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Abstract: The relative proton affinities of some simple sulfur-oxygen compounds have been determined by the bracketing tech­
nique of ion/molecule reactions: 153 kcal/mol = PA (CH1F) < PA (SO2F2) < PA (SO2) < PA (HSO3F) < PA (C2H4) = 
159 kcal/mol; and 169 kcal/mol = PA (H2O) < PA (H2SO4) =* PA (CF3SO3H) < PA (H2S) = 172 kcal/mol. The proton 
affinities of these compounds fit reasonably well to a correlation curve of ionization potential vs. proton affinity and to a corre­
lation curve of core binding energy, O(ls), vs. proton affinity. A comparison of solution data with gas-phase data indicates that 
compounds whose gaseous proton affinities are less than the proton affinity of HSO3F are not predominantly protonated in 
solution in HSO3F. Compounds whose proton affinities are larger than the proton affinity of HSO3F are predominantly pro­
tonated in HSO3F. 

Introduction 

During the past two decades, much work has been done 
on the kinetics and thermochemistry of gaseous ions.1-3 One 
of the thermochemical properties on which interest has focused 
during the past decade is the proton affinity of the molecule,4"8 

defined according to the equation 

PA (X) = D(X-H+) = AHf(H+) + AHf(X) - AHf(XH+) 

(D 
The proton affinity is a direct measure of the basicity of a 
molecule without the complicating effects of solvation and is 
the property which should be correlated with molecular 
structure or molecular properties rather than a measure of 
basicity obtained from solution processes. 

Comparisons have been made between solution basicities 
and proton affinities. The proton affinities of the methylamines 
follow the order predicted by a simple inductive effect, al­
though the pA"s in solution follow another order. The inverted 
order in solution is explained by different solvation of the 
ammonium and methylammonium ions.4,9'10 

Correlations have been reported between gas-phase proton 
affinities and gas-phase ionization potentials for some time 
with the general trend that an increase in ionization potential 
corresponds to a decrease in proton affinity.10-12 Recently an 
excellent correlation has been noted between the oxygen Is 
ionization potentials and the proton affinities of an extensive 
series of oxygenated hydrocarbons.13-16 

Proton affinities are now available for a very large number 
of organic compounds, predominantly nitrogen- and oxygen-
containing compounds, although a few sulfur compounds have 
been studied.5-7- ,7 ' ls Although the proton affinities of several 
inorganic compounds have been determined, the proton af­
finities of many simple inorganic compounds have not yet been 
determined. We wish to report the proton affinities of some 
simple sulfur-oxygen compounds. These data will be helpful 
in correlations between gas-phase and solution behavior in 
solutions of strong acids. 

Experimental Section 

The majority of the experiments were performed with a CEC (Du 
Pont) 21-11OB mass spectrometer which has been modified for 
high-pressure operation.19 Some experiments were performed with 
an ion cyclotron resonance (ICR) mass spectrometer which has also 
been described elsewhere.20 The proton affinities which are reported 
here have been obtained by the bracketing technique from the oc­
currence or nonoccurrence of proton transfer reactions. This technique 
has been frequently used and is based on the observation that endo-
thermic ion-molecule reactions are slow and not generally detected 
under the conditions of most mass spectrometric experiments.4 In the 
high-pressure mass spectrometric experiments, the reactions were 

studied by noting the dependence of ionic composition on pressure, 
either the total pressure of a mixture of constant composition or the 
partial pressure of one component. 

Several of the compounds reported in this study were particularly 
difficult to handle and to introduce into the mass spectrometer with 
minimal impurities. Sulfuric acid is not sufficiently volatile to be in­
troduced from a heated oven or from an external glass bulb at room 
temperature. Consequently, H2SO4 was introduced from glass cap­
illaries in the direct insertion probe. Small glass capillaries were dried 
in an oven, filled with fuming sulfuric acid (30% SO3), and sealed with 
break-off tips at right angles to the tubes themselves. The tip of the 
capillary was broken in the vacuum chamber as the probe entered the 
source of the mass spectrometer. The SO3 reacted with any water 
remaining in the system, and excess SO3 was rapidly pumped away. 
The pressure of H2SO4 could not be measured directly in these ex­
periments, but it was easily changed by varying the temperature of 
the probe. Sulfuric acid was easily obtained in the ICR by introducing 
fuming sulfuric acid into the inlet system. The SO3 reacted with water 
in the ICR cell to produce the low pressure of H2SO4 needed for the 
experiments. 

Fluorosulfuric acid, HSO3F, was introduced from capillaries in the 
direct insertion probe or from an external glass bulb attached through 
a tapered joint to a hollow tube which was inserted through the vac­
uum lock directly into the source of the mass spectrometer. With the 
bulb, there was difficulty in introducing an intermediate pressure of 
HSO3F. With the capillary, there was an initial surge in pressure 
which decreased rapidly with time as the sample of HSO3F evapo­
rated. Both the hollow glass probe and the glass capillaries were used 
for the introduction of CF3SO3H. For both of these acids, a small 
amount of fuming sulfuric acid was added to the capillaries to react 
with traces of water that were present. Sulfuric acid did not interfere 
because of its much lower volatility. Precise control and measurement 
of the pressures of these acids could not be achieved. 

The experiments done with the ICR were standard double reso­
nance experiments to show that a proton transfer reaction did or did 
not occur in the direction indicated.20 

The reagent gases of these experiments were obtained from Ma-
theson and were 99.9% pure or higher. Fisher fuming sulfuric acid, 
30% SO3, was used immediately after opening. SO2 and SO2F2 were 
obtained from Matheson. HSO3F and CF3SO3H were obtained from 
Cationics, Inc. 

Results 

SO2. Typical data for proton transfer reactions indicated 
by pressure plots for mixtures of constant composition are 
shown in Figure 1 for a 2% (by volume) mixture of SO2 in CH4. 
The major product ions in this mixture are CHs+ , C 2H 5

+ , and 
HSO 2

+ . For clarity, the primary ions of methane, C H 3
+ and 

CH 4
+ , are not shown. From this figure it is apparent that 

C H 5
+ is formed and reacts. C H 5

+ is nonreactive in CH 4 and 
H S 0 2 + is the only significant product ion which can account 
for the loss of C H 5

+ at high pressures. Consequently, the fol­
lowing reaction must occur: 

C H 5
+ + SO2 — HSO 2

+ + CH 4 (2) 
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Figure 1. Fractional ionic abundance vs. pressure for 2% SO2 in CH4. 

The thermochemical conclusion from the observation of this 
reaction is that PA (SO2) > PA (CH4). The invariance of the 
fractional abundance of C2H/ at higher pressures indicates 
that the proton transfer reaction, eq 3, does not occur: 

C2H5
+ + SO2 ** HSO2

+ + C2H4 (3) 

Exothermic proton transfer reactions are normally fast unless 
competing processes occur. Since C2H5

+ does not react with 
SO2 to a significant extent by any process, we infer that the 
reaction is endothermic and that PA (SO2) < PA (C2H4). 

High-pressure mass spectrometric experiments on mixtures 
of CH3F and SO2 were inconclusive, but ICR double resonance 
experiments showed that the proton transfer reaction, eq 4, 
does occur: 

CH4F+ + SO2 — HSO2
+ + CH3F (4) 

Similar double resonance experiments gave no indication of 
the occurrence of the reverse of reaction 4. Hence, 

153 kcal/mol = PA (CH3F) 
< PA (SO2) < PA (C2H4) = 159 kcal/mol 

The value for PA (CH3F) is taken from earlier work indicating 
that PA (CH3F) < PA (C2H2),

21 corrected for changes in the 
heats of formation of the reference compounds.12 The value 
for PA (C2H4) is obtained from AH ( (C2H5

+) = 219 kcal/ 
mol,22 AHf (C2H4) = 12.5 kcal/mol, and AH { (H+) = 
365.23 

SO2F2. Similar high-pressure mass spectrometric and ICR 
double resonance studies were performed on mixtures con­
taining SO2F2. The following reactions establish the narrowest 
limits for the proton affinity of SO2F2: 

CH4F+ + SO2F2 — HSO2F2
+ + CH3F (5) 

HSO2F2
+ + SO2 — HSO2

+ + SO2F2 (6) 

Hence, 

153 kcal/mol = PA (CH3F) < PA (SO2F2) 
< PA (SO2) < PA (C2H4) = 159 kcal/mol 

SO3. Recently, we have reported reactions which establish 
limits for the proton affinity of SO3: 

H2Br+ + SO3 — HSO3
+ + HBr (7) 

HSO3
+ + CO-* HCO+ + SO3 (8) 

and, therefore, PA (SO3) = 142 ± 1 kcal/mol.24 

H2SO4. Small amounts of H2SO4 (<0.05 Torr) were added 
to a high pressure of CH4 (0.7 Torr) and abundant H3SO4

+ 

ions were observed. An increase in the pressure of H2SO4 from 
an increase in the temperature of the probe caused an increase 
in the relative abundance of H3SO4

+ and a decrease in the 
abundances of CH5

+ and C2H5
+. Addition of comparable 

amounts of sulfuric acid to similar pressures of propane or of 
hydrogen sulfide produced essentially no H3SO4

+ and pro­
duced virtually no decreases in the dominant ions of the two 
gases, C3H7

+ or H3S+. 
High-pressure experiments on CH4 /H20/H2S04 mixtures 

gave ambiguous results because of the large abundances of 
cluster ions: H(H2O)x

+, H(H 2 SO 4 ) / , and H(H2O)x-
(H 2SO 4 ) / . However, the ICR double resonance experiments 
showed that reaction 9 occurs: 

H3O+ + H2SO4 — H3SO4 + H2O (9) 

The absence of H3SO4
+ in the H2S/H2S04 mixtures together 

with the nonreactivity of H3S+ in these mixtures shows that 
reaction 10 does not occur: 

H3S+ + H2SO4 •** H3SO4
+ + H2S (10) 

Therefore, 

169 kcal/mol = PA (H2O) 
< PA (H2SO4) < PA (H2S) = 172 kcal/mol 

Several values have been reported for PA (H2O) and PA (H2S) 
which are in reasonable agreement. The above values are taken, 
however, from recently reported equilibrium values which are 
experimentally related to PA (/-C4Hg) = 193.0 kcal/mol and 
which give an experimental difference for PA (H2S) — PA 
(H2O) = 3.0 kcal/mol.18 

HSO3CF3. Additions of small amounts (~0.05 Torr) of 
HSO3CF3 to high pressures (~0.5 Torr) of methane produced 
abundant H2SO3CF3

+ ions and comparable decreases in the 
relative abundances OfCH5

+ and C2H5
+ ions. Similar addi­

tions of trifluoromethylsulfuric acid to comparable pressures 
of propane or of hydrogen sulfide produced essentially no 
H2SO3CF3

+ ions and no decreases in the abundances of the 
dominant ions of the two gases, C3H7

+ or H3S+. 
High-pressure mass spectrometric experiments on CH4/ 

H20/HS03CF3 mixtures gave inconclusive results because 
of cluster ions. However, ICR double resonance experiments 
showed that reaction 11 occurs: 

H3O+ + HSO3CF3 — H2SO3CF3
+ + H2O (11) 

The absence of H2SO3CF3
+ ions in the H2S/HS03CF3 mix­

tures and the nonreactivity of HsS+ in these mixtures indicate 
that reaction 12 does not occur: 

H3S+ + HSO3CF3 *• H2SO3CH3
+ + H2S (12) 

It was not possible to make a direct comparison of the proton 
affinities of trifluoromethylsulfuric acid and sulfuric acid. 

HSO3F. The addition of small amounts of fluorosulfuric acid 
to high pressures of methane caused the formation of 
H2SO3F+ with significant decreases in the relative abundances 
OfCH5

+ and C2H5
+. An additional abundant ionic species was 

observed in this mixture which establishes a new reaction: 

CH4 

C 2H 5
++ HSO 3F—^(C 2H 5 -HSO 3F)+ (13) 

No significant quantities of analogous addition ions were ob­
served in any of the other mixtures with CH4. This addition 
reaction of C2H5

+ to fluorosulfuric acid is the dominant re­
action of C2H5

+ rather than proton transfer because the sum 
of relative abundances of C2H5

+, (C2H5-HSO3F)+, and 
(C2H5-2HS03F)+ is independent of the composition of the 
mixture. Fluorosulfuric acid was added to a mixture of 2% SO2 
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in CH4 from a glass capillary in the probe. The pressure of 
fluorosulfuric acid could not be controlled or measured accu­
rately and decreased to essentially zero in about 10 min. During 
this period of monotonic decrease in concentration of fluo­
rosulfuric acid, the relative abundance of HaSOaF+ contin­
uously decreased and the relative abundance of HSC>2+ con­
tinuously increased. No addition of HSC>2+ to HSO3F was 
noted; consequently, proton transfer is indicated. 

HSO2
+ + HSO3F — H2SO3F+ + SO2 (14) 

From reactions 13 and 14 we conclude that PA (SO2) < PA 
(HSO3F) < PA (C2H4). 

Discussion 

The results of these experiments indicate the following order 
for the proton affinities of the compounds studied: 153 kcal/ 
mol = PA (CH3F) < PA (SO2F2) < PA (SO2) < PA 
(HSO3F) < PA (C2H4) = 159 kcal/mol and 169 kcal/mol = 
PA (H2O) < PA (H2SO4) =* PA (HSO3F) < PA (H2S) = 
172 kcal/mol. Experience indicates that we are able to observe 
rapid proton transfer reactions which are at least 2 kcal/mol 
exothermic. Consequently, we assign the following values to 
the proton affinities of the compounds: PA (SO2F2) = 155 ± 
2 kcal/mol; PA (SO2) = 157 ± 2 kcal/mol; PA (HSO3F) = 
158 ± 2 kcal/mol; and PA (H2SO4) « PA (CF3SO3H) = 170 
± 2 kcal/mol. 

Figure 2 shows a correlation plot of proton affinity vs. first 
ionization potential for a series of oxygenated compounds. The 
present data fit the general trend obtained from the oxygenated 
compounds, but the simple oxygenated compounds exhibit 
appreciable scatter. The correlation is not sufficiently good to 
allow the accurate prediction of proton affinities from ion­
ization potentials or ionization potentials from proton affinities, 
but reasonable estimates may be made. From these values of 
proton affinities, we estimate that the ionization potentials of 
the substituted sulfuric acids will be 11.5 ± 0.5 eV: IP (H2SO4) 
=* IP (HSO3CF3) =* 11.2 eV and and IP (HSO3F) ^ 11.7 3V. 
From the general trend of Figure 2 and the ionization poten­
tials of SO2Cl2 (12.4 eV25*26) and of SO2ClF (12.6 eV25), we 
estimate that their proton affinities should be 150 ± 10 kcal/ 
mol. 

Excellent correlations have been noted for oxygenated hy­
drocarbon derivatives between proton affinities and O(ls) 
core-binding energies.13-16 Different correlation lines were 
obtained for compounds with singly bonded oxygens and for 
compounds with doubly bonded oxygens and these correlations 
were used to assign the site of protonation in esters as the 
carbonyl oxygen.14"16 The point for SO2 fits reasonably well 
to the correlation curves for oxygenated compounds (slightly 
below the line for doubly bonded oxygenated compounds) and 
the point for SO2 does not fit with the correlation curve for 
proton affinities and S (2p) core-binding energies of H2S, 
CH3SH, C2H5SH, and CS2. Consequently, we feel that these 
data support the intuitive picture that HSO2

+ is an O-pro-
tonated species. 

Core-binding energies, O(ls), are not available for the other 
compounds of this study. However, from the proton affinities 
reported here, we estimate core-binding energies relative to 
O2 as about -2.5 eV for SO3, almost - 3 eV for SO2F2 and 
HSO3F, and almost - 4 eV for H2SO4 and HSO3CF3. 

The proton affinities of HOSO2OH and HOSO2CF3 are 
significantly larger than the proton affinities OfSO2 and SO3 
and are approximately the same as the proton affinities of other 
hydroxy compounds, H2O, CH3OH, and HONO2. Conse­
quently, it appears reasonable to consider that the site of pro­
tonation in these acids is also the hydroxyl oxygen. By analogy, 
we feel that H2SO3F+ is also hydroxy protonated. 

To the extent that we are able to check, our data for these 

T 1 1 1 1 1 1 1 r 

O = ROH 
O = ROR 
D = RCO-R 

I I ' ' ' I I I l I 
11 12 13 14 

I P ( X ) , eV 

Figure 2. Correlation curve: proton affinity vs. ionization potential. Data 
from ref 6-8, 17, 18,23-27. 

compounds are self-consistent. Only very small amounts of 
HSO3

+ are present in the distribution of product ions of mix­
tures of methane either with sulfuric acid or with fluorosulfuric 
acid. That is, the following dissociative proton transfer reac­
tions are slow: 

CH5
+ + HOSO2OH *. HOSO2

+ + CH4 + H2O (15) 

CH5
+ + HOSO2F ** HOSO2

+ + CH4 + HF (16) 

The following abstraction reactions also do not occur to any 
significant extent: 

C2H5
+ + HOSO2OH •*» HOSO2

+ + C2H5OH (17) 

C2H5
+ + HOSO2F ** HOSO2

+ + C2H5F (18) 

With the value of PA (SO3) obtained in this work and other 
thermochemical data, reactions 15-18 are endothermic and 
therefore are expected to be slow. 

Self-protonation reactions were observed when these acids 
were introduced into the source of the mass spectrometer at 
pressures of 0.01-0.1 Torr. Therefore, reactions of the type 

HOSO2X+ -I- HOSO2X — H2OSO2X+ + SO3X (19) 

in which X = OH, F, and CF3 are all rapid and probably 
exothermic. No thermochemical observations about the indi­
vidual species may be obtained because of the absence of 
thermochemical data on the neutral species. 

These acids are all good solvating agents for the proton, since 
cluster ions, H(HOSO2X),"1", are readily formed at relatively 
low pressures of the acids and in mixtures containing small 
amounts of these acids, X = OH, F, CF3. The extent of sol­
vation of protons by these acids is roughly comparable to the 
solvation of other hydroxy compounds like H2O and 
CH3OH. 

At first glance, the high proton affinities of these strong acids 
may appear surprising. However, these values are in reasonable 
agreement with the proton affinities of other hydroxy com­
pounds, including nitric acid for which PA (HNO3) = 176 ± 
7 kcal/mol.27 Autoprotolysis in solution requires that the 
molecules accept as well as donate a proton. It appears 
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worthwhile to compare these gaseous data with observations 
in solution. 

There are no data available for the anions of these acids; 
therefore, we cannot discuss relative autoprotolysis constants 
or ionization constants, only proton transfer reactions of the 
type 

H2OSO2X+ + B ^ BH+ + HOSO2X (20) 

Gaseous proton transfer reactions, (20), will occur rapidly with 
all compounds, B, whose proton affinities are greater than the 
proton affinities of the acids, HOSO2X. If PA (B) < PA 
(HOSO2X), then the reaction as written in eq 20 is endo-
thermic and will be slow. If we ignore differential solvation 
effects as a zeroth approximation, we would expect that those 
compounds whose proton affinities are greater than the proton 
affinity of fluorosulfuric acid will be extensively protonated 
in solution. Those compounds whose proton affinities are less 
than the proton affinity of fluorosulfuric acid should not be 
extensively protonated in solution. 

It has been reported that nitrogen, oxygen, neon, xenon, 
hydrogen, nitrogen trifluoride, and carbon monoxide all have 
low solubilities in HS03F/SbF5/S03 systems and do not ap­
pear to be protonated to any significant extent.28 The proton 
affinities of all of the compounds are less than the proton af­
finity of fluorosulfuric acid.6'8 Similarly CO2, SO2, and SO3 
are not significantly protonated by HS03F/SbF528 and the 
proton affinities of these compounds are less than the proton 
affinity of HSO3F. Experiments have been reported which 
indicate that "HF probably behaves as a weak base" in fluo­
rosulfuric acid.29 Similarly, HCl is a nonelectrolyte in fluo­
rosulfuric acid, although it was reported that HCl was a "fairly 
strong base" in HS03F/SbF5.3° Both of these halogen acids 
have lower proton affinities than fluorosulfuric acid.6 

Acetic acid is a strong base in fluorosulfuric acid28 as are 
water,31 hydrogen cyanide,32 acetaldehyde,33 and acetone.34 

All of these compounds have proton affinities greater than the 
proton affinity of fluorosulfuric acid.6 Large negative heats 
of ionization have been reported for an extensive series of 
compounds whose proton affinities are greater than 165 
kcal/mol, an observation which indicates extensive protonation 
in solution.35 

All of these observations of solution protonation are con­
sistent with our predictions from gaseous proton transfer re­
actions except possibly SO2, HCl, and HF. The proton affinity 
of SO2 is only slightly less than the proton affinity of HSO3F; 
hence, we would expect some protonation of SO2 in solutions 
containing HSO3F. The proton affinities of HF (114 kcal/ 
mol)36 and HCl (135 kcal/mol)12 are sufficiently below the 
proton affinity of fluorosulfuric acid that we would expect no 
significant protonation in solution. 

Some evidence has been reported for the existence of pro­
tonated forms of very weak bases in solution, although no 
spectroscopic evidence was obtained. Exchange reactions were 
observed between DS03F/SbF5 and CH4

37 and DS03F/SbF5 
and H2.

38 The proton affinity of H2 is about 1OO kcal/mol and 
the proton affinity of methane is about 127 kcal/mol.6 Since 
these compounds are much weaker gaseous bases than fluo­
rosulfuric acid, we consider it most unlikely that significant 
concentrations of H3+ or CHs+ exist in solutions of HSO3F/ 
SbF5. 

Fluorosulfuric acid acts as a weak acid in sulfuric acid and 
sulfuric acid is a proton acceptor in fluorosulfuric acid.39 These 
observations are in agreement with our rankings of the proton 
affinities of the two acids: PA (H2SO4) > PA (HSO3F). 

Although the data which are reported here are enthalpies 
and not free energies of protonation, the qualitative agreement 
between solution behavior and gas phase behavior appears 
reasonable. It is our hope that subsequent work will allow the 
more accurate determination of the proton affinities of these 
compounds and allow more precise comparisons between so­
lution and gas phase properties. 

Acknowledgments. The authors are very grateful to Dr. D. 
P. Ridge for many helpful discussions and for performing the 
ICR experiments. 

References and Notes 
(1) E. W. McDaniel, V. Cermak, A. Dalgarno, E. E. Ferguson, and L. Friedman, 

"Ion-Molecule Reactions", Wiley-lnterscience, New York, N.Y., 1970. 
(2) J. L. Franklin, Ed., "Ion-Molecule Reactions", Plenum Press, New York, 

N.Y., 1972. 
(3) P. Ausloos, Ed., "Interactions between Ions and Molecules", Plenum Press, 

New York, N.Y., 1975. 
(4) M. S. B. Munson, J. Am. Chem. Soc, 87, 2332 (1965). 
(5) M. A. Haney and J. L. Franklin, J. Phys. Chem., 73, 4329 (1969). 
(6) J. L. Beauchamp, ref 3, p 413. 
(7) P. Kebarle, ref 3, p 459. 
(8) D. K. Bohme, ref 3, p 489. 
(9) E. M. Arnett, F. M. Jones, III, M. A. Taagepera, W. G. Henderson, J. L. 

Beauchamp, D. Holtz, and R. W. Taft, J. Am. Chem. Soc, 94, 4724 
(1972). 

(10) D. H. Aue, H. M. Webb, and M. T. Bowers, J. Am. Chem. Soc, 94, 4726 
(1972). 

(11) J. W. Long and B. Munson, paper presented at the 159th National Meeting 
of the American Chemical Society, Houston, Texas, Feb 1970. 

(12) C. W. Polley and B. Munson, submitted for publication. 
(13) R. L. Martin and D. A. Shirley, J. Am. Chem. Soc, 96, 5299 (1974). 
(14) D. W. Davis and J. W. Rabalais, J. Am. Chem. Soc, 96, 5305 (1974). 
(15) T. X. Carrol, S. R. Smith, and T. D. Thomas, J. Am. Chem. Soc, 97, 659 

(1975). 
(16) B. E. Mills, R. L. Martin, and D. A. Shirley, J. Am. Chem. Soc, 98, 2380 

(1976). 
(17) J. Long and B. Munson, J. Am. Chem. Soc, 95, 5299 (1973). 
(18) R. Yamdagni and P. Kebarle, J. Am. Chem. Soc, 98, 1320 (1976). 
(19) F. Hatch and B. Munson, Anal. Chem., 49, 169 (1977). 
(20) D. P. Ridge, J. Am. Chem. Soc, 97, 5670 (1975). 
(21) J. L. Beauchamp, D. Holtz, S. D. Woodgate, and S. L. Patt, J. Am. Chem. 

Soc, 94, 2798(1972). 
(22) F. P. Lossing and G. P. Semeluk, Can. J. Chem., 48, 955 (1970). 
(23) J. L. Franklin, J. G. Dillard, H. M. Rosenstock, J. T. Herron, K. Draxl, and 

F. H. Field, Natl. Stand. Ref. Data Ser., Natl. Bur. Stand., No. 26, 
(1969). 

(24) B. Munson, D. Smith, and C. Polley, Int. J. Mass Spectrom. Ion Phys., 25, 
323(1977). 

(25) G. W. Mines, R. K. Thomas, and H. Thompson, Proc. R. Soc London, Ser. 
A, 329,275(1972). 

(26) B. Solouki, H. Bock, and R. Appel, Chem. Ber., 108, 897 (1975). 
(27) F. C. Fehsenfeld, C. J. Howard, and A. L. Schmeltekopf, J. Chem. Phys., 

63,2835(1975). 
(28) R. J. Gillespie and G. P. Pez, lnorg. Chem., 8, 1233 (1969). 
(29) J. Barr, R. J. Gillespie, and R. C. Thompson, lnorg. Chem., 3, 1149 

(1964). 
(30) R. C. Paul, K. K. Paul, and K. C. Malhotra, Indian J. Chem., 9, 717 

(1971). 
(31) R. J. Gillespie, J. B. Milne, and J. B. Senior, lnorg. Chem., 5, 1233 

(1966). 
(32) G. A. Olah and T. E. Kiovsky, J. Am. Chem. Soc, 90, 4666 (1968). 
(33) G. A. Olah, D. H. O'Brien, and M. CaNn, J. Am. Chem. Soc, 89, 3582 

(1967). 
(34) G. A. Olah, M. Caiin, and D. H. O'Brien, J. Am. Chem. Soc, 89, 3586 

(1967). 
(35) E. M. Arnett and J. F. Wolf, J. Am. Chem. Soc, 95, 978 (1973). 
(36) M. S. Foster and J. L. Beauchamp, lnorg. Chem., 14, 1229 (1975). 
(37) G. A. Olah and R. H. Scholsberg, J. Am. Chem. Soc, 90, 2726 (1968). 
(38) G. A. Olah, J. Shen, and R. H. Schlosberg, J. Am. Chem. Soc, 95, 4957 

(1973). 
(39) J. Jander and C. Lafrenz, "Ionizing Solvents", Wiley, New York, N.Y., 

1970. 


