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AgCl.* Strong absorptions from C ~ S ~ Z H S , ~  1,1,2-C13Si&13,3 CIS- 1,2-C12SiH4. However, the infrared spectrum demonstrated 
SiH," or SiClP were absent from the infrared spectrum of the 
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Proton magnetic resonance techniques have been used to determine the acidities or' some aryl-substituted germanes in liquid 
ammonia. Factors such as solvation, ion 
pairing, and structural effects are used to explain the order of acidities. 

I t  was found that increasing aryl substitution caused a reduction in acidity. 

Introduction 
Although there has been much interest in the acidi- 

ties of hydrocarbons and the establishment of an acid- 
ity there is very little information on the anal- 
ogous hydrides of the other group I V  elements. Pre- 
liminary work has shown that germam is more acidic 
than triphenylgermane in liquid a m m ~ n i a . ~  This is 
very different behavior from the carbon case where 
aryl substitution markedly increases acidity by both 
inductive and resonance  effect^.^ The only quantita- 
tive study of which we are aware has been carried out 
by Curtis,6 who compared the acidity of triphenylger- 
mane with 1,1,3-triphenylpropene in dimethyl sulf- 
oxide. He also showed that pentaphenylgermacyclo- 
pentadiene (I) is several orders of magnitude more 

P h X P h  Ge 

Pll' 'H 
I 

acidic than triphenylgermane but was unable to obtain 
an accurate measurement of their relative acidities. 

We have measured the acidities of some arylger- 
manes relative to each other and to some hydrocarbon 
indicators, in liquid ammonia by an nmr method which 
has already been de~cribed.~ These acidities are dis- 
cussed in terms of structural and solvation effects upon 
the acids and their anions. 

Experimental Section 
Chemicals .-Ammonia was obtained commercially, dried, and 

stored over sodium metal a t  -78" until required. Germane, 
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phenylgeraiane, and di- and triphenylgermaries were pregared 
and purified as described in the literature.8-10 

Tri-p-tolylgermane (mp 81 ', lit." mp 81') was prepared From 
p-tolylmagnesium bromide by the procedure outlined for tri- 
phenylgermane.ll 

Tripheny1propene.-This was prepared by treating phen- 
ethylmagnesium bromide with benzophenone to give the alcohol 
which was subsequently dehydrated with H&Oa-CH3COOH 
The product was distilled [210° (0.8 cm)121 to yield a mixture of 
the 1,1,3-triphenylprop-l-ene and 1,3,3-triphenylprop-l-ene 
isomers. Nmr showed that the 1,1,3 isomer p r e d ~ m i n a t e d . ~ ~  
KO attempt was made to separate these isomers since they both 
yield the same anion upon ionization. Indene was distilled, and 
fluorene was recrystallized before use. 

The purity of all compounds was checked by melting or 
boiling points and in addition by one or more of nmr, infrared 
spectroscopy, and mass spectroscopy. 

Acidity Measurements.-The method of sample preparation 
for the acidity measurements has been described previously? 
For acids and anions of group I V  elements, proton exchange is 
slow on the nmr time scale so that the nmr spectra observed in any 
one determination consisted of the superimposed spectra of the 
two acids being compared, their corresponding anions, and the 
intense ammonia triplet. Fortunately i t  was possible to choose 
pairs of acids such that each species present had a t  least one 
clearly assignable proton resonance. The relative areas of these 
absorptions were, in most cases, measured by electronic in- 
tegration. Occasionally, however, the resonance of interest 
occurred close to  the ammonia triplet preventing electronic 
integration. I n  such cases the peak profiles were cut out and 
the relative areas estimated by accurately weighing the paper 
profiles. The solutions used were approximately 0.5 M in each 
acid-anion pair. 

The nmr samples of lithium, sodium, and potassium germyls 
were prepared by condensing 2 equiv of germane onto 1 equiv of 
alkali metal dissolved in ammonia, sealing the nmr tube, and 
allowing reaction to  take place by warming to room temperature. 
The cesium salt was prepared by treating germane w-ith cesium 
hydroxide in liquid ammonia. In  all cases the excess germane 
present buffered the solution so that a sharp ammonia triplet 
was observed. The buffering action controls the [KH&+] which 
has been shown to cause collapse of the ammonia triplet in 
solutions of water and other acids in liquid ammonia.14 These 
solutions were -0.4 A t  in both GeH4 and MG.eH3. 
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Results and Discussion 
The results of our relative acidity measurements are 

For ease of comparison the summarized in Table I. 

TABLE I 
DATA FOR LIQUID NHs AT +30° 

p K B .  in 
CBHIINHZ~ 

P K .  re- referred to 
ferred to 9-phenyl- 

+Log fluorene fluorene 
{ IHBI[A-l/ P&. = P K ~  = pK*in 

Acid [HA][B-]) 20.6= 16.48916 DMSOIqD 
Indene 1 7 . 4  1 8 . 1  1 8 . 5  

GeH4 1 7 . 7  

C6HsGeHs 1 9 . 8  

Fluorene (20.6) 2 0 . 7  20 .5  

(C6Ha)zdeHz 2 1 . 4  

1,1,3-Triphenylpropene 2 3 . 1  2 4 . 3  2 3 . 1  

(CsH6)aGeH 2 3 . 2  23.06 

(P-CHsC6Hd aGeH 2 3 . 6  

CzHsGeHs 2 3 . 9  

0 . 3  f 0 . 1  

2 . 1  * 0 . 2  

0 . 8  i= 0 . 1  

0 . 8  i 0 . 1  

1 . 7  * 0 . 2  

0.1  0 . 1  

0 . 4  f 0 . 1  

0 . 3  i 0.14  

a Fluorene pK, = 20.6 was chosen as our standard because of 
agreement between DMSO and cyclohexylamine measurements. 
Direct measurement of 9-phenylfluorene in DMSO2 was used as 
the standard for establishing pKa for fluorene. 

results are also shown as “absolute” acidities, assum- 
ing fluorene to  have a pKa of 20.6. The hydrocarbon 
indicators which we have used are those commonly 
employed in similar determinations in other solvents, 
such as dimethyl sulfoxide (DMSO) 2 , 3  and cyclohexyl- 
amine.’ We have adjusted the pK,’s determined in 
cyclohexylamine to  refer to  tbat of 9-phenylfluorene 
having pK, = 16.43115 and have also included these 
values in Table I. One notes that there is quite good 
agreement between the relative acidities in the various 
solvents. This serves as a check on the reliability of 
the nmr method for carrying out measurements of this 
kind, since the relatively concentrated solutions render 
suspect the assumptions made concerning the ratios 
of activity coefficients.16 Two unusual features are 
apparent in the acidities of the germanes studied. 
First, there is a decrease in acidity as the number of 
phenyl groups is increased, and, second, substitution 
by only one ethyl group dramatically reduces the acid- 
ity by -lo6. 

A previous investigation of the relative acidities of 
germane and triphenylgermane by Birchall and Jolly4 
showed triphenylgermane to  be the weaker acid, but 
these workers underestimated the acidity difference by 
a factor of -lo4. They suggested that  the reduction 
in acidity was the result of multiple bonding between 
the aromatic rr system and the empty germanium d 
orbitals. However, proton magnetic resonance stud- 
ies” have shown that perturbation of the rr-electron 
system of the aromatic ring in phenylgermane is very 
small. The extent of prr + dn bonding contributions 
such as  I1 would have to be large to  .cause the large re- 
duction in acidity and such perturbations would have 
been easily detected by nmr. In  the case of similar 
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I1 

substitution in methane, the acidity increases with 
increasing number of phenyl groups. This increase 
in acidity is due to the extensive delocalization of the 
negative charge in the anion and the inductive effect 
of the phenyl group. Delocalization does not occur 
in the phenylgermyl anion“ and hence no increase in 
acidity would be expected through resonance, though 
one might have expected an increase due to the induc- 
tive effect.19120 No such increase in germafle acidities 
is noted (Table I ) .  Clearly some other factor must 
be causing the order observed. 

A recent reevaluation of the Chatt-Williams experi- 
ments on the acidity of silyl, germyl, and other sub- 
stituted benzoic acids21 has shown22 that solvation ef- 
fects are important. These workers found that unless 
solvation effects are constant, as reflected in the en- 
tropy of ionization AS”,  conclusions concerning elec- 
tronic effects obtained from AG” of ionization (ie., the 
pKa of the acid) will not be valid. We believe that  
solvation effects will be important in the systems 
studied here. One would expect a reduction in the 
solvation energy of the phenylgermyl anion, compared 
to the germyl ion, due to  the bulky nature of the 
phenyl group, and a subsequent reduction in acidity 
as a result of this. Introduction of additional phenyl 
groups into the germane should further decrease the 
solvation energy and produce a still weaker acid. 
However the greatest effect should be produced by the 
first phenyl group, and subsequent substitution might 
have been expected to produce successively smaller 
reductions in acidity. The data in Table I1 reveal 

TABLE I1 
Compd GeH4 CeHsGeHa (CeHs)zGeHz (CeHdsGeH 

\ Y 

APK 2 . 1  1 . 6  1 . 8  

that while this is true for the first two members of the 
series, triphenylgermane is weaker than would have 
been expected. It seems reasonable to attribute this 
further reduction in acidity of triphenylgermane to 
steric crowding in the triphenylgermyl anion. We 
have that the a-Ge-H bond angle is re- 
duced from 109” 28’ in GeH4 to -93’ in GeH3- in- 
dicating that the lone pair of the anion has a consider- 
able stereochemical influence. Such a C-Ge-C bond 
angle in the triphenylgermyl anion would be resisted 
by the bulky aromatic rings and such crowding could 
be relieved by protonation. 

The much lower acidity of ethylgermane compared 
to that of phenylgermane can be attributed to the in- 
ductive effects of the phenyl and ethyl groups. In  the 
case of phenylgermane the inductive effect opposes the 
acidity-reducing solvation effects discussed above, 
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while in the case of ethylgermane these two effects rein- 
force one another. 

All of our measurements have been carried out using 
sodium salts of the acids. Streitwieser, et al., have 
notedz5 that the counterion affects the acidity of cer- 
tain compounds in cyclohexylamine solution. Burley 
and coworkersz6 have used nmr methods to obtain in- 
formation about ion pairing in solution of alkali metal 
salts. Table I11 presents some nmr data which we 

TABLE IIIa 
Alkali Alkali 
metal B(GeHa-), S(GeHa), metal G(GeHa-), G(GeHI), 

Li + -0.38 -2.40 K +  -0.42 -2.43 
cation ppm ppm cation ppm ppm 

Na+ -0.42 -2.43 Cs+ -0.50 -2.40 
a Values 10 .02  ppm relative to center peak of NHa triplet. 

Solutions -0.4 M in both GeH4 and salt. 
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have obtained for solutions of germane and its alkali 
metal salts. The chemical shifts are reported relative 
to the solvent ammonia, and one notes that while the 
shift of the germane peak is constant, that for the ger- 
my1 ion is dependent upon the cation. The lithium, 
sodium, and potassium salts have the same shift rela- 
tive to germane whereas the cesium salt has a chemical 
shift to l o ~ e r  field. We conclude that this is because 
Cs+GeH3- exists as a contact ion pair in ammonia so- 
lution but that the other salts exist as solvent-separated 
ion pairs. By analogy to Streitwieser’s systemsz5 we 
expect that the use of the cesium instead of the sodium 
salt would cause the acidity of the germanes, in which 
the anions have a localized charge, to increase relative 
to the hydrocarbons. However we would not expect 
to change the acidity of the germanes relative to each 
other. 
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The reaction of free borane (BHI) with acetone to produce an adduct having a mass corresponding to BCIH~O has been shown 
to occur in the gas phase. At 45O”K, 4.6 Torr total pressure of helium, and low partial pressures of reagents, the absolute 
bimolecular rate constant for this reaction is 3 X lo8 l./mol sec. I t  is likely that the observed product of the reaction be- 
tween BH3 and acetone is a Lewis acid-base adduct rather than an alkoxyborane. 

It has been suggested that the reactivity of tricoor- 
dinate boron compounds is controlled by two factors: 
the acceptor strength of the boron species and the ease 
of ligand displacement or rearrangement. These 
principles follow if the reactions expected for a trico- 
ordinate boron species, BX3, may be written in general 
as 

XIB + :YL, + XaB:YL, (1) 

X3B : YLp + X2BYLP_1 + XL (2 1 
X3B : YL, + XzBYXL, (3 1 

where boron is attached to three, not necessarily iden- 
tical, ligands X and where Y is a central atom attached 
to 9, not necessarily identical, ligands L. Reaction 1 
is a Lewis acid-base addition reaction; (2) is an elimi- 
nation reaction which may occur when Y is saturated 
and a t  least one ligand L is hydrogen; and ( 3 )  is a re- 
arrangement reaction which may occur when Y is un- 
saturated and a t  least one ligand X is hydrogen. 
These postulates certainly allow the rationalization of 
many of the reactions of tricoordinate boron com- 
pounds. However, to understand the factors that 
control the reactivity of these compounds it is neces- 
sary to probe in detail the reactions of carefully se- 
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E. L Muetterties, E d  , Wiley, New York, N .  Y . ,  1967, Chapter 1. 

lected systems containing tricoordinate boron. We are 
engaged in a program of examining the reactions of 
the simplest tricoordinate boron species, borane (BH3). 
By identifying the reactions of this species and mea- 
suring the rates, we hope more fully to document the 
concepts of reactivity presented above. 

Our methods for producing kinetically useful quan- 
tities of BH3 and for examining the reactions of BH3 
in the gas phase have been reported 
Thus far we have examined the reactions of BH3 with 
BH3,3 PF3,4 N(CH3)3,4 C Z H ~ , ~  B2He,6 and B ~ H Q . ~  In 
this report, an examination of the reaction of BH3 with 
acetone, (CH~)ZCO, is presented. This molecule pos- 
sesses both a basic site and unsaturation. Conse- 
quently, we wished to contrast the identity and ab- 
solute rate of its reaction or reactions with BH3 with 
those of the other species mentioned above. 

The uses of boron hydrides in the reduction of var- 
ious organic functional groups has been extensively 
discussed by Brown7 Although the reaction of BH3 
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