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PART I. 

X-RAY PHOTOELECTRON SPECTROSCOPIC 
STUDIES OF NITROGEN, PHOSPHORUS, 

BORON, AND CHROMIUM COMPOUNDS 

David Norman Hendrickson 

Inorganic MaterialsResearch Division, Lawrence 
Radiation Laboratory and Department of Chemistry, 
University of California, Berkeley. California 

ABSTRACT 

Nitrogen, phosphorus, boron, and chromium compounds have been 

studied using x-ray photoelectron spectroscopy. Nitrogen 1_! electron'·· 

binding energies have been correlated with nitrogen atom charges 

calculated from CNDO and extended HUcke! molecular orbital eigen-

functions. These correlations and the measured nitrogen 1_! binding 

energies for sodium oxyhyponitrite (Na
2

N2o
3

) have been used to 

. . 2-
establish the structure of the N2o

3 
ion. Binding energy data 

for some nitrogen-containing metal-c~ordinated ligands have been 

used to characterize the bonding in these ligands. Phosphorus 

2.£. electron binding energies are reported for 53 phosphorus to~ 

pounds. Phosphorus atom charges, calculated for some of the com-

pounds by means of a non-iterative as well as an iterative extended 

HUcke! molecular orbital method, have been correlated with the 

measured phosphorus 2.£. binding energies. Boron ls and chromium 

3.£ electron binding energies have been correlated with boron and 

v-· 



chromium atom charges calculated by various molecular orbital 

methods. !'I 

It has been shown by making several approximations .that it 
r 

is possible to calculate 1 from available thermodynamic data 1 a 

''thermochemical energy" corresponding to the core-electron binding 

energy for an atom in a compound. For a given element. a linear 

relation to experimental binding energies has been established for 

these calculated "thermochemical energies." With this approach 

various thermodynamic data have been predicted from experimentally-

determined binding energies. 

I. v 
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I. INTRODUCTION 

The earliest studies of the energy distribution of photo

electrons from x-radiation of solids was carried out by Robinson1 

2 in England and by de Broglie in France from the 1910's. These 

early studies were somewhat discouraging and as such the field 

3 was abandoned until 1951 when Siegbahn set out to overcome the 

initial experimental difficulties. In 1954 the first high-resolution 

photoelectron measurements were completed using an iron-free 

3 4 double-focusing electron spectrometer. ' It was found that 

core-electron binding energies could be readily determined from 

a knowledge of the energy of the photoelectrons as determined in 

the electron spectrometer. 3 

In 1958 the first chemical shifts of core-electron binding 

5 energies were reported by Nordling!!!! in measurements of Cu. 

levels in Cu, cu2o, and CuO. Qualitatively they found that the 

binding energy for a particular copper core-electron increased with 

increasing copper oxidation state. Since this initial work, 

extensive studies of chemical shifts associated with atomic core-

3 electron binding energies have been made by Siegbahn !l!! using 

x-ray photoelectron spectroscopy (XPS). Core-electron binding 

energies have been shown to be correlated to formal oxidation 

3 6 3 7 states in. sulfur ' and chlorine ' compounds and to fractional 

3 3 8 atomic charges in sulfur and nitrogen ' compounds. The method 

for calculating the fractional atomic charges was a modification 

of Pauli~g's method. 9 

1 



Considering the empirical nature of the Pauling method for 

calculating fractional atomic charges, it seemed useful to secure 

molecular atomic,charges by more sophisticated methods. A further 

check of the apparent correlation of XPS-measured core-electron 

binding energies with atomic charges would then be possible. This 

was one of the goals of the present work. In addition we hoped to 

investigate the ability of XPS to elucidate chemical structure and 

bonding in some inorganic systems. Development of a working under-

standing qf some of the factors that determine a core-electron 

binding energy (particularly in solids) was the ultimate goal. 

In this work the results of extensive measurements of nitrogen 

1!,, boron 1.!.• phosphorus 2.e_, and chromium 3.e_ electron binding 

energies are reported. Atomic charges resultant from complete 

valence orbital basis molecular orbital calculations are correlated 

with these core-electron binding energies. The molecular structure 

2-of the oxyhyponitrite ion, N2o
3 

, as well as the bonding char-

acteristics of some metal-coordinated ligands are investigated. 

Finally, a thermodynamic interpretation of chemical shifts in 

core-electron binding energies is advanced. 

2 
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II. EXPERIMENTAL 

The experimental aspects of the determination of inner-electron 

binding energies have been reviewed by Siegbahn !!~· 3 In this 

work MgK x-radiation (1253.6 eV.) was used. The kinetic energy 
a 

of the photoelectrons was measured in an iron-free, double-focusing 

4 magnetic spectrometer shown schematically in Figure 1. The 

instrumental line width, including the contribution from the x-ray 

3 line, was about 1 eV., and the observed photoelectron lines had 

widths of 1.5-2.5 eV. 
10 Photoelectrons were counted typically 

for time intervals of 12 sec. at each magnetic field setting, and 

the spectrometer current in the range 1.0-1.5 A was varied in 

increments of 0.2 rnA. 

The compounds studied were either purchased or prepared by 

standard syntheses. Many phosphorus compounds were kindly provided 

11 by Dr. J. Van Wazer. Trans-Mn(C0) 4P(C6H
5

)
3
Cl, (cis-PP)Mn(C0)

3
I , 

11 and Mn(C0)
3(AP)I were supplied by Dr. G. Nelson, and compounds 

46-50 were obtained from L. Kramer. The boron studies were aided 

by gifts of many compounds from Dr. M. F. Hawthorne. 

Spectrometer samples were prepared by brushing the powdered 

material onto double-faced conducting tape attached to an aluminum 

plate that served as a heat and electron sink. Three measurements 

were made for each sample; in each case the carbon 1~ line (arising 

from pump oil which forms a film on the samples) was recorded. 

The film of ~ump oil provides a convenient reference peak and 

probably also acts to remove surface charging that may arise with 

3 
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insulating samples. By this method it is possible to locate the 

photoelectron peaks reproducibly to within 0.2 eV. 

In the case of three compounds it was necessary to cool the 

sample to prevent sublimation in the spectrometer. The compounds 

(CH3) 3NBF3 , B10H14 , and Cr(C0) 6 were loaded into the source house 

under dry nitrogen and cooled to =-60°C before opening to the 

vacuum. 
I 

Photoelectrons originate'from sites near the surface (i.e. a 

layer =lOOA thick) 3 , thus it was necessary to continuously clean 

the surface of a piece of chromium foil in order to see a peak 

that could be assigned to the unoxidized metal. This was accom-

plished by heating the chromium foil to =650°C for many hours in 

-2 . 
an =10 torr hydrogen atmosphere. The disappearance of the oxide 

layer was monitored by the o1s line. Chromium hydride formation 

would be negligible for the solubility of hydrogen in chromium 

metal at 650°C is nomina1. 12 

The work function for the spectrometer material (aluminum) 

was assigned the value 4.0 eV. This normalization gives the best 

agreement of our nitrogen core-electron binding energies with 

previously measured values for the same compounds (in particular 

8 the nitrogen compounds), and makes it possible to include some 

of the binding energies of Siegbahn ~ a13 in the correlations 

with our calculated charges. 

5 



III. THEORY 

Because we are dealing with measurements on solid materials, 

the calculated electron binding energies are referred to the Fermi 

levels of the solids. We calculated the electron binding energies, 

3 E
8

, from the relation 

E = E - E - ~ B x-ray kin spec 

where E is the incident x-ray energy, Ekin is the kinetic x-ray 

(1) 

energy of the photoelectron, and ¢ is the work function of the spec 

spectrometer material, aluminum. The core-electron binding energies 

are dependent on the chemical environment, and previous discussions 

have shown that they are principally determined by the potential 

associated with the valence shell electron density and the crystal 

3 1 field felt by the core electrons. ' 

3 8 For binary salts, Siegbahn and co-workers • have formulated 

a relation between the electronic charge (q) removed from the valence 

shell of an atom and the energy shift (AE) of the core electrons of 

that atom: 

1 a 
(-- -)q 
r R 

(2) 

Here r is the radius of the valence shell, and a is the contribution 

to the Hadelung constant from the atom at the internuclear distance 

6 
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R. With this classical charged-sphere model a relation is expected 

between the measured core-electron binding energy and the valence-

electron charge density. 

In order to gain some insight into the effect lattice energies 

would have on any attempted correlation of measured core-electron 

binding energy with calculated atomic charge, it is useful to 

consider a certain thermochemical cycle. A thermochemical cycle 

can be constructed for the situation where an atom is bonded in an 

anionic, a neutral, or a cationic molecule in a crystal. We will 

consider only the first two cases in this section. 

For the anionic site case the following thermochemical cycle 

can be written (where we consider a lattice AX in which interchange 

of the cations and anions yields an indistinguishable lattice) 

rlat:ice) i::l:t:~:::.e-(Femi) 

A-(g)+ hol~e--~£--~•A*(g)+ hole+ e-(g) 

Here E8 is the measured electron binding energy referred to the 

Fermi level, U is the usual lattice energy, £ is a gas phase core-

electron ionization potential (an asterisk signifies that a core-

electron is missing), E is the lattice energy associated with 

putting A* (g) back into the lattice, and 0 
1 

is the work 
samp e 

function of the sample material. The energy (-0 1 ) is obtained · samp e 

when the electron is re-referenced from the vacuum level to the Fermi 

7 



.level. The binding energy in this simple model can be represented as 

E8 (anion) = U+£-E-~ 1 samp e 
(3) 

For the case of a neutral site we find using a similar thermochemical 

cycle that we have 

E8(neutral) = E bl +£'-E'-~ 1 su • samp e 
(4) 

Here the lattice energy U has been replaced by thesublimation energy, 

E bl 1 for a neutral molecule. su • 

Consider the hypothetical case of an anionic-site atom and a 

neutral-site atom where both atoms have the same effective valence-

electron charge densitye The difference in binding energies 

AE8=E8(anion)-E8 (neutral) would be given by 

(5) 

Since we seek only a qualitative understanding of the effects of 

lattice potentials on measured core-electron binding energies, 

we will assume that the two materials have the same work functions. 

This is necessitated of course by the lack of available data. 

Since the lattice terms E and E# are expected to be small (i.e., 

essentially sublimation energies) and comparable we will also 

neglect them. The difference in binding energies then reduces to 

8 
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6E •(U-E )+(£-E .. ) 
B subl. (6) 

The gas phase core-electron ionization potentials £ and E .. are 
. . 14 15 

influenced by the valence_charge density in. the molecule. • 

If as expected, they are dependent to first order on the immediate 

valence-electron density for a particular atom, then in our hypo-

thetical case (£-£ .. ):.!0 since we have assumed both atoms (i.e. 

the anionic site and neutral site atoms) have the same valence-

electron density. 

With all of these assumptions we conclude that EB for the 

anonic-site atom would be greater than EB for the neutral-site 

atom if both atoms have the same effective valence-electron density. 

However, extreme caution must be exercised in accepting this con-

elusion. Certainly the gas phase core-electron ionization potentials 

depend on more factors than merely the immediate valence-electron 

density around an atom. Many other factors will influence the 

core-electron binding energies. Nevertheless this thermochemical 

cycle approach is useful. In fact appropriate modifications of 

the cycle can give a cycle where a "thermochemical energy" cor-

responding to the core-electron binding energy for an atom in a 

compound can be calculated. This latter approach will be discussed 

in Section VII. 

9 
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IV. NITROGEN ls ELECTRON BINDING ENERGIES. 

In this 

extensive 

CORRELATIONS WITH MOLECULAR 
ORBITAL-CALCULATED NITROGEN CHARGES. 

A. Introduction 

section nitrogen ls binding energies are reported 

list of compounds. This compilation of nitrogen 

binding energies augments and to a certain degree overlaps the 

nitrogen 1~ binding energies of 
. 8 

Nordberg ~ .!.!. • Correlations 

for 

are 

established between nitrogen atomic charges calculated from CND016 

17 -
and extended BUckel molecular-orbital eigenfunctions. We use 

these correlations and the observed nitrogen 1~ binding energies 

for sodium oxyhyponitrite (Na2N2o
3

) to establish the structure of 

2-the N2o3 ion. In addition, we use binding energy data for some 

nitrogen-containing metal-coordinated ligands to characterize the 

bonding in the ligands. 

B. Calculations 

16 Molecular orbital eigenfunctions were obtained from CNDO 

and extended Hllcke117 calculations. In both cases computations 

were performed with a CDC 6400 computer using a Fortran IV program. 

Calculation details and required input data for the CNDO calculations 

are given in reference 16. In the extended RUckel calculations, the 

Coulomb integrals Hii' were approximated by the valence state 

ionization potentials calculated by Hinze and Jaffe:18 The arithmetic 

10 
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mean approximation for the off-diagonal elements of the Hamiltonian 

matrix was used: 19 

Here Sij is the overlap integral between the ith and jth atomic 

orbitals. 
\;5 

Net atomic charges were obtained by subjecting the extended 

20 Hllckel molecular orbitals to a Mulliken population analysis. 

(7) 

In the CNDO method there is no overlap population, and as such the 

net atomic charges are easily obtained from the appropriate diagonal 

elements of the charge .density .matrix. 

Cartesian coordinates for complicated .systems.were obtained 

21 22 from program PROXYZ, coupled with experimental or estimated 

molecular parameters. 

c. Results and Discussion 

Correlation ~ Atomic Charges - Extended Hllckel calculations 

were completed for 28 nitrogen compounds; the calculated nitrogen 

atom charges and the measured nitrogen 1~ binding energies are 

listed in Table I. Some binding energies determined in previous 

studies are also given with the corresponding calculated nitrogen 

charges. A linear correlation between 1.!, nitrogen binding energies 

and extended Hllckel-calculated nitrogen charges is demonstrated in 

Figure 2. 

11 



Compound 
Number 

1 

2 

3 

3 

4 

4 

5 

6 

7 

8 

9 

10 

11 

12 

13 

13 

14 

TABLE I. 

Nitrogen ls Binding Energies and Calculated Charges 

Compound 

NaN03 

NaN02 

Na2 (ON!_D 2) 

Na2 (0!_N02) 

Na(~!_N) 

Na(NN!'!) 

Na2N2o2 

KCN 

KOCN 

.£,-HOC6H4No2 

c6H5No2 

!!,-C5H110NO 

N2H
6
so

4 

(CHl)lNO 

_!H4No3 

NHtJ!OJ 

(CH
3

) 4NB
3
H

8 

Binding Energy, 

Calculated Nitrogen 
Atom Charge 

eV. CNDO Extended HUckelg 

407.4 +0.429 +2.557 

404.1 +0.100 +1.273 

403.9 +0.140 +1.749 

400.9 -0.195 -0.090 

403.7 +0.096 +1.066 

399.3 -0.548 -1.033 

401.3 -0.256 +0.175 

399.0 -0.518 -1.181 

398.3 -0.550 -1.572 

405.3a +0.353 +1.541 

405.1a +0.347 +1.613 

403.7a +0.288h +1.323b 

402.5 +0.094 +0.184 

402.2a +0.079 +0.520 

402.3 +0.039 -0.145 

407.2 +0.429 +2.557 

402.2 +0.185 -0.253 

12 
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Calculated Nitrogen 
Atom Charge 

Compound 
Number Compound 

Binding Energy, 
eV. CNDO Extended HUcke! 

15 NH
3

0HC1 402.1 +0.219 +0.612 

16 (CONH2)2 400.0 ~0.133 -0.550 

17 (NH2) 2CNCN 399.2(broad) -0.17 to -o.7i to c c -0.31 -1.56 

18 c6H5CN 398.4a -0.226 -1.356 

19 c5H5N 398.0a -0.166 -1.098 

20 KSCN 398.5 -1.672(-1. 711) 

21 NH3 (s) 398.8 -0.079 -0.914 

22 s4N3Cl 399.6 
d . -0.912,-1.03 

(-0.915,-0.984) 

23 NH
3

so
3 

401.8 -o. 2 6 2 < -o. 30 n 
24 c6H5CONH2 399.4 -0.238 -0.236 

25 (NPC12)
3 399.5 -1. 718(-1. 741) 

26 c
5
H

5
N•HC1 400.2 +0.035 -0.352 

27 BN 398.2 -1.4 
f 

28 Na3 (P02NH)
3 398.5 -0.971(-1.058) 

a Data of Siegbahn ~ .!!• 3 

b Charge calculated for CH30NO, the structure of which is known. 

c The four structurally-different nitrogen atoms of this molecule 
bear different calculated charges. 

d There are two different nitrogen atoms. 

e 0 

Calculated for rP-N • 1.50A. 

13 
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Treated approximately, see results and discussion section. 

Number in parenthesis is for case where 3~ orbitals are included. 
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The range of nitrogen 1~ binding energies covered by this 

correlation plot is approximately 10 eV., extending from the nitrate 

ion to pyridine. This is about the same range covered by Nordberg 

8 !! al in their correlation of nitrogen 1~ binding energy with 

fractional atomic charge calculated by a modification of Pauling's 

method. In the case of our extended HUcke! plot the correlation 

seems to be linear, whereas the correlation obtained by Nordberg 

et al shows curvature. In addition, the extended HUcke! calculations 

assign charges to the nitrogens in n-amyl nitrite, nitrite ion, 

cyanide ion and azide ion that· fit ·reasonably well· on-the line, 

whereas their fit on the modified Pauling plot is poor. It will 

be noted that the extended aUckel calculations give reasonably 

good fit for nitrogen molecules that contain sulfur or phosphorus 

atoms. In these cases it was found (See Table I) that inclusion 

of 3d orbitals on the sulfur or phosphorus atoms did not appreciably 

change the calculated nitrogen atom charges. 

There are qualifications that need be stated regarding two of 

the compounds. In the case of boron nitride the graphite-like struc-

ture was only approximated; only 24 atoms were considered in cal-

culating the charge on a central nitrogen atom. The crystal 

structure of compound 28, Na
3

(P02NH)
3

, has not been reported; we 

assumed a cyclic anion with the bond distances rN-H • 1.01 and 
0 

rp-o • l.SA, coupled with two different P-N distances, 1.5 and 
0 0 22 

1.7A (cf 1.65A for rP-N in (NPC12) 3 ). The calculations of the 

nitrogen charges gave for these two cases -0.971 and -0.984, 

respectively (without considering 3d orbitals on the phosphorus atoms) • 

. , 

16 
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The nitrogen charges obtained from the extended HUcke! cal~ 

culations range from -1.7 to almost +2.6. This range is to be con-

trasted with the much smaller charge range calculated from the 

CNDO molecular orbitals which were obtained for the same molecules 

(See Table I). 
. 23 ' .. · 

As noted earlier, the CNDO correlation plot 
. . . ' . . 

(Figure 3) shows two lines - one characteristic of anions, and the 

other characteristic of neutral molecules.and possibly cations. 

Two rationalizations can be formulated: (a) the two lines are 

merely an artifact of the CNDO method due to an inherent overemphasis 
! 

of electron repulsion in the CNDO calculations of anionic molecules; 

(b) the two lines are an indication of differing lattice potentials 
I . 

associated with a core-electron at either an anionic or neutral site 

(See Theory Section). 

It is difficult at this time to indicate clearly the cause of 

the two CNDO lines. The fact that the extended HUckel data show 

no indication of the same behavior can probably only be taken as 

evidence of the simplicity of the latter calculations, at least 

insofar as this version of the extended HUcke! method is concerned. 

3 Previous work by Siegbahn and co-workers have shown that the expected 

differences in crystal potentials do not appear in the measured 

values (i.e., s2P binding energies in a series of sulfates). 

This can also be seen in our N ls data for the three nitrates, 

compounds 1, 13, and 29. Even further evidence for this lack of 

expected lattice potential influence can be seen in the data for 

the series of nitrocobaltic ammines, compounds 33, 34, 36, 37, 

and 47. Throughout this series the measured nitrogen 1_! binding 

17 
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Compound 
Number 

29 

30 

31 

32 

33 

34 

35 

36 

37 

30 

38 

39 

40 

41 

42 

29 

43 

44 

trans 

trans 

trans 

19 

TABLE II. 

Nitrogen 1s Binding Energies 

Compound Binding Energy(ev) 

[Rh(NH3)6](N03) 3 . 407.3 

[Co(en) 2 (N02) 2]!03 406.8 

p-!!_02-c6a4CONH2 405~9 

[Rh(NH3)~02 )Br2 404.4 

Co(NH3) 3(N02) 3 404.1 

[Co(NH3 )~02 ]c12 404.0 

K[Co(NH3)2(N02) 4] 404.0 

K3Co(N02)6 
404.0a 

[Co(NH3) 4(N02) 2]so4 403.9 

[Co(en) 2 (!!,02)2]No3 403.8 

Na2 [Fe(CN) ~0] •2H2o 403.3 

S4N4 402.1 

[Co(NH3)s!!O]C12 402.0 

C6H5NH2NH2•HC1 401.4b 

K3 [Cr(CN) s!-0) 400.7 

[Rh(!!,H3)6](N03)3 400.7 

[Ir(NH
3

) 5Cl]Cl2 400.6 

~ ~ N-N-B-(-N- -) W(CO) NO 3 2 
400.6c 
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Compound 
Number Compound Binding Energy(ev) 

' 30 trans [Co(en) 2(N02) 2]N03 
400.4 

32 [Rh(NH
3

)5No2]Br2 
400.3 

45 s
4

N4•SbC15 
400.2 

46 s
7

NH 400.2 

40 [Co(NH
3

)
5

NO]Cl 2 
400.2 

33 Co(~H3) 3 (N02) 3 
400.2 

35 K(Co(!H3) 2(N02) 4) 400.0 

34 [Co(NH
3

)
5

No2]cl2 
400.0 

47 [Co(NH3) 6J2(so4) 3 
400.0 

48 [Co(NH3) 5Cl]Cl2 
400.0 

37 trans [Co(!H3) 4(N02) 2)so4 
399.9 

49 Cr(NH
3

)6cl3 
399.9 

31 p-No2-c6H4CO!H2 
399.6 

50 S4N4H4 399.5 

51 (NPC12) 4 
399.2 

52 ---K
3
-[-Cr--(-CN} 6] 398-.-6 

42 K
3

(Cr(CN) 5NO] 398.4 

38 Na
2

[Fe(CN)
5
N0]•2H20 398.2 

(I 

53 P3N5 397.8 

54 K
4

[Fe(CN) 6]JH20 397.6 I 

55 VN 397.2d 

56 CrN 396.6 



a 

b 

c 

' d 

,J 
1,.· 

\ 

A small peak attributable to nitrate impurity was observed 
at 407.0ev. 

Very broad peak. 

Only one relatively sharp peak observed. 

A decomposition product peak at 40l.Oev was observed. 

21 



energy for either the coordinated NH
3 

or N02- is approximately 

constant. There is little evidence of discontinuity in the binding 

energies at the transition from a neutral to an anionic site. 

Character of Metal-Coordinated Ligands - The power of the 

x-ray photoelectron method can be clearly seen in Figure 4, where 

we give the nitrogen 1~ spectrum of trans-[Co(en) 2 (N02) 2]No3 • 

Measurement of the nitrogen 1~ binding energy of various metal

coordinated ligands can give insight into the character of the 

ligands. The binding energies of some metal-coordinated ammonia 

groups are listed in Table II. Comparison of these nitrogen binding 

energies with those obtained for the free ligand and for the ammonium 

ion (See Table I) as it exists in NH4No3 shows that coordination 

of ammonia to Co(III), Rh(III), Ir(III), and Cr(III) gives partial 

ammonium-like character to the ammonia group. A similar result 

has been found for the triphenylphosphine ligand; the phosphorus 

2~ binding energies for coordinated triphenylphosphine and for a 

phosphonium ion were greater than for free triphenylphosphine 

(See next section). 

In the case of the nitro ligand, however, the nitrogen 1~ 

binding energies found for either NaN02 or for the metal-coordinated 

nitrite are approximately the same. Probably this can be explained 

by the metal-to-ligand w back-bonding operative in the metal

nitrite bond. This back-bonding would tend to keep the charge on 

the nitrogen atom approximately the same in the free and coordinated 

ligand. Considering the more extensive back-bonding expected in 

the metal-coordinated cyanide ion, it is heartening to see that 
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the nitrogen 1~ binding energy is appreciably lower for the cyanide 

coordinated to Fe(III), Cr(I) and Cr(III) than for the "free" 

cyanide in KCN. 

Another problem which can be studied by the x-ray photoelectron 

method is the determination of the character of the NO group in 

\ 24 ' various metal nitrosyls. There are four possible bonding situations: 

+ (a) lone pair donation to the metal from NO ; (b) lone pair donation 

from NO with the odd electron retained by the NO; (c) lone pair 

donation from NO-; (d) bridge bonding as encountered in metal 

carbonyl compounds. The majority of metal nitrosyls are believed 

to be best formulated with the (a) type of bonding. 

In Table II are listed the nitrogen 1~ binding energies for 

two metal nitrosyl cyanides, Na2 [Fe(CN)
5

N0]•2H
2
o and K

3
[cr(CN)

5
NO]•H2o. 

It can be seen that the CN- peak is relatively invariant to changes 

in the metal, whereas the NO peak shifts appreciably. This agrees 

25 with observations on the infrared spectra .of these compounds; that 

is, the CN stretching frequency is relatively unchanged as opposed 

-1 to the large change for the NO stretch frequency from 1944cm in 

-1 24 the formally Fe(II) compound to 1645cm in the Cr(I) compound. 

+ 25 Both of these compounds have been formulated as NO compounds, 

but their NO nitrogen 1~ binding energies clearly show that there 

is a marked difference in nitrogen charge in these two cases. It 

is a wellknown fact that the NO+ ligand has an empty 11'* orbital 

available for back-bonding from the metal and further that back-

bonding is greater in compounds with metals in lower oxidation states. 

The lower oxidation state in the case of the Cr(I) compound, indi-

24 
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eating greater back-bonding, would be a possible explanation for the 

3-apparently less positive NO nitrogen in Cr(CN) 5NO • 

However, consideration of the measured NO binding energy for 

the formally Co(III) compound, [Co(NH3) 5NO]Cl2 (black isomer), 

indicates a certain predicament. This diamagnetic compound has been 

. 26 
found to have a monomeric structure, and the Co-N bond distance 

3+ - . is reasonable for a Co -to-NO bond. The NO nitrogen is this 

cobalt compound would be expected then to possess the most negative 

nitrogen charge of these three nitrosyls, but if the binding energies 

are indicative, the cobalt compound is somewhat intermediate. 

Resolution of this problem will be best attained by carrying out 

more nitrogen binding energy measurements on metal nitrosyls, and 

possibly by studying the effective charges on the metal atoms. 

Structure~~ Oxyhxponitrite ~-Perhaps the most remarkable 

demonstration in this study of nitrogen compounds is the clear proof 

of the existence of structurally different nitrogen atoms·in the 

2-oxyhyponitrite ion, N2o3 • Various studies have been undertaken 

to differentiate between the possible structures of this ion, the 

three most probable structures being 

-O-N=N-0-0-

I II III 

27 Addison et al concluded that the ultra-violet.absorption spectrum 
. --

2- . 28 
of N2o3 indicated an NaN bond. Calorimetric measurements have 

25 



suggested the structure I as most probable, and the infrared spectrum 

. ' 29 
has been interpreted as having bands indicative of an -No

2 
grouping. 

The nitrogen 1~ photoelectron spectrum of Na
2

N
2

o
3 

(See Figure 5), 

with two peaks, clearly rules out structure II as a possibility. 

In order to distinguish between the two remaining structures, CNDO 

and extended HUcke! calculations were completed for the two geometries 

(varying the N-N bond distance in each case). The net nitrogen 

charges obtained from the calculations are given in Table III. 

Structure I is indicated by these calculations; indeed structure III 

would be predicted to show only one peak, for the two different 

nitrogens are predicted to have approximately the same charge. 

Finally it can be seen in Figures 2 and 3 that the points representing 

structure I do fit the correlation lines. Recently the oxyhyponitrite 

15 ion has been shown by asymmetric N-labelling to have two 

30 structurally-different nitrogen atoms. 
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TABLE III. 

Calculated Nitrogen Charges for Two Asymmetric 
Oxyhyponitrite Structures 

* Calculated Nitrogen Charges 

Structure CNDO Extended Hllckel 

I 1.30 0.133 -0.151 1.75 0.040 

1.50 0.147 -0.239 1.75 -0.090 

III 1.30 -0.158 -0.145 0.288 0.286 

1.50 -0.181 -0.188 0.198 0.254 

* For each molecular orbital methpd the net nitrogen charges, 

q1 and q2 , are given for the two structurally different 

nitrogen atoms in each structure. 
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V. PHOSPHORUS 2p ELECTRON BINDING ENERGIES. 
CORRELATION WITH EXTENDED HUCKEL CHARGES. 

A. Introduction 

Considering the extensive chemistry of phosphorus. it seemed 

that XPS would serve as a useful investigative tool. The successful 

correlation of nitrogen 1~ electron binding energies with nitrogen 

' . 16 
atom charges calculated from CNDO molecular orbital and extended 

17 BUckel molecular orbital (EHMO) eigenfunctions prompted a similar 

treatment of some phosphorus compounds. Phosphorus 2.£ electron 

binding energies are reported·for over fifty compounds. An attempt 

is made to correlate these binding energies with phosphorus atom 

charges calculated by the EHMO method. The simple EHMO method as 

well as an iterative variation31 of the.EHMO method are used to 

calculate the phosphorus atom charges, and the phosphorus atom input 

parameters are varied in an attempt to find the set which gives the 

best correlation of binding energy with calculated charge. 

B. Calculations 

Two basic modifications of the extended Hllckel molecular 

orbital method were used. In both cases computations were performed 

with a CDC 6600 computer using a Fortran IV program. The first 

17 modification was that formulated by Hoffmann. In the extended 

HUckel method no assumptions have to be made concerning hybridization. 

29 



The Coulomb integrals were approximated by valence state ionization 

18 potentials (vsip) as determined by Hinze and Jaffe~. The 

ionization potential for a phosphorus 3~ electron was taken as 

32 33 3.00 eV. Orbital exponents were secured by using Slater's rules 

except where noted. Calculations were completed with use of three 

variations for the offdiagonal Hamiltonian elements: the arithmetic 

mean (Equation (8)) 1 the geometric mean (Equation (9)), and Cusachs' 

34 approximation (Equation (10)). 

(8) 

(9) 

(10) 

Here Hii is the negative of the vsip and Sij is the usual overlap 

integral. 

The second modification of the extended HUcke! method used in 

31 this work was an iterative type. The Coulomb integrals were set 

equal to the negative of the appropriate neutral atom vsip's 

corrected for net atomic charge qi where K was taken as 2.00 eV. 

per unit charge. 

,,, 

(11) 
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The Slater exponents ~i were also taken as charge dependent, 

assigned by an extension of Slater's rules. 

Here n* is the effective principal quantum number and. ~io is the 

exponent for the ith orbital on a neutral atom. The net atomic 

(12) 

charges qi were obtained in each cycle by an application of 

20 Mulliken's population analysis. . In our self-consistent extended 

RUckel calculations we elected to use the Cusachs approximation 

(Equation (10)) for the off-diagonal Hamiltonian elements. The 

calculational procedure consisted of iterating until the atomic 

charges were self-consistent to at least 0.01. 

Cartesian coordinates were obtained from Program PROXYZ;
21 

the molecular parameters were obtained from crystal structure 

· determinations22 • 35 • 36 or from estimates. 

Phosphorus atomic charges were also calculated by the simple 
' 9 

Pauling method. The ionic character (lAB) of a bond between 

atoms A and B is taken as a function of the atom electronegativities 

(13) 

The atom electronegativities can be taken as charge dependent 

functions, the prescription for correction of neutral atom 

31 



electronegativities being simply that the electronegativity is 

increased 2/3 of the way to the ele.ctronegativity of the element 

next in the periodic table for each unit positive charge. Hydrogen 

cannot be treated by this simple correction formula, but it was 

found that the phosphorus charges in the molecules studied in this 

work were affected only slightly by correcting XH for charge by 

some reasonable amount. 

Within the valence-bond formalism the net charge qA on an atom 

A is given by 

(14) 

where QA is the formal charge on atom A and the summation is over all 

the bonds to atom A. The calculational process is iterative because 

of the charge-dependent atom electronegativities; "self-consistent" 

atomic charges result. In no case did we use a valence bond 

representation indicative of 3d phosphorus orbital participation as 

3 has been done in the case of sulfur compounds. 

C. Result and Discussion 

Correlation ~ Charges Obtained ~ Extended HUcke! Molecular 

Orbitals. - Phosphorus 2~ electron binding energies determined for 

over fifty compounds are listed in Tables IV and v. The range of 

binding energy shifts was found to be about 8 eV. In the case of 
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Compound 
Number 

1 

2 

3 

4 

5 

6 

7 

8 

9 

10 

11 

12 

13 

14 

15 

16 

17 

TABLE Ill. 

Phosphorus 2~ Binding Energies and 
Extended-Hllckel Calculated Charges 

Calculated Phosphorus Atom Charge 

Binding No~•Iteratived Iterativee 
Compound Energy eV. Without 32_ With 3~ With 3d 

NH4PF6 137.3 3. 723 3.806 2.505 

(NPC12)
3 134.5 2.321 2.277 0.961 

(CHlS2)2 133.4 1.502 1.591 0.764 

P4S10 134.0 1.515 1.390 

(C6H5)
3

PS 132.3 2.194 

+ n-(c4H9)4P C1- 132.3 l.t73 2.525 

(C6H5)3P 130.6 0.999 

P4S3 130.5b 0.324c 0.338c 0.;303c 

0.048 0.148 0.122 

p 
red 

130.lb 0 0 0 

KPF2o2 134.8 3.578 3.547 1.956 

(NH4)2PF0
3 134.1 3.490 3.443 1.815 

Na2H2P2o
7 133.9 3.387 3.387 1.767 

KH2Po4 133.9 3.669 1. 785 

(NH4)2CHlo3 133.8 2.905 3.041 1.435 

c6u5cH2P0
3

H2 133.8 2~846 . 3.284 

HOPO(NH2)2 133.6 2.832 3.083 1.465 

Na4P2o
7 133.3 3.374 3.354 
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Calculated Phosphorus Atom Charge 

Compound 
Number Compound 

Binding 
Energy eV. 

d Non-Iterative 
Without 3d With 3d 

Iterativee 
With 3d 

a 

b 

c 

d 

e 

18 Na
3

Pso
3 133.0 

19 Na
3

(P02NH)
3 133.0 

20 BaHP0
3 132.9 

21 (c
6
n

5
)
3

PO 132.7 

22 K2HP04 132.7 

23 KH
2

Po2 •n
2
o 132.4 

24 Nalo4 132.1 

25 P4S7 134.3 

132.7 

0 

Calculation with assumed rP-N=l.70A. 

2.936 2.622 1.361 

2.892a 3.062a 

2.844 2.790 1.420 

2.744 

3.621 2.001 

2.236 2. 201 1.189 

3.413 3.621 1.544 

1.370 

Oe266 

A second peak at 134.5 eV. was attributed to a decomposition 

product. 

There are two different types of phosphorus in P4s
3

; the more 

positive number in each case refers to the unique phosphorus 

atom. For purposes of plotting an average charge value was used. 

Completed using arithmetic off-diagonal approximation (Equation (1)). 

Charges are self-consistent to at least 0.01. 
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Compound 
Number 

26 

27 

28 

29 

30 

31 

32 

33 

34 

35 

36 

37 

38 

39 

40 

41 

42 

43 

TABLE V. 

Some Phosphorus 2~ Binding Energies 

Compound 

Mn(C0) 4P(C6H5) 3C1 

. a 
(cis-PP)Mn(C0) 3I 

Mn(C0)
3

(AP)Ib 

trans-Rh(CO)C1(P(C6H5) 3)2 

Tris a-napthy1phosphine 

ortho-[(C6H5)c6H5)3P 

P3N5 

(NaP03)3 

(NaP0
3

)
4

•4H
2
0 

P40H 

Phosphotungstic acid 

(C6a5o)l0 

(C6H5S)l 

Na
5
P3o10Form I 

NaP03 glass 

P4S5 

BP 

cis-PPa 

Phosphorus 2E Electron 
Binding Energy eV. 

131.2 

133.2 

133.0 

131.6 

130.9 

134.3 

133.2 

134.0 

134.1 

129.9c 

133.1 

133.0d 

134.2 

134.4 

133.6 

134.5 

132.0 

134.9(shou1der) 

129.5 

131.3 

132.6(shou1der) 
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Compound Phosphorus 2~ Electron 

a 

b 

c 

d 

e 

f 

Number Compound Binding Energy eV. 

44 PBr
5 

138.4e 

45 P0Br
3 134.4 

46 Riboflavin-5"-phosphate 133.5 

47 0-phosphoserine (dl) 133.5 

48 Barium Phosphoglyceric acid 133.5 

49 0-phosphothreonine (dl) 133.7 

50 0-phosphoethanolamine 134.1 

51 CrP 128.8f 

52 MnP 129.3g 

53 + -(C
6

H
5

cH
2

) (C
6

H
5

)
3

P Cl 132.5 

The ligand cis-PP is the bidentate 2-cis-propenylphenyldiphenyl-

phosphine. 

The ligand AP is the bidentate 2-allylphenyldiphenylphosphine. 

Two peaks observed for P
4

oH in the ratio of about 2:1, the lower 

binding energy peak the larger. See the discussion for further 

particulars. 

A second peak at 134.2 eV. was observed, attributed to something 

other than starting material, for peak increased between successive 

scans while the 133.0 eV. peak decreased. 

A second larger peak was found at 134.4 eV., probably assignable 

to the oxidation product POBr
3

• 

A second peak was observed at 133.8 eV., due probably to an 

oxidation product. 
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g A second peak was observed at 133.2 eV., due probably to an 

oxidation product. 
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twenty-five of these compounds, non-iterative extended HUcke! molecular 

orbital calculations were made by using Equation (8), both without 

and with 3d orbitals on the phosphorus atom. The resultant phosphorus 

atom charges are given in Table IV. It can be seen that the calculated 

phosphorus atom charge is, except in a few cases, unaffected by 

inclusion of 3d orbitals. 

In Figure 6 the measured phosphorus 2£ binding energies are 

plotted against the non-iterative extended HUckel-calculated 

phosphorus charges. The correlation of these two quantities can 

be seen to be poor. This is in contrast to our nitrogen work where 

a reasonably good correlation was found with the same variation of 

the non-iterative extended HUcke! method (i.e. the arithemetic mean 

off-diagonal approximation). Extensive modifications of the input 

data were tried (See Table VI). The phosphorus 3d orbital was 

contracted by arbitrarily assigning the Slater exponent a value 

37 of 1.6 (this value is in the range suggested by Fogleman~ al). 

The effect of this can be seen to be negligib~e for the series of 

molecules in Table VI. 

In the second modification the phosphorus 3~ orbital was 

contracted and its vsip was changed from 3.0 eV. to 7.0 eV. (see 

Column 3, Table VI). The resultant phosphorus charges were appre

ciably changed, but the correlation was !!£!. markedly improved for 

the seven compounds considered. The last two columns in Table VI 

list the phosphorus charges resulting from changing the input 

vsip's for the phosphorus 3~ and 3£ orbitals. Again, a plot of the 
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TABLE VI. 

Non-Iterative Extended HUckel-Calculateda 

Net Phosphorus Atom Charges Resultant From 

Various Input Parameter Hodifications 

Phosphorus Atom Charge and 
Input Parameter Modification 

JJ(P)d)=l.6 vsip(P3s)=l6.0 

Ho1ecu1e u(P3d)=l.6 vsip(P3~)=7.0eV. vsip(P3s)=17.0 vsip(P3~)=11.5 

= PF03 3.442 2.880 3.579 3.761 

Pso3'"' 2.746 1.943 2.881 3.096 

PF
2
o2 

- 3.554 3.057 3.683 3.858 

(CH3Ps2 )2 1.215 0.494 1. 709 2.022 

P4S3 0.260b -0.181 b 0.437b 0.690b 

0.019 -0.202 0.196 0.305 

-PF
6 3. 792 3.259 3.933 4.086 

= HP04 3.524 3.054 3.810 4.017 

a Equation (8) used for off-diagonal terms. 

• b See footnote c in Table IV. 
I 



data shows little improvement in the correlation. Finally. the 

character of the off-diagonal approximation used in our non-iterative 

extended HUcke! calculations was changed to both the geometric mean 

(Equation (9)) and the Cusachs variation {Equation (10)). The 

calculated phosphorus atom charges in a series of nine compounds 

for both of these approaches is given-in Table VII. The data 

obtained using the Cusachs and geometric mean approximations showed 

essentially the same correlation as found in Figure 6. 

It seemed at this point that the inability to obtain even a 

moderate correlation of measured phosphorus 2n binding energy with 

non-iterative extended HUckel-calculated phosphorus charge was a 

manifestation of some inherent problem(s) in the calculational 

method. This belief was nurtured. as stated above. by our success 

with nitrogen ls data as well as with boron 1~ data (See next section). 

Concerning the reality of phosphorus atom charges obtained from this 

38 simple extended HUckel method. Sichel and Whitehead have found 

a good linear correlation of the phosphorus nuclear magnetic resonance 

chemical shifts of the methylphosphines with calculated charges on 

phosphorus. Unfortunately this is not a diversified series of 

phosphorus compounds. An attempt to correlate the phosphorus charges 

39 given in Table IV with reported phosphorus chemical shifts was a 
I 

marked failure. This failure could he attributed either to some 

inadequacy in the non-iterative extended HUcke! method (applied to 

phosphorus compounds) or more probably to differing average electronic 

40 excitation energies throughout the series of molecules. 
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TABLE VII. 

Non-Iterative Extended Hllckel-Calculated 

Net Phosphorus Atom Charges Resultant From 

Two Off-Diagonal Approximations 

Phosphorus Atom Charge 

Molecule Geometric Hij 
a Cusach's Hij 

b 

-PF2o2 4.191 3. 739 

... 
PFO . 

3 4.131 3.676 

PSO = 
3 3.610 3.205 

(CH
3
Ps2) 2 2.963 2.182 

P4S3 0.993c 0.870 

0.464 0.276 

-PF
6 4.574 4.198 

= HP04 4.402 4.068 

PO :: 
4 3. 727 3.305 

a Equation (9). 

b Equation (10). 

c See footnote c in Table IV. ; 



Considering the distribution of points in Figure 6 9 it is 

interesting to note that compounds 10-24 are molecules containing 

P-o bonds. Perhaps the simple extended RUckel method has tended 

to overemphasize the polarity of these P-0 bonds and as such has 

assigned excessive positive charge. to the phosphorus atoms. It 

does seem unrealistic that the phosphat~& 13, '22,· and 24 should have 

essentially the same net phosphorus . charge"s as that obtained. for 

the hexafluorophosphate ion (1). Some support for this proposal 

of overemphasis of P-0 bond polarity can be gained by reverting to 

9 two variations of the Pauling method of calculation of net atomic 

charges. 

In analogy with our non-iterative extended RUckel calculations, 

phosphorus charges for the compounds in Figure 6 were obtained by 

a straightforward application of Equations (11) and (12), using 

neutral-atom electronegativities. The resultant charges are plotted 

in Figure 7 !!• the phosphorus 2.I?. binding energies. The similarity 

of distribution of points in Figures 6 and 7 is striking. If the 

other modification of the Pauling method is invoked we would expect 

this iterative "self-consistent" method to accomplish two goals: 

1) overall decrease in all net charges, and 2) reduction in tendency 

to overemphasize particular bond polarities. In Figure 8 we can 

clearly see that the first expectation is met; the phosphorus 

charge range is essentially halved from that in Figure 7. The 

improved correlation depicted in Figure 8 tends to support the 

second expectation. 
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Having accepted this interpretation of the lack of correlative 

ability, it seemed reasonable that a more modern version of the 

extended HUcke! method would be warranted, a version where the 

31 Hamiltonian is charge dependent. Using charge-dependent valence 

state ionization potentials (Equation (11)) coupled with the Cusachs 

approximation (Equation (10)) for the off-diagonal Hamiltonian 

terms, we obtained the phosphorus charges given in Table IV. 

All phosphorus charges are appreciably reduced when using this 

iterative extended HUcke! method. In fact the same order of 

reduction occured in this case as with the simple Pauling method. 

Unfortunately, these self-consistent extended HUckel-calculated 

phosphorus charges gave little improvement in the correlation with 

phosphorus 2£ binding energies (see Figure 9). 

Although at this point one might tend to lose hope of obtaining 

a good correlation, it must be remembered that the iterative 

extended Hllckel method used here still contains a gross approximation. 

The charge correction of all vsip's by the same factor seems 

unrealistic. A better approach would be to use valence orbital 

ionization potentials, which have been tabulated for the atoms as 

41 a function of charge and configuration. 

Electronic Structure of Phosphonitrilic Chloride Trimer. -

As a by-product of this study we obtained an extended HUcke! 

description of the cyclic phosphonitrilic chloride trimer (NPC12)
3

• 

Calculations were completed with use of a planar structure for 

22 (NPC1 2) 3 coupled with known molecular dimensions. Two different 
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descriptions have been given for the electronic pi system above and 

below the plane of the ring. Dewar et a142 concluded that there are 

"islands" of 'II' character, each involving three-centered w-bonds 

centered at a nitrogen atom. 43 Craig and Paddock suggested unequal 

participation of the 3d and 3d (the molecular plane is the x-y --xz -yz 

plane) orbitals would result in a continuous pi molecular orbital 

around the ring. 

The 'II' type (e ~/and a
2
// in n

3
h) molecular orbitals resulting 

from both the non-iterative and iterative extended HUcke! treatments 

showed unequal 3d and 3d participation, in agreement with the -xz -yz 

suggestion of Craig and Paddock. The 3d participation was somewhat 

greater in the iterative case. In both cases the molecular orbital 

ordering was found to be ••••• ; '" I/ N * , * e (2)e (2)a2 (2)a2 a1 • • • • • • 

The ionization potential of (NPC1
2)

3 
has been determined to be 

44 10426 eV., which compares with the eigenvalue of the highest 
,.. 

filled orbital, a 2 (-12.00 eV. in the iter~tive calculation). 

The electronic spectrum of (NPC1)
3 

has a broad peak at 199m~(6.23 

eV.). 45 The iterative calculations predict an 1E (a;~ eN) 

transition at 8.77 eV. consisting essentially of the transition of 

a nitrogen 2~ electron into the phosphorus 3~ orbitals. 

Decompositions. In the case of some of the compounds studied 

two peaks were observed in the P2£ spectrum where only a single 

peak was expected. It was usually easy to assign the peak arising 

from the compound under study, either by peak position or by 

observing a change in the relative areas of the two peaks. Both 

I ,, 
'I I 
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elemental red phosphorus and tetraphosphorus trisulfide (see Table IV) 

gave a second peak at 134.5 eV. in addition to their assigned peaks. 

In each case the assignment was made ori the basis of peak position, 

since little time dependence was noted in the spectrum. For red 

phosphorus the decomposition peak was the larger, whereas the opposite 

was found for P
4
s

3
• This probably parallels their reactivities with 

water vapor; red phosphorus reacts slowly with water vaper and oxygen 

at normal temperatures, while under "ordinary conditions" P4s
3 

is 

46 unaffected by exposure to the atmosphere. In fact the red phosphorus 

oxidation is accelerated markedly by small concentrations of silver 

' . 47 
(we used silver-based conducting tape!). The decomposition 

product in each of these cases is then a mixture of the oxyacids 

of phosphorus, which probably had formed on the surface before we 

loaded the samples into the spectrometer. 

The appearance of two peaks (see Table V) in the spectra of 

the metal phosphides CrP and MnP is not easily explained. Hydrolysis 

of a phosphide should give only gaseous phosphine, but apparently 

there was some surface oxidation. 

Two phosphorus peaks would be expected for the compound P40H 

48 probably in the ratio of 3:1. As noted in Table V a sample of 

P40H (1 day old) gave two peaks in the ratio of 2:i with binding 

energy values of 129.9 and 133.1 eV, respectively. A portion of 

the same sample was stored for a week in a capped bottle and the 

phosphorus spectrum rerun. Two peaks were again found, still in the 

ratio of 2:1. The smaller peak, however, had moved to a binding 
I 
I 
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energy of 134.0 eV while the larger peak remained fixed. The 

sample was then kept in air overnight and the phosphorus spectrum 

rerun. This spectrum showed peaks at 130.0 and 134.0 eV binding 

energy in the ratio of .1:1. Apparently we were observing initially 

the P40H 3:1 pattern with some surface (or bulk?) impurity. 

A£~lications. The effect of metal coordination on the charge 

of a ligand atom can be studied by this method. From the measurements 

on triphenylphosphine, the triphenylphosphine coordinated complexes 

(Table V, compounds 26 and 29), and the phosphonium salt, compound 

53, it can be seen that coordination of the triphenylphosphine ligand 

decreases the charge on the phosphorus atom. This is analogous to 

res~lts obtained for the NH3 ligand (See previous section). 

Unfortunately it does not seem that at present phosphorus 

photoelectron spectroscopy on biological compounds will ~e definitive, 

at least insofar as the type of phosphorus atom is concerned. This 

can be seen by the small changes in binding energy for the compounds 

46-50 in Table II. 

' 
'· 
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VI. MISCELLANEOUS CORE-ELECTRON 
BINDING ENERGIES. 

A. Introduction 

Reasonably good core-electron binding energy vs. molecular 
,- -

orbital-calculated atom charge correlations were established iri 

Section IV for nitrogen compounds, whereas only limited success 

was found in a similar treatment of phosphorus 2E electron binding 

energies (see Section V). In this section we report boron ls 

electron and chromium 3E electron binding energies and an attempt 

is made to establish correlations between these core-electron binding 

energies and boron and chromium atom charges calculated by various 

molecular orbital methods. A CNDO correlation plot is also generated 

for some carbon ls electron binding energies that were determined 

. 49 
recently. 

B. Calculations 

Boron and carbon atom charges were calculated by the CNDO and 

Eill10 methods in the same manner as outlined for nitrogen compounds 

(see Section IVB). 

Simple iterative extended AUckel molecular orbital calculations 

were completed for a few chromium molecules. Coulomb integrals for 

ligand orbitals were set equal to the negative of the appropriate 

18 neutral atom vsip's, corrected in each cycle for net atomic 
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charge qi. 

0 
Hii = Hii - {2.0 eV/charge)qi {11) 

Metal coulomb integrals {except where noted) were calculated for a 

' 1 h i i d5 fi . 41 h i neutra c rom urn atom n a p con gurat~on c arge correct on 

of these values was completed using equation (ll)on each iterative 

cycle. Both the metal and ligand orbital exponents were t~ken as 

33 neutral atom orbital values, ~i' {assigned by Slater's rules ) 

corrected for charge. 

{12) 

* Here n is the effective principal quantum number. The off-diagonal 

34 Hamiltonian elements were assigned by Cusachs' approximation 

{10) 

Net atomic charges qi were obtained in each cycle by an application 

20 of Mulliken's population analysis. Iterations were made on the 

chromium compounds until the atomic c~arges were self-consistent to 

at least 0.05. 

21 Program PROXYZ was used to obtain cartesian coordinates 

when necessary; the molecular parameters were obtained from crystal 

22 structure determinations or from estimates. 
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Ce Results and Discussion 

' ' 

Boron Compounds. Boron 1~ electron binding energies have 

been measured for some 25 compounds and are listed in Tables VIII 

and IX. The range of boron 1~ shifts is 8.4 eV~, which is comparable 
' .. 

to the observed phosphorus 2E shift range (=8.5 eV., see last section). 

Larger shirt ranges have been observed for nitrogen (=10.8 eV., see 

Section IV), carbon (=15.9 eV.), 49 and sulfur (=15 eV.). 1•50 

Simple extended HUcke! molecular orbital (EHMO) calculations 

were completed for 12 of the boron compounds. A reasonably good 

correlation between measured boron ls electron binding energy and 

boron atom charge resultant from the EHMO eigenfunctions is depicted 

in Figure 10. The tetramethylammonium salt of the octahydrotriborate 

ion (B3H8-) with two geometrically-different barons gave a single 

boron 1,! peak with no structure (peak was broad) and as such only 

a single point represents this ion in Figure 10. The boron atom 

charges (via the EHMO method) range from near neutrality in the 

borohydrides to almost +2.4 in BF
4
-. 

In our nitrogen studies we found that the EHMO method tended 

to overemphasize charge separations in molecules. The CNDO nitrogen 

atom charge range was 4-5 times smaller than that obtained by the 

EHMO method for a series of nitrogen compounds. CNDO calculations 

were completed for some of the boron compounds treated by the EHMO 

method. The results are given in Table VIII. Again the calculated 

CNDO atom charge range is 4 times smaller than that obtained using 
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TABLE VIII. 

Boron 1~ Binding Energies and Calculated Charges 

Number Compound 

1 NaBF
4 

2 (CH
3

)
3

NBF
3 

3 B(OH) 3 

4 NaBH(OCH
3

)
3 

5 Na
3

B
3
o6 

6 p-F-c6 H4 B (OH) 2 

7 p-Cl-C6H4B(OH) 2 

Binding Energy, 
eV. 

195.1 

193.8 

193.2 

192.3 

192.2 

191.9 

191.9 

Calculated Boron 
Atom Charge 

CNDO Extended HUcke! 

+0.754 +2.361 

+0.756 +2.161 

+0.651 +2.122 

+0.404 +1. 724 

+0.321 +2.098 

+0.498 +1. 715 

+1. 713 

8 [C2H5B-(~) 3-BC2H5 ]PF6 191.9 +1. 228 

9 · BN 190.2 +1.48 

10 K2BH3co2 187.5 -0.024 

11 (CH3 )4NB3H8 187.4 +O.l65a +0.518a 
-0.007 +0.078 

12 NaBH4 187.4 o.ooo +0.138 

13 B 187.5 :o :o 
amor. 

a There are two structurally-different B atoms in the B
3
H

8
-ion; 

the first boron charge refers to the unique boron. For purposes 

of plotting a weighted average was used. 
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Compound 
Number 

14 

15 

16 

17 

18 

19 

20 

21 

22 

23 

24 

25 

TABLE IX. 

Boron 1~ Binding Energies 

Compound 

Na2B4o
7

•10H
2
0 

r(') ~ . 
N-N-B- ( - ) -\i(CO) (NO) 3 2 

(CH3)4N[(8,9,12-Br3-1,2-B
9
c2H8) 2Co] 

Cs[Co(1,2-B
9
c2H10-8-S) 2] 

Rb[Co(1,2-B
9
c2H11 )B8C2H10] 

c
2
B

9
n

11
.c

5
H

5
N 

Cs[(1,2-B
9
c2H11 )2Co] 

B10H14 

Na2B12H12 •xH20 

NaB(C6H5)4 

Cs2B10H10 

B4C 

Binding Energy, 
ev •. 

192.8 

191.9 

189.5 

188.9 

188.4 

188.4 

188.2 

188.0 

187.7 

187.7 

187.6 

186.7 
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the simple EHMO method are probably the result of using charge 

independent Coulomb integrals. 

A good correlation exists between the measured boron ls binding 

energies and the CNDO-calculated boron charge as can be seen in 
. . 

Figure 11. Using this CNDO corn~lation line and the boron binding 

energy for BN we infer a boron ch~rge of +o.29. The measured 

nitrogen 1!_ binding energy for BN correlates with (using neutral 

CNDO line) a nitrogen charge of -0.25. This is good indication of 

' . 
internal consistency. Unfortunately, not enough boron compounds. 

. . 
were secured to enable completion of a sufficient number of CNDO 

calculations to check for two lines (one characteristic of anionic 

and the other neutral molecules) as had been observed in our nitrogen 

work. It is interesting to note iri Figure ll'that the three neutral 

molecules (2, 3, and 6) fall belowthe line. Perhaps the boron 

binding energy given for amorphous boron is too high due to surface 

oxidation. 

For all of the compounds listed in Table IX it was possible to 

detect only a single relatively sharp boron peak. The carboranes 

(compounds 16-20) have geometrically different boron atoms, but in 

an unsubstituted carborane (as in compound 20 where two 1,2-dicar-

bollide ions are bound to a single cobalt atom) delocalization of 

charge would be expected to eliminate any divergence of boron 

charges. It can be seen that as we substitute one S atom for a 

H atom on the 1,2-dicarbollide ion (as in compound 17) the boron 

1!_ binding energy is increased appreciably. Substitution of three 
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bromines for three hydrogens on this same cage increases the boron 

binding energy even more. Still only one sharp peak can be found 
. . 

for compound 16; the conclusionmust be that delocalization of 

charge is operative in this 1,2-dicarbollide cage. 

C~rbon Compounds. 
49 . 

Nordberg~~ have recently reported 

carbon 1~ binding energies: They found that the carbon binding 

energies correlated with carbon fractional atomic charges calculated 

by a modification of Pauling's method and with carbon atom cha'rges 

secured from simple EHMO eigenfunctions. In an attempt to remove 

some of the scatter observed in their EHMO correlation, Nordberg ~ al 

took account of the potential afforded the carbon 1!, electron by 

neighboring atom charges. An improved correlation was obtained. 

However, various objections can be raised to this procedure. The 

carbon atom charges from the EHMO method are unrealistic and as such 

could easily introduce scatter in any expected correlation with 

measured binding energies. In fact the theoretical justification of 

the core-electron binding energy !!• ground state valence charge 

correlation has not been adequately developed. All of the factors 

influencing the core-electron binding energy of a particular solid 

are not known. 51 Surely Koopman's theorem does not hold and the 

molecular orbitals of the ionized molecule are not those of the 

parent molecule. Correlation of a ground state property (i.e. atom 

charge) with a measured solid state (or even gaseous) core-electron . 

ionization potential is not obvious. 

CNDO calculations were completed for some of the compounds 

59 



treated by Nordberg .!.!. al. The results are given in Table X. 

The carbon ls binding energies for these compounds are plotted vs. 
~ -.-

the CNDO-calculated carbon charge in Figure 12. In the cases of 

CF
4 

and CHF
3 

the binding energies obtained by P"rof. D. Thomas 

(measured both ~· Xe as well as in mixtures wiith CH4) 52 were 

·found to fit the correlation and a~ such were uised in place of 

the values given by Nordberg .!.!, al. Two points can be made. 

First, the CNDO carbon charges seem more realistic.than those 

obtained by the EllHO method. Second, a somewhat different dis-

tribution of points results in the CNDO correlation plot. Only 

two points fall off the line (i.e. not within experimental uncertainly), 

the points for KCN and Na
2
co

3
• The seemingly improved correlation 

using CNDO charges needs to be checked by completing further 

calculations on more molecules. 

Chromium Compounds. Chromium 3~ electron binding energies are 

given in Table XI for a series of chromium compounds. Qualitatively 

the chromium 3j! binding energy increases with increasing oxidation 

state, the exception being Cr(C0) 6• These chromium 3_2. binding 

energies are some~1at more difficult to obtain than nitrogen, carbon, 

phosphorus or boron core electron binding energies. The lower 

energies associated with ionization of a chromium 3z electron gives 

a lower photoionization cross section when using the same x-radiation. 3 

Perhaps even more troublesome is the asymmetric background due probably 

to bremstrahlung (inelastically scattered electrons). 

Some preliminary iterative extended HUcke! calculations, (see 
\ 
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Compound 
Number 

1 

2 

3 

4 

5 

6 

7 

8 

9 

6 

10 

4 

11 

12 

13 

10 

14 

15 

12 

9 

TABLE X... , 

Carbon ls Binding Energies and Calculated Charges 

Compound 

CF4 

CF20 

CF
3

H 

£F3COCH3 

co2 

.fF 3co2Na 

NaHC0
3 

Na2co3 

CH~02Na 

CF3fp2Na 

CH3£,02Na 

CF~OCH3 
NH4Hco2 

CH~OCH3 
CH20 

.£H3co2Na 

CH4 

KCN 

fl(
3

COCH
3 

' 

£H3co2H 

Binding Energy, 
· eV.a 

300.7 (296.1 b) 

294.1 

295.1 (293.5b) 

292.8 

292.5 

292.3 

290.2 

289.7 

289.1 

289.1 

288.8 

288.7 

288.6 

288.0 

287.9 

285.0 

285.0 

285.0 

284.9 

284.8 

CNDO-Calculated 
Carbon Atom Charge 

+0.831 

+0.720 

+0.656 

+0.637 

+0.576 

+0.569 

+0.409 

+0.226 

+0.437 

+0.401 

+0.320 

+0.363 

+0.318 

+0.302 

+0.329 

+0.072 

+0.098 

-0.482 

+0.098 

+0.125 
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a 

b 

Binding energies taken from reference 49 except where noted. 

Professor D. Thomas (Princeton University), unpublished work. 
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TABLE XI. 

Chromium 3~ Binding Energies 

Compound Binding Energy, eV. 

K2cr2o
7 48.7 

Cro3 48.2 

Na2Cr04•4H20 47.9 

Cr2 (so4)3•xH20 46.9 

Cr(C0) 6 45.8 

[Cr(H2o) 6](N03) 3•3H2o 45.4 

Crcl3•6H2o 45.4 

[Cr(H2o) 5Cl]Cl2 45.2 

K3[Cr(CN) 6] 44.8 

K3(Cr(CN) 5NO] 44.8 

Cr(NH3)6c!3 44.7 

cr2o3•xH2o 44.6 

trans-[Cr(H2o) 4cl2]cl 44.5 

Cr2 (CH3co2)4 (H2o) 44.5 

Cr foil(unreduced) 43.9 

cr2o3 43.5 

CrN 43.2 

Cr foil(reduced) 43.2 
.. 



calculation section) were completed for a few of the chromium com-

pounds; the results are given in Table XII. In all cases the 

configuration of the chromium atom was assumed and the calculations 

were iterated until all atom charges·in the molecule were self-

consiste'nt to within 0.05. Two modifications of the metal input 
< r 

parameters were considered ....... one using Slater orbital exponents 

coupled with neutral atom chromium valence orbital ionization 

5 potentials for d p configuration (see reference 41) and the other 

where essentially the metal orbital exponents were changed. In 

both cases (see Figure·l3) only a moderate correlation between 

chromium 3J! binding energy and calculated chromium atom charge was 

found. Ultimately this type of correlation should be useful for 

many aspects of transition metal chemistry. Similar studies of 

53 iron compounds are currently in progress, with particular emphasis 

being placed on elucidating the character of iron in certain 

biologically-important molecules. 

The chromium 3J! binding energies of K
3

[Cr(CN)
6

] and K
3

[Cr(CN)
5

NO] 

are the same and as such one would favor considering the later 

54 compound as a formally Cr(III) compound contrary to the usual. 

Balance of charge would require a formally NO- group. This agrees 

with our nitrogen ls work where we found the charge on the NO-nitrogen 

in K3[Cr(CN)
5

No] to be too negative to be considered formally 

as NO+. 
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Molecule 

cr2o7 
2-

2-cro4 · 

Cr(CN) 6 
3-

Cr(C0) 6 

TABLE XII. 

Iterative Extended HUckel-Calcu1ated 

Chromium Atom Charges 

Calculated Chromium Atom Charges 

d5p 5 modifiec:l d p 

configuration a configuration 

2.526 2.741 

2.430 2.618 

2.055 1.598 

1.500 1.400 

b 

a Slater exponents used, Hii for metal: 3d(-8.40 eV.), 4s(-8.01 eV.)I 

5 and 4p(-3.52 eV.) as per reference 11 .for neutral-atom d p con.-

figuration. 

b Metal orbital exponents: 3d(2.22), 4s and 4p (0.733). Hii for 

metal: 3d(-8.40 eV.), 4s(-9.27 eV.), and 4p(-3.52 eV.). 
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in Core-Electron Binding Energies 
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Abstract: By making several approximations, it is possible to 

calculate, from available thermodynamic data, a "thermochemical 

energy" corresponding to the core-electron binding energy for an 

atom in a compound. For a given element, such calculated "thermo-

chemical energies" are linearly related to experimental binding 

energies. Thus it is possible to estimate thermodynamic data from 

binding energies, and vice versa. The principal approximation 

made in these calculations is that atomic cores which have the same 
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charge are chemically equivalent. The relatively small shifts in 

core-electron binding energy observed for an atom in a particular 

cation or anion in a series of salts are explicable in terms of 

lattice energy considerations. 
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I. Introduction 

Atomic core-electron binding energies for solid compounds can be 

measured by x-ray photoelectron spectroscopy with a precision of 

±0.2 eV. and, for a given element, have been shown to change as 

1 much as 15 eV. with changes in chemical environment. The binding 

energies correlate with the oxidation states of the element or, 

better, with the estimated atomic charges: the higher the effective 

charge on an atom, the higher the binding energy. This correlation 

is intuitively reasonable because one would expect that it would 

be easier for an electron to leave an atom which has a negative 

charge than one which has a positive charge. Inasmuch as several 

fairly simple methods are available for estimating atomic charges, 

correlations of this type are easily made and have been used to 

1-4 infer structural information about compounds. However there 

are at least two deficiencies in the use of these atomic charge-

binding energy correlations. 

First, in plots of core electron binding energy ~· estimated 

atomic charge, the points are scattered fairly widely from a smooth 

curve or straight line, suggesting that there is not an exact one-to-

5 one correspondence between binding energy and atomic charge. 

The fit of the points in such plots is only slightly improved by 

using more sophisticated methods for estimating atomic charges. 

'fhis slight improvement can be seen by comparing the plots of 

nitrogen ls binding energies~· nitrogen atom charges calculated 
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by Pauling's method, by an extended Hllckel MO method, and by the 

CNDO method. 1 •2 •4 

Second, the available approximate methods for estimating 

atomic ·charges (including those mentioned above) yield markedly 

different values. Thus, although a rough correlation can be obtained 

using charges consistently calculated by any one method, and 

although that empirical correlation can be very useful in structural· 

studies, one obviously cannot attach fundamental or quantitative 

significance to "experimental" atomic charges derived from measured 

binding energies. 

In this paper we shall consider several ways of splitting up 

the x-ray photoelectric process into constituent steps. We shall 

show that for one of these ways the estimated energies of certain 

steps correlate closely with the experimental binding energies. 

II. The Inadesuacy of the Conce£t of Fractional 

·Atomic Charge 

Let us consider the promotion of a core electron from a par-

ticular atom, M, in a crystalline solid to the. Fermi level of that 

solid. Let us assume that we are able to calculate for this atom a 

charge, z, which in general 

binding energy of a gaseous 

will be a non-integer. The core-electron 

atom possessing a charge z ~s a quantity 
\ 

which is a smooth function of z and which can be estimated fairly accu-

6 
rately. However, this gas-phase binding energy is just one of 
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several energy terms whi~h must be summed in order to evaluate the 

binding energy for the atom in the solid. The sum of the following 

processes corresponds to the desired process. 

z z M (lattice) +M (g) (1) 

(2) 

(3) 

e- (g) + e- (Fermi) (4) 

z z+l* -M (lattice) + M (lattice) + e (Fermi) (5) 

In these equations, the asterisk indicates that the atom is lacking one 

core electron, and e-(Fermi) refers to an electron at the Fermi energy 

level in the solid. As we have pointed out, the energy of process 

2 is calculable. The energy of process 4 corresponds to the work 

function of the solid and is a difficult quantity to estimate. 

Probably the best one can do is to assume (or to hope) that the work 

function is relatively small and that it does not change much on 

going from one solid compound to another. 

The energies of processes 1 and 3 are large "lattice energies" 

of a rather unusual type, and at present it is almost a hopeless task 

to estimate these quantities with an accuracy comparable to that of 



7 6 the experimental binding energies. Fadely ~ al assumed that 

"lattice energies" of this type could be calculated by considering 

only coulombic interactions. They essentially adjusted the atomic 

charges so that the calculated energies for processes 1, 2 and 3 

were consistent with the experimental binding energies. 

For the atoms of a given· element in'~ random set of compounds 

(e.g., for the nitrogen atoms in NH
4
Cl, NaNo

2
, pyridine, etc.) these 

"lattice energies" for processes 1 and 3 are not simply related to 

the magnitude of z, the charge on the atom. In fact if one were to 

find two entirely different compounds in which the nitrogen atoms 

had almost identical charges, it is. probable that the combined 

energies of processes 1 and 3 would be quite different for the com-

pounds. Thus, although the energy of process 2 correlates with z, 

there is no reason to expect anything better than a rough correlation 

between the energy of process 5 (the binding energy) and z. 

III. A Scheme Involving Neutral and Integrally-Charged Species 

Let us now consider another general method for dividing up 

the process corresponding to the promotion of a core electron to 

the Fermi level in a solid. In this method the atom in question is 

either assigned an integral charge or is considered as part of a 

neutral molecule or an integrally-charged ion. We can use the same 

set of equations (1-5) that was used when considering fractionally-

charged atoms, except that now z must be zero or a positive or 
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z negative integer and now M can represent a molecule or ion. 

In process 1 we remove the molecule or ion from its site in 

the crystal lattice. In process 2 the core electron of the atom 

in question is ejected from the gaseous species. (as before, the 

asterisk indicates a core-electron hole in the atom.) Then in 

. z+l* process 3 we insert the M group into the lattice site previously 

z occupied by the M group, and in process 4 we place the electron 

into the Fermi level of the solid. The energy of process 5 is the 

experimental binding energy. 

Our aim is to devise a general method for estimating the 

energies of the four processes which comprise process 5 in the hope 

that the sum of these estimated energies is a quantity that correlates 

well with experimental binding energy for a given element in a series 

of compounds. 

It will be noted that process 4 has exactly the same significance 

that it had in the preceding scheme for dividing up the x-ray photo-

electric process. Again, because of our inability to predict the 

Fermi energy levels ina wide variety of solids, we are forced to 

assume that the energy of process 4 (the work function for the sub-

stance) does not markedly vary on going from one compound to another. 

In the following paragraphs we shall describe a general method for 

estimating the sum of the energies of the three remaining processes 

(1, 2 and 3). \"e shall use, as illustrative examples, the process 

corresponding to the removal of nitrogen ls electrons from ammonia 

and sodium nitrite. 



+* . . 
NH

3 
(lattice) + NH

3 
(lattice) + e- (Fermi) 

* N0
2

- (lattice) + N02 (lattice) + e -(Fermi) 

Process 1. - Our estimate of the energy of process 1 depends 
z . . 

on whether M is situated in the bulk of the crystal lattice o·r 

near the surface. In view of the absorp.tion of x-rays by matter, 

the x-ray photoelectric process might be expected to occur principally 

near the surface of the solid. 
. 1 

However, Siegbahn !! al. have 

shown that x-ray photoelectrons are emitted 'in solids from a surface 
0 

layer about 100 A thick. Photoelectron emission is clearly not 

limited to the outer few AngstrHms, because if that were the case 

then the contribution of process 1 to the binding energy would be 

expected to range from one-half the lattice energy (for transitions 

at the surface) to almost the full lattice energy (for transitions 

within the crys~al). Consequently the spectra would be expected 

to consist of broad bands. with half-widths as great as 10 eV. 

Inasmuch as relatively sharp spectraare actually observed, we 

believe that most of the transitions occur in the bulk of the crystal. 

If Mz is a neutral molecule, the energy of process 1 is twice 

the sublimation energy of the compound. If Mz is an ion in a crystal 

lattice with counter-ions of charge -z, the energy of process 1 is 

9 the lattice energy of the compound. Therefore we write the following 

equations for this process for NH
3 

and NaN02" 
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+ -NaN02 (s} + Na (g) + N02 (g) 

Process 2 and the Concept of "Equivalent Cores". -We assume 

that when the core electron of the atom in question is ejected from 

z the species M in process 2 1 the valence electrons adjust to the 

increase in charge of the atom's core. (Later we shall consider the 

justification for this assumption in detail.} Now if we make the 

approximation that cores which have !!!.! .!!.!!!! charge !!.! chemically 

equivalent, then we conclude that the increase in the atom's core 

charge by one unit correspon.ds to the replacement of the atomic 

nucleus by a nucleus of the next element in the periodic table. 

In the particular cases under discussion, the practical result of 

this approximation is the realization that the radicals NH
3
+* and 

+ N02* are equivalent to the species OH
3 

and o
3

, respectively, as 

far as the valence electrons are concerned. On this basis we assume 

that the energies of the following processes are zero. 

+ +* +* + 
0 (g) + NH

3 
(g) + N (g) + OH

3 
(g) 

+ * 0 (g) + No2 (g) + +* N (g) + o
3

(g) 

Thus we may write the following equations in place of process 2 • 

. I i 
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+ +* + -0 (g) + NH
3

(g) + N (g) + OH
3 

(g) + e (g) 

+ - +* -0 (g) + N02 (g) + N (g) + o
3

(g) + e (g) 

Process 3. - When z = 0, process 3 corresponds to the condensa-

tion of a radical cation into a hole in a latice of neutral molecules. 

We shall assume that the energy of this process is unchanged when 

we replace the cation by the corresponding neutral species. In 

the case when Mz is NH
3

, we write for process 3, 

When z = -1, process 3 corresponds to the con9ensation of a neutral 

radical into a hole in an ionic lattice. We shall use the concept 

of "equivalent cores" discussed above and shall assume that in 

z+l* process 3 the species M may be replaced with the appropriate 

neutral molecule and that thehole in the ionic lattice may be 

replaced with a hole in the corresponding lattice of neutral molecules. 

Thus in the case of NaN02 we assume that the energy of process 3 

is the same as that for the condensation of o3 into a hole in a 

lattice of solid o3• We write 

Fortunately the energy of this type of process is not large, and 
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so even this crude approximation does not introduce much error. 

When z is other than 0 or -1, it is relatively difficult to 

estimate the energy of process 3 (and sometimes process 1). For 

example, consider the ejection of a core electron from sulfur in 

Na
2
s. Here the energy of process 1 (the removal of sulfide ion 

from the lattice) is not readily calculable from the lattice energy 

of Na
2
s without a detailed consideration of Madelung energies. 

-* The energy of process 3 (the insertion of S into a sulfide vacancy 

in Na2s) is even more difficult to estimate. Therefore we shall 

now limit ourselves to compounds where z = 0 or -1. 

"Thermochemical Energies." -By adding the equation corresponding 

to processes 1, 2 and 3, we obtain the following results. 

+ + +* -NH
3

(g) + 0 (g) + OH
3 

(g) + N (g) + e (g) 

for NaN02 (s), 

+ +* + -NaN02(s) + 0 (g) + o
3

(g) + 20
3

(s) + N (g) + Na (g) + e (g) 

We may similarly write, for other nitrogen compounds whose x-ray 

photoelectron spectra have been obtained, the following equations. 

+* + -
+ 2N20(s) + N (g) + Na (g) + e (g) 

84 

'> 



+ +* . + -KOCN(s) + 0 (g) + co2(g) + 2co2 (s) + N (g) + K (g) + e (g) , 

+ . . ~ + 
KSCN(s) + 0 .(g) + SCO(g) + 2SCO(s) + N (g) + K (g) + e- (g) 

\ve shall refer to the preceding six reactions as thermo-~uivalent. 

reactions, because they are supposed to be ·thermodynamically 

equivalent to the core-electron emission processes for the compounds 

on the left sides of the equations. It will be noted that the 

energies of these thermo-equivalent reactions can, in principle, be 
.· . +* 

evaluated from thermodynamic data. Inasmuch as the species N (g) 

+ and 0 (g) appear in all these reactions, the energies of formation 

of these species contribute equally to the energies of the reactions. 

Consequently differences in the energies of the reactions are 

+ +* . unaffected by ignoring the species 0 (g) and N (g), and we have 

done so for simplicity in calculation. We shall refer to the 

simplified calculated energies as thermochemical energies, ET. 

These energies and the corresponding experimental ls binding energies 

for nitrogen compounds are presented in Table I. The data, when 

plotted as in Figure 1, clea.rly show that the binding energy, E8 , 

is a linear function of the thermochemical energy, ET. The scatter 

I of the points is considerably less than that found in plots of E8 
2 4 against estimated nitrogen atom charges. • In fact, inasmudh 

as the slope of the straight line in Figure 1 is unity, we may 

II 
I 
I 
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a 

b 

Table I. 

Nitrogen 1~ Binding Energies (EB) and the Corresponding 

Thermochemical Energies (ET). 

Compound EB' kcal/mole ET' kcal/molea 

NaN02 9318 261 

AgN0
2 

9305 284 

KNO 2 9298 240 

Na(N-N-!) 9208 150b 

NaCN 9203 138 

KCN 9?01 120 

NHJ 9196 15lb 

KSCN 9189 128 

KOCN 9185 115 

ET values were calculated from data in reference 22 except where 

otherwise indicated. 

See Section IX. 
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Figure 1. Nitrogen ls binding energies (EB) .!!.• the corresponding 

thermochemical energies (ET). The E8 and ET values have 

been reduced by 9150 and 96 kcal/mole, respectively, to 

make the best straight line pass through the origin. 



state that changes in ET are equal to the corresponding changes 

in E8• 

Extension to Other Elements. - Similar calculations can be 

carried out for the compounds of other elements for which both 

x-ray photoelectric data and the appropriate thermodynamic data 

are available. However the number and reliability of the data are 

not as great as in the case of nitrogen compounds. For carbon 

compounds, we may write the following thermo-equivalent reactions. 

+ + +* CH
4

(g) + N (g) + NH4 (g) + C (g) + e-(g) 

+ + +* -NaHC0
3

(s) + N (g) + HN0
3

(g) + Na (g) + 2HN0
3

(s) + C (g) + e (g) 

+ + +* -KCN(s) + N (g) + N2(g) + K (g) + 2N2(s) + C (g) + e (g) 

+ + +* -C02(g) + N (g) + N02 + C (g) + e (g) 

For boron compounds we may write the following thermo-equivalent 

reactions. 

+ + +* -NaBH4(s) + C (g) + CH4(g) + Na (R) + 2CH4(s) + B (g) + e (g) 

+ + +* -NaBF4 (s) + C (g) + CF4(g) + Na (g) + 2CF4(s) + B (g) + e (g) 
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And for iodine compounds we may write the following thermo-equivalent 

reactions. 

+ KI(s) + Xe (g) 
. + . 

+ Xe(g) + K (g) + 2Xe(s) + I+*(g) + e-(g) 

KI03(s) 
' + 

+ Xe {g) + Xe03{g) + + K {g) + 2Xe03{s) + I+* {g) + e -{g) 

KI04(s) 
•'· + 

+ Xe {g) + Xe04{g) 
+ . 

+ K {g)+ 2Xeo4{s) + I+* {g) +~-{g) 

Values of E8 and ET for compounds of boron, carbon, and iodine 

are listed in Table II. In Figure 2, we·have,plotted E8 - a against 

ET- B, where a and B are arbitrary constants for each element, 

chosen such as to make the points fall on a line passing through 

the origin. It can be seen that E8 is a linear function of ET 

for the compounds of Table II. Except for the bQron-compound line, 

the lines through the points have slopes less than unity. However, 

perhaps the deviations from unit slope are insignificant in view 

of the paucity and relative inaccuracy of the data. 

IV. Electronic Relaxation 

Lifetime of Core-Electron Hole. - In the preceding discussion, 

we have assumed that a measured binding energy correspond~ to the 

formation of an excited state in which a core electron has been 

removed from an atom. In other words, we have assumed that the 

x-ray photoelectric transition occurs in a time interval shorter 
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a 

b 

c 

d 

Table II. 

Core-Electron Binding Energies (EB) and the Corresponding 

Thermochemical Energies (ET) for Compounds of Boron, Carbon, 

and Iodine. 

Compound EB' kcal/mole ET' kcal/mole 
c 

NaBF4 
4499a 339d 

NaBH4 
432la 170 

co2 
6745a 355d 

NaHC0
3 

6692a 317 

NaCH~02 6660a 281 

CH4 
6572a 160d 

KCN 6572a 147 

KI0
4 

145b 370 

KI03 122b 330 

KI ob 194 

1~ electron binding energies. 

Weighted average shifts for the core levels. Data from reference 6. 

ET values were calculated from data in reference 22 except where 

otherwise indicated. 

See Section IX. 
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than the lifetime of the core electron hole. This assumption seems 

plausible because the photoelectric process is believed to occur 

-18 ' in a time interval around 10 sec, whereas x-ray states have 

lifetimes around l0-16 sec. 10 However, we can actually test the 

assumption using thermodynamic data. If the binding energies 

corresponded to the formation of a state in which a valence electron 

had fallen into the core-electron hole, the radical formed would 

be of a type relatively familiar to chemists. Processes 1, 2 and 3 

could be used,to obtain a thermo-equivalent reaction, but the 

asterisk would no longer have any meaning. z+l* The species X 

would refer to the radical in its ground state, and it would no 

longer be appropriate to apply the concept of equivalent cores. 

For the nitrogen 1~ binding energies in NaN02 (s), N&~03 (s), NaCN(s) 

and NH3 (s), we write the following reactions. 

NaCN(s) + CN(g) + 2CN(s) + Na+(g) + e-(g) 

The calculated (or estimated) energies for these four reactions 

(which we shall call ET' values) and a set of seven similarly-calculated 
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ET' values for carbon compounds (carbon 1~ binding energies) are 

given in Table III together with the corresponding EB values. 

It is clear from these data that the measu'red binding energies do 

not correspond to the formation of ground-state radicals with complete 

cores. First, the EB and ET' values in Table III are of an entirely 

different order of magnitude. In order to make the Er' values 

consistent with the EB values it would be necessary to ma'ke the 

incredible assumption that the work functions (process 4) have values 

' of several thousand kcal/mole. Second; there is no correlation 

whatsoever between the EB and E 1 values, as was found between the . T 

EB and ET values. 

Valence Electron Relaxation. ~ Although it is easy to show that 

an observed binding energy corresponds to the formation of a species 

lacking a core electron, it is considerably more difficult to show 

that the valence electrons have relaxed--that is, that they have 

adjusted to the increased core charge. 

It will be remembered that when we calculated the ET values, 

it was assumed that the valence electrons were relaxed. Consequently 

the fact that we observe the linear relationships between EB and ET 

shown in Figures 1 and 2 means that any unreleased electronic relax-

ation energy must be a linear function of.EB. In fact, because the 

line of Figure 1 bas a slope. of·. unity, any unreleased relaxation 

energy for nitrogen compounds must be a constant. These restrictions· 

on the relaxation energy seem sufficiently improbable to us that we 

feel our assumption of complete relaxation is confirmed. However 
' ' 
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Compound 

NH
3 

NaCN 

NaN02 

NaN0
3 

CH4 

KCN 

C2H6 

cs2 

CH20 

co2 

CC14 

Table III. 

Values of E8 (ls) and ET' for Some Nitrogen 

and Carbon Compounds. 

E8 , kcal/mole ET' kcal/mole 

9196 234 

9203 269 

9318 230 

9395 255 

6572 300 

6572 252 

6572 269 

6623 233 

6639 251 

6745 318 

6752 264 
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we have further confirmation in the form of estimated electronic 

relaxation energies. We have used the CNDO method to calculate the 

differences in the total valence electron energies for the following 

pairs of gaseous species: N
3
- and N

3
*, CN- and CN*, OCN- and OCN*, 

and No
2

- and No
2
•. The results were 482,;, 544, 641 and 773 kcal./mole, 

11 respectively. When the ET values for NaN
3

, NaCN, KOCN and NaN02 

are increased by these relaxation energies, they are no longer 

linearly related to the corresponding E8 values. 

12 According to Koopmans' theorem an E8 value would equal the 

calculated negative core electron eigenvalue (-e) when we have the' 

formation of an excited state with unrelaxed electrons. In Table IV 

we give, for a variety of species, the EB values and the corresponding 

negative core electron energies (-£) obtained from ab initio calcula-

tions. If Koopmans' theorem were valid in this situation, the E8 

and -£ values would be equal. In fact, the E8 values are consistently 

smaller than the -£ values, and the differences (given in the third 

column of Table IV) are of the same magnitude as the values that we 

estimated for electronic relaxation energies. 

v. Orientational Excitation Energy 

Although measured core-electron binding energies correspond to 

the formation of species in which the valence electrons have probably 

relaxed, we believe (on the basis of the Born-Oppenheimer approxi-

mation) that the atoms in these species have not relaxed with respect 
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Table IV. 

E8 Values and the Corresponding Ab Initio - Calculated 

Energies for 1~ Electrons. 

Compound a E8 , kcal/mole -£, kcal/mole -£-E8 , kcal/mole 

CH
4 

6572 7033b 461 

CF3H 6805 7374b 569 

co2 6745 718lc 436 

.£2H6 6572 7036d 464 

u2co 6639 7123e 484 

c5n_s! 9178 9837f 659 

!"3 9196 9717g 521 

KCN 6572 6844h 272 

KCN 9201 9556h 355 

Na(N_!N) 9309 9706i 397 

Na(!N.!:!) 9208 9549i 341 

KSCN 9189 9607c 418 

KOCN 9185 9579c 394 

a The energies refer to the lselectrons qf the atoms indicated in 

bold-face type. 

b Tae-Kyu Ha and L. c. Allen, International Journal of Quantum 

Chern., 1~, 199 (1962). 

c A. D. McLean and M. Yoshimine, "Tables of Linear l-folecule lvave 
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d 

e 

f 

g 

h 

i 

Functions", International Business Machines Corp. (1967). 

E. Clementi and D. R. Davis, J. ~· Phys•, 45, 2593 (1966). 

R. J. Buenker and J. L. Whitten (1967) in "Compendium of Ab 

Initio Calculations of Molecular Energies and Properties,". 

M. Krauss, NBS Technical Note 438 (1967). 

E. Clementi, ::!.• ~· Phys. 46, 4731 (1967). 

P. Rajagopal, ~· Naturforsch. l.Q!, 1557 (1965). 

D. N. Hendrickson and P. M. Kuznesof, Theoret, Chim. ~., 

to be published. 

s. D. Peyerimhoff and R. J. Buenker, J. Chern. Phys., 47, 1953 

(1967). 

''II 
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to their relative positions. For example, we assume that the nitrogen 

1~ binding energy of cyanide ion corresponds to the formation of 

eN* radical with the same e-N bond distance as in the ground state 
0 

of the cyanide ion (1.14A). From the potential energy data for 

13 ° carbon monoxide (r = 1.128A), we estimate the unreleased eq 

excitation energy to be about 1 kcal/mole. 

14 . 
energy data for molecular nitrogen (r = eq 

From the potential 
0 

1.098A), we estimate 

the excitation energy associated with the carbon 1~ binding energy 

of cyanide to be about 3 kcal/mole. If the orientational excitation 

energies associated with all other core-electron binding energies 

are of the same general magnitude as these estimated values, i.e. 

1·3 kcal/mole, then the error we have made by ignoring these exci-

tation energies is less than the precision of the EB .values and is 

negligible. 

VI. Lattice Shifts 

Anions. - According to the approximate methods discussed in 

Section III, the binding energies for an atom in a particular -1 

anion in a series of salts should differ only by the differences in 

the contributions from process 1, i.e., by the differences in the 

energy required to remove the anion from the lattice. In the case 

of salts with +1 cations, these differences should be equal to the 

differences in the lattice energies of the salts. Some idea of the 

accuracy of this postulate can be obtained from Table V, where EB 
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Table v •. 

A Comparison of Relative Values of EB and ET for 

Nitrates, Nitrites and Cyanides. 

Salt 

. LiN03 

NaNo
3 

KN03 

NH4No3 

AgN03 

NaCN 

KCN 

a Relative 
EB' 

kcal. 

+ 8 

0 

- 5 

- 6 

-14 

0 

-26 

-19 

0 

- 2 

a Relative to the sodium salts. 

. a 
Relative 

ET.' 
kcal. 

+32 

0 

- 7 

-18 

+26 

0 

-20 

+23 

0 

-18 
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and ET values for nitrates, nitrites and cyanides (all relative 

to the sodium salts) are .tabulated. The several marked discrepancies 

between the EB and ET values might suggest that the postulate has no 

value. However, we believe that, except for the case of KCN, the 

large discrepancies can be rationalized in terms of possibly 

spurious EB values. The tabulated EB value for LiN03 may be low 

because of hydration of the sample (LiN0
3 

is very.' hygroscopic). 

Hydration of the lithium ions would be expected to make it easier to 

remove an anion from the lattice. The EB values for AgN03 and 

AgN02 may be low because of decomposition of the samples in the 

x-ray beam. These samples, contrary to the others, became colored 

upon irradiation. We have no explanation for the large discrepancy 

in the case of KCN. We believe the data of Table V indicate that, 

for a series of similar salts, the work function (the energy of 

process 4) usually does not vary by more than 10 kcal/mole. 

In the case of salts with cations having charges greater than 

+1, the estimation of the energy of process 1 is considerably more 

complicated. Consider the nitrogen 1~ binding energy of a nitrate 

of a +2 metal ion. The energy of removing a nitrate ion from an 

M(N03) 2 lattice is some fraction f of the energy of removing an 

M
2+ ion and two N0

3
- ions from the lattice. The latter energy can 

be calculated fro~.-thermodynamic data (it is twice the lattice 

energy), but f is a quantity whose evaluation requires detailed 

structural informatio~. We have used binding energies and thermo-

dynamic data for a series of +2 metal nitrates to calculate empirical 
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values of !• These data are presented in Table VI. The values of 

f are remarkably similar; the average vaiue''is 0.159 ± 0.013. The 

, value of f can be estimated for the fluoride ion in calcium fluoride 

' 
if we make the reasonable assumption that the removal energies for 

2+ . 
F- and Ca partition in the same ratio as the corresponding electro-

static energies. If we systematically delete half of the fluoride 

,ions in CaF
2 

and change the charge on the remaining fluoride ions 

. 15 16 
to -2, we are left with a pseudo-zinc-blende _structure. • Now 

2+ the energy of removing a Ca ion from CaF
2 

is equal to the .energy 

' 2+ of removing a Ca ion from the pseudo-zinc-blende structure, and 

this energy is equal to the lattice energy of th~, pseudo-zinc-blende 

structure. 9 Inasmuch as the lattice energies ~f the two structures 

17 are proportional to the Madelung constants times the product of 

the ionic charges, we may calculate the quantity 1-2!. for CaF2 as 

follows, 

l-2f = 1.638/2.519 a 0.650 

Thus we calculate f = 0.175 for the fluoride ion in CaF2• The value 

is sufficiently close to the value empirically found for various 

M(N0
3

)
2 

salts to suggest that it may be used as a rough value for 

any MX2 salt. The method has limited applicability to the calculation 

of ET values, however, because it requires the knowledge of the 

heats of formation of gaseous anions (which .are generally known 

very inaccurately). 
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Table VI. 

Nitrogen ls Binding Energies for Nitrates of +2 

Metal Ions and Empirically Evaluated f Values. 

Salt E8, kcal/mole 

Mg(N0
3

)2 9408 

Ca(N03)2 9406 

Ba(N0
3

)2 9399 

Cd(N0
3

) 2 9378 

Pb(N03)2 9395 
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f 

0.155 

0.170 

0.180 

0.130 

0.160 
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Potassium Salts. - Potassium core-electron binding energies have 

been determined for a variety of potassium salts; the results are 

given in the second column of Table VII. Probably the most remarkable 

feature of these binding energies is the fact that they are essentially 

constant on going from one salt to another. For the potassium halides, . 

we can use an approximate method for estimating the sum of the 

energies of processes 1 and 3. The energy of process 1 is simply the 

lattice energy of the salt, u. The energy of process 3 is the energy 

2+* . . 
of inserting a K ion (or, using the concept of equivalent cores, 

·~ . 
a Ca ion) into a cation vacancy in the potassium salt·. We assert 

that the energy of process 3may be closely approximated by the Coulomb 
. 18 . 2+ 

lattice energy (-2U ) plus the energy of interaction of the K ion 
c 

with the .dipoles induced in the surrounding halide ions (-Up). 

We have estimated -u using the known polarizabilities of the halide 
p 

ions and the assumption that the only charge-dipole forces of conse-

quence are those between the K2+* ion and six halide ions octahedrally 

2+* - + - ' arranged with a K - X distance equal to the normal K - X distance 

in the salt~ 19 The calculated values of U-2U -U are given in the c p 

third column of Table VII.; it can be seen that the values are 

essentially constant. Thus the near constancy of the experimental 

EB values is in accord with theory. In fact if our values of 

U-2U -u are an accurate measure of the sum of the energies of proc p 

cesses 1 and 3, we may ascribe the observed variations in EB for 

potassium salts to variations in the energy of process 4, the work 

function. 



Salt 

KI 

KBr 

KCl 

KF 

KCN 

KNOJ 

KN02 

KOCN 

Table VII. 

Potassium 3~ binding energies and some 

values of U-2U -u • Values in kcal/mole. c p 

399 

374 

385 

418 

392 

401 

393 

396 

U-2U -U c p 

-298 

-304 

-301 

-301 
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VII. The Prediction of Heats of Reaction 

Suppose that a core-electron binding energy is known for an 
; . . . 

atom in a compound, but that it is not possible to calculate the 

corresponding thermochemical energy because the heat of formation 

of one of the species in the thermo-equivalent reaction is unknown. 

If a linear correlation between E8 and ET has already been established 

for the element, one can estimate the ET value using the correlation 

and then estimate the heat of formation of the species·Whose heat 

of formation is unknown. 

For example, from the known ls binding energy of the middle 

nitrogen atom in sodium azide (9309 kcal/mole) and Figure 1, we 

estimate ET • 249 kcal/mole for the following thermo-equivalent 

reaction. 

' + + ' +* -NaN3 (s) + NON(g) + 0 (g) + 2NON(s) + Na (g) + N (g) + e (g) 

By estimating the sublimation energy of NON to be the same as that 

of co2, and by using the known heats of formation of NaN3(s) and 

Na+(g), we calculate AH; • 120 kcal/mole for NON(g). From this 

we calculate that AH0 = -100 kcal/mole for the isomerization 

NON(g) + NNO(g) 

The heats of formation of various hydrogen-containing gaseous 
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cations can be estimated from EB data, and these can be used to 

calculate proton affinities. For example from the carbon 1~ 

binding energy of chloroform (6683 kcal/mole) and Figure 2 we 

estimate ET • 265 kcal/mole for the following thermo-equivalent 

reaction. 

+ + ~ -CHC1
3

(g) + N (g) +NHC13 (g)+ C (g)+ e (g) 

By combining this with the known heat of formation of gaseous 

+ chloroform we calculate AH£ • 240 kcal/mole for NHC13 (g). When 

the latter quantity is combined -with the· heats of formation of 

+ H (g) and NC1
3
(g), we obtain 190 kcal/mole for the proton affinity 

of NC13• 

We have similarly calculated proton affinities for other species. 

These estimated values, as well as literature values for ammonia 

and water, are presented in Table VIII. 

When thermodynamic data are available for the calculation of 

an ET value for a compound for which no EB value is known, it is 

possible to predict the EB value. For example, we may write the 

following thermo-equivalent equation for sodium amide (nitrogen 

ls binding energy). 
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Table VIII. 

" 
Gas-Phase Proton AffiniUes·Estimated from 

Core-Electron Binding Energy Data. 

Compound Proton Affinity, kcal/mole 

c5H5N 

CH
3

NH
2 

CH3coNH2 

NH
3 

CH
3

No2 

NH20H 

n-C4H90H 

c6H
5

0H 

NC1
3 

H2o 

NF3 

a Proton affinity taken from reference 26. 

b Proton affinity taken from reference 24. 

247 

247 

239 

214a 

209 

208 

202 

192 

190 

169b 

133 
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+ + +* -NaNH2 (s) + 0 (g) + H20(g) + 2H20(s) + Na (g) + N (g) + e (g) 

Available thermochemical data yield ET = 93 kcal/mole; from Figure 1 

we then predict the .nitrogen 1~ binding energy in sodium amide to 

be 9153 kcal/mole. 

VIII. Core-Electron Binding Energies 

Most of the core-electron binding energies were taken from 

20 the literature. The carbon 1~ binding energy of CHF
3 

(6768 kcal/ 

mole) was reeently determined by Professor Darrah Thomas, to whom 

we are grateful for this privileged information. Nitrogen 1~. 

binding energies for LiN0
3

, KN0
3

, Mg(N03) 2 , Ca(N03) 2 , Ba(No3>2, 

Cd(N03) 2 , Pb(N03) 2 , KN0 2, AgNo2 , and NaCN, potassium 3z binding 

energies for KF, KCl, KBr, KI, KN0
3 

KN02 , KOCN, and KCN, and boron 

ls binding energies for-KBH4 and NaBF4 were determined by us using 

MgKa x-radiation (1253.6 eV) and an iron-free double-focusing 

21 magnetic spectrometer of 50-cm radius. A detailed description of 

the experimental aspects of x-ray photoelectron spectroscopy can 

1 be found in the review by Siegbahn !! al. The binding energy for 

each compound was measured at least three times. The carbon ls 

line (arising from the film of pump oil on each sample) served as 

a convenient reference peak. The work function of the-spectrometer 

material (aluminum) was assigned the value 4.0 eV. Powdered samples 

were mounted on an aluminum plate by means of double-faced con-

ducting adhesive tape. 
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IX. Calculations 

Most of the thermodynamic data were taken from u. s. National 

22 Bureau of Standards publications. However some data were obtained 

from other sources. Heats of formation for the following compounds 

were taken from, or calculated from data in, the indicated references: 

NaN
3

, 23 H 0+( ) 24 NaBF4, 23 25 NH + ( ) 26 NO +( ) 27 
3 g ' CF4 (g), 4 g ' 2 g t 

NaBH4, 28 Xe0
3

, 29 Xe0
4

(g), 29 30 CH3COCH3(g), · 31 CH3 CONH2 (g) , . 

32 28 33 CH3co2H(g), CHF3(g), ~-C4H9NH2 (g), 

36 37 38 39 CN (g), N03 (g), c5H5N (g), C6H6 (g), 

34 c6H
5

NH2(g), 

8 
~-C4H90H(g). 

35 NaNH2, 

Ionization potentials for carbon compounds were taken from the 

. 41 
compilation of Kiser. In some cases heats of vaporization were 

estimated using Trouton's rule. Occasionally heats of sublimation 

were estimated by analogy; for example, the heat of sublimation 

of Xeo3 was assumed to be the same as that of AsC13• 

The detailed calculations of nitrogen ET values for NH3 (s) and 

NaN02(s) are given as examples. The thermo-equivalent reaction for 

·. NH
3

(s) is 

+ + +* -NH3(g) + 0 (g) + OH
3 

(g) + N (g) + e (g) 

+ The standard heats of formation at 25° of NH
3

(g), H20(g), H (g), and 

- 22 e (g) are -11.0, -57.8, 367.2, and 0 kcal/mole, respectively, 

and the proton affinity of H2o is 169 kcal/mole. 24 From these 
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data we calculate, for the thermochemical energy, ET = -169 -

57.8 + 367.2 + 11.0 = 151 kcal/mole. The thermo-equivalent reaction 

for NaN02(s) is 

+ +* + -NaN02(s) + 0 (g) + o
3

(g) ~ 203 (s) + N (g) + Na (g) + e (g) 

+ The standard heats of formation at 25° of NaN02(s), o3(g), Na (g), 

and e-(g) are -85.9, 34.0, 145.9, and 0 kcal/mole, respectively, 

22 and the sublimation energy of o
3 

is 2.6 kcal/mole. From these 

data we calculate ET = -2x2.6 + 34.0 + 145.9 + 85.9 = 261 kcal/mole. 

The calculation of the U-2U -u values of Table VII is illustrated 
c p 

for the case of potassium iodide. From the heats of formation of 

+ -KI(s), K (g), and I (g)(-78.3, 123.0, and -47.0 kcal/mole, 

respectively22 ) we calculate U = 154.3 kcal/mole. From K - I distance 

in crystalline ~I (3.5l6A) 42 we calculate, using the Madelung 

expression, Uc = 164.6 kcal/mole. The polarization energy, Up' is 

calculated from the following expression for a cation of charge 

S surrounded octahedrally at a distance r by six ions of polariz-

19 ability a, 

as. where lJi = ~2~+~=-----!. 2.37a/!_ 

2 
6(1.19)'1Ji 

3 
r 

By substituting q = 2, a= 6.45 X l0-24 cm3, 43 and r = 3.526A, we 

obtain U = 123.5 kcal/mole. Hence U-2U -U = -298 kcal/mole. 
p c p 
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PART II. 

AN INTERPRETATION OF THE PROTON 
MAGNETIC RESONANCE SPECTRA OF PENTAAMMINES 

OF COBALT(III), RHODIUM(III), AND IRIDIUM(III). 

ABSTRACT 

The proton magnetic resonance (pmr) spectra of some pentaammines 

of cobalt(III), rhodium(III), and iridium(III) have been studied in 

concentrated sulfuric acid. Only one non-solvent pmr peak was 

detected for rhodium and iridium pentaammines, whereas cobalt penta-

ammines show two pmr peaks in the area ratio of four to one. Exchange 

with the solvent was eliminated as the explanation for the missing 

second pmr peak in the rhodium and iridium cases. This was accom-

plished by determining the "effective" proton concentration (by 

integration ~· a standard) of a certain rhodium pentaammine complex 

dissolved in concentrated sulfuric acid. Intramolecular proton 

exchange has also been excluded as the explanation for the missing 

rhodium and iridium pmr peaks by comparison of the temperature 

dependence of the widths of the pmr peaks observed for various cobalt, 

rhodium, and iridium ammine complexes. The loss of the 4:1 pmr 

pattern in the rhodium and iridium pentaammines, the trends in shifts 

n+ observed for Co(NH3)
5
x . as a function of X, and the additivity of 

effects observed for the cobalt complexes have been shown to be 

related to the magnitude and anisotropy of the "paramagnetic" 

shielding present in these complexes. 

'I 
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I. INTRODUCTION 

Proton magnetic resonance (pmr) spectroscopy has been used to 

study some reactions of metal 'ammine complexes. Thus rates of 

proton-deuterium exchange on different ligands have been investigated 

1 2 in various solvents, ' and the kinetics of solvolytic reactions of 

cobalt(III) ammines have been followed in sulfuric acid. 3 The 

mechanism of the aquation of the nitropentaamminecobalt(III) ion in 

sulfuric acid solutions has been conveniently studied by pmr 

coupled with visible spectrophotometry. 4 The base hydrolyses of 

15 2+ trans-Co(NH3) 4 ( NH3)x ions have been shown by pmr product analysis 

to involve a common intermediate. 5 

Applications of pmr to the identification of geometrical isomers 

6 7 8 of metal complexes have been reported. ' ' The rates of conforma-

tiona! interchange of the ligand-metal rings in some cobalt ethylene-

9 diamine (en) complexes have been studied by pmr. In the pmr spectra 

of cobalt(III) ammine complexes separate resonances have been observed 

1 3 for geometrically-different ammine groups. ' For cobalt pentaammines 

the trans ammine protons generally occured upfield of the hexammine 

resonance, whereas the cis ammine protons were at lowfield. The 

chemical shift of a certain ammine proton in these complexes could 

be calculated assuming an additivity of five terms characteristic of 

the other five ligands and their geometric positions •. Similar 

geometrical effects were found in the pmr spectra of his (ethylene-

10 diamine) cobalt(III) complexes. 
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In an attempt to understand the ammine proton chemical shifts 

in these cobalt(III) complexes, pmr studies were initiated on a 

series of rhodium(III) and iridium(III) pentaamminese Chemical 

shifts and line width-temperature data for some of these complexes 

are reported and interpreted in this work. 
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II. EXPERIMENTAL 

Preparation of Complexes. - A sample of [Rh(NH
3

) 5Cl]Cl2 was 

11 prepared by a standard synthetic procedure. Anal. Calcd for 

[Rh(NH3)5Cl]Cl2 : N, 23.79; H, 5.14; Cl, 36.13. Found: N, 23.96; 

H, 4.90; Cl, 36.06. 

A sample of .£Rh(NH3) 6 ](N03)3 was prepared by a modification of 

12 J8rgensen's recipe. 1.09 g of [Rh(NH3}5Cl]Cl2 , dissolved in 20 ml. 

of concentrated aqueous ammonia, was sealed in a thick-walled (3mm) 

glass tube (volume =340 ml). This tube was held at 100° for 2 days 

in an oil bath; the yellow solution became colorless, and a white 

solid formed. The tube was opened; the mixture was added to water 

to dissolve the solid, and the resultant solution was boiled to 

eliminate excess ammonia. Addition of concentrated HN03 resulted 

in the immediate precipitation of the desired product. This white 

solid was recrystalized from a minimum of water, washed with ethanol 

and diethyl ether and air dried (Ll3 g, 87% th. yield). Anal. 

H, 4.83. 

A sample of [Rh(NH
3

)
5

Br]Br2 was prepared by heating [ffil(NH3)
5 

13 H20]Br3 at 110° for 3 hrs. This later compound was obtained in a 

14 standard procedure. Anal. - N, 16.37; 

H, 3.53; Br, 56.04. Found: N, 16.32; H, 3.70; Br, 56.42. 

15 15 Samples of trans-[Rh(NH
3

) 4c12 ]Cl and trans-[Rh(en) 2cl2 ]N0
3 

were procured by standard synthetic procedures. · In each case the 
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identity of the materials was determined by means of visible and 

ultraviolet absorption spectrophotometry. 

. 2+ - . -The species [M(NH
3

)
5

X) · 1 X 111 HS04 or ClS0
3 

and M 111 Co, 

Rh and Ir 1 were prepared ~ situ. The appropriate chloropentaammine 

chloride was treated with either concentrated H2so4 or ClS03H; the 

reac·tions were easily followed by pmr. 

A sample of [Ir(NH
3

)
5
cl]Cl

2 
was prepared by a modification of 

16 Palmaer's method. An aqueous ammonia solution of K3(IrC16)•3H2o 

was heated in a sealed tube at 100° for =10 hours. The tube was 

cooled and opened. The desired product was obtained by evaporation 

of the excess ammonia from the solution and acidification with 12 M 

HCl. The resulting precipitate was washed with alcohol and ether 

and then oven dried (80% th. yield). Anal. Calcd for [Ir(NH3) 5 

Cl]Cl2 : Ir, 50.0; N, 18.25; H, 3.94; Cl 1 27.76. Found: Ir, 50.1; 

N, 18.16; H1 4.07; Cl, 27.82. 

16 Samples of [Ir(NH3)
5

H20](Cl04) 3 

were prepared by reported syntheses. Characterization of the materials 

17 was accomplished by ultraviolet spectrophotometry. 

A sample of [Ru(NH
3

)
5
N2 ](BF4) 2 was kindly provided by Dr. D. F. 

Harrison of Standford University. 

prepared by reported syntheses. 

Proton Resonance Measurements. - All measurements were made with 

a Varian A-60 spectrometer in either concentrated H2so4 or ClS0
3

H 

solutions. Temperature studies were made using a Varian V-6040 unit; 
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15 minutes equilibration time was allowed at each temperature setting. 

III. RESULTS 

Chemical Shifts. - Proton chemical shifts ~· external TMS were 

determined for a series of rhodium(III) and iridium(III) arnrnine 

complexes dissolved in concentrated sulfuric a~id. The results are 

given in Table I along with previously determined chemical shift 

values for the analogous cobalt(III) complexes. Two new cobalt 

pentaammines are also included. As can be seen in Table I, only 

one non-solvent pmr peak could be detected for rhodium and iridium 

pentaammines, whereas the cobalt pentaammines typically show two 

peaks in ·the ratio of four to one. The cobalt ammine resonances 

(averaging the cis and trans values) occur at the highest field, 

and the iridium ammine resonances occur at the lowest field. 

2+ Spectra of the Ru(NH3) 5N2 ion dissolved in formamide and in 

66 wt.% H2so4 were-obtained. In each case a 1:4 pattern was observed; 

in 66 wt. % H2so4 the two non-solvent peaks were observed at o = -2.87 

(cis ammine protons). and ~ = -3.58 (trans arnrnine protons) .Y.!• 

external TMS. By rapid manipulation it was possible to observe a 

similar 1:4 pattern in concentrated H2so4 (o = -2.62 and o = -3.29). 

It was possible to recover the nitrogen compound from both solvents; 

identification was achieved by the characteristic N-N stretching 

20 frequency in the ir spectrum. 

Solvolxtic Reactions.- Dissolution of either [Rh(NH
3

)
5
Cl]cl2 or 
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TABLE I. 

Proton Chemical Shifts of Some 
Ammine Complexes in Concentrated Sulfuric Acid .. 

·~ 

Chemical Shift(ppm) vs. ext. TMS 

Complex Co( III) Rh(III) Ir(III) 

M(NH ) 3+ a -3.82 3 6 -3.59 
.. 2+ 

M(NH3)5Hso4 -4.24 cis a -4.13 4.80 

-2.75 trans 

M(NH3) 5H20 3+ -4.16 cis a -4.68 

-2.92 trans 

M(NH ) c12+ 
3 5 -3.76 cis a -3 .. 78 -4.55 

-3.10 trans 

M(NH3) 5Br 2+ -3.65 cis a -3 .. 80 

-3.17 trans 

M(NH3)5No2 
2+ -3.59 a 

M(NH ) NCS2+ 
3 5 -3.99 cis -4.58 

-3.54 trans 

M(NH ) CN2+ 
3 5 -3.38 cis 

-4.27 trans 

trans-M(NH3)4cl2 
+ -3.93 a -3.85 

-5.22 Nll2 -4.60 NH2 ... 

trans-M(en) 2c12 
+ -3.65 CH2 -3.18 CH2 

a See reference 3. 



.. 

[Rh(NH
3

)
5

Br]Br2 in concentrated H2so4 gave solutions with one-peaked 

pmr spectra (excluding the solvent peak). When these solutions were 

kept for a few days, a second peak appeared to low field of the 

initial peaks. This latter peak occured at the same field (~ = -4.13 

.!!• external TMS) for both solutions and was assumed to be the 

u 3 resonance for Rh(NH
3

)
5

Hso
4 

in analogy with the cobalt complexes. 

2+ In the case of the Co(NH
3

)
5
cl ion, formation of the bisulfatopenta-

ammine complex in conce~~rated H2so4 was found to have a half-time 

of 4 hours at room temperature when dry air was bubbled through the 

3 solution. In the case of the rhodium complex the solvolysis was so .· 

slow that it required =1 day of heating at 70° with dry air bubbling 

to complete the formation of the bisulfato complex. The chloropenta-

ammineiridium complex required even higher temperatures and a longer 

time to effect completion. 

The pmr spectrum of both trans-[Rh(NH3) 4cl2]Cl _and trans-[Rh(en) 2 

Cl2]Cl in concentrated H2so
4 

as a function of time indicated that 

solvolytic reactions were occuring. In the case of the ethylenedi-

amine complex the reaction was probably. 

A second "NH2" peak appeared at ~ "" -4.89 while the "CH2" peak at 

~ = -3.18 remained unchanged. Identification of the initial complex 

observed in the pmr was achieved by visible absorption spectroscopy. 

The identity of the solvolytic product was not definitely established. 
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It was found that the rate of solvolysis of trans- [Rh(en) 2cl2]Cl 

in concentrated H2so
4 

(as measured by pmr) was acid catalyzed, the 

rate more than doubling by changing the weight percent of H2so4 

from 85 to 95%. 

+ In the case of the trans-Rh(NH
3

) 4cl2 ion in concentrated H2so4 

two solvolytic products were indicated by pmr. With time the pmr 

spectrum of this complex dissolved in concentrated H2so4 showed a 

second peak at ~ = -4.10 and eventually a third peak at ~ = -4.53 

vs. external TMS • 

Exchange With the Solvent. - The missing second peak in a pmr 

spectra for rhodium and iridium pentaammines could be attributed to 

rapid exchange of the trans ammine hydrogens with the solvent. In 

that event the smaller peak (as observed in the cobalt case) would 

shift and merge with the largesolvent peak. The probability of an 

increased trans-ammine-proton solvent exchange rate in going down 

21 the cobalt triad seems unlikely, for Palmer and Basolo have found 

that for proton exchange with the solvent, the ratio of rates for 

3+ 3+ 3+ Co(NH3)6 , Rh(NH3) 6 1 and Ir(NH
3

) 6 is approximately 100:15:1, 

respectively. To check this possibility, the "effective" proton 

concentration of a rhodium pentammine complex was determined. 

Solutions of measured amounts of [Rh(NH
3

)
5
Br]Br2 (selected for its 

purity) and NH4Br in concentrated H2so4 were prepared. Integration 

+ of the single rhodium ammine peak ~· the NH4 signal for 4 different 

solutions showed that all of the protons in the complex were accounted 

for in the single peak (the ratio of (H)NH Br to (H) 1 was 
4 comp ex 
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observed to be 0.98 ±0.06 when the theoretical was set at 1.00 and 

1• 25 for the pentaammine and tetraammine cases • respectively). 

Intramolecular Exchange. - Another conceivable explanation for 

the loss of the second peak for the rhodium and iridium pentaammines 

is intramolecular exchange of the protons and/or the ammonias 

between the cis and trans sites. Experiments can be performed to 

1 i 1 1 · h The pmr of a Rh(15NH
3

)
5

xn+ ru e out ntramo ecu ar proton exc ange. 

complex would be a check for the existence of exchange. The presence 

. . 15 
of a doublet (due to coupling with the N atom) in the pmr spectrum 

of this complex would rule out intramolecular proton exchange. 

but unfortunately the cost of preparing such a complex is prohibitive. 

In this work. however, we elected to study the temperature dependence 

of the line width of pmr peaks for various ammine complexes. The 

line width of a metal ammine pmr peak is affected by various factors: 

nuclear dipole-dipole interactions, nitrogen quadrupole interaction 

22 and chemical exchange. In the case of the cobalt(III) pentaammines 

rapid intramolecular proton chemical exchange does not occur (as 

shown by the 4:1 pattern). Comparison of the temperature dependence 

of the width of the pmr peaks of these complexes with that obtained 

for some of the analogous rhodium and iridium complexes can show 

whether intramolecular proton chemical exchange is occuring in the 

rhodium and iridium pentaammines. 

The temperature dependence of the ammine proton line width is 

shown in Figure 1 for concentrated H
2
so

4 
and ClS0

3
H solutions of the 

3+ 3+ ions Co(NH3) 6 and Rh(NH3) 6 • In both solvents the plots of log 
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XBL697- 3182 

Figure 1. 
-1 • 

The temperature dependence of log (T2 ) for solutions of 

3+ 3+ Co(NH
3

)
6 

and Rh(NH3) 6 in ClS03H (upper curves) and 

concentrated H2so4 (lower curves). The symbols • and o 

3+ 3+ refer to Rh(NH3) 6 and Co(NH3) 6 • respectively. 



-1 -1 . 
T2 (T2 is the reciprocal of the effective spin-spin relaxation time, 

given by one-half the width of a peak at half-height in radians per 

sec.) !!• the reciprocal temperature seem to show two limiting regions. 

In the low-temperature region the width of a peak decreases as the 

temperature increases. This is the type of dependence expected for 

22 dipolar relaxation. In the high-temperature region the width of 

a peak increases with increasing temperature. This type of temper-

ature dependence is the expected one for a nitrogen proton when 

22 23 only a single peak is observed. • The increased molecular tumbling 

at higher temperature uncouples the nitrogen nuclear quadrupole 

moment from the electric field gradient; this results in a reduced 

probability of transition within the nitrogen spin system. The 

overall effect is that we start at lower temperatures with a single 

peak where the proton "sees" a rapidly flipping nitrogen spin system, 

the peak broadens as the probability of transition in the nitrogen 

spin system is reduced, and eventually at high enough temperatures a 

i 1 . 23 tr p et 1s seen. 

The similarity of the pmr peak width !!• temperature curves for 

the . 3+ 3+ Co(NH3)6 and Rh(NH
3

)
6 

ions tends to indicate that the same 

relaxation processes and interruptive mechanisms are operative. In. 

the case of the bisulfate and chlorosulfato pentaammines of cobalt, 

.rhodium and iridium the same type of temperature curves have been 

found (see Figures 2 and 3). It seems clear then that we cannot 

attribute the loss of the second peak in the rhodium and iridiqm 

pentaammines to intramolecular proton exchange. If this exchange 
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Figure 2. The temperature dependence of log (T
2
- 1) for a ClS0

3
H 

2+ solution (upper curve) of Co(NH
3

)
5

(clso
3

) and for a 

concentrated H2so4 solution (lower curve) of Co(NH
3

)
5 

(HS0
4
). 2+ 

II 
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-1 Figure 3. ·· The temperature dependence of log (T2 ) for a ClS03H 

solution (upper 
2+ curve) of Rh(NH3)

5
(ClS03) and for a 

concentrated H2so
4 

solution (lower curve) of Ir(NH3) 5 

(HS0
4
). 2+ 
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were occuring at such a rate as to give only one peak, it would not be 

possible to observe broadening as the temperature is raised for the 

rhodium and iridium pentaammines. This would be true since raising 

the temperature would increase intramolecular proton exchange and 

the protons would still see only the averaged nitrogen spin system. 

Another possible explanation for the loss of the second peak 

is intramolecular exchange of the NH3 groups. The likelihood of 

intramolecular NH
3 

group exchange in the rhodium and iridium penta

ammines is diminished somewhat by the reported isolation of .£!! and 

trans isomers of some rhodium and iridium tetraammine complexes. 

The temperature dependence of the line width as reported above 

could be evidence against intramolecular NH3 exchange under certain 

conditions. If the exchange of an ammonia from a cis to the trans 

position in a pentaammine resulted in appreciably different shielding 

for the nitrogen atom, rapid exchange would increase the transition 

probability in the nitrogen spin system. Increasing the temperature 

would then tend to decrease the width of the peak for the proton 

attached to this nitrogen atom. In fact we have observed that 

increasing t~e temperature increases the width of the ammine-proton 

peaks of the rhodium and iridium complexes. 

IV. DISCUSSION 

Any interpretation of the pmr spectra of cobalt(III), rhodium 

(III), and iridium(III) pentaammines must explain the loss of the 

· ...... 

il 
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4:1 pattern in the latter two cases. Also, trends in shifts observed 

n+ for Co(NH
3

)
5
x as a function of X and the additivity of effec.ts 

3 observed for the cobalt complexes should be explained. 

Proton exchange with the solvent has been shown not to occur in 

the rhodium and iridium pentaammines. The observed temperature 
. . ' . 

dependence of the pmr line width for rhodium and iridium pentaammines 

excludes the possibility of intramolecular proton exchange as an 

explanation for the loss of the 4:1 pmr pattern. Intramolecular 

NH
3 

group exchange seems improbable. It seems that the degeneracy 

of chemical shifts observed in these complexes is a manifestation of 

the electronic structure of the complexes. 

It is well known that the effective magnetic field felt by a 

nucleus in a molecule which is in an external magnetic field is a 

function of electron densities in the various parts of the molecule. 

Using second-order perturbation theory, Ramsey obtained a two-term 

24 expression for the 11shielding constant11 a. In a solution where 

the molecule is rapidly tumbling, the shielding constant is given by 

2 ~~ ( 1 ) - averageA ~ E -E 
n n o 

Here a is an average over all orientations of some value a~ obtained 

for one particular orientation of the nuclear magnetic dipole a and 

the static magnetic fie~d H. The sums are over the k electrons in 
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the molecule and the excited state wave functions <nl. The operator 

mzko is the usual angular momentum operator. 

The first term in the shielding constant expression corresponds to 

the diamagnetic circulation of the electrons about the nucleus. 

This ground state term (i.e. <ol> represents t~e shielding of the 

nucleus by the nearby electron density; it would be sensitive to 

inductive effects of neighboring atoms as they influence the electron 

density about the nucleus of interest. 

The second term in the expression for the shielding constant 

is called the "paramagnetic" term and is due to admixture of excited 

states <nl with the ground state <ol under the influence of the 

magnetic field. According to Ramsey this might physically correspond 

in part to the fact that the presence of attracting centers from 

several different massive nuclei prevents a simple diamagnetic 

circulation of electrons about any one nucleus. When there is a 

low-lying excited state (i.e. small E -E ) of proper symmetry, the n o 

second term can dominate the shielding parameter as it probably 

does in the case of 19F, 14N, 17o, etc. 25 

It is the intention of this discussion to indicate how the 

"paramagnetic" term in the shielding constant provides an explanation 

for the loss of the 4:1 pmr pattern for the rhodium and iridium 

pentaammines as well as other experimental observations. At the 

onset we note that cobalt chemical shifts measured for various 
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6 cobalt ~ complexes have been shown to be dominated by a paramagnetic 

1 . 26 contribution from the low-lying Tlg excited state. This same 

"paramagnetism" centered at the cobalt nucleus would be expected to 

·influence the shielding for annnine protons in the cobalt pentaammines, 

but of course the greater electron distance (i.e. greater rk in the 

second term) would, result in a ~arked reduction in the shielding 

Jnfluence. Along similar lines the large upfield chemical shifts 

observed for hydridic protons in metal hydride complexes have been 

shown to be attributable to the "paramagnetism" induced in the metal 

atom by the static magnetic field. 27 

28 Fung has shown that the proton chemical shift !!• free NH3 
3+ for the Co(NH

3
) 6 ion is reasonable considering the estimated (via 

29 an M.o. calculation by Cotton and Haas ) electron density on the 

proton in this complex. If, as expected, coordination of NH3 to 

Rh(III) and Ir(III) results in even a greater decrease of electron 

density around the hydrogen, then a shift to a field even lower 

3+ than that observed for Co (NH
3

) 
6 

would result·. Experimentally 

this is what is observed. (see Table I). Recent results· of nitrogen 

30 x-ray photoelectron spectroscopy have indicated that the nitrogen 

atom in Rh(III) and Ir(III)-coordinated NH3 has a somewhat more 

positive charge than that in the Co(III) ammine. It seems then that 

the chemical shifts of the cobalt triad hexammines can probably be 

understood by considering only the diamagnetic term in the shielding 

constant expression. However, the disappearance of the 4:1 pmr 

patterns in the rhodium and iridium pentaammines cannot be explained 
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with this same term; the influence of the "paramagnetic" term must be 

considered. 

The "paramagnetic" term in the shielding constant expression is 

approximately proportional to the inverse of the ligand field stabili-

zation energies (measured by A = lODq) in the three different metal 

complexes and is also proportional to some magnetic moment integrals 

that depend on inverse cubes of distances. Thus 

iridium the 6 value (i.e. E -E ) is the greatest n o 

in the case of2 
m k 

and the <o I I: 3l n> 
k rk 

value the smallest; this results in very little contribution from 

the second term to the a for iridium amrnine protons. The values for 

2 . 3 
the ~ /rk integrals are smallest in the iridium case, for the 

distance from the proton nucleus to the mainly-metal t 2g electron 

(i.e. rk) is largest. The cis and trans amrnine protons in an iridium 

pentaamrnine would only be affected by the diamagnetic term and there-

fore would probably occur at the same field position. These protons 

would only feel the sixth group X by inductive effects transferred 

through the iridium atom. In the case of the rhodium pentaammines 

the "paramagnetic" contribution to the proton shielding would still 

probably be negligible and as such we would only see a single peak. 

When the "paramagnetic" term becomes important it would be 

possible to see any anisotropy in the term. The cis and trans amrnine 

protons in a cobalt pentaammine could experience different effective 

magnetic fields due to the paramagnetic term. In an octahedral d6 

cobalt complex the 1T
18 

state will be mixed with the 1A
18 

ground 

state under the influence of the magnetic field. Lowering the 
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symmetry to c
4

v in a pentaammine splits the 1T1g to 1E and 
1

A2 

states. Admixture of these two low-energy mainly-metal states with 

the ground state of the cobalt pentaammines will be the main source 

of the "paramagnetism". Whether or not a trans proton resonates at 

n+ 
higher fie~d than a .£!.!. proton in a particular Co(NH3) 5x ion will 

depend on the difference in cobalt susceptibility when the magnetic 

field is directed parallel or perpendicular to the symmetry axis of 

the pentaammine. 

The paramagnetic contribution to the constant for a 

proton can be represented as some average 

shielding 

1 a= -(a 
3 XX 

+ a + a ).22,27 
YY zz 

1 In the pentaammines the E state contributes to a , , and a , , whereas 
X X y y 

the 1A2 state contributes to az'z' (x', y', z' are given here for 

local coordinates about the metal where the z' -axis is the symmetry 

axis of the pentaammine). In a series of complexes, 

1 energy of the E state varies appreciably while that 

the 

27 n+ does not. If,we consider the trans ammine protons in Co(NH
3) 5

x , 

variation of X will result in only a , , and a , , changing. The 
X X Y Y 

geometric position of the trans ammine proton is such that both a , , 
X X 

and ay'y' will shield the proton. Thus the shielding should increase 

for the trans proton as the ligand field strength of X decreases 

[i.e. E(1E)-E(1A1) becomes smaller in the paramagnetic term). This is 

what is observed in Table I • 

Consideration of the shielding of the cobalt cis ammine protons 

shows that when X is varied the same trend would not be expected. 

Here one of the ·directions perpendicular (i.e. the a , , or a , , term) 
X X y y 

to the Co-X axis will be directed along the Co-N bond for the partie-
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ular cis proton. The paramagnetism induced in the metal center when 

the magnetic field is so oriented will produce deshielding at the 

cis ammine proton. If this deshielding outweighs the shielding, 

a chemical shift trend opposite to that observed for the trans 

protons would result-- the £!! ammine protons would be expected to 

resonate at lower fields for weaker-field ligands X. This is the 

observed behavior (see Table I). 

Predictions would then be that the trans protons resonate at 

higher field for weaker-field ligands X in Co(NH
3
)

5
x, whereas the 

opposite trend would be possible for the cis protons. In the case 

n+ of the trans ammine protons in Co(NH
3

)
5
x the chemical shifts run 

from high field values for weak ligands (X= Hso
4
-, H20) to low 

field values for strong ligands (X= N0
2
-, SCN-, and CN-). It 

would be unreasonable to expect the ci$ and trans trends to exactly 

follow the "spectrochemical series" because in evaluating the integrals 

in the. shielding. expression. the exponential behavior of the metal 

radial functions might vary. Similar variances were noted by 

Buckingham and Stephens in their analysis of metal hydride chemical 

shifts. 27 The overall result of the cis and trans trends is that 

we encounter a 4:1 pattern for weak-field X's and a 1:4 pattern for 

strong-field (i.e. back-bonding) X's. 

2+ The 1:4 pmr pattern observed for the Ru(NH
3

)
5

N
2 

ion perhaps 

gives some insight 

The only other 1:4 

into the bonding characteristics of the N2 ligand. 

2+ pmr pattern observed·was that for the Co(NH
3

)
5

CN 

ion. The CN- ligand (isoelectronic with N
2

) is supposedly a good 
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metal-to-ligand n back-bonding ligand. The fact that we do see two 

peaks in the case pf this Ru(II) complex is not surprising, because 

Ru(II) would be expected.to have low ligand field stabilization 

energies (relative to Rh(III) and Ir(III)) as does Co(III). 31 

Finally, the additivity of chemical shielding in the cobalt 

pentaammines and tetraammines3 is probably just a manifestation 

of the average environment concept for ligand field splittings. 

Thus the 6E (lODq) value is just some additive function of the 

six ligands about the metal. 
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