cores of all
the atoms except atom A).

AEg(A) = AV(A) ;- AE;(A) '

This is a good approximation because the potential at a core site

in atom A due to the other core elecgrons of atom A is essentiall
independent of chemical environment. The quantity AV(A),,1 may ge

estimated with various degrees of accuracy, using procedures rang-
ing in sophistication from ab initio quantum mechanical calcula- _ = .
tions to calculations based on estimated atomi¢ charges. For ex-
ample, by assuming that atom A has a radius r and a charge QA and .
that all other atoms are point charges Qp, we may write

|

!

|

|
el

|

MEL(A) = (Dhaq, + 8 Y (Qp/R,) - AE,(®) (3 T
This equation has been used at various levels of approximation to
correlate binding energies with atomic charges. At the highest .. _ _
level of approximation, all three terms of the equation are used._
The relaxation energy term, AER(A), can be estimated from experi-
mental Auger parameters,/»°® from polarizability data,8 or by a
calculational method analogous to the transition-state method of
Slater.? Because this relaxation term is often the smallest term
in the equation, it is fairly common practice to assume that AER =
0, corresponding to the following equation.

1
2B, (8) = {Thag, + AB§A(QB/RAB) @

i
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In fact, the second term in the equation is usually smaller than
the first and, at the lowest level of approximation of equation 3, _._
the second term is ignored, leading to the following approximate oo
equation: _ ' e

AEZ(A) = (%) AQ, : ' - (5)

BINDING ENERGY-ATOMIC CHARGE CORRELATION

There are two main ways of using equatiomns 3, 4, and 5. In
one way, binding energies for a particular element are obtained
for a series of compounds, the atomic charges of these compounds
are estimated by some procedure, and then an appropriate function
of the binding energy (depending on the equation used) is plotted
against Q). For example, the correlation of the carbon ls binding
energies of some simple carboEocompounds with carbon atomic i
charges is shown in Figure 2. The quantity AEg - V is plotted
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Fig. 1. Carbon ls spectrum of trimethylene- =
methaneiron tricarbonyl, deconvoluted =
using Lorentzian curves. The relative
intensities of the three peaks are v
2.96:1:5.72. Reproduced with permission
from ref. 5.
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- mations are made, the number of equations will be equal to or

vs. Q; this is equivalent to the use of equation 4. Theméha%gééif
were estimated using a simple electronegativity equalization proce-
dure. The main value of a plot such as that in Figure 2 is to

-verify that the binding energy data are consistent with the method

used for estimating atomic charges. However, any reasonable method
for estimating atomic charges usually gives fairly good straight
lines in plots of this sort.! Thus the procedure is not very
useful for determining the merits of an atomic charge estimation
method. Occasionally, however, a plot of this sort can be used to
determine the structure or the nature of the bonding of a compound.
For example, if a compound has one of two conceivable structures,
for which one estimates quite different atomic charges, then a
binding energy determination will permit one to distinguish between
the alternative structures.l3 Some methods of calculating atomic
charge, when applied to molecules with possible contributions to .  ~
bonding from the use of outer d orbitals, hyperconjugation, or back-.
bonding, require prior information regarding the extent of such .~
contribution. In such cases the measured core binding energies,
when combined with plots such as that in Fig. 2 (using only data
for compounds with simple bonding), can be used to estimate the .
atomic charges and hence the degree of such extra bonding contri-
butions.4 '

ATOMIC CHARGES FROM BINDING ENERGIES Q;

The second main way of using equations 3 and 4 is in the deri-
vation of "experimental' atomic charges from binding energy data.
Suppose that we know the binding energies of all the atoms in a set
of closely related molecules. We can write an equation (like
equation 3 or 4) for each binding energy difference, thus obtaining _ -
a set of equations with the atomic charges as unknowns. If the :
molecules are carefully chosen, or if appropriate further approxi-

greater than the number of unknown atomic charges. Then it is pos-
sible to solve the equations to obtain atomic charges which exactly
conform to the binding energy shifts or which correspond to a
least-squares solution of the equations. We shall discuss several
applications of this type. . =

Consider the Zinding energies for Mnz(CO)19 and CH3Mn(CO)s,
shown in Table 1.l% The Mn, (CO) 10 molecule is a dimer of an elec- _
troneutral Mn(CO)s group. If we assume that equation 5 is approxi-
mately valid in this system, there are certain qualitative conclu-
sions that can be drawn immediately. On going from Mn;(CO)io to
CH3Mn(CO)s, the manganese, carbon and oxygen binding energies all
increase significantly, corresponding to more positive charges on
these atoms in CH3Mn(CO)s than in Mn2(CO0)19. Thus we conclude that
the methyl group in CH3Mn(CO)s is negatively charged. These binding -
energies may also be treated quantitatively. The environments of '



Table 1. Core Binding Energies of Mn2(CO);o and CH3Mn(CO)s .

Mn, (CO) 10 CH3Mn (CO) s
Mo 2p3/2. 647.01 647.30
C 1s(CO) 293.28 293.62
0 1s 539.57 539.91

Table 2. Core Binding Energies of (n°-CsHs)M(NO),CL

M 0 1s
Cr 539.45
Mo 538.98
W 538.67

N1ls _~ C1ls
407.47  291.25
407.35 291.32

407.23 291.30°

o Cl2psyp -

Table 3. Calculated Changes in Atomic Charge in

CpM(NO) 2C1,

8Q,
2Q,
8Q,

AQM

M = Cr, Mo, W.

Cr -~ Mo

-0.0019

-0.016

0.022

0.014

20338

- 203.82 =

(204,08

Cr > W Z

-0.0060 E
-0.026

10.034 -

0.030

2

¢



the Mn, C, and O atoms in these compounds are so similar that it is
probably a very good approximation to assume that AER = O on going
from one compound to the other. Thus we can employ equation 4. In
calculating the potentials at the Mn, C, and O atom sites, we will
not make a serious error if we assume that the potential due to the
neighboring Mn(CO0)s group in Mn>(CO)10 is zero and that the charge
of the CHj; group in CH3Mn(CO)s is concentrated at the CHz carbon
atom. Then we have three equations corresponding to the three
binding energy shifts as well as the equation

~Quy, = My, + 58Q; + 58Q, | T

From these we calculate Q¢y = -0.137, AQy, = 0.001, AQq = 0.020,
and AQg = 0.008, in agreemeﬁt with our first qualitative conclusion
that the methyl group is negatively charged.

For a second example, consider the binding energies of the = .~
complexes (n®-CsHs)M(NO)»,C1 (M = Cr, Mo, W), shown in Table 2;15 -
In this series, the carbon binding energy is essentially constant. ..
However, on going from the chromium compound to the tungsten com—_ .
pound, the nitrogen and oxygen binding energies decrease and the _ . '
chlorine binding energy increases. Apparently, on descending the -
transition metal family, wm-donor bonding to the NO groups increases,
and to compensate for the withdrawal of electron density from the
metal atom, c-donor bonding from the chlorine atom increases. Pre-
sumably the ¢ and 7 parts of the metal-cyclopentadienyl bonding are
of comparable importance, and the opposing effects of changes in ¢
and 7 bonding cancel, resulting in essentially no change in the
charge on the cyclopentadienyl group. Again, by solving four equa-
tions like equation 4, we can calculate the changes in the four
atomic charges (AQy, 4Qgp, AQcy, and AQy) on going from the chromium
compound to the molybdenum compound or from the chromium compound
to the tungsten compound. The results, shown in Table 3, .are in
agreement with our first qualitative conclusions. It is interesting
that the change in charge of the nitrogen atom is much smaller than
the change in charge of the oxygen atom. We rationalize this
result as follows. On descending the family, o-donation by the NO

‘group increases because of the large increase in nuclear charge of

the metal, and the resultant improved dm-m* overlap causes an in- -
crease in back-bonding. The stronger o bonding between the nitro- .
gen and metal atom shifts electron density from nitrogen to metal
which compensates for the increase in 7% electron density due to .
increased back-bonding. Thus the nitrogen atom charge is almost
unchanged although the oxygen atom becomes more negative because _
of the increased back-bonding. R

THE INADEQUACY OF THE SIMPLE ATOMIC CHARGE MODEL _}j

The atomic charges which one can derive from binding energy



data by simultaneous solution of equations like equations 3 or 4 -
have qualitative or perhaps semi-quantitative significance, but they _

generally cannot be relied upon to account quantitatively for other

physical properties which are sensitive functions of valence elec-

tron distribution. It is well known, for example, that a reasonable _

assignment of point charge atoms cannot account for the dipole o -
moments of molecules with lone pair electrons. Ammonia and nitrogen
trifluoride (Figure 3) are the classic examples used to illustrate
this fact.l6 Although the N-F bond polarity is at least as great

as the N-H bond polarity and although the F-N-F bond angle in NF3 _
is more acute than the H-N-H bond angle in NH3, the dipole moment .
of NF3; is much smaller than that of NH3. Of course this result is
due to the partial cancellation of the bond moments by the lone pair
moment in NF3 and the reinforcement of the bond moments by the lone
pair moment in NH3. This same point can be illustrated quantita-_  _
tively using the binding energy and dipole moment data for the fol- =
lowing diatomic molecules: HF, F;, Cl1F, Clz, HCl. Using the fluo- .

rine 1ls and chlorine 2pj 2_binding energies, we caan write four et
equations like equation 3, corresponding to two F 1ls binding energy .

shifts and two chlorine binding energy shifts. The AE; values can

be estimated by the transition state method, using CNDO/2 wave func-_ .
tions and the equivalent cores approximation.9s17 Because there -
are essentially only three unknown charges (one each for HF, HCI,

and ClF), this system of equations is overdetermined and is solved

by a least-squares method. The calculated charges are Quyr = 0.294,
Qucy = 0.215, and Qgyf = 0.062, corresponding to a standard devia-
tion of 0.20 eV in the AEp values. Using these atomic charges, and
the assumption that the molecules can be represented by simple

point dipoles, the dipole moments can be calculated. The calculated

¥4

Moments ad Moments almost cancel —
y
o= 1.47D u = U.23D R

Fig. 3. Explanation of the low dipole moment of NF3. Arrows
indicate the direction from + to -. . . . ..
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and experimentall8bdipole moments are as follows: ' e

H H

' calc expt >
HF  1.29D 1.83D o
HC1 1.31 1.09 - | i
ClF 0.49 0.89 o

Obviously the simple model yields very poor dipole moments; even

the relative magnitudes of the HF and HCl moments are incorrectly )
predicted. Clearly one must allow for the existence of lone pair -
electrons in order to account for both core binding energy shifts i
and dipole moments adequately. .

A NEW POINT CHARGE MODEL | | R

Benson has suggested that the heats of formation and dipole ~.
moments of molecules can be accounted for using a model in which e
atoms have point charges, are polarizable, and (in the case of atoms ..
with lone pairs) have lone pair dipoles centered on their nuclei.

This model, although more realistic than the simple atomic point
charge model, does not put any electron densjity in the bonding ..
regions between the atoms. Scheraga et al. have shown that dipole
moments, lattice energies, and rotational barriers of molecules can

be fairly well accounted for assuming that molecules consist of —
point charge atomic cores with bonding electron pair point charges ‘
situated between the cores and appropriately positioned nonbonding
electron pair point charges. This model is probably unrealistic
because it puts too much electron density in the bonding and lone

pair regions. We have chosen a model involving point charge atoms

in which fractional negative charges are placed at points between

the bonded atoms and at points corresponding to lone pair electron
density, as indicated in the following structure for methyl fluoride...

qr,(F) B

Table 4 1lists the molecules which we have analyzed using this



Table 4. Input Data for Calculation of Point Charges

Molecule Core Binding Energies and Relaxation Energies,a eV : Dipole Moment.,.b
C 1s F ls — Cl 2py/2 — debye
Ey By E, By E, Eq
CHy 290.91¢ 16.09 |
CH3F 293.7¢ 16.06 692,929 24.32 | 1.854
CHoF> 296.36° 15.99  693.65%9  24.79 ' 1.978
CHF3 299.24° 15.62 694.629  24.78 1.649
CFy 301.96° 15.47 695.57¢  24.99 | |
CHsC1 292.48% 17.19 |  206.268 . 9.56  1.895
CH,Cl, -~ 293.9" 18.22 | 206.628 10.16  1.62
CHC1 3 295.10 18.79 | 206.865 10.45 1.04
cCly 296.381 19.00 .. 207.048 10.88 |
CC1Fs 300.31% 16.68 o 695.04% 2548 207.83% 9.0 0.51
CCL,F, 208.93% 17.97 694.681  25.02  207.47% = 10.34 0.50
CCLsF 297.54% 18.68 694.331  26.12 207.208 . 10.54 0.46
¥, : 696.719  25.24 ‘
HF - 694.22°  21.95 | SRR 1.827
Cl> | 0 207.82% . 9.88
HC1 . 207.38% | | 8.38.  1.093
C1F 694.54% 2558 | ' 209.18% = 8.81 '  0.888

! 1
For references, see p. 11 l | i | i i % | L

»
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_AEB(F 1s) values, and nine AEB(Cl 2p3/z) values for each of which '

Table 4 References . o ” - : ) e ;;;

g See refs. 9 and 17. <
Ref. 18. —
¢ Thomas, T. D.; Shaw, Jr., R. W. J. Electron Spectrosc. Relat. :
d Phenom. 1974, 5, 1081.
Davis, D. W.; Shirley, D. A.; Thomas, T. D. in "Electron Spectro-
scopy,' Shirley, D. A., ed., North-Holland Publishing Co., Amster-

o dam, 1972, p. 707. R
Davis, D. W. Ph.D. Thesis, University of California, Berkeley, .
¢ Lawrence Berkeley Laboratory Report LBL-9900, May 1973. =

Perry, W. B.; Jolly, W. L. Inorg. Chem. 1974, 13, 1211. . =
8 Aitken, E. J.; Bahl, M. K.; Bomben, K. D.; Gimzewski, J. K.3; . = ..
,, Nolan, G. S.; Thomas, T. D. J. Am. Chem. Soc. 1980, 102, 4873.. . . .
i Thomas, T. D. J. Am. Chem. Soc. 1970, 92, 4184. ez

Holmes, S. A. M.S. Thesis, Oregon State University, Oct. 1974._. =
3 Carroll, T. X.; Shaw, Jr., R. W.; Thomas, T. D.; Kindle, C.; ... - -%%
Kk Bartlett, N. J. Am. Chem. Soc. 1974 96, 1989. ==

Carroll, T. X.; Thomas, T. D. J. Chem. | Phys. 1974, 60, 2186... ....

model, together with the core binding energies and dipole moments
for these molecules. There are eleven AEB(C 1s) values, nine

an equation like equation 3 can be written. For each of the

twelve dipolar molecules an equation equating the dipole moment to

a function of point charges can be written. Thus 41 equations must

be solved. To render the equations tractable, we have made certain
assumptions and approximations. First, we have used values of AER
estimated by the transition state method using CNDO/2 wave func-
tions.?»17 "The ER values are listed in Table 4. In the case of

the chlorine relaxation energies, it is possible to compare these
values with values obtained from Auger parameters;7 the agreement

is fairly good (standard deviation 0.29 eV in the AER values).

Second, we assumed that-the "bonding" point charges, qp, are posi-
tioned between atoms such that the ratio of the distances to the .
two atoms is equal to the ratio of the covalent radii.?? Third, J—
we assumed that the '"lone pair" point charges, qp, are positioned -
on the back sides of the halogen atoms at distances equdl to the o
average valence orbital radii, evaluated from Slater exponents.23 ;ﬁ
Fourth, we assumed that all the qp values are equal. Fifth, we )
assumed  that all the qj values for fluorine are equal, and that all _
the q; values for chlorine are equal. Sixth, we assumed that the
point charge at a hydrogen, fluorine, or chlorine atom is the same
for all compounds in which the atom is directly bonded to the same
element. Thus we forced all the fluorine atoms in the substituted
methanes to have the same point charge. (Similarly for the hydrogen

11
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and chlorine atoms.) Seventh, in the 29 equations involving AER
values, we used (%} values calculated from the Slater exponents of

the valence shell orbitals. These are, for C, F, and C1, 22.1, _
35.4, and 20.3 eV/charge, respectively. The values are very similar

to the corresponding Hartree-Fock-Slater (%) values.®” s = ~

Noting that the sum of the Q's and q's for each molecule is
zero, we find that the 41 equations contain nine adjustable para-
meters: qg, qp(F)s qp(Cl), three Q's for the substituted methanes,
and three Q s for the diatomic molecules. A least-squares -solution _
of these 41 linear equations in 9 unknowns yields qg = -0.100,

q, (F) = -0.252, qL(Cl) ='-0.051, and the various Q values given in
Table 5. The AE; values and dipole moments are reproduced by these
parameters with a standard deviation of 0.28 eV(debye). In per-
forming the least-squares fit, the binding energies and dipole o
moments were all weighted equally because the uncertainties (in eV

or Debye units) were similar in magnitude. If one wishes to convert
the data in Table 5 to numbers corresponding to traditional "atomic .
charges," we recommend the following procedure: To the Q value for .
an atom add the corresponding qp, value (if the atom has lone pair
electrons) and the atom's share of qp in each of the bonds to the
atom. We propose that qp be split between the atoms of a bond in-
versely proportional to the covalent radii of the atoms. Thus one
calculates atomic charges of 0.131 for H, 0.112 for C, and -0.081
for F in HCF;.

As one might expect, the calculated Q and q values are sensi-
tive to the choice of AER values. If we assume, for example, that
all the AEp values are zero (instead of using the estimated values
in Table 47), the calculated parameters are quite different from
those in Table 5, as shown by the following: gqgp = -0.084, qp (F)

0 831, qL(CL) = -0.326, Q,(CHy) = -0.048, QF(CFu) = 0.737,
1(CC14) "= 0.249, Q (c1F5l = 0.418, Q(HF) = 0.087, and Qy(HCL)

8 006. The negatlve value for Qy (HCl? is quite unreallstlc and

shows that it is important to use good AER values in this method.

If we assume that q; (F) = q;(C1) = 0 (that is, if we ignore
the lone pairs), the flt of the ¥1'ata is significantly poorer; the
standard deviation rises from 0.28 to 0.42 eV(debye). Similarly,

if we assume that qp = O (that is, if we put no electron density ‘

between the atoms), the fit is considerably poorer; the standard =~ A "
deviation becomes 0.53 eV(debye). These results confirm our con-  ~

tention that a point charge molecular model should provide for lone p

pair and bonding electron density. _
If we 1lift the restriction that QH’ Q and Qcy are the same
for all compounds in which the atom is bonded to the same element,
the fit of the data is, of course, improved. For example, if we
allow the Qy values to vary linearly in the series CHy, CH3F,
CH2F2, CHF3 and CHy, CH3Cl, CH2Cl,, CHCl; (and make similar assump-
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Table 5. Calculated Q Values for Atoms “ f__,“;f_":;:;::f;f_

Moleculg QH QC QF QCl ~W§
CHy . 0.203 -0.412 -
CH3F 0.203 '~ -0.185 0.228 R
CH2F» 0.203 0.042 0.228 | B
CHF 3 0.203 - 0.269 0.228

CFy ) 0.496  0.228 T oonE
CH3Cl 0.203 -0.187 0.029 ==
CH2C1, 0.203 " 0.038 T . - B
CHC14 © 0.203 0.263 e 0,029 -
cCly | -~ o0.488 T TTTgloag ow
CC1F, | 0.494 0.228 ©0.029 o <=
CC1,F, | o 0.492 0.228 __  0.029 -
CC13F 0.490 0.228 - 0.029--— ==
F2 ‘ 0.302 o
HF 0.299 0.053 ' <
cl, | | 0.101 -
HC1 0.287 - | -0.136 2

C1F 0.286 0.117

1 -

tions regarding Qp and Qpj), the improvement in the standard devia- _
tion (to 0.22 eV(debye)) is just barely statistically significant.
However introduction of this extra freedom in the > Q. and Q1
values leads to some unrealistic trends (e.g., QH(HCC13§ < QH(CHu)),A_
hence we forced the Q value of an atom to be a constant for all
compounds in which it is directly bonded to the same element. It

is a typical feature of such least-squares calculations that the
introduction of more parameters improves the fit, but makes the L
magnitudes of the parameters less realistic. A compromise must be
made. Ll

This work was supported by the National Science Foundation _
(Grant CHE-7917976) and the Division of Chemical Sciences, Office o
of Basic Energy Sciences, U. S. Department of Energy, under Contract
No. W-7405-Eng-48. The authors are grateful to Dr. M. B. Hall for

-a helpful discussion.
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