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/ . Introduction 

The electron affinities of molecules are of interest not 
only in areas where gas-phase ions are encountered, e.g., 
negative-ion analytical mass spectrometry,1-5 gas-phase 
radiation chemistry,6 ionosphere,7 gaseous electronics,8 

electron capture detector gas chromatography,9-11 and 
gas-phase ion chemistry,12 but also in the much wider 
field of condensed-phase chemistry. Charge-transfer 
complexes and their role in organic, biological, and 
catalytic processes represent an example of a vast 
condensed-phase area for which knowledge of electron 
affinities is of prime importance.16-18 Even more im­
portant is the role of electron transfer in biological redox 
processes.13 Rich,13 Christophorou,14 Szwarc,15 and 
Biergleb16 have discussed the significance of electron 
affinity to these areas. Eberson17 has recently consid­
ered the possible relationships between dissociative 
electron transfer and toxicity of the compounds in­
volved in dissociative electron transfer. Single-elec­
tron-transfer reactions in solution belong to a major 
research area in inorganic chemistry.18 Reductions 
through single-electron transfer from alkali metals to 
unsaturated organic compounds, e.g., Bouveault-Blanc 

0009-2665/87/0787-0513$06.50/0 

Paul Kebarle was born in Sofia, Bulgaria. He studied chemistry at 
ETH in Zurich, Switzerland, and took his Ph.D. in Physical Chemistry 
(reaction kinetics) at the University of British Columbia in Van­
couver. After 2 years postdoctoral work with Fred Lossing at NRC 
Ottawa he joined the academic staff at the Chemistry Department 
of the University of Alberta in 1958. Studies of ions in gases near 
atmospheric pressures in his laboratory in 1964 led to the discovery 
that ion-molecule equilibria occur spontaneously at higher pres­
sures and can be measured under these conditions. His research 
since that time has been devoted to the study of ion-molecule 
reaction equilibria and the application of the data in various areas 
of chemistry. 

Swapan Chowdhury was born in Chittagong, Bangladesh. He ob­
tained his B. Sc. (Honors) and M. Sc. degrees in Chemistry from 
the University of Chittagong. Very recently he received his Ph.D. 
degree from the University of Alberta, where he worked under the 
direction of Professor Paul Kebarle. Currently he is doing post­
doctoral research, involving tendem mass spectrometry, with 
Professor Alex. Harrison at the University of Toronto. His research 
interests are in the general area of mass spectrometry with special 
emphasis on analytical techniques, such as chemical ionization 
(CI), collision-induced dissociation (CID), and fast-atom bombard­
ment (FAB). 

and Birch reductions, have been of importance in syn­
thetic organic chemistry for a number of years. Fur­
thermore, some reactions that were previously consid-
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ered to be of the SN2 type have now been reinterpreted 
on the basis of single-electron-transfer mechanisms.19 

In all these solution reactions, the stabilities of the 
anions are of prime importance, and these depend on 
the gas-phase electron affinity and on the solvation 
energy of the anion. 

Since the electron affinity (EA) is such an important 
fundamental property, it is not surprising that many 
methods for EA determination have been used. Thus 
in a 220-page recent review of electron affinities by 
Christophorou,20 some 31 different methods for electron 
affinity determinations are described. In spite of the 
availability of a large number of methods and the fun­
damental importance of EA values, data are not 
available for many molecules of interest,20 and when 
data are available, there can be very significant dis­
agreement between different determinations.20 

Two other recent reviews of electron affinities are by 
Lineberger21 and Brauman22 (see also papers by these 
authors in this issue). The electron photodetachment 
studies described by these authors represent the most 
accurate methods for EA determination. For diatomic 
and small polyatomic molecules where the photode­
tachment spectrum can be resolved, i.e., where the in­
itial and final states involved in the transitions can be 
identified, one obtains not only EA but also vibrational 
spacings in the neutral molecule and the negative ion. 
However, when polyatomic molecules are involved and 
the geometry of the negative ion and the neutral are 
quite different, resolution of the spectra may be diffi­
cult. The problem may be further aggravated when 
internal excitation is present in the negative ion (hot 
bands). The photodetachment spectrum in such cases 
may be so complicated that an electron affinity deter­
mination cannot be obtained. 

Gas-phase ion-molecule equilibria measurements, 
first developed and demonstrated in this laboratory23,24 

with a pulsed electron high ion source pressure mass 
spectrometer (PHPMS) (see Figures 1 and 2) and later 
also executed in an ion cyclotron25 and flowing afterglow 
appratuses,26 have proven to be an extraordinarily 
prolific source of ion thermochemical data such as 
ion-ligand binding energies,24'27 proton affinities of 
neutrals (gas-phase basicities) and negative ions (gas-
phase acidities),28,29 and hydride and chloride affinities 
of carbocations.30 

Relative electron affinities can also be determined 
with the ion-molecule equilibrium technique. The 
equilibria involved are given in eq 1. 

A" + B = A + B- (1) 

AG1
0 = -RT In K1 = AH1

0 - TAS1
0 (3) 

e + B = B- (4) 

AH4
0 = AHa°(B) AG4

0 = AGa°(B) (5) 

AH1
0 = AH.0 (B) - AHa°(A) (6) 

-EA(B) « AHa°(B) (7) 

The equilibrium constant K1, given in eq 2, is de­
termined by the experimental measurement. One ob­
tains the electron-transfer free energy AG1" from eq 3. 

The corresponding enthalpy can be obtained via van't 
Hoff plots of Ki measured at different temperatures or 
from extrathermodynamic estimates of AS1

0, the en­
tropy changes, which are generally quite small. A series 
of interconnected equilibria is measured such that a 
continuous AG1

0 and AH1
0 scale (ladder) is obtained. 

Absolute electron affinities (eq 4-6) are obtained by 
calibrating the scale to the known, literature, electron 
affinity of one or more of the participating compounds. 
These compounds are the external standards or 
"anchors" of the scale. The technique and procedures 
are described in more detail in section II of this article. 

Fukuda and Mclver,31-34 using a pulsed ICR, were the 
first investigators to measure equilibria 1. The com­
pounds A and B involved were mostly singlet molecules 
such that electron capture led to doublet radical anions. 
Unfortunately, due to a faulty determination of the EA 
of SO2 and nitrobenzene,32 these authors anchored the 
electron affinity scale incorrectly.35,36 Extensive mea­
surements of equilibria 1 from the reviewers' laboratory 
were initiated in 1983. The method proved to be very 
efficient and relatively straightforward. This allowed 
the determination of the electron affinities of some 120 
compounds up to the present time.36"47 

All compounds involved were stable molecules with 
positive electron affinities. The vast majority were 
singlet molecules which on electron capture became 
radical anions. 

The measurement of the electron-transfer equilibria 
(ETE) almost automatically leads also to a study of the 
kinetics of the electron-transfer reactions (eq 1). The 
rate constants of some 90 electron-transfer reactions 
were determined.37-43,45,46 Exothermic ion-molecule 
reactions in the gas phase often proceed at collision 
rates, and this was found also to be the case for electron 
transfer. Collision rate constants provide little infor­
mation on the details of the electron-transfer process. 
More interesting are exothermic electron-transfer re­
actions which proceed with rates that are lower than 
collision rates. The slow rates generally reveal the 
magnitude of the energy barrier for the electron-transfer 
process. The kinetic results and discussion are given 
in section III of this paper. 

Typically, organic compounds with positive electron 
affinities possess conjugated bonds, and this leads to 
a relatively low-lying lowest unoccupied molecular (ir*) 
orbital (LUMO), which accepts the extra electron and 
becomes the singly occupied molecular orbital (SOMO). 
In addition to conjugation, the presence of electroneg­
ative atoms or electron-withdrawing groups (F, Cl, 
CHO, CN, NO2) leads to lowering of the LUMO energy 
and thus to a higher electron affinity. The compounds 
whose EA's were determined were substituted benzenes, 
naphthalenes, anthracenes, substituted quinones, per-
fluorinated systems like C6F6 and SF6, perfluorocyclo-
alkanes, and some smaller molecules like SO2, NO2, and 
CH3NO2. 

The results of the electron affinity determinations 
and relationships between structure and stability of the 
anions are examined in section IV of this paper. 

The measured entropy changes on electron attach­
ment ASa° can in certain cases provide useful infor­
mation on the structural changes occurring on forma­
tion of the negative ion. These results are discussed in 
section V. 
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The electron-transfer reactions in the gas phase may 
proceed via relatively long-lived adduct complexes A~«B. 
In some cases the adduct complexes can be stabilized 
by collisions with a third gas, and the equilibria (eq 8) 
can be measured. 

2000 V 
electrons 

A" + B = A-B (8) 

Such measurements lead to determinations of the 
binding energies AG8

0 and enthalpies AH8
0 of the ad­

duct A"»B. The binding energies may indicate charac­
teristic binding between the anion and the molecule, 
i.e., hydrogen bonding or covalent bonding as in 
Meisenheimer complexes. Furthermore, the bonding 
in A"«B may be of importance to the kinetics of the 
electron-transfer reaction. These results and discussion 
are given in section VI. 

As mentioned above, radical anions are important 
species in solution. The available gas-phase electron 
affinities can be compared with energy data in solution. 
Most useful in this respect are the polarographic half-
wave reduction potentials Eu2- Combination of the 
gas-phase data with the solution reduction potentials 
leads to evaluations of the solvation energies of the 
radical anions. Additional insight into the nature of the 
solvation interactions can be obtained by measurement 
of the gas-phase ion-molecule equilibria 9, where B - is 

B- + Sl = B--S1 B-(Sl)n.! + Sl =B-(S1)„ (9) 

a given anion and Sl is a molecule of a solvent vapor 
like methanol, acetonitrile, or dimethylformamide. 
These data and discussion are also presented in section 
VI of this paper. 

The formation of negative ions B" in the presence of 
B and thermal electrons depends on the temperature 
and pressure and the internal properties of B and B - . 
More directly, the observation of B - depends on the 
values of the electron thermal attachment and detach­
ment rate constants. These relationships are discussed 
in section VII. 

Negative ions play an important part in analytical 
mass spectrometry. Particularly important areas are 
chemical ionization (NICI), fast atom bombardment 
(NIFAB), thermospray, and electrospray. The rele­
vance of the PHPMS results to these fields is discussed 
in section VIII. 

The literature coverage in this article restricts itself 
to gas-phase electron-transfer reactions and equilibria 
and electron affinities derived therefrom. Most of this 
work is contained in ref 31-47. Other literature is 
covered only insofar as it relates to the data obtained 
from electron-transfer equilibria and the kinetics 
studies. The literature coverage extends to September 
1986. 

/ / . Determination of Electron-Transfer Equilibria 
(ETE) and Electron Affinities (EAs) 

The electron-transfer equilibria (eq 1) were measured 
in the laboratory of the reviewers with the pulsed 
electron beam high ion source pressure mass spectrom­
eter48 (PHPMS) used in earlier work.24 The pulsed 
electron, ion source (see Figure 1) contains typically 5 
Torr of bath gas, most often methane, and millitorr 
pressures of compounds A and B. A short ~ 10-jus pulse 
of electrons accelerated by 2000 V enters the ion source 
through a very narrow slit and leads to production of 

5 torr gas mixture 

to mass analysis 

Figure 1. Ion source of pulsed electron high pressure mass 
spectrometer PHPMS. Relatively high bath gas pressure (5 Torr) 
traps ions since it slows diffusion of ions to walls. Also, high bath 
gas pressure leads to thermal reaction conditions. 

Figure 2. PHPMS apparatus: (1) pulsed electron gun: (2) 
temperature-controlled ion source; (3) open cage defining electrical 
field; (4) heating and cooling mantle; (5) accelerating electrodes; 
(6) to magnetic mass analysis tube; (7) slow in and out flow of 
reaction mixture through ion source; (8) 6-in. differential pumping; 
(9) 4-in. differential pumping. 

positive ions and secondary electrons by electron impact 
with the bath gas. The secondary electrons are brought 
to near thermal energies by collisions with the bath gas. 
Electron capture by A and B leads to excited (A-)* and 
(B-)*, which are subsequently thermalized by collisions 
with the bath gas. As A- and B" diffuse toward the 
walls they engage also in electron transfer with neutral 
B and A molecules, and the electron-transfer equilib­
rium (eq 1) is achieved under suitably selected condi­
tions. The ions coming to the vicinity of the very 
narrow ion exit slit escape into the vacuum chamber 
where they are accelerated, mass analyzed, and detected 
(see Figure 2). The time between pulses is typically 
10 ms. One given mass is observed over some 5000-
10 000 pulses, the accumulated signal leading to better 
signal-to-noise ratio. The ions arriving at the ion de­
tector after the electron pulse are counted and the 
counts stored in a multiscaler as a function of time.48 

Ion intensities obtained in typical experiments37 are 
shown in Figure 3. Electron capture by A and B leads 
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Figure 3. Observed37 ion intensities after 10-jus electron pulse. 
In B, a kinetic stage precedes achievement of electron-transfer 
equilibrium, while in A the equilibrium is established rapidly. 
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for the electron-transfer equilibria A- + B = A + B". These AG0 
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SO2- + A = SO2 + A". Known AGa°(S02) = -26.1 kcal/mol 
evaluated from literature data leads to AG„°(A) for all of the other 
compounds. AGa°(A) corresponds to the reaction A + e = A". 
Scale illustrates connections to the standard SO2. NB stands for 
nitrobenzene. The subscript a in AGa° stands for attachment 
process (eq 4). 

to formation of A~ and B" (Figure 3B). However, due 
to the higher electron affinity of the dichloronaphtho-
quinone (B), the intensity of B - is seen to increase with 
time while that of A" decreases. After some 0.7 ms, the 
intensity ratio B" to A~ becomes constant with time, 
which for the logarithmic intensity plot used corre­
sponds to a constant vertical distance between B" and 
A". The constant ratio is assumed to be due to 
achievement of equilibrium 1. In Figure 3A conditions 
are such that the equilibrium is established much faster. 
In both A and B the linear decrease of the log ion in­
tensities after equilibrium has been reached is due to 
first-order diffusion and destruction of the ions at the 
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wall of the ion source. The ion intensity ratio after 
equilibrium is achieved is substituted into the equilib­
rium constant equation (eq 2). The concentrations of 
the neutrals A and B are known from the original 
composition of the mixture. Ion formation is a minor 
process, so that [A] and [B] remain virtually unchanged. 

A ladder (scale) constructed from AG1
0 values ob­

tained from some of the electron-transfer equilibria 
measurements37-46 is shown in Figure 4. Determina­
tions of K1 at different temperatures lead to the eval­
uation of AH1

0 and AiS1
0 via van't Hoff plots (see eq 

2 and 3). Thus, one can also construct AH1
0 and AS1

0 

ladders.41"45 Partial AH1
0 and AS1

0 ladders are given 
in Figures 5 and 6. The electron affinities of the com­
pounds in the AH1

0 ladder are evaluated41 from the 
electron affinity of SO2 determined with the electron 
photodetachment method by Hall.49 Furthermore, 
there are four5^53 other electron affinity values for S02(g) 
within ±0.1 eV of Hall's value: 1.097 ± 0.036 eV. SO2 

is a good standard also because the geometries and 
vibrational frequencies of SO2 and SO2

- are available 
from the literature (see Table I, ref 41). 

The photodetachment electron affinity49 corresponds 
to the negative energy change for the electron attach­
ment process (eq 10) where SO2 and SO2" are in their 

SO9 + e = SO2 AH8(SO2) (10) 

ground electronic, vibrational, and rotational states. By 
use of the s ta t ionary convention for the electron,41 
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Subscript a stands for attachment process (eq 4). 

EA(SO2) corresponds to the -AH8(SO2) at 0 K. AH8-
(SO2) at 298 K can be evaluated41 from the available 
vibrational frequencies of SO2 and SO2" and EA(SO2).

49 

Due to the similarities of SO2 and SO2", AH8
0 at 298 and 

0 K are found to differ by only 0.1 kcal/mol, a differ­
ence that is smaller than the expected error of the AH1

0 

measurements. 

AHa(S02)298 = -EA(SO2) + 0.1 kcal/mol 

Electron attachment entropies for SO2", AS8
0 (SO2), can 

also be evaluated from the available frequencies and 
geometries.41 Thus SO2 serves also as an anchor in the 
entropy as well as free energy ladder (see Figures 4-6). 

/ / / . Kinetics of Electron-Transfer Reactions 1: 
A' + B = A + B-

Electron transfer (1) involving negative ions in its 
essential features is analogous to electron transfer in­
volving positive ions (eq 11). Reactions 1 or 11 are 

A+ + B = A + B4 
( H ) 

often referred to as charge-transfer reactions by workers 
in the gas phase. Electron-transfer reactions have been 
much studied both in the gas phase and in solution.18,19 

Early theoretical work involving gaseous atomic ions 
and neutral atoms dealt with the velocity dependence 

of the electron-transfer cross section.54,55 This work 
established that the conversion of translational energy 
into internal (electronic) energy is a relatively inefficient 
process. The largest cross sections are occurring for 
resonant processes, i.e., for cases where the recombi­
nation energy of A+ matched the ionization energy of 
B, at near zero relative velocities. For brief reviews see 
Futrell66 and Lindholm.57 

Early qualitative extensions of the theory based on 
experimental findings for diatomic systems and thermal 
rate constants were published by Bohme58 and Bow­
ers.59 These and earlier authors emphasized the im­
portance of "accidental" resonance for molecular sys­
tems. Accidental resonance is achieved by transitions 
to electronically and vibrationally excited states whose 
density might be quite high for molecules. Since the 
transition from A+-B to A-B+ involves a fast electron 
jump, the transitions are vertical, i.e., the internuclear 
distances in the molecules A and molecules B are, from 
a classical view point, preserved, or, quantum me­
chanically, the transition probability is governed by the 
Franck-Condon factors. Implicit in these treatments 
is also the assumption of weak electronic overlap be­
tween A+ and B in A+-B and A and B+ in A-B+, where 
A+-B and A-B+ are the complexes just before and after 
the electron jump. 

A systematic experimental and theoretical develop­
ment concerning the rate constants of electron-transfer 
reactions involving polyatomic molecules does not seem 
to have occurred. For a brief discussion and leading 
references see the Introduction in McEwen.60 It has 
been recognized that for electron-transfer reactions the 
classical spiralling collision rate constant (Langevin-
ADO)61,62 need not be the upper limit. In cases where 
energy resonance is present and the Franck-Condon 
factors are very favorable, the electron jump may occur 
in the "fly by" at distances larger than those corre­
sponding to the classical orbiting limit, although firm 
experimental evidence for the occurrences of such large 
rate constants does not seem to be available.60 The 
majority of thermal exothermic electron-transfer reac­
tions involving polyatomic reactants occur at near 
collision limit rates. 

Relatively few determinations of thermal rate con­
stants for the electron-transfer reactions (eq 1) involving 
negative ions have been reported.7,35,60,63"65 Most of 
these studies7,35,63"65 were performed primarily for the 
determination of electron affinities via (1), where, in­
stead of measuring the equilibrium (eq 1), one measures 
rates (bracketing method). The assumption is made 
that if the reaction is exothermic it will proceed at near 
collision rates.65 

Systematic determinations of thermal rate constants 
kx were undertaken in the reviewers' laboratory from 
1984 onward.37,38,40,42"46 A description of the method of 
measurement is given in Grimsrud.37 Some 90 rate 
constants were determined. Part of these are summa­
rized in Table I. 

Exothermic electron transfer between NO2, SO2, 
substituted benzenes, perfluoroaromatics, quinones, 
naphthalenes, anthracenes, and azulene was found to 
proceed at near collision rates. In most cases (see Table 
IA), the rate constants predicted by ADO theory62 were 
found to be in good agreement with the experimental 
determinations. 
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fa 
iFu 
(Fu 
:Fii 

3-CF3C6H4NO2 
3-NO2C6H4NO2 
4-CNC6H4NO2 
4-NO2C6H4NO2 

F4C6O2 
3-CF3C6H4NO2 
3-NO2C6H4NO2 
4-CNC6H4NO2 
4-NO2C6H4NO2 

2,6-Ci2CgH202 
F4C6O2 

8.9 
14.5 
15.5 
22.5 
38.6 

7.7 
13.3 
14.6 
21.3 
32.3 
37.4 

5 X 1O-13 

6 X 10"u 

1.0 X 1O-10 

1.0 X 1O-9 

1.4 X 1O-9 

<5 X 1O-13 

4 X 1O-11 

5 X 1O-11 

7 X 1O-10 

8 X 1O-10 

1.2 X 1O-9 

6.9 
6.0 
4.3 
3.0 
0.0 

7.4 
5.4 
4.8 
2.9 
0.3 

0 NB = nitrobenzene; BQ = p-benzoquinone; NpQ = 1,4-naphthoquinone; C7F14 = perfluoromethylcyclohexane. b (cm3 molecule-1 s-1) X 
109. ' (cm 3 molecule-1 s-1) X 109. The following dipole moments (in Debye) and polarizabilities (in A3) were used: P-NO2NB, 0, 15.5; 
m-N02NB, 3.8, 15.5; m-CF3NB, 3.6, 18; NO2, 0.3, 2.5. For ADO equations see Bowers.79 ' ' In kcal/mol. ' R a t e constants in cm3 molecule-1 

s-1. 'From ref 38. eEv equals vibrational energy in kcal/mol in SF 6 ' present in complex SF6
--B required for EdiV = EA(B) (see Figure 9). hE* 

in kcal/mol is calculated by Richardson71 on the basis of the Marcus equations. 
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Figure 7. Temperature dependence of forward rate constant, 
k(, for slow reactions 12: SF6

- + B = SF6 + B-: (A) B = tetra-
fluoroquinone; (B) B = 1,4-dinitrobenzene; (C) B = 4-cyano-l-
nitrobenzene; (D) B = 3-(trifluoromethyl)-l-nitrobenzene. EA(B) 
decreases from A to D. Rate constant decreases in same order. 
From Grimsrud.38 

Rates much slower than collision rates were ob­
served38 for SF6, perfluorocyclohexane, and perfluoro-

A" + B-]^~(A-.B]P- A-(EV),B —• A.B- — A + ET 

Figure 8. Typicl reaction coordinate for bimolecular ion-molecule 
reactions. Internal barrier, E*, becomes equal to the vibrational 
energy, Ev, shown in Figure 9 for the special case of electron-
transfer reactions 12: SF6

- + B = SF6 + Br-. From Grimsrud.38 

methylcyclohexane. The rate constants for these slow 
reactions are given in Table IB. More detailed infor­
mation was obtained for reaction 12, where B were 

SFB- + B = SFB + B- (12) 

nitrobenzenes or quinones with differing electron af­
finities such that the exothermicity of (12) could be 
changed by small increments. The temperature de­
pendence of the rate constants kl2 for four different B's 
was determined. These results38 are shown in Figure 
7. 

Rate constants of ion-molecule reactions proceeding 
at collision rates do not provide information on the 
nature of the chemical transition state via which the 
actual transforming event occurs since they depend on 
the parameters of the bottleneck complex, which in this 
case is the orbiting complex. The typical reaction co­
ordinate66'67 for ion-molecule reactions is shown in 
Figure 8. Initially, the energy decreases due to the 
long-range attractive forces between the ion and in-
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Figure 9. Potential energies of SF6 and SF6" from theoretical 
calculations of Hay.70 Assuming negligible geometry change 
between B and B-, conservation of energy leads to the requirement 
EA(B) « E^v, which fixes the value of internal barrier E, for 
electron transfer (eq 12). See Figure 8. 

duced plus permanent dipoles of the molecule. When 
the chemical barrier E* is low such that -AE0* is large, 
formation of the collision complex is rate determining; 
i.e., k = kc and no information on -AE0* apart from an 
(approximate) upper limit is obtained from k. Since 
kc is almost independent of temperature,61'62 these re­
actions show weak or no temperature dependence. 

For reactions in which the chemical barrier is rela­
tively larger such that AE0* is still negative but -AE0* 
is small, passage over this barrier becomes rate deter­
mining, k is less than kc and increases as the temper­
ature is decreased; i.e., there is negative temperature 
dependence. For relatively large E* where AE0* is 
positive, k is very much smaller than kc and has positive 
temperature dependence.66'67 

The above findings66,67 were based on studies of ion-
molecule reactions where the chemical transformation 
occurs through continuous nuclear motion. This is the 
case, for example, in SN2 reactions. Electron-transfer 
reactions are special since the "chemical 
transformation" occurs with an electron jump at some 
constant atomic coordinates (Franck-Condon transi­
tion). An internal energy barrier E* for electron-
transfer reactions can be present when the geometries 
of A~-B and A-B" are quite different.68 Since electron 
transfer among the compounds B, which were the ni-
trobenzenes, quinones, etc., was fast, Grimsrud et al.38 

concluded that the big change between SF6
--B and 

SF6-B" in the slow reactions (eq 12) occurs in the ge­
ometries of SF6" and SF6. This assumption was sup­
ported by experimental observations69 on the photo-
detachment threshold of SF6" and a theoretical calcu­
lation by Hay,70 which showed that the S-F bonds in 
SF6" were considerably longer than in SF6. Hay's result 
is shown in Figure 9. Making the assumption that Edv 
= EA(B), which is equivalent to the requirement that 
the A--B -* A-B" transformation should conserve in­
ternal energy, Grimsrud et al.68 obtained the vibrational 
energy Ev — E*. Ev is the vibrational energy in SF6

-

required for a good Franck-Condon probability (see 
Figure 9). These E* are given in Table IB. The ap­
proach taken by Grimsrud et al.38 corresponds to a 
graphical solution of the Marcus equations,18,68 although 
the authors38 were not aware of this at the time. Later, 
Richardson,71 using the assumption of similar geome­
tries for B and B" and Hay's potential energies for SF6 
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and SF6", evaluated the barriers for reactions 12 pre­
dicted by the Marcus equations.18,68 These barriers are 
also given in Table I and as expected are similar to 
those of Grimsrud et al.38 The E* obtained in this 
manner were found38 in qualitative agreement with the 
kinetic results (Table II and Figure 7). However, the 
magnitude of AE0*, which is the parameter that controls 
the magnitude of k, does not depend directly on E* but 
is given by AE0* = E* - .D(A--B), where D(A--B) is the 
bond energy of the stable A--B complex at the bottom 
of the first well (see Figure 8). The qualitative agree­
ment was obtained with an estimated value of D(S-
F6

--B).38 Actual measurements of D(SF6
--B) and D-

(SF6-B") were performed72 by measuring the tempera­
ture dependence of equilibria SF6" + B = SF6

--B and 
B - + SF6 = B--SF6 (see section VI). The results were 
surprising.72 It was found that SF6

- bonds to B quite 
strongly, but negative ions B" bond to SF6 very weakly. 
The weak bonding of negative ions to SF6 was attrib­
uted to the unfavorable dodecapole moment of SF6, Le., 
to the negative charge outer "envelope" in SF6 caused 
by the large electronegativity of the F atoms.72 The 
strong bonding in SF6

--B increases -AE0* while the 
weak bonding in SF6-B

- decreases it again. Further­
more, the structures of SF6

--B and SF6-B
- are probably 

also quite different due to the different type of bonding 
in SF6

--B and SF6-B
- (see section VI). This structural 

difference would also increase the barrier in Figure 8 
and be an additional factor reducing the rate of reaction 
12. 

It was concluded72 that reaction 12 and probably also 
the reactions involving the perfluorocycloalkanes are 
slow because the geometries of the neutral perfluoro 
compound and its negative ion are quite different. 
Additional factors slowing down the rate are the low 
binding energies of the perfluoro negative ions to 
molecules B and the different structures of the com­
plexes A--B and A-B-. 

Differences of bond energies and structures of the 
complexes A--B and A-B" are not considered as possible 
factors affecting electron transfer in solution.18 This 
is probably justified since solvation of the ions reduces 
the bonding in A"-B and A-B- to almost zero. 

IV. Electron Affinities: Structures and 
Stabilities of Radical Anions 

A. Substituted Aromatic Compounds 

The electron affinities of substituted aromatic com­
pounds are given in Table II. The large majority of the 
data are first determinations. Furthermore, the data 
represent the first comprehensive compilation covering 
a wide variety of compounds. This justifies a brief 
examination of the parameters determining the mag­
nitude of the electron affinities for the classes of com­
pounds. 

Benzene is the progenitor of the other aromatic com­
pounds. The added electron enters the lowest unoc­
cupied orbital (LUMO), which in the negative ion be­
comes the singly occupied molecular orbital (SOMO). 
The LUMO is a x* type orbital, and the w orbital dia­
gram is shown in Chart I. The lower the energy of the 
LUMO the higher will be the electron affinity. In 
benzene, the LUMO energy is still high and a stable 
negative ion is not formed in the gas phase. 



520 Chemical Reviews, 1987, Vol. 87, No. 3 

CHART I 

Kebarle and Chowdhury 

Ia11 

> 

I 
C 
o 
o 

Figure 10. Electron affinities of substituted benzenes, naph­
thalenes, anthracenes, and nitrobenzenes. The negative electron 
affinities for benzene and naphthalene are from Jordan.73 The 
corresponding negative ions are unstable. A decreasing substituent 
effect (decreasing slope p) is observed as the charge delocalization 
of the first member negative ion increases. oy(g) are Hammet 
substituent constants from Taft.75 From Chowdhury.44 

The LUMO energy can be lowered either by expan­
sion of the 7T conjugation or by introduction of elec­
tron-withdrawing substituents. This was illustrated by 
Chowdhury et al.44 on the basis of the EA data, as 
shown in Figure 10. For the unsubstituted benzene, 
naphthalene, and anthracene the EA is seen to increase. 
A positive EA, i.e., a stable negative ion, is observed 
only for anthracene. The negative electron affinities73 

for benzene and naphthalene given in Figure 10 corre­
spond to the energy required to put an electron into the 
LUMO of the molecules. The resulting negative-ion 
states formed are short-lived (10~12-10~15 s). Negative 
electron affinities are successfully measured by electron 
transmission spectroscopy (ETS).73 

Polyaromatic hydrocarbons with more rings than 
anthracene have progressively lower LUMO's and thus 
are expected to have progressively higher positive 
electron affinities.74 

Electron-withdrawing substituents like CHO, CN, 
and NO2 lead to large increases of electron affinity (see 
Figure 10). The effect of a given substituent is seen to 
decrease from benzene to anthracene, i.e., in the order 
of increasing negative charge delocalization in the un­
substituted anion. The lowest slope, i.e., the lowest 
effect of the substituent, is observed for substituted 
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Figure 11. Plot of electron affinities of substituted nitrobenzenes 
vs. gas-phase acidities of substituted phenols (see eq 13). A linear 
relationship with unit slope is observed. From Fukuda33 and 
Grimsrud.37 

nitrobenzenes (see Figure 10). In these systems charge 
delocalization in the unsubstituted compound (nitro­
benzene") is due to delocalization onto the NO2 group.44 

More extensive EA data are available for substituted 
nitrobenzenes from ETE determinations in both 
Mclver's and Kebarle's laboratory (see Table II). A plot 
of the substituent effects is shown in Figure 11. The 
substituent constant magnitudes, o-p" (Figure 10), were 
chosen by Taft75 on the basis of the gas-phase acidities 
of substituted phenols. This choice means that ap~ and 
the proton-transfer free energies, AG13

0, are linearly 
related. The close correlation between substituent 

(13) 

effects on the acidities of phenols and on the electron 
affinities of nitrobenzenes is remarkable, particularly 
when one considers that the electron in the phenoxide 
anions is in a it type orbital while that in the nitro­
benzene radical anion is in a w* orbital. From a prac­
tical standpoint, it is evident that <rp~ values can be used 
with some confidence to predict electron affinities of 
substituted nitrobenzenes that have not been measured. 

The reversals of the CHO and CN substituent effects 
on the electron affinities of the less charge delocalized 
substituted benzenes, naphthalenes, and anthracenes 
(see Figure 10) have been attributed44 to the greater 
increase of the TT electron withdrawing effect relative 
to the field effect, with decreasing charge delocalization 
in the unsubstituted ion. Thus the strongly ir with­
drawing CHO substituent becomes relatively more ef­
fective than the strong field effect stabilizing CN in the 
weakly delocalized systems, i.e., toward the bottom of 
Figure 10. 

Informative theoretical (ST0-3G) molecular orbital 
calculations on benzene and substituted benzene radical 
anions have been reported by Radom.76 While the en-
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ergies of the two TT* LUMOs in benzene are the same, 
a splitting of energy occurs after the extra electron is 
added (Jahn-Teller effect). In benzenes substituted 
with an electron-withdrawing substituent X, the 2biu 

state (Chart I) leads to lower energy, while electron-
donating substituents favor the Ia1J state. The presence 
of the electron leads to (small) changes of C-C bond 
lengths in the ring. The distance shortens between the 
C atoms for which the psi density is in phase, as is the 
case for the two pairs of neighboring shaded atoms in 
the 2b i u state (see Chart I). 

Energy changes with substitution for benzene nega­
tive ions calculated by Radom were found in approxi­
mate agreement with experimental electron affinity 
changes.76 

Data on the stabilities of substituted aromatic radical 
anions in solution are available from polarographic 
half-wave potentials. These results are compared with 
the gas-phase electron affinities in section VI, which 
deals with the solvation energies of radical anions. 

B. Substituted Benzo-, Naphtho-, and 
Anthraqulnones 

The quinones are an extremely important group of 
compounds in both biochemistry and organic chemistry. 
In biochemistry, quinones, attached to proteins, are the 
prosthetic group involved in electron and hydrogen 
transfers.13,76-78 The one- or two-electron reduction of 
quinone (quinone-hydroquinone) is reversible and 
represents an important example of organic electro­
chemistry. 

Diels-Alder reactions involving cycloadditions of 
dienes to quinones are valuable routes for the synthesis 
of many natural products. Because the majority of 
cycloadditions and additions to quinones involve elec­
tron-rich species (nucleophiles), the low energy of the 
LUMO of quinones is an important factor in these re­
actions.81 

The LUMO's of quinone and naphthoquinone, which 
accommodate the extra electron, are shown in Chart II. 
Both Huckel MO82 and ST0-3G calculations81 predict 
a lower LUMO energy for benzoquinone relative to 
naphthoquinone. Thus for the quinones, one expects 
a decrease of electron affinities from benzoquinone to 
naphthoquinone to anthroquinone. This agrees with 
the experimentally measured electron affinities (see 
Table II). The decrease of electron affinities in the 
above order is opposite to that observed for benzene, 
naphthalene, and anthracene (see preceding section). 

p-Quinodimethane (III) has substantial delocalization 
energy (1.924/3), which is similar to that of benzene (20). 

CHART II. LUMO's of Benzo- and Naphthoquinone081 

,0 .49 ,-,0.47 

Probably it still has, like benzene, a negative electron 
affinity.83 Thus, the substantial electron affinity of 
quinone, EA = 42.4 kcal/mol, is due to the high elec­
tronegativity of the two oxygen atoms, which leads to 
a substantial lowering of the LUMO energy. 

The electron affinities of some 21 substituted benzo-, 
naphtho-, and anthroquinones measured by ETE37,46a 

0.33 0.24 

"The numbers are LUMO coefficients obtained from STO-3G 
calculations. 
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Figure 12. Comparison of ETE results leading to electron af­
finities of substituted quinones determined by ICR (Mclver33'34) 
and PHPMS.37'468 

are given in Table II. Substantial increases of EA are 
observed for multiple substitution with electron-with­
drawing groups. Thus tetrachlorobenzoquinone has an 
electron affinity that is higher by 20 kcal/mol than that 
of benzoquinone. 

Methyl substitution on the sp2 hybridized carbons of 
the quinones leads to a lowering of the electron affinity 
(see Table II). A similar effect was observed for 
methyl-substituted nitrobenzenes. Methyl on sp2 car­
bon is known to be destabilizing for negatively charged 
species. This effect is responsible for the higher gas-
phase acidity of acetylene relative to methylacetylene 
and formic acid relative to acetic acid.84'85 

Fukuda and Mclver33,34 have reported the relative 
electron affinities of 21 substituted quinones. These 
results were based on AG1

0 scales (see section II). In 
order to achieve a comparison the Fukuda scale was 
calibrated by the present authors to -AG8(SO2) = 26.1 
kcal/mol. Electron affinities of quinones measured in 
both laboratories are shown in Figure 12. The values 
are seen to be in very good agreement except for per-
fluorobenzoquinone for which the PHPMS result is 
some 5 kcal/mol higher. The total Fukuda and Mclver 
AGa°(B) are given in Table II. 

Cooper et al.86'87 have determined some quinone 
electron affinities with a Cs atom beam collisional ion­
ization technique. These values are compared with the 
ETE values in parentheses: benzoquinone 1.89 (1.91) 
eV, tetrafluoroquinone 2.9 (2.7) eV, and tetrachloro-
quinone 2.78 (2.76) eV (Table II). The agreement is 
very good except for the perfluoro compound. Cooper's 
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TABLE II. Electron Affinities 

Kebarle and Chowdhury 

molecule" 

-AG1
0,6 

kcal/mol 

PHPMS ICR 
-AH.0 » EA; 

ETEC ±0.1, eV EA,1* eV 
Triatomic 

NO2 (nitrogen dioxide) 52.6 - 2.30 (41) 

SO2 (sulfur dioxide) 

CS2 (carbon disulfide) 

CH3NO2 (nitromethane) 
C4H2N2 (trtms-l,2-dicyanoethylene) 
C4H6O2 (2,3-butanedione) 
C6N4 (tetracyanoethylene) 

(26.1) (26.1) (1.10) 

12.7 0.51 (41) 

12.1 
28.4 
16.9 
73.0 

Polyatomic 
0.48 (41) 
1.24 (43) 
0.69 (41) 
3.17 (43) 

Substituted Benzenes 
29.1 
32.6 

2,3-C6H3Cl2NO2 (2,3-dichloronitrobenzene) 
3,4-C6H3Cl2NO2 (3,4-dichloronitrobenzene) 
2-C6H4BrNO2 (o-bromonitrobenzene) 26.3 - 1.17 (41 
2-C6H4BrNO2 (o-bromonitrobenzene) 26.2 - 1.16 (41 
3-C6H4BrNO2 (m-bromonitrobenzene) 29.5 - 1.32 (41 
4-C6H4BrNO2 (p-bromonitrobenzene) 29.0 - 1.29 (41 
2-C6H4ClNO2 (o-chloronitrobenzene) 25.7 25.1 1.14 (41 
3-C6H4ClNO2 (m-chloronitrobenzene) 28.8 28.4 1.28 (41 
4-C6H4ClNO2 (p-chloronitrobenzene) 28.2 27.7 1.26 (41 
2-C6H4FNO2 (o-fluoronitrobenzene) 24.2 24.9 1.07 (41 
3-C6H4FNO2 (m-fluoronitrobenzene) 27.7 27.2 1.23 (41 
4-C6H4FNO2 (p-fluoronitrobenzene) 25.0 24.7 1.12 (41 
2-C6H4N2O4 (o-dinitrobenzene) 36.9 - 1.65 (41 
3-C6H4N2O4 (m-dinitrobenzene) 36.9 37.0 1.65 (41 
4-C6H4N2O4 (p-dinitrobenzene) 44.3 44.4 2.00 (41 
C6H6NO2 (nitrobenzene) 22.8 23.1 1.01 (41 
3-C6H6N2O2 (m-nitroaniline) 21.0 - 0.95 (43 
2,6-C7H3Cl2N (2,6-dichlorobenzonitrile) 16.7 - 0.72 (43 
3,5-C7H3N3O4 (3,5-dinitrobenzonitrile) 48.5 - 2.16 (41 
2-C74F3NO2 (o-a,a,a-trifluoromethylnitrobenzene) 29.9 - 1.33 (47 
3-C7H4F3NO2 (m-a,a,a-trifluoromethylnitrobenzene) 31.6 31.5 1.41 (47 
4-C7H4F3NO2 (p-a,a,a-trifluoromethylnitrobenzene) 33.8 - 1.47 (47 
2-C7H4N2O2 (o-nitrobenzonitrile) 35.8 - 1.61 (41 
3-C7H4N2O2 (m-nitrobenzonitrile) 34.8 35.2 1.56 (41 
4-C7H4N2O2 (p-nitrobenzonitrile) 38.7 - 1.72 (41 
2-C7H5NO3 (o-nitrobenzaldehyde) 34.6 - 1.51 (47 
3-C7H6NO3 (m-nitrobenzaldehyde) 31.7 - 1.41 (47 
4-C7H6NO3 (p-nitrobenzaldehyde) 37.7 - 1.67 (47 
2,4-C7H6FNO2 (2-methyl-4-fluoronitrobenzene) 22.7 
2,3-C7H6N2O4 (2-methyl-3-nitrobenzene) 38.8 
2-C7H7NO2 (o-nitrotoluene) 20.7 21.4 0.92 (41 
3-C7H7NO2 (m-nitrotoluene) 22.1 22.1 0.99 (41 
4-C7H7NO2 (p-nitrotoluene) 21.2 21.7 0.95 (41 
3-C7H7NO3 (m-methoxynitrobenzene) 23.4 - 1.04 (41 
4-C7H7NO3 (m-methoxynitrobenzene) 20.3 - 0.91 (41 
3,5-C8H3F6NO2 40.2 - 1.79 (41 

(3,5-bis(a,a,a-trifluoromethyl)nitrobenzene) 
2-C8H4F3N (o-a,a,a-trifluoromethylbenzonitrile) 15.8 - 0.70 (43 
3-C8H4F3N (m-a,a,a-trifluoromethylbenzonitrile) 15.5 - 0.67 (43 
4-C8H4N2 (p-a,a,a-trifluoromethylbenzonitrile) 18.6 - 0.76 (43 
2-C8H4N2 (o-cyanobenzonitrile) 22.3 - 0.95 (43 
3-C8H4N2 (m-cyanobenzonitrile) 21.0 - 0.91 (43 
4-C8H4N2 (p-cyanobenzonitrile) 25.8 - 1.10 (43 
3-C8H6NO (m-cyanobenzaldehyde) 23.2 - 1.00 (43 
4-C8H6NO (p-cyanobenzaldehyde) 28.1 - 1.22 (43 
2-C8H7NO3 (o-nitroacetophenone) 30.9 - 1.38 (47 
3-C8H7NO3 (m-nitroacetophenone) 29.3 - 1.31 (47 
4-C8H7NO3 (p-nitroacetophenone) 34.8 - 1.55 (47 
2-C8H8O2 (o-hydroxyacetophenone) 20.7 
2,3-C8H9NO2 (2,3-dimethylnitrobenzene) 19.4 20.7 0.86 (41) 
3,4-C8H9NO2 (3,4-dimethylnitrobenzene) 20.9 
2,4-C8H9NO2 (2,4-dimethylnitrobenzene) 20.1 
2,6-C8H9NO2 (2,6-dimethylnitrobenzene) - 18.3 
3-C8H10N2O2 (AT,2V-dimethyl-3-nitroaniline) - 22.0 
3,5-C9H3F6N 26.3 - 1.14 (43) 

(3,5-bis(a,a,a-trifluoromethyl)benzonitrile) 
4-C9H7NO (p-cyanoacetophenone) 25.0 1.13 (43) 

2.28 ± 0.1 (ECT, 50); 2.36 ± 0.1 (LPD, 98); 
>2.5 ± 0.1 (CI, 99); 2.28 ± 0.025 (LPD, 100); 
>2.32, <2.5 (KB, 101); 2.1 (ECT, 105); 
2.5 (CI, 103) 

<1.0 ± 0.1 (PD, 104); 1.05 (ECT, 53); 
0.99 ± 0.1 (ECT, 50); 1.14 ± 0.15 (CI, 53); 
1.097 ± 0.036 (PES, 49) 

0.50 ± 0.2 (ECT, 50); 1.0 ± 0.2 (CI, 110); 
0.62 ± 0.2 (CI, 111) 

0.44 ± 0.1 (CI, 107) 

0.63 ± 0.05 (ECD, 108) 
2.3 ± 0.3 (PD, 114); 2.9 (M, 115); 2.9 (CTS, 116) 

1.66 (El/2, 116); 1.07 (CTS, 116) 
1.58 (Ey2, 116); 1.26 (CTS, 116) 

>0.8 ± 0.2 (ECD, 108a); »0.7 ± 0.2 (ECT, 50) 

1.11 ± 0.13 (M, 115) 
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TABLEII (Continued) 

molecule" 

-AG; 3 b 

kcal/mol 

PHPMS 
16.1 
23.8 
25.1 
26.9 
-
-

15.8 
15.3 

ICR 

17.5 
-
-
-

19.1 
20.4 
17.9 
16.7 

-AH,0 « EA; 
ETEC ±0.1, eV 
0.70 (41) 
1.07 (47) 
1.13 (47) 
1.20 (47) 

0.64 (41) 
0.62 (41) 

Perfluoro Compounds 
14.8 
21.6 
27.0 
21.7 
43.5 
20.9 
37.1 
29.3 

-
-
-
-

-
-
-

0.52 (42) 
0.94 (42) 
1.1 (42) 
0.94 (2) 
1.89 (42) 
0.91 (42) 
1.61 (42) 
1.05 (38) 

EA,* eV 
2,4,6-C9HnNO2 (2,4,6-trimethylnitrobenzene) 
3-C12H9NO2 (o-nitrobiphenyl) 
3-C12H9NO2 (m-nitrobiphenyl) 
4-C12H9NO2 (p-nitrobiphenyl) 
C13H8F2O (4,4'-difluorobenzophenone) 
C13H9ClO (4-chlorobenzophenone) 
C13H9FO (4-fluorobenzophenone) 
C13H10O (benzophenone) 

C6F6 (hexafluorobenzene) 
C7F8 (a,a,a-trifluoromethylpentafluorobenzene) 
C7H5N (pentafluorobenzonitrile) 
C8H3F5O (pentafluoroacetophenone) 
1,4-C8F4N2 (1,4-dicyanotetrafluorobenzene) 
C12F10 (perfluorobiphenyl) 
C13F10O (decafluorobenzophenone) 
SF6 

C7F14 (perfluoromethylcyclohexane) 

C10H8 (azulene) 

C10H7NO2 (1-NO2 naphthalene) 
C10H7NO2 (2-NO2 naphthalene) 
C10H6N2O4 (1,3-dinitronaphthalene) 
C10H6N2O4 (1,5-dinitronaphthalene) 
C11H7N (1-naphthonitrile) 
C11H7N (2-naphthonitrile) 
C11H8O (1-naphthaldehyde) 
C11H8O (2-naphthaldehyde) 
C11H9NO2 (2-methyl-l-nitronaphthalene) 
C11N9NO3 (4-methoxy-l-nitronaphthalene) 
C14H10 (anthracene) 
C14H9Cl (1-chloroanthracene) 
C14H9Cl (2-chloroanthracene) 
C14H9Cl (9-chloroanthracene) 
C14H9NO2 (9-nitroanthracene) 
C15H9N (9-cyanoanthracene) 
C15H10O (9-anthraldehyde) 
C16H12O (9-acetylanthracene) 

C6Cl4O2 (tetrachloro-pBQ) 
C6F4O2 (tetrafluoro-pBQ) 
C6HCl3O2 (trichloro-pBQ) 
C6H2Cl2O2 (2,6-dichloro-pBQ) 
C6H2Cl2O2 (2,5-dichloro-pBQ) 
C6H4O2 (pBQ) 
C7H3Cl3O2 (methyltrichloro-pBQ) 
C7H5ClO2 (2-chloro-5-methyl-pBQ) 
C7H6O2 (2-methyl-pBQ) 
C8H6Cl2O2 (2,5-dichloro-3,6-dimethyl-pBQ) 
C8H7ClO2 (2-chloro-3,6-dimethyl-pBQ) 
C8H8O2 (2,6-dimethyl-pBQ) 
C8H8O2 (2,5-dimethyl-pBQ) 
C8H8O4 (2,6-dimethoxy-pBQ) 
C9H9ClO2 (chlorotrimethyl-pBQ) 
C9H10O2 (trimethyl-pBQ) 
C9H10O1 (2,3-dimethoxy-5-methyl-pBQ) 
C10H4Cl2O2 (2,3-dichloro-l,4-NpQ) 
C10H6O2 (1,4-NpQ) 
C10H9BrCl2O2 (2,6-dichlorobromo-teri-butyl-pBQ 
C10H10Cl2O2 (2,3-dichloro-fert-butyl-pBQ) 
C10H11ClO2 (2-chloro-5-tert-butyl-pBQ) 
C10H12O2 (l-isopropyl-5-methyl-pBQ) 
C10H12O2 (iert-butyl-pBQ) 
C10H12O2 (tetramethyl-pBQ) 
C11H8O2 (2-methyl-l,4-NpQ) 
C12H8O2 (2-phenyl-pBQ) 
C14H7ClO2 (l-chloro-9,10-AnQ) 
C14H8O2 (9,10-AnQ) 
C14H20O2 (2,6-di-t-Bu-pBQ) 

26.0 1.06 (38) 

0.64 ± 0.1 (ECD, 108) 

>1.8 ± 0.3 (ECT, 50) 
>1.7 + 0.3 (ECT, 50) 

0.75 ± 0.1 (CI, 103); >0.6 ± 0.1 (ECT, 50); 
0.54 ± 0.1 (CI, 110); 0.46 ± 0.2 (CI, 107); 
1.0 ± 0.2 (KB, 65) 

Azulene, Naphthalenes, and Anthracenes 
18.0 

27.9 
26.8 
39.7 
39.3 
15.6 
14.9 
17.8 
16.4 
23.0 
24.5 
13.2 
18.0 
17.4 
18.7 
31.8 
28.2 
29.0 
22.3 

— 

-
-
-
-
-
-
-
-
-
-
-
-
-
-
-
-
-
-

0.69 (39, 41) 

1.23 (45) 
1.18 (45) 
1.78 (45) 
1.77 (45) 
0.68 (45) 
0.65 (45) 
0.70 (45) 
0.65 (45) 
1.03 (45) 
1.10 (45) 
0.60 (45) 
0.78 (45) 
0.75 (45) 
0.86 (45) 
1.43 (45) 
1.27 (45) 
1.31 (45) 
0.97 (45) 

-, Naphtho, and Anthraquiones 
62.6 
60.9 
-

55.8 
54.7 
42.4 
-
-

41.1 
-
-

39.3 
39.2 
38.9 
-
-

40.8 
49.2 
40.2 
-
-
-

39.9 

36.0 
38.5 
45.1 
38.3 
35.4 
41.4 

62.3 
55.2 
5.90 

56.1 
53.5 
43.0 
57.5 
47.5 
41.3 
50.2 
45.3 
39.4 
-
-

43.8 
37.7 
-
-

40.1 
56.6 
52.6 
48.3 

42.4 
35.9 
38.7 
-
-
-
-

2.78 (41, 46a) 
2.70 (41, 46a) 

2.48 (41) 
2.43 (41) 
1.91 (41, 46a) 

1.85 (41) 

1.78 (46a) 
1.77 (46a) 
1.73 (46a) 

1.86 (46a) 
2.19 (41) 
1.81 (4) 
-

1.79 (46a) 

1.59 (46a) 
1.74 (46a) 
2.04 (46a) 
1.71 (46a) 
1.59 (46a) 
1.88 (46a) 

0.66 (ECD, 108b) 
0.65 (ECD, 108c) 

0.68 ± 0.03 (ECD, lib) 
0.62 ± 0.03 (ECD, lib) 

0.556 (ECD, 108b) 

2.76 ± 0.2 (CI, 87) 
2.92 ± 0.2 (CI, 87) 

1.89 ± 0.2 (CI, 86) 

>0.8 ± 0.2 (ECD, 108a) 
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TABLE II (Continued) 

-AG8V kcal/mol -AH," « EA; 
molecule" 

C16H12O2 (2-Et-9,10-AnQ) 
C18H16O2 (2-f-Bu-9,10-AnQ) 

C4H2O3 (maleic anhydride) 
C8H4O3 (phthalic anhydride) 

PHPMS ICR ETEC ±0.1, eV 

34.7 - 1.56 (46a) 
34.7 - 1.56 (46a) 

Unsaturated (Cyclic) Diketonic Compounds 
33.1 32.7 1.44 (41) 
27.8 27.4 1.21 (41) 

EA,d eV 

>1.4 (CI, 99) 

"Abbreviations used: pBQ, 1,4-benzoquinone; NpQ, 1,4-naphthoquinone; AnQ, antraquinone. 6AG,0 is the free energy change for sta­
tionary electron attachment. PHPMS, results are from the present laboratory37"39,41"47 at 423 K; ICR, results are from Fukuda and Mclver 
at 353 K. In order to obtain AGa°, Fukuda's results are anchored to AG„°(SO2) = -26.1 kcal/mol. cThe results presented in this column are 
from PHPMS determinations, van't Hoff plots are made involving some 40 molecules; for the rest of the molecules ASa

c is estimated (see 
appropriate reference given in parentheses). The estimated error for the EA values is ±0.1 eV, except ±0.2 eV for C6N4, tetracyanoethylene. 
d The electron affinity values given in this column are gas-phase values available in the literature. Some condensed-phase electron affinity 
values are also given. Reference number and technique are given in parentheses, and the notation indicates the name of the technique: 
ECT, endothermic charge-transfer method; LPD laser photodetachment technique; CI, coUisional ionization technique; ECD, electron 
capture detector technique; M, magnetron method; CTS, charge-transfer spectroscopic method in solution; E1/2, half-wave reduction po­
tential method in solution; KB, kinetic bracketing technique. 

high value for tetrafluoroquinone is probably incorrect 
since one expects chloro substitution to lead to higher 
EA than fluoro substitution (see chloro- vs. fluoro-
substituted nitrobenzenes (Table II) and also results of 
Fukuda and Mclver (Table II) for the quinones which 
give a higher -AGa° for the tetrachloroquinone). 

Additional discussion of substituent effects on the 
EA's of quinones can be found in Heinis et al.46a 

The electron affinities of maleic anhydride IV and 
phthalic anhydride V, determined by ETE by Chow­
dhury et al.,41 are given in Table II. These compounds, 

whose structures resemble those of the corresponding 
quinones except that there is only one double bond 
rather than two in the quinoid structure, have lower 
electron affinities than the corresponding quinones. 
The EA of the NH and the CH2 bridged compounds VI 
and VII were also determined.88 It was found,88 as could 
be expected, that the EA decreases as the electronega­
tivity of the bridging atom decreases, i.e., in the order 
O, NH, CH2. 

Extensive data on the stabilities of quinone radical 
anions in solution are available from polarographic 
half-wave potentials. These results are compared with 
the gas-phase EA in section V, which deals with the 
solvation energies of radical anions. 

C. Hexafluorobenzene, Substituted 
Perfluorobenzenes, SF6, and 
Perfluorocycloalkanes 

The high electronegativity of F leads to a lowering 
of the LUMO energies and thus an increase of electron 
affinity with fluoro substitution and particularly per-
fluorination. However, the energy lowering occurs to 
a much lesser extent for TT* relative to <r* LUMO's. 
Fluorine is strongly "electron withdrawing" by the field 
effect but is (weakly) electron pair donating (ir dona­
tion). Therefore a* orbitals are strongly stabilized by 
the field effect, while the diffuse x* orbitals are less 
strongly stabilized by the field effect and destabilized 
by the IT donation.89 

Benzene has a negative electron affinity, EA = -1.15 
ey73,90 J18 (J068 flUorobenzene, EA = -0.89 eV,90 which 
means that single fluorine substitution leads to an EA 
increase of 0.26 eV. Radom et al.26 have obtained a 
similar change on the basis of STO-3G calculations. 
This relatively small increase is in line with the ex­
pected weak stabilization of a -K* orbital by fluorine. In 
view of the above numbers, positive electron affinities 
for fluorobenzenes can be expected only after multiple 
fluorine substitution. An early measurement91 of EA-
(C6F6) > 1.8 eV by the endothermic charge-transfer 
technique (ECT) is much higher than the recent ETE 
value42 of 0.52 eV. The ETE determinations (Table II) 
include a whole group of substituted perfluorobenzenes. 
These values were found42 to be consistent with ex­
pected substituent effects. For example, perfluoro-
toluene has an EA of 0.94 eV,42 considerably higher than 
that for C6F6 of 0.52 eV, as expected since the CF3 group 
in the toluene should have a much stronger electron-
withdrawing effect than the F atom that it replaces. On 
the other hand, ECT gave EA(C6F5CF3) > 1.7 eV which 
is lower than the ECT value for C6F6 of 1.8 eV. The 
ECT C6F6 value appears also much too high when 
compared to the 0.26-eV increase from C6H6 to C6H5F 
discussed above. For six F substitutions one would 
expect an increase of 6 X 0.26 eV = 1.6 eV, or an EA-
(C6F6) = 0.41 eV. This crude estimate leads to a value 
close to the ETE result of 0.52 eV. 

Some structural information on the geometry of C6F6" 
is available on the basis of electron spin resonance 
coupling constants measured in the condensed 
phase.92,93 The resulting geometry depends on the 
theoretical treatment and greatly differing geometries: 
carbon skeleton distorted to a cyclohexane like chair92,93 

and undistorted carbon skeleton but out of plane C-F 
bonds94 have been proposed. 

The error in the EA measurement of C6F6 by the 
ECT method91 is probably due to the change of geom­
etry between C6F6 and C6F6

-. Difficulties in EA de­
terminations of perfluoro compounds are not restricted 
to C6F6 but are encountered also for SF6 and the per-
fluorocyclohexanes. In these cases also, changes of 
geometry between A and A" could be at least partially 
responsible for discrepancies between available deter­
minations. 

Some 19 determinations of the electron affinity of SF6 

have been reported in the literature. For a summary 
see Table IV in Streit.65 The values range from 0.53 to 
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1.5 eV. The five most recent determinations are given 
in Table II. The ETE value by Grimsrud et al.,38 EA-
(SF6) = 1.05 eV, is in good agreement with the recent 
determination of Streit65 based on the kinetic brack­
eting technique. The study of the kinetics of electron 
transfer involving SF6 by Grimsrud et al.38 is summa­
rized in Table IB. Grimsrud et al. found that electron 
transfer involving SF6 was very slow. A large change 
of geometry between SF6 and SF6" was assumed to be 
the primary reason for the slow rates. The slowness of 
the rates made the ETE measurements more difficult,38 

although conditions were found under which the ETE 
could be measured. 

An electron affinity EA(SF6) ~ 1 eV was obtained by 
Hay70 from SCF-MO calculations of the energies of SF6 
and SF6". This value is in good agreement with the 
ETE38 and the bracketing65 result. However, the 
agreement may be fortuitous. It would seem that re­
liable theoretical results would require much more ex­
tensive calculations. The LUMO of SF6 is a a* type 
orbital with s, p, and d atom orbital contributions.70 

Hay,70 assuming SF6" retains the regular octahedral 
symmetry of SF6, found that the S-F bond lengthens 
considerably in SF6" (see Figure 9). Brauman69 has 
provided some semiempirical evidence that SF6" may 
resemble SF5

--F. Lifshitz91 has examined electron au-
todetachment lifetimes for SF6" on the basis of RRKM 
theory. Assuming the model of Brauman,69 Lifshitz 
determined an EA(SF6) of «1 eV.91 

The electron affinity of 1.06 eV for perfluoro-
methylcyclohexane was determined by ETE measure­
ments38 (Table II). The value is quite high if one con­
siders that a fairly localized a* type LUMO must be 
involved. Perfluorocyclohexane also forms a stable 
negative ion.38 Both perfluoro negative ions, C6F12" and 
C6F11CF3", were found to be extremely unreactive in 
electron transfer. This was attributed to large geometry 
changes between the neutrals and the negative ions.38,72 

Molecules like SF6, C6F12, and C6F11CF3, which have 
relatively high electron affinities, high thermal electron 
capture cross sections, and negative ions that are very 
unreactive toward electron transfer, are good electron 
scavengers and dielectrics,95,96 preventing electrical 
breakdown since they capture electrons efficiently and 
retain them. 

D. Trlatomic Molecules, Tetracyanoethylene, 
and Miscellaneous Compounds 

A number of electron affinity determinations are 
available for NO2

98"103 and SO2
49'104"107 (see Table II). 

The measurement of SO2 by Hall et al.49 led to a pho-
toelectron spectrum with distinct vibrational structure 
that could be successfully analyzed. The EA(SO2) = 
1.097 eV should be a very reliable value and was used 
(see section II) as the anchor compound in the ETE 
measurements from this laboratory. Hirao109 published 
recently a theoretical calculation including electron 
correlation which provides EA(SO2) = 1.027 eV in good 
agreement with the experimental result.49 

Photodetachment results98,100 for NO2 gave threshold 
curves without distinct vibrational structure. However, 
available vibrational spacing information for NO2" ob­
served in solution could be used to achieve a fairly re­
liable fit of the curves and an identification of the 
adiabatic electron affinity. The relatively good agree­

ment of the ETE result for NO2 with the photode­
tachment data (see Table II) lends confidence to the 
ETE measurements. NO2 is not very suitable as a 
secondary standard in ETE measurements because of 
the readiness with which NO2" engages in ion-molecule 
reactions with other compounds.40 The ETE result 
EA(CS2) = 0.51 eV is seen to be in agreement with two 
of the three literature values.106,110,111 Although the 
literature data are absolute determinations, the relia­
bility of the ETE result is probably superior. The same 
is true for the data for nitromethane and 2,3-butane-
dione shown in Table II. 

Tetracyanoethylene is a compound of high electron 
affinity that is often involved as an electron acceptor 
in charge-transfer complexes.112 The additional electron 
in the negative ion enters the LUMO, which is the TT* 
orbital of ethylene lowered by conjugation with the 
electron-withdrawing CN groups. The ETE value,43 EA 
= 3.17 eV, is much higher than the electron photode­
tachment value of Lyons,114 2.3 eV. The photodetach­
ment threshold curve had no visible structure above the 
onset which occurred at 2 eV.114 Lyons and Palmer, 
realizing that an EA value of 2 eV is much too low, 
fitted the threshold curve to an assumed vibrational 
progression involving transitions from a vibrationally 
excited negative ion to the ground state of the neutral 
and obtained an EA = 2.3 eV. Kebarle43 has argued 
that the above analysis, while plausible, need not be 
true and that higher vibrational excitation in the ion 
may have been present. The ETE value43 (3.17 eV) is 
in fair agreement with the results from the magnetron 
method,115 2.9 eV, and a value of 2.9 eV derived by Chen 
and Wentworth116 on the basis of charge-transfer 
spectra in solution (see Table II). Lindholm,117 in his 
compilation of EA values obtained with the semi-
empirical HAM/3 method, also obtains a value of 2.9 
eV. The values that cluster at 2.9 eV are not necessarily 
very accurate or reliable. For example, the solution-
derived values116 for compounds with high EA are too 
low because they neglect decreasing solvation of the 
resulting strongly charge delocalized anions (see section 
VI). Thus the ETE value of ~ 3.1 eV is probably the 
best value. 

V. Entropy Changes on Electron Attachment, 
ASa° 

The entropy changes for electron-transfer equilibria 
AS1

0, obtained38,41"46 from van't Hoff plots of the 
equilibrium constants K1, can be combined in a AS1

0 

scale. Calibration of the scale to the electron attach­
ment entropy for SO2 ASa° (SO2), calculated from the 
known geometries and vibrational frequencies of SO2 
and SO2", leads to absolute values ASa° (B) for all com­
pounds B that are part of the AS scale. This procedure 
was discussed in greater detail in section II. It should 
be recalled that the stationary electron convention was 
adopted, such that ASa° does not include the loss of 
translational entropy of the electron. 

A + e = A" ASa° 

A partial ASa° scale was shown in Figure 6. Repre­
sentative ASa° values obtained with the ETE method 
are given in Table III. Kebarle et al.41 have estimated 
an average error of ±2 cal/K for the ASa° determina­
tions. 



526 Chemical Reviews, 1987, Vol. 87, No. 3 Kebarle and Chowdhury 

TABLE HI. Entropy of Electron Attachment AS1
0 for 

Some Representative Molecules" 
molecule 

SO2
6 

NO2" 
C6H6NO2

4 

2-CH3C6H4NO2
6 

4-CNC6H4NO2
6 

4-NO2C6H4NO2
6 

C6H4O2 (pBQ)6 

C10H6O2 p(NpQ)6 

1-NO2C10H7 (l-nitronaphthalene)c 

1-CHOC10H7 (l-naphthaldehyde)c 

C6F6* 
C6F6CN" 
C10H8 (azulene)c 

SF 6
6 ' 

C7F14
6 

C14H10 (anthracene)" 
9-NO2C14H9 (9-N02-anthracene)c 

9-CHOC14H9 (9-CH0-anthracene)c 

4-CF3C6H4CN (4-CF3-cyanobenzene)° 
4-CNC6H4CN (4-CN-cyanobenzene)e 

AS8
0 

2.0 
-0.8 
-1.0 
-1.6 
-2.7 
-4.5 
-4.0 
-4.0 

-0.9 
3.7 
7.4 
4.4 
4.5 

13.0 

2.5 
-1.3 
-2.9 
-2.7 
2.6 
2.0 

"AiS8
0 in cal/K for reaction: e + B = B", stationary electron 

convention. Estimated error in determinations ±2 cal/K. ASa° 
are taken from the references as follows: (6) ref 41; (c) ref 45; (d) 
ref 42; (e) ref 43; (/) ASa°(SF6) in ref 41 is shown to be +18.0 
cal/K; due to a misprint, it should read +13.0 cal/K. 

On the whole (see Figure 6), most of the absolute 
values for AS8

0 are relatively small, i.e., less than 3 
cal/K. This means that for a temperature of 300 K the 
TASa° term amounts to less than 1 kcal/mol, so that 
the AG8

0, AHA°, and -EA values, for most compounds, 
are within ±2 kcal/mol or ±0.1 eV of each other (see 
section II). 

All compounds examined, except NO2, have electronic 
singlet states for the neutral molecule, which become 
doublets due to the entrance of a single electron in the 
LUMO on formation of the negative ion. For these the 
AS3

0 (electronic) = R In 2 = +1.4 cal/degree. For NO2, 
the reverse is the case, such that the change due to 
multiplicity is -1.4 cal/degree. The observed AS8

0 

generally include also other larger contributions. Large 
-AS8

0 values correspond to considerable loss of freedom 
due to stiffer internal motions or due to increased 
symmetry (order) of the anion. For large positive AS8

0 

the converse will be true; i.e., the internal motions in 
the anion are relatively looser and/or the anion sym­
metry is lower than that of the neutral. 

The substituted nitrobenzenes41 are found to have 
negative AS8°. The -AS8

0 increase with multiple NO2 

substitution. Thus singly N02-substituted benzenes 
have AS8

0 ~ -1 to -2 cal/K, while dinitrobenzenes are 
close to -4 cal/K (Table III). 

Kebarle et al.41 assumed that the negative AS8
0 values 

for the nitrobenzenes are due to stiffening internal ro­
tation of the NO2 groups due to increased ir density in 
the C-N bond of the anions. Additional stiffening of 
the O - N - 0 bending vibrations in the anion was also 
invoked.41 The quinones, which also have negative AS8

0 

values, also must have stiffer anions.41 

The cyanobenzenes like 4-CF3 cyanobenzene and 
4-CN cyanobenzene have small positive AS8

0 values 
(Table III). The CN group, being colinear with the 
aromatic carbon atom in the ipso position, does not 
exhibit internal rotation, and the absence of stiffening 
of such a rotation in the negative ion could be respon­

sible for the observed AS8
0 values.41,43 Furthermore, 

the CN group withdraws fewer ir electrons than NO2 

or CHO and has fewer vibrations that will stiffen with 
negative charging.41,43 

Larger positive AS8
0 values are observed for the 

perfluorobenzenes and particularly for perfluorobenzene 
itself, which has AS8

0 = 7.4 cal/K (Table III). The 
negative charge on the electronegative F atoms com­
bined with the negative character of the aromatic ring 
in the negative ion probably weakens the C-F bonds 
in the negative ion and loosens the C-F vibrations. For 
C6F6" the resulting positive AS8

0 is probably further 
increased by the loss of symmetry occurring for the 
change from C6F6 to C6F6". The symmetry of C6F6" is 
not exactly known but is expected42,92,93 to be much 
lower than the D6h symmetry of C6F6. 

The largest positive entropy change, AS8
0 = 13 cal/K, 

was observed38 for SF6. The loosening of the S-F bonds 
in SF6" predicted by the theoretical calculation of Hay70 

can explain, together with AS8
0(electronic), at most 

AS8
0 s» +9 cal/K. The higher experimental value of 13 

cal/K may be due to experimental error, which for the 
slow SF6 electron-transfer kinetics38 may be larger than 
usual. Another possibility38,94 is that the geometry of 
SF6" is not that of a regular octahedron but of a 
structure94 resembling SF5

--F, which is not only looser 
but also has a much lower symmetry than SF6. 

VI. Solvation Energies of Anions A ~ and 
Binding Energies In A -B Complexes 

A. Solvation Energies of Anions from 
Polarographic Half-Wave Potentials. 
Relationship to Gas-Phase Solvation 

Information on the energies of radical anions formed 
in solution can be obtained from the spectroscopic 
transitions of charge-transfer complexes15"18 or from 
polarographic half-wave potentials Ey2- More abun­
dant data are available for the half-wave potentials, and 
therefore this review will restrict the discussion to these 
results. 

The relationship118"121 between one electron reversible 
polarographic half-wave potentials Ey2 and the gas-
phase electron affinity is given in eq 14. AG8

0 is the 

E172(A) = -AG8
0 (A) - oAGsolv°(A-) + const (14) 

oAG8olv°(A") = AGsolv°(A-) - AG90lv°(A) (15) 

free energy for the gas-phase electron attachment re­
action: e + A = A" (see eq 4). Since AG8

0 were not 
generally available prior to the ETE measurements, the 
approximation EA = -AG8

0 was made. The value of 
the constant in (14) depends on the nature of the ref­
erence half-cell used in the measurement. 

Relationship 14 was used116,118 for evaluation of gas-
phase EA from available E1I2. Thus, Wentworth et al.116 

assumed that 6AG801V
0 (A") does not change for different 

A. This term can then be included in the constant and 
(14) reduces to (16). Adjusting the value of the con-

E172(A) = EA(A) - const (16) 

stant so as to obtain agreement with some known 
electron affinities in the gas phase, Wentworth et al.116 

were able to predict a large number of EA values. This 
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Figure 13. Plot of gas-phase electron affinities from electron-
transfer equilibria measurements vs. electron affinities deduced 
from polarographic half-wave potentials (see eq 16) and charge-
transfer spectra by Chen and Wentworth.116 Observed slope is 
not equal to 1 but is «0.72. This reveals the effect of decreasing 
solvation exothermicity with increasing charge derealization of 
negative ions since high EA molecules lead to ions with more 
extensive charge derealization. From Grimsrud.37 

work was done before abundant EA values due to ETE 
measurements became available. 

A plot of EA(A) values obtained from (16) vs. 
-AGa°(A) = EA(A) values obtained from ETE mea­
surements37 is shown in Figure 13. While an approx­
imately linear relationship is obtained over a given 
range, the slope of the line is not equal to unity but is 
smaller (~0.72). Further comparisons45-46" of ETE data 
with E1/2 values showed that the slope is also solvent 
dependent. The effect is due37'45'46 to the neglect of 
5AG801V

0(A") in eq 16. The solvation difference 5AC(A") 
is dominated by the solvation of the anion AG80i°(A"), 
and an approximate linearity of Ey2 with EA means 
that the -AG90](A") decreases approximately in pro­
portion with the increase of electron affinity.37 Higher 
electron affinity for the compounds shown in Figure 13 
is achieved by increased substitution with electron-
withdrawing groups, and this leads to increased charge 
derealization in the anion. It has long been known that 
an increase of charge derealization leads to a decrease 
of ion solvation. 

The availability of EA and AG8
0 from ETE mea­

surements made it possible to obtain approximate45,46 

solvation energies 5AG0 (A") from half-wave potentials. 
Heinis et al.45,46 used eq 17, which follows from (14) and 

-5AGsolv°(A-) = AGa°(A) + Ey2(A) - 4.99 eV (17) 

contains the absolute value of the standard calomel 
electrode against which the Ey2 values were measured. 
All values in (17) are in electronvolts. Some of the 
results obtained46 for the quinones are shown in Figure 
14. 

The 5AG801
0 (A-) term is dominated by the solvation 

of the anion, since the solvation of the neutral is ex­
pected to be only a few kilocalories per mole. Thus, the 
5AG801V

0 (A") values can be taken to essentially represent 
the solvation of the anion.45,46 The approximately linear 
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Figure 14. Solvation energies of quinones Q vs. electron affinities: 
-AGa°(Q) = EA(Q). Solvation energies AGB

0(A-) - AG„°(A), in 
dimethylformamide, where A = Q were obtained from polaro­
graphic half-wave potentials (see eq 17) and gas-phase ETE 
measurements of electron affinities. From Heinis.6a 

decrease of solvation exothermicity with increasing 
electron affinity of the quinones can be clearly seen in 
Figure 14. Some compounds show larger deviations 
from linearity. Thus the 2,6-bis(t-Bu)-p-BQ anion 
shows significantly lower solvation exothermicity (see 
Figure 14). The lower exothermicity was attributed46 

to steric hindrance exerted by the t-Bu groups for the 
specific solvation of the negative charge center of the 
O atom in position 1. 

Solvation energies for substituted benzenes, naph­
thalenes, and anthracenes obtained by a similar pro­
cedure by Heinis et al.45 are also available. It was also 
shown that the solvation exothermicity (-AG8olv°(A")) 
decreases faster with increasing charge derealization 
in A" for protic solvents (methanol) relative to dipolar 
aprotic solvents like dimethylformamide and aceto-
nitrile.45 

B. Binding Energies in A-Sl Complexes 

The solvation energies in a given substituted ion se­
ries are often found to be parallel to the "solvation" 
trends observed when the ions are solvated by only one 
or a few solvent molecules. Chowdhury et al.46b mea­
sured the gas-phase equilibria (eq 18) where A" were 

A" + Sl = A--S1 (18) 

substituted nitrobenzene radical anions and Sl were the 
solvent molecules methanol, acetonitrile, dimethyl­
formamide, and dimethyl sulfoxide. They found that 
the -AG18

0 for a given Sl decrease as the electron af­
finity of A increases, i.e., as the charge derealization 
in A" increases. Some of these results are shown in 
Figure 15. This effect parallels the decrease of 
-AG80lv° (A") with charge derealization observed for 
liquid solvents (see Figure 14). Furthermore, the de­
crease observed for the dipolar aprotic acetonitrile 
molecule was found46b to be smaller than that for the 
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protic methanol molecule (see Figure 15), an effect 
occurring also with the respective liquid solvents. 
Chowdhury et al.46b attributed the greater decrease of 
solvation with charge delocalization observed for protic 
relative to dipolar aprotic molecules to the detailed 
distribution of the net atomic charges constituting the 
dipole of the two types of solvent molecules. In the 
dipolar aprotic CH3CN the dipole is located mostly on 
the C+N" group which is relatively distant from the A" 
in the A--CH3CN complex. The distant location of the 
dipole results in a lesser decrease of the binding energy 
in A--CH3CN with increasing charge delocalization in 
A-. For protic solvents the dipole RO-H+ can approach 
the negative ion very closely, and this close approach 
leads to a strong decrease of the interaction when the 
charge delocalization is increased. The situation is 
analogous to solvation by protic and aprotic solvents 
observed122 for other negative ions like Cl-, Br-, and I". 

C. Binding Energies in A--B Complexes 

In this section, we will consider information available 
on the stabilities of A--B complexes. In a narrow sense 
A and B are the compounds engaged in the electron-
transfer reaction (eq 1), Le., compounds whose electron 
affinities are given in Table II. However, as pointed out 
the preceding section, stabilities of complexes where the 
neutral molecule is a solvent molecule (B = Sl) are also 
of interest from the standpoint of the solvation of the 
radical anions A- and electron transfer in solution. 
Another extension of the type of ion-neutral complexes 
considered comes about from the desire to understand 
the bonding in A--B. When both A and B are com­
pounds of the type included in Table II, i.e., substituted 

Op - (g), Phenol Acidity 

Figure 16. Free energy changes for adduct formation Cl" + 
C6H6X = Cl--C6H6X vs. substituent parameter <rp- of Taft,76 based 
on gas-phase phenol acidities. <rp- increase approximately in 
proportion with electron affinities of C6H5X: (O) data from 
Chowdhury;46b'124 (A) data from French.'23 

aromatics, quinones, etc., one deals with a somewhat 
complex situation because of the complexity of A and 
B. It is easier to examine bonding in ion-neutral ad-
ducts where the structure of either the ion or the neu­
tral is relatively simple. Therefore ion-neutral com­
plexes will also be considered where only the ion or the 
neutral is a compound from Table II, i.e., a substituted 
aromatic compound or a quinone, etc. 

Early PHPMS measurements and interpretation by 
French et al.123 dealing with the complexes Cl--B, where 
B are substituted benzenes, were recently extended by 
Chowdhury et al.72 to a wider variety of benzenes. The 
binding energies were found to increase with the elec­
tron affinity of the substituted benzenes. A plot of 
these data is shown in Figure 16. An increase of 
binding energies with increasing electron affinity of B 
was also observed40 for the adducts NO2

--B, where B 
were substituted benzenes and quinones (see Figure 17). 

Finally, an approximately linear relationship was 
observed between the binding energies in NO2

--B ad­
ducts and the binding energies of 1,2-C6H4(N02)2

--B 
adducts124 (Figure 18). The last relationship also means 
that the 1,2-C6H4(N02)2

--B binding energies increase 
approximately linearly with EA(B). The relationship 
between the binding energies and the electron affinity 
of B was assumed40'72,124 to be indirect. Following the 
initial interpretation of French et al.,123 which was 
supported by theoretical calculations,123 the stabilization 
energy in the adducts was assumed to be due to hy­
drogen bonding. This is illustrated by structure VIII. 

The partially positive character of the benzene hydro­
gens is increased by the x withdrawal and -I field effect 
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of the electron-withdrawing groups (NO2, CN, etc.). 
This strengthens the hydrogen bond to Cl-. Increase 
of electron affinity of the benzene is achieved by in­
creased substitution with electron-withdrawing groups, 
but these groups also increase the positive character of 
the hydrogens in the substituted neutral benzene. 

Benzenes substituted with a number of electron-
withdrawing groups are known,125 from experiments in 
solution, to form a complexes (Meisenheimer com­
plexes) with a number of anions like the hydroxy and 
alkoxy anions and also with SO3

-, F - , etc. The Meis­
enheimer complexes125 are an interesting field of re­
search in organic chemistry because of their special 

bonding and their presumed role in nucleophilic aro­
matic substitution (SNAr). Since even thioethoxide 
anions can form Meisenheimer complexes125 the ques­
tion can be asked whether some of the A--B complexes 
observed in the gas phase and discussed above do have 
the a complex structure. A recent study of Hiraoka et 
al.126 reported the observation of the Meisenheimer type 
complex of F - with C6F6 (structure IX). The bond en­
ergy F --C6F6 was obtained126 by a van't Hoff plot of the 
equilibrium constant for the gas-phase reaction (eq 19) 

F- + C6F6 = F".C6F6 (IX) (19) 

AG300K
0 = "20.4 kcal/mol 

AH0 = -27.5 kcal/mol 

studies with PHPMS apparatus. Structure IX was 
predicted from 3-21G ab initio MO calculations.126 The 
two equivalent fluorines were found to have C-F bond 
distances of 1.403 A, while the other five C-F bonds had 
shorter, 1.368 A, bond lengths. Hiraoka et al.126 ob­
tained also a structure for F--C6H6 predicted by calcu­
lation. This is the hydrogen-bonded structure VIII. 
Thus, as expected, the presence of strongly electron 
withdrawing groups on the aromatic ring is essential for 
the formation of the a complex. 

The formation of Meisenheimer complexes in solution 
is adversely affected by the significantly lower solvation 
energy of the large Meisenheimer complex negative ion 
relative to the large solvation energy of the small nu-
cleophile X". In the gas phase this effect is absent. 
Thus bond-energy determination of even weakly 
bonded a complexes should be possible with the 
PHPMS ion-adduct equilibria technique. 

Among the adducts appearing in Figures 16-18, the 
only species that could have Meisenheimer a complex 
structures are the NO2

--B species, where B are benzenes 
with very high electron affinities, i.e., multiply substi­
tuted with electron-withdrawing groups. Experimental 
measurements of adduct equilibria involving stronger 
nucleophiles like F", OH-, and alkoxy" ions are presently 
under way in the reviewer's laboratory. 

Sieck127 has also reported recent studies of bonding 
of NO2" and C6H5NO2

- to several polar molecules. This 
work was based on measurements of the adduct for­
mation equilibria with a PHPMS instrument. In gen­
eral, the conclusions reached by Sieck are similar to 
those described above and in section VLB. 

Adduct A2
- bond energies obtained from equilibria 

measured124 with PHPMS are given in Figure 19. The 
A2" binding energies showed124 no correlation with the 
electron affinity of A. The plot in Figure 19 demon­
strates that there is an approximately linear increase 
of A"-A binding energy with the dipole moment of A. 
The 4-NO2 and particularly 4-CN nitrobenzenes are 
important exceptions. These have substantial binding 
energies but no molecular dipole due to cancellation of 
the opposing C-NO2 group dipoles. These exceptions 
suggest that the presence of a net molecular dipole is 
only one factor favoring bonding. Since the binding 
energies plotted in Figure 19 are all for substituted 
nitrobenzenes, the polarizabilities of all A(X-NB) 
molecules will be similar. The interaction of the neg­
ative ion with the polarizability of the neutral molecule 
could also be a factor favoring bonding. This interac­
tion will be similar for all cases shown in Figure 19. The 
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hydrogen-bonded structure type X was suggested124 for 
the A2

- nitrobenzene adducts. Structure X shows the 
most strongly bonded A2

- among the compounds in 
Figure 19. The ir withdrawal and the dipole field effect 
in the neutral 2-CN nitrobenzene are assumed to in­
crease the protic character of the hydrogen entering the 
H bond with the negative ion. 

The bonding in adducts Cl--SF6, SF6
--A, and Cl--C6F6 

was studied38 in connection with the electron-transfer 
kinetics involving SF6

- and A (where A are substituted 
nitrobenzenes and quinones) and are shown in struc­
tures XI and XII (for kinetics see section III). It was 

17 kcal/mol 

X I 

<7 kcal/mol 
X I I 

found that extremely weakly bonded adducts are 
formed between Cl- and SF6. This was attributed38 to 
the dodecapole in SF6. The strong electronegativity of 
the fluorine atom leads to a substantial negative charge 
on the F atoms in SF6, and this leads to weak bonding 
to the negative Cl- (structure XII). Similarly weak 
bonding is expected for adducts of SF6 with any other 

negative ions of similar or larger size than Cl-. The 
bonding observed38 for Cl--C6F6 was very much stronger 
than that for Cl--SF6. This was surprising since from 
an electrostatic standpoint SF6 and C6F6 are similar, i.e., 
both expose a negatively charged surface to the negative 
ion. In C6F6 this negative surface includes the w clouds. 
However, the existence of the strongly bonded Meis-
enheimer type complex for F--C6F6 indicated by Hi-
raoka's work126 suggests that the binding in Cl--C6F6 
may bear some similarity to that in F--C6F6 (structure 
IX). One would expect that the C-Cl "bond" will be 
considerably longer than the C-F bond in the ipso 
position. 

The relatively strong bonding observed in SF6
--B was 

attributed38 to hydrogen bonding between B and one 
of the (negatively charged) F atoms in SF6

- (see struc­
ture XI). 

VII. Thermal Stability of Anions: Electron 
Attachment and Detachment at Thermal 
Energies 

The formation of anions B - by electron capture and 
the thermal stability of B - with respect to thermal 
electron detachment (autodetachment) depend on the 
values of the attachment and detachment rate constants 
ka and kd, which in turn define the attachment-de­
tachment equilibrium constant Ka as shown in eq 20 
and 21. Christophorou95 has discussed the factors 

e + B s=* B-* 

e + B *. 

M 

B -

B -

K = 
exp(ASa°/R) exp(-AHa°/RT) 

(20) 

(21) 

(22) 
^d Qe-

kd = 4.8 X 1015T3/2^ exp[-ASa°/R - EA/RT] (23) 

AHd° = -AHa = EA ASd° = -ASa° 

determining the magnitude of the attachment rate 
constants ka. Since the energy, equal to EA(B), released 
in the attachment must be removed and, conversely, in 
thermal detachment B - must be thermally activated, 
both the attachment and detachment rates are de­
pendent on the presence of third bodies M (see eq 20). 
Christophorou95 provides a tabulation of literature 
values of the limiting, high-pressure, values ka deter­
mined experimentally. Since the lifetimes of the excited 
ions B-* are generally relatively long95 (T » 10-6 s), the 
limiting rates should generally apply at pressures above 
1 Torr, i.e., for the PHPMS conditions. Values for ka 
are available95 for substituted benzenes, quinones, and 
perfluoro compounds, i.e., the compound classes rep­
resented in Table II. In general the values are between 
ka ss 1O-7 and 10-9 cm3-molecules-1-s-1. Most of the ka 
are found95 to be approximately temperature inde­
pendent in the temperature range 300-600 K. Unfor­
tunately, it appears that there are no simple criteria 
which could be used to predict the value of ka. Thus 
1,4-benzoquinone has a very low ka, such that it is barely 
detectable with PHPMS,46 while the closely related 
1,4-naphthoquinone has a relatively high ka = 6 X 1O-8 

cm3-molecules-1-s-1. Substituted benzoquinones also 
have46 relatively high ka. 
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Values for the equilibrium constant K8 can be eval­
uated from the AG8

0 determined by the ETE method 
and given in Table II. Since K8 = K/kd> o n e c a n 

evaluate k^, the detachment rate constant, when k& 
values95 are available (eq 23). Grimsrud et al.39 were 
able to obtain experimentally determined values for kd 
of azulene. These were obtained by observing with a 
PHPMS the time dependence of the decay of the az­
ulene negative ion, Az", at high temperatures. An 
electron scavenger was used to capture the electrons 
released by Az" and prevent their reattachment to Az. 
The experimentally determined k& were found in good 
agreement with kd evaluated with eq 23 into which AS8

0 

and AHa° from ETE measurements and ka from 
Christophorou95 were substituted.39 

Equation 23 can be used for determinations of the 
rate of thermal electron autodetachment from ions B" 
for which AG8

0 (Table II) and experimental k& values 
are available. It turns out that ions B" with electron 
affinities of less than 10 kcal/mol autodetach electrons 
at temperatures above 100 0C with sufficiently high rate 
so that the decrease of the B" intensity over 1 ms is very 
noticeable and its rate generally comparable to the 
electron-transfer equilibria (eq 1) rates. ETE mea­
surements for compounds with electron affinities less 
than 10 kcal/mol can be executed only at lower tem­
peratures, but at such low temperatures there is often 
interference from excessive adduct (A-B)" formation (see 
section V.C). 

Chen and Wentworth11,116,128 have used a technique 
dependent on the thermal electron detachment rates 
to determine electron affinities. The electron concen­
trations are determined with a gas chromatographic 
electron capture detector operated at different tem­
peratures. The technique is well suited for compounds 
with electron affinities below 20 kcal/mol. For these 
cases the corresponding negative ions detach electrons 
at sufficient rates at temperatures where the com­
pounds themselves are thermally stable. 

Electron attachment and detachment rates are of 
importance also in chemical ionization mass spectrom­
etry (see section VIII). 

VIII. Relevance of Data to Analytical Mass 
Spectrometry 

Information on ion-molecule reaction rates and en­
ergetics is of fundamental importance to analytical mass 
spectrometry and particularly chemical ionization (CI). 
The significance of this type of information to CI has 
been very well brought out by Harrison4 in his mono­
graph on chemical ionization (see Chapter 2).4 Re­
cently, the analytical areas to which ion-molecule rates 
and energetics specifically apply have increased. Thus 
it is being recognized that relative ion intensities ob­
served in FAB mass spectrometry are strongly affected 
by gas-phase ion energetics (see papers by R. G. Cooks 
and C. Fenselau in this issue). Thus, protonated ana-
lytes MH+ are observed only when the matrix com­
pound is of lower proton affinity129-132 and gas-phase 
basicities (proton affinities) rather than solution bas­
icities determine the relative intensities of the MH+ ions 
of two coanalytes from the same matrix.133 

The rapidly developing thermospray method,134 

which leads to production of gas-phase ions from ana-
lytes present in liquid chromatography effluent, also 

leads to mass spectra that depend on the energetics of 
the gas-phase ions desorbed from the microdroplets.135 

Furthermore, these primary thermospray ions subse­
quently engage in gas-phase ion-molecule reactions.136 

The most important analyte (M) ions occurring in 
negative ion chemical ionization129 (NICI) are M", (M-
H)", and adduct ions M2" and X"-M, where X" is a 
reagent ion, typically a halide anion.4 Mass spectral 
analysis, where the analyte ions are primarily detected 
as M", is also called electron capture CI. Very high 
sensitivities of detection can be achieved137 with electron 
capture CI. The high sensitivity is primarily due to the 
high yield of thermal secondary electrons produced by 
the primary ionization of the "reagent" gas and subse­
quent thermalization of the electrons by collisions with 
the reagent gas. The electron capture rate constants 
ka for compounds with positive electron affinities are 
1-2 orders of magnitude larger than those for ion-
molecule reactions (see section VI), and this is the 
second important factor contributing to the sensitivity 
of electron capture CI. A limitation of the technique 
is that the analytes M must have positive EA. Fur­
thermore the EA(M) should be larger than about 10 
kcal/mol. CI sources are operated generally at 150-200 
0C, and for these temperatures rapid thermal electron 
detachment can be expected when EA(M) < 10 kcal/ 
mol (see section VI). 

The EA data in Table II and Figure 10 and discussion 
in section IV illustrate well the classes of compounds 
with sufficiently high EA to be detected as M" in 
electron capture CI. While similar data14,83,128 existed 
before the ETE measurements were reported, the 
present compilation containing ETE results is much 
more extensive, self-consistent, and believed to be more 
accurate. 

Analytes that do not have the required electron af­
finity can, by derivatization, be provided with groups 
that do have low lying LUMO's that confer electron 
affinity to the derivatized analyte. Typical groups in­
troduced through derivatization are C6F5CO" and 
NO2C6H4CO". Examination of Table II and particularly 
the data on the perfluoro and nitrobenzenes together 
with consideration of the substituent effects (section 
IV) clearly shows that these groups will confer the de­
sired minimum EA to practically any analyte. 

Buchanan et al.2 and Iida et al.3 have suggested that 
two isomeric analytes can be distinguished from one 
another when one has an EA > 10 kcal/mol and thus 
can be expected to form M" while the other has an EA 
< 10 kcal/mol and thus is not expected to give M". 
Both groups of researchers2,3 examined NICI of poly-
aromatic hydrocarbons (PAH's). Unfortunately, the 
results from the two groups were somewhat contradic­
tory. Buchanan2 observed M" for azulene but not for 
the isomeric naphthalene. This result is to be expected 
from the data in Table II and Figure 10. Azulene has 
an EA of 16 kcal/mol, while naphthalene, according to 
Jordan73 (see Figure 10), has a negative EA. In the 
reviewer's laboratory the azulene negative ion was easily 
produced (see section VI), while the naphthalene neg­
ative ion could not be seen. On the other hand, Iida3 

observed M" for both azulene and naphthalene. Iida's3 

results are clearly anomalous, although the reason for 
this anomaly is not clear. Buchanan2 did not observe 
M" from anthracene, while in the reviewer's laboratory 
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this ion was observed and in fact an EA(anthracene) 
= 13.8 kcal/mol (Table II) was determined.45 Clearly, 
the present EA data, even though insufficient to explain 
exactly what happens in some of the analytical negative 
ion CI sources, provide a firmer basis for discussion. 

An interesting application of data contained in this 
review deals with the question of whether electrons are 
created in the matrix on fast atom bombardment. The 
negative-ion FAB spectrum of 1,4-benzoquinone (1,4-
BQ) in a glycerol matrix is very weak139,140 and contains 
only a very low intensity of the molecular ion M - . 
Clayton139 assumed that M" is formed by capture of 
electrons by 1,4-BQ. Cotter140 found much higher yields 
for M - when sulfolane was used as a matrix. The 
presence of the 1,4-BQ reduced the intensity of the FAB 
MS peak m/z 64 from sulfolane, and this was attributed 
to reaction 24. The SO2

- was presumed to be produced 

SCV(m/z 64) + 1,4-BQ = SO2 + 1,4-BQ" (24) 

by the heterolytic dissociation of sulfolane induced by 
the atom impact. A heterolytic dissociation is generally 
an energetically more favorable process than the for­
mation of a positive ion and an electron. Cotter140 

concluded, in agreement with earlier interpretation by 
Barber,141 that electron production by the fast atom 
impact is not an important process. 

The data in Table II show that the electron affinity 
of SO2 is lower than that of 1,4-BQ so that reaction 24 
is energetically permitted. The kinetics data (see sec­
tion III) indicate also that reaction 24 is likely to be fast, 
i.e., proceed at every collision. Thus Cotter's inter­
pretation, on these grounds, is justified. However, in 
section VI it was pointed out that 1,4-BQ is one of the 
few compounds with high EA that has a very low 
electron capture rate constant ka. Thus 1,4-BQ happens 
to be one of the few compounds unsuitable for the ar­
gument140 concerning the presence of electrons since 
even if electrons were present, 1,4-BQ would not have 
been able to capture them. 

(M-H)" ions are commonly observed in NICI. These 
ions generally are due to proton abstraction from M by 
strong gas-phase Bronsted bases like F", OH", 0", and 
Cl" as shown in reaction 25. The bases are present 

M + F- = (M-H)- + HF (25) 

either because specific reagents have been added (NF3 

for F", CCl4 for Cl-, etc.) or are due to chance impuri-
ties.4'142,143 Proton-transfer reactions like (25) will occur 
under CI conditions only if they are exothermic. The 
enthalpy and free energy change for a large number of 
reactions like (25) can be estimated on the basis of 
available data for the proton affinities of negative ions. 
These data obtained by measurements of proton-
transfer equilibria involving some 300 organic and in­
organic acids with PHPMS and ICR apparatuses have 
been summarized by Bartmess29'144 and Cumming.145 

The combined use of thermochemical data on electron 
affinities (Table II) and the acidity data29'144'145 should 
represent a very useful and powerful tool for predicting 
or rationalizing the presence of M" and (M-H)" ions in 
NICI. 

Adduct ions are often observed in NICI. These may 
be dimers of the analyte, i.e., M2

- or M adducts to 
specific reagent ions like Cl- (Dougherty143), F - (Tier-
nan146), etc.4 The adduct binding energies discussed in 
section V and quoted in ref 24, 27, 40, 46b, 71, and 123 
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provide information on a large variety of such com­
plexes. It should therefore be possible on the basis of 
these data to predict or rationalize the observation of 
given adducts in NICI and FAB MS. 
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