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Rates of deprotonation for 20 nitroalkanes, G(CHz),NOZ, where n is 1,2, or 3, catalyzed by lyate ion or by pyri- 
dine were measured in 50% (v/v) MeOH-H20. The rates were correlated reasonably well by the Taft relationship, 
but this is believed to be fortuitous for n = 1 or 2. A Brdnsted plot for lyate rates vs. equilibrium acidities for n = 
3 gave a slope of 1.67 and for pyridine rates gave a slope of 1.89. Rates of deprotonation by lyate ion of seven secon- 
dary nitroalkanes, RR’CHN02, with R or R’ = Me, Et, Pr, i-Pr, or c-Pr, were measured in 50% (v/v) MeOH-HZO. 
Changes in R (or R’) caused larger effects in kinetic acidities than in equilibrium acidities; these effects were fre- 
quently in inverse directions. A three-step mechanism involving a singly H-bonded anion intermediate or a virtual 
intermediate is postulated to account for the large k H / k D  isotope effects and “anomalous” Bransted coefficients 
observed for the deprotonation of nitroalkanes in protic solvents. Six examples are given from kinetic and equilibri- 
um acidity data where the order of polar effects is PhS > PhO, which is opposite to the order of Taft UI constants. 

Although there is a wealth of information concerning 
rates of deprotonation of simple nitroalkanes with varied bases 
(HO-, AcO-, pyridine,  et^.),^-^ relatively little information 
concerning the effect of introducing heteroatom substituents 
into the alkyl groups is available. We now present data for 
rates of deprotonation of nitroalkanes, G(CHz),N02, where 
G is a heteroatom substituent and where n = 1 , 2 ,  or 3, with 
lyate ion in 50% (v/v) MeOH-H20 and with pyridine in 50% 
(v/v) MeOH-H20. These results, together with those on the 
effect of alkyl substitution into nitromethane, are then com- 
pared with the equilikirium acidity data5 for these compounds 
in the same solvent. 

Results 
Rates of deprotonation by lyate ion in 50% (v/v) metha- 

nol-water a t  15 “C of 20 nitroalkanes of the type G(CH2),- 
Nos ,  where n is 1 2, or 3 and G is hydrogen, methyl, or a 
functional group, were measured by observance under 
pseudo-first-order conditions of the appearance of nitronate 
ion absorbance at  225-240 nm. Excellent kinetics were ob- 
tained in most instances with correlation coefficients of X.999 
for each run (Table I). The behavior of 3-chloro-1-nitropro- 
pane was exceptional in that the infinity absorbance slowly 
decreased with time, probably due to cyclization to form is- 
oxazoline oxide. Lyate rates were also measured for a number 
of secondary nitroalkanes, RR’CHN02. The data are sum- 
marized in Table 111. 

A Taft plot (Figure 1) constructed from the lyate rates for 
3-substituted-l-nitropropanes, G(CH2)3N02, vs. u*cH*,;H~G, 
with G = H, Ph, OH, SPh, COCH3, OPh, C1, SOzPh, and CN, 
gave p* = 2.09 f 0.17 ( r  = 0.975; R 2  = 0.950; SD = f0.39 at 

95% confidence level). Points for GCH2CHzN02 and 
GCH2N02 compounds vs. U*CH~G and CT*G, respectively, are 
also included in Figure 1, but were not used in the least- 
squares plot to determine p* .  

The rates of deprotonation of the G(CHz),N02 compounds 
with pyridine base in 50% MeOH-H20 were determined by 
a buffer dilution method, using triiodide ion as a scavenger 
for the nitronate ion6a (Table I). The zero-order disappearance 
of triiodide is the actual kinetic variable. Iodination of the 
nitroalkanes does not go to completion,6b but is extensive 
enough to allow successful measurement of rate constants. For 
3-substituted-l-nitropropanes, GCH&H&H2N02, with G 
= H, Ph, OH, OPh, S02Ph, and CN, a Taft plot gave p* = 2.27 
& 0.26 ( r  = 0.957; R 2  = 0.916; SD = f0.62 at  92% confidence 
level). Points for 1,3-dinitropropane and 5-nitro-2-pentanone 
were not included because of complications due to side reac- 
tions. The distribution of the other points (Table I) along the 
line was similar to that shown in Figure 1. 

A Br@nsted plot (Figure 2) for lyate ion deprotonation in 
50% MeOH-H20 (at  15 “C) vs. equilibrium acidities in 50% 
MeOH-H20 (at 25 “C) for G C H ~ C H ~ C H ~ N O Z  compounds, 
with G = H, Ph, OH, COCH3, OPh, SPh, SOzPh, and CN, gave 
a = 1.67 f 0.19 ( r  = 0.957). Since the temperature dependence 
for pK’s for nitroalkanes is known to be small,7 and should be 
similar for a series such as G(CH2)3N02, the fact that  the ki- 
netic and equilibrium measurements were made at  tempera- 
tures 10 “C apart should not affect CY appreciably. The 
Br@nsted a for a plot of pyridine deprotonation rates in 50% 
MeOH-H20 (at 25 “C) vs. pK’s in 50% MeOH-H20 (at 25 “C) 
was 1.89 f 0.19 ( r  = 0.965). 

The correlations of the (calculated) rates of protonation of 
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Figure 1. Plot of the logarithm of the rates of deprotonation by lyate 
ion in 50% MeOH-H20 at 15 "C for 3-substituted 1-nitropropanes, 
GCHZCHZCH~NO~, vs. rr'CH2CH2G (0 ) .  Points for GCHzCH2NOz vs. 
U * C H ~ C :  (A) and GCHzNOz vs. o * ~  ( w )  are also shown, but were not 
used to determine p * .  
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Figure 2. Brdnsted plot of the rates of deprotonation by lyate ion vs. 
pK's for 3-substituted nitroalkanes, GCHZCH~CH~NO~, in 50% (v/v) 
MeOH-H20. 

GCHzCH2CH=N02- on carbon by solvent are less satisfac- 
tory than those in the opposite direction. Examination of 
Table I1 shows that for protonations of ArCH=N02- on 
carbon there is a general trend for electron-withdrawing 
groups to accelerate the rate, in agreement with the calculated 
p of 0.45, but that  the acceleration is irregular and generally 
smaller than expected. In particular, we note that the pro- 
tonation of rn-C1C~Ht~CH=N02- is as rapid as that  of m- 
N O ~ C G H ~ C H = N O ~ - ,  despite a sizable difference in the 
electron-withdrawing power of these two groups. Also, m- 
C F ~ C G H ~ C H = N O ~ -  is protonated a t  almost the same rate as 
CsH&H=NOz-, despite the moderately strong electron- 
withdrawing propertiles of the CFs group. Similar discon- 

Table I. Deprotonation Rates of Nitroalkanes, GCHzN02, 
by Lyate Ion and Pyridine in 50% (v/v) Methanol-Water 

registry h ,  l O j k ,  
G no. M-1 S- ln  k ,  M-1 S - l b  

t -Bu 34715-98-5 0.63 0.182 
i-Pr 625-74-1 3.3 1.35 
n-Pr 627-05-4 4.6 2.68 
Et 108-03-2 4.7 2.17 
Me 79-24-3 5.5 2.83 
(CH2)2Ph 22818-69-5 10.9 4.08 
c-Pr 2625-33-4 10.6 3.95 
(CHzhOH 25182-84-7 15.4 6.25 
(CH2)zCOCH3 22020-87-7 16.4 
CHzPh 6125-24-2 16.3 6.05 
(CHz)zSPh 66291-17-6 27.8 12.2 
(CHz)20Ph 66291-15-4 21.3 9.61 
CHPh2 5582-87-6 36.6 
(CHdzCl 16694-52-3 43.8 
(CHz)zSOzPh 66291-13-2 58.5 24.6 
(CHdzCN 58763-41-0 45.2 21.6 
H 75-52-5 30' 8.04 
(CHdzNOz 6125-21-9 68 
CHzOH 625-48-9 79.3 11.4 
Ph 622-42-4 144 147 

a At 15 "C, with lyate ion as the base; reproducible to 321%. At 
Extra- 25 "C, with pyridine as the base; reproducible to 55%. 

polated from the rate with hydroxide in water. 

tinuities of this type have been observed in protonation of 
ArCH=NOz- by the conjugate acids of amine bases.8 In 
protonations of GCH2CHzCH=N02- on carbon we note that, 
despite the calculated p* of 0.81, there is little or no change 
in rate for G = Ph, OH, CHsCO, or PhO for a change in Taft 
constants of over 0.2 unit. We do not propose to interpret these 
results except to note that they are consistent with a complex 
mechanism for the forward and reverse reactions, involving 
solvent reorganization, such as presented herein. 

Discussion 
Ta f t  and  Br#nsted Correlations fo r  G(CH&N02 Ni- 

troalkanes. Let us look first a t  the data for G(CH2)3N02 ni- 
troalkanes, a system where steric effects appear to be relatively 
constant, judging from the success of the Taft and Brinsted 
correlations (Figures 1 and 2). The pyridine rates correlate 
well with the lyate rates for these compounds (slope = 0.950 
f 0.053 for ten points; r = 0.991). I t  is noteworthy that the 
pyridine rates have about the same sensitivity to the effect of 
the substituent, G, as do the lyate rates, despite the fact that  
the pyridine rates are over five powers of ten slower. This re- 
sult is similar to that observed in the deprotonation of Ar- 
CH2NO2 and ArCH(Me)CHzNO* systems, where the Ham- 
mett p values were slightly larger for deprotonation by hy- 
droxide ion in water than by amine bases in water.8 These 
results can be rationalized, since with amine bases the negative 
charge developing on carbon in the transition state is offset 
by the positive charge developing on the nitrogen of the amine 
base. Furthermore, if H-C bond breaking is greater in the 
transition state for deprotonation by the amine base, as seems 
likely (Hammond postulate), more of the negative charge in 
this transition state (see 2) may be delocalized to the nitro 
group, making the reaction less sensitive to changes in the 
nature of G or to substituent effects in Ar. 

The Brqhsted a for ArCH2N02 and G C H ~ C H Z C H ~ N O ~  
nitroalkane systems can be expressed in terms of Hammett 
p and Taft p* values, 

C y  = P k B / P K .  and a* = P * k e / P * K ,  

where pkB and P * k B  refer to the sensitivity of the rates of de- 
protonation in the series of nitroalkanes by a given base, B, 
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Table 11. Relative Rates of Protonation on Carbon of GCeH&H=N02- by Solvent Water and of GCH2CH&H=N02- by 
Solvent 50% MeOH-HOH 

- GC6H4CH=N02- - GCHzCH2CH=N02- 
rttgistry registry 

no. U (klk")" G no. ~ * C H ~ C H ~ G  ( k l k ' )  

H 12413-18-2 (0.0) (1.0) H 25590-60-7 (0.0) (1.0) 

-~ G 

m-CH? 66991 -11-0 -0.07 1.01 CH3 34430-24-5 -0.04 0.66 

m-F 66322-97-2 0.34 1.014 P h  66291-18-7 0.080 1.69 
m-CI 66291-22-3 0.37 1.25 HO 66291-16-5 0.20 1.73 
m-CF3 66291-21-2 0.43 1.035 CH3CO 66291-14-3 0 . 2 1 ~  1.64 
m-NO? 66291-20-1 0.71 1.26 PhO 66291-12-1 0.306 1.66 
P - N O ~  66291-19-8 0.78 1.205 CN 66291-10-9 0.468 2.40 

PhSOz 66291-09-6 0.475 2.80 

a Calculated from data in ref 8. Calculated from data in the present paper. 

to substituent effects, and p ~ ,  and p * ~ ,  refer to the sensitivity 
of the equilibrium acidities in the same nitroalkane series to 
changes in substituent effects. The same pattern of response 
is observed in each series, the kinetic acidities being more 
sensitive to changes in remote substituent effects than are the 
equilibrium acidities, causing a and cy* to be >1. 

For deprotonation by lyate ion a* = 2.09l1.25 = 1.67. For 
deprotonation by pyridine a* = 2.2111.25 = 1.8. A simulated 
reaction coordinate diagram comparing the rates of depro- 
tonation of a nitroalkane, G C H ~ C H Z C H ~ N O ~ ,  and a more 
acidic nitroalkane, G'CHzCH2CHzN02, by lyate ion is shown 
in Figure 3. I t  is assumed in Figure 3 that substitution of 
substituent, G, by a ,more powerful electron-withdrawing 
substituent, G', will have essentially no effect on the 
ground-state energy of the nitroalkane (reactant), but will 
lower the energy of the transition state and the ground-state 
energy of the nitronate ion (product). A noteworthy feature 
of Figure 3 is that  the effect of the substitution is greater in 
lowering the transition-state energy than in lowering the en- 
ergy of the products. The assumption of a greater substituent 
effect on the transition-state than on the ground-state ener- 
gies. which presumably correspond to the ground-state 
energies in the equilibrium, is necessary to explain the greater 
sensitivity of the kinetic acidity (p*k, )  than the equilibrium 
acidity ( p * ~ , )  to substituent changes. The greater sensitivity 
of rates to substituent changes is understandable in terms of 
transit,ion state 2 for lyate ion (RO-; R = H or Me) depro- 

I r I 1  

1 2 

tonation, since in 2 the negative charge is developing primarily 
on carhon, whereas in the reactant ground state (1) the neg- 
ative charge is primarily on the lyate ion base (RO-), and in 
the product ground state (3) it is primarily on the oxygen 
atoms of the nitronate ion, two atoms further removed. 

In the reverse reaction, protonation of 3 on carbon by sol- 
vent, the greater lowering of transition-state energy than 
product ground-state energy by substitution of a more pow- 
erful electron-withdrawing substituent, G', requires that 
electron withdrawal in nitronate ion 3 accelerate the rate. (A 
similar situation arises for protonation of ArCH=N02- by 
~ o l v e n t . ~ )  This too is understandable in terms of the formulas 
3 and 2, since protonation on carbon requires that in the 
transition state negative charge be concentrated on carbon. 
Electron withdrawal from oxygen in 3 by the substituent will 
assist this operation. 

The most important feature of this analysis is that  it is 
contrary to the assumption of Leffler and Grunwald that in 
the generalized rate -equilibrium equation 

I 

Transition 

f i  
Substituent G' is more 
electron withdrawing 
than substituent G 

8 
RO- + GYCH, ) 3  NO, \,k - G(CH,),CH=NO,- 

- - - - _ - _  
ROH + G'(CH,),CH=NO,' 

- 
Reaction Coordinate 

Figure 3. Simulated effect of a substituent, G (solid line), and a more 
electron-withdrawing substituent, G' (dashed line), on the rate of 
deprotonation of a nitroalkane by lyate ion (RO-). (The assignment 
of the same ground-state energies for the reactants is arbitrary.) 

&AG* = aGAG' (1) 

the effect of a substituent change, 6, on the transition-state 
energy will be intermediate to  the effect of the substituent 
change on the energies of the reactant and product? As Kresge 
has pointed out,1° i t  is this assumption that constrains the 
value of the coefficient a to  the limits of 0 and 1.0. I t  seems 
clear that  this assumption is not correct for deprotonations 
of nitroalkanes. I t  follows that, a t  least for nitroalkanes, the 
size of a does not provide an index of the extent of proton 
transfer to the base in the transition state for deprotonation. 
Replacement of a substituent, G, by G' in other carbon acids 
of the type G(CHz),A and GCGH~(CH~) ,A ,  where A is an 
acidifying function such as COR, S02R, CN, Ph, and the like, 
should lead to effects on deprotonation rates similar to  those 
depicted in Figure 3. In deprotonation of systems of the type 
GCeH&HzA one might expect, as a first approximation, that  
the size of (Y will decrease with the ability of A to delocalize the 
negative charge in the anion, i.e., NO2 > COR > CO2R > CN, 
SOzR, etc. I t  may turn out, then, that  in most systems of this 
type a will be less than 1.0. This does not mean, however, that 
such a's provide a good index of the extent of proton transfer 
in the transition state. 

The presentations of proton transfers in Figure 3 or by re- 
action 1 - 3 are oversimplified in that they ignore the role of 
the solvent. I t  now seems likely that such deprotonation re- 
actions may involve an intermediate or virtual intermediate, 
rather than a single transition ~ t a t e . ~ J l J ~  We will show in the 
next section that such mechanisms can accommodate 
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“anomalous” Brdns ted coefficients and the surprisingly large 
k H / k D  isotope effects for exoenergetic nitroalkane depro- 
tonations. 

Mechanisms of Proton-Transfer Reactions. The Eigen 
mechanism for proton transfer with oxygen and nitrogen acids 
(“normal acids”) visualizes a three-step mechanism:13 (1) 
formation of an “encounter complex”; (2) proton transfer; and 
(3) separation of the new “encounter complex” generated in 
the proton transfer. All three steps in this mechanism are very 
rapid. Proton transrer, for example deprotonation of phenol 
by hydroxide ion, can occur through one or more solvent 
 molecule^.^^ In the representation shown the hydroxide ion 
is pictured as being solvated by three (“inner solvation 
sphere”) water molecules, one of which is hydrogen bonded 

Froton -- H-0-H 
transfer 

H20  

... 0-H ... -0-Ar 

H 
I 

to a phenol molecule. The activation energy for this (exoen- 
ergetic) proton transfer is low and the transition state is ex- 
pected to be reactant,-like (Hammond postulate). Substituent 
changes that increase the acidity of the phenol are expected 
to result in a small Brdnsted coefficient (approaching zero),1° 
and the k H / k D  isotope effect is expected to be small and to 
decrease as ArOH becomes more acidic.15 In the reverse (en- 
doenergetic) proton transfer the transition state is expected 
to be product-like, resulting in a Brdnsted coefficient ap- 
proaching one and a small k H / k D  isotope effect increasing as 
the basicity of ArO- decreases. 

This “normal” behavior, wherein the activation energies 
for proton transfers, are low and the Brdnsted coefficient 
changes abruptly from zero to one with a relatively small 
change in AGO, differs sharply from the proton transfer to 
hydroxide ion from a carbon acid of acidity comparable to that 
of a phenol, e.g., a nitroalkane such as G C H ~ C H ~ C H ~ N O Z  or 
ArCHzN02. Here the activation energy is relatively high, and 
the Brdnsted coefficient and k H / k D  isotope effects are large. 
There is good reason to believe that  the high activation 
energies for such proton transfers are associated to a consid- 
erable degree with desolvation of the hydroxide ion. I t  was 
pointed out many ye,srs ago that the reaction of an anion with 
an alkyl halide requires essentially replacing one solvent 
molecule of the anion with an alkyl halide molecule,16 and that 
the entire activation energy for the reaction of hydroxide ion 
with methyl iodide in water could be attributed to partial 
desolvation of the hydroxide ion.lT The essential correctness 
of this view as applied to proton transfers is supported by the 
much lower activation barriers and faster rates observed in 
dipolar aprotic solvents wherein the anions are not hydrogen 
bonded to the solvent. For example, deprotonation of tri- 
phenylmethane by alkoxide ions is roughly lo6 faster in di- 
polar aprotic (dimethyl sulfoxide) solutions than in protic 
solutions.18 This large rate acceleration can be attributed to 
the absence of hydrogen-bonding protic solvent molecules 
surrounding the ethoxide ions.17 Evidently carbon acids, 
which form very weak hydrogen bonds, if any, are unable to 
utilize the Eigen mechanism for proton transfer. 

The Eigen mechanism has been modified in a number of 
ways to take account of the appreciable solvent reorganization 
that occurs when a (carbon acid is deprotonated by a base. 
Kreevoy has introduced an additional step in the mechanism 
t o  accommodate proper orientation and solvent reorganiza- 

5 

\ 
H Ar O-...(H,O), 

5 6 

tion.12 Albery has discussed the mechanism in terms of the 
Marcus equation by dividing the Marcus work term, into 
two parts, one of which represents solvent reorganization.” 
According to the Albery mechanism, rate-determining proton 
transfer from a nitroalkane to a base gives a relatively strongly 
basic pyramidal anion with much of the charge concentrated 
on carbon. Solvent reorganization then helps to transform this 
anion to the planar nitronate ion, in which the charge is con- 
centrated on oxygen. This mechanism is comparable to one 
that evolved in our laboratory a t  about the same time.4 An 
elaboration of this mechanism, which takes specific account 
of the need to desolvate the attacking base, is presented in 
Scheme I. (The mechanism is illustrated using ArCHZN02, 
but would, of course, apply equally well to other nitroalkanes 
or other carbon acids.) 

In step 1 of this mechanism one of the three solvent mole- 
cules surrounding the hydroxide ion is replaced by a nitroal- 
kane molecule,20 and complex 4 is formed. The proton transfer 
in step 2 is visualized as being comparable to that in the Eigen 
mechanism, but the activation barrier is larger because the 
hydrogen bond in the encounter complex (4) is very weak, and 
because some structural and solvent reorganization accom- 
panies the proton transfer to form the “essentially pyramidal”, 
“singly-solvated” carbanion 5. Carbanion 5 must be partially 
rehybridized, but, for reasons to be presented shortly, the 
major part of the rehybridization (and solvent reorganization) 
of 5 is believed to occur in step 3. The mechanism presented 
in Scheme I has been devised to account for: (a) the slow 
proton transfers observed for nitroalkanes in protic solvents; 
(b) the high k H / k D  isotope effects observed for nitroalkane 
deprotonations; and (c) the “anomalous” Brdnsted coefficients 
observed for nitroalkanes. 

The rapid proton transfers to hydroxide ion from oxygen 
acids, such as phenols, have been explained by Eigen as being 
due to the ability of ArOH to f i t  into the hydrogen-bonded 
network surrounding the hydroxide Carbon acids of 
comparable acidity, such as nitroalkanes, form only very weak 
hydrogen bonds, if any. They cannot fit into this network, and 
require a much larger activation barrier for proton transfer. 
Scheme I pictures this high barrier as consisting of a separate, 
reversible step (1) with a sizable barrier needed to desolvate 
the hydroxide ion, and a second step (2) with a second barrier 
for the actual proton transfer. If proton transfer is viewed as 
occurring without intervention of an intermediate, as in Figure 
3, complex 4 would be converted in one step to the rehybrid- 
ized nitronate ion 6. This reaction would be highly exoener- 
getic, however, and is not consistent with the large k H / k D  
isotope effect observed for nitroalkane deprotonations. On 
the other hand, intermediate (or virtual intermediatez2) 5 has 
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Table 111. Equilibrium and Kinetic Acidities for Nitroalkanes, RR’CHN02, in 50% MeOH-H20 

R 
H 
H 
Me 
H 
Et 
H 
Pr 
H 
i-Pr 
H 
c-Pr 
H 
Me 
Me 

registry 
R’ no. PK ApKa k b  log (ko/k)‘ 

H 
Me 
Me 
Et 
Et 
Pr 
Pr 
i -Pr 
i-Pr 
c-Pr 
c-Pr 
t -Bu 
i-Pr 
c-Pr 

11.11 
9.63 

79-46-9 8.85 
9.99 

551-88-2 10.17 
9.77 

2625-37-8 9.85 
10.38 

9.41 
2625-39-0 10.65 

595-42-6 9.73 
2625-38-9 8.73 

66291-08-5 11.0 

11.4 

(0.00) 
- 1.08 
(0.00) 

-0.12 
(0.00) 

-0.52 
(0.00) 
0.32 

(0.00) 
0.94 

30d 
5.6 
0.26 
4.7 
0.039 
4.6 
0.034 
3.3 
0.00061 

10.6 
0.079 
0.63 
0.095 
0.22 

(0.00) 
1.24 

(0.00) 
1.78 

(0.00) 
1.83 

(0.00) 
3.35 

(0.00) 
1.84 

ApK = ph’ - pKo (statistically corrected). Lyate rates. Statistically corrected. Estimated from the hydroxide rate in water. 

a much higher energy than does product 6, and step 2 should 
have a transition state nearer to the point along the reaction 
coordinate at which the proton is half transferred. A large 
h Hlk r) isotope effect is therefore reasonable according to this 
mechanism. 

Intermediate 5 would appear as a saddle point in the curve 
in Figure 3 if it is an actual intermediate, or as a discontinuity 
in the curve if it is a virtual intermediate; see the three-di- 
mensional representation given by Albery in ref 12. Kurz and 
Kurz conclude from a detailed analysis of solvent effects that 
all proton transfers In which solute-solvent coupling is rela- 
tively weak, as would be expected here, should occur by an 
uncoupled mechanism in which virtual intermediates must 
be present.23 Kresge has obtained evidence for an interme- 
diate (7a) similar in stiructure to 5 in the detritiation of phe- 
nylacetylene by an amine base, B. In this reaction detritiation 
occurs to form an ion-pair intermediate (7a) and the “slow” 
step is exchange of the cation partner of this ion pair to form 
ion pair 7b.24 

“91ow” 
PhC‘=C-***’I’B+ -t HB+ + PhCEC--HB+ + TBf 

7a 7b 
These results indicate that a localized carbanion can indeed 

form a strong hydrogen bond, as we have postulated in for- 
mulating intermediate 5. 

The Br@nsted coefficient larger than 1.0 observed for de- 
protonation of ArCHZN02 (or G C H Z C H ~ C H ~ N O ~ )  systems 
is accounted for according to Scheme I by the fact that  the 
substituent effects on rates and equilibria change in a different 
manner.]() Referring to Figure 3 we see that in the deproton- 
ation step the electron-withdrawing group, G’, lowers both the 
transition-state energy and energy of the nitronate ion ap- 
preciably. (G’ is assumed to have no effect on the ground-state 
energy of the nitroalkane.) The lowering of the transition-state 
energy is greater than the lowering of the ground-state energy 
of the riitronate ion, causing the Br@nsted N to be larger than 
1.0. In the reverse readion, protonation of the nitronate on 
carbon. the electron-withdrawing group, G’, lowers the tran- 
sition-state energy appreciably but increases the difference 
in  ground-state energies between the nitronate ion and the 
nitroalkane, causing the Br@nsted N to be negative. 

a-Alkyl Effect. Anomalous Br$nsted Coefficients. 
Substitution of R for H in HCH2N02 generally increases the 
equilibrium acidity in (either aqueous or Me2SO solvents due 
to  the stabilizing influence of R in the RCH=N02- anion.58 
A similar effect is observed in 50% MeOH-H20 for substitu- 
tion of H by R in RCHzN02 when R is Me, Et,  or P r  (Table 
111). On the other hand, these substitutions cause retardation 
of the rates of deprotonation in 50% MeOH-HzO (Table 111). 

Analysis of these data in terms of the simplest representation, 
1 - 2 - 3, requires that the stabilizing influence of R on the 
product (3) be overshadowed in the transition state (2) by a 
destabilizing influence. The abrupt rate decrease of over three 
powers of ten from i-PrCH2N02 to i-Pr2CHN02 (Table 111) 
suggests that  this is a steric effect of some kind, presumably 
steric hindrance to solvation. These inverse effects of alkyl 
substitution on rates and equilibria provide further examples 
wherein the effect of a substituent change, 6, on the transi- 
tion-state energy is not intermediate to the effect of the sub- 
stituent change on the energies of the reactant and product, 
as is required if a in eq 1 is to be confined to the limits of 0-1.0. 
The lack of correspondence in substituent effects on rates and 
equilibria may be explained in terms of a reactant-like tran- 
sition state,4a or by assuming that the substituent interactions 
develop at  different rates as the system moves along the re- 
action coordinate.10 I t  is difficult to explain the large k H l k D  
isotope ratios in this way, however, since they show that H-C 
bond breaking is extensive in the transition state. Alterna- 
tively, one can postulate the formation of an i n t e ~ - m e d i a t e ~ ~ , ~ ~  
or a virtual intermediate.11J2 If a more detailed mechanistic 
representation such as that shown in Scheme I is adopted, 
intermediates 7 and 8 can be assumed to be formed along the 
reaction pathway (Figure 4). 

7 8 

9 

The advantage of assuming the presence of intermediate 
8 is that  we do not expect changes in the stabilities of the 
planar nitronate ion product 9 caused by substituent changes 
to influence the rates. Instead, the rate of deprotonation will 
be determined only by the height of the barrier leading to the 
singly H-bonded, essentially tetrahedral intermediate, 8 (8a 
or 8b in Figure 4). For example, the substituent change from 
H2CHN02 to i-Pr2CHN02, which leads to a 5 X lo4 decrease 
in rate of deprotonation by lyate ion in 5090 MeOH-H20 with 
essentially no change in equilibrium acidity (Table 111), can 
be rationalized in terms of Figure 4 by assuming that a higher 
barrier must be surmounted to produce intermediate 8b (R1 
= Rz = i-Pr) than to produce intermediate 8a (R1= R2 = H). 
There need be little or no change in the equilibrium acidity, 
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React ion  Coordina te  

Figure 4. Simulated effect of one or two alkyl substituents (R1 and 
RS) on the rate of deprotonation of a nitroalkane by a base (B-). (The 
substitution of R1 and/or Rz for H generally decreases the rate and 
increases the stability of the product, see text.) 

however, because there need be little or no change in the rel- 
ative ground-state energies of nitroalkane and nitronate ion 
product. Furthermore, a large k H / k D  ratio is reasonable for 
this mechanism, since formation of either 8a or 8b is en- 
doenergetic. 

Substitution of Me for a-H generally produces acid- 
strengthening effects on the equilibrium acidities of simple 
nitroalkanes and ketones, but acid-weakening effects for 
simple nitriles and The difference appears to  arise 
from the degree of dlelocalization of charge made possible by 
the two types of functions. On the other hand, substitution 
of Me for a -H  decreases the kinetic acidities of all four types 
of carbon acids. We can anticipate, then, that in protic sol- 
vents, ketones, like nitroalkanes, will give “anomalous” 
Br$nsted coefficients, whereas nitriles and sulfones will not. 
(Unfortunately, this prediction is not easily tested, since 
equilibrium acidities of simple ketones, nitriles, and sulfones 
can be determined only in dipolar aprotic solvents.) The  ob- 
servation of “normal” Br6nsted coefficients for the latter does 
not necessarily mean, however, that  the transition-state 
structure is “intermediate” between that of reactants and 
 product^.^ It could just as well mean that there happens to  be 
a correspondence in substituent effects on the transition state 
and the product. We conclude that the size of such Brdnsted 
coefficients is a poor guide to transition-state structures of 
deprotonation reactions. 

Limitations of t h e  Ta f t  Equation. In the preceding paper 
we concluded that the Taft relationship can be applied in only 
a limited sense to  systems such as G(CH2),N02, where n = 
I, 2, or 3, because: (a) a*G constants (n = 1) cannot be mixed 
with fJ*CH2C constants ( n  = 2(: (b) “methylene transmission 
coefficients”, which relate (T*CH2G to  (r*CH2CH2G3 vary with 
geometry; and (c) a‘ constants in general give only a rough 
measure of polar erfects because they are dependent on 
geornetry.jb The Taft plot in Figure 1 for the kinetic acidities 
of G(CHz),NO:! appears to  contradict these first two con- 
clusions, however, since many of the U*G points (squares) and 
CT*CH*G points (triangles) fit the line almost as well as do  the 
points for fJ*CH2CH2G constants, which were used to define the 
line (circles). In contrast, the a*G and U * C H ~ G  points deviate 
widely from the Taft  plot for equilibrium acidities.5b (This 
represents another example of the lack of correspondence 
between kinetic and equilibrium acidities that have been 
discussed in earlier sections of this paper.) We believe that the 
apparent fit in Figure 1 is fortuitous, however, and that i t  is 
a consequence of the approximate nature of the Taft  rela- 
tionship. Note that there is appreciable scatter of the 
CT*CH2CH2G points in Figure 1, and that the PhO and PhS 
points fit poorly. The deviations of these two points offer a 
good illustration of the dependence of the Taft  relationship 

on geometry. The relative order of polar effects PhO > PhS  
appears to be firmly established by ester hydrolysis data, 
which indicate a substantial difference in U * C H ~ G  constants 
(0.85 for Ph026 and 0.66 for PhS27). This order is confirmed 
by using the pK’s of carboxylic acids, GCHzCOzH, as an  al- 
ternative source of a* constants (0.92 and 0.71, respectively).28 
Hammett a, constants also indicate PhO >PhS to be the 
correct polar order (u,Pho = 0.25; urnPhS = 0.1829). On the 
other hand, all of the data on the G(CH2)3N02 system point 
to an  opposite order for the relative polar effects of PhO and 
PhS. Equilibrium acidities in both MezSO and MeOH-H20 
give the order PhS > PhO, as do  kinetic acidities using either 
lyate ion or pyridine in MeOH-H20 (Table I). The deviations 
are substantial as may be judged by the fact that CT*CH~G 
constants give a calculated rate ratio, kPho/kPhS, for lyate ion 
deprotonation in 50% MeOH-H20 of 426, whereas the ob- 
served ratio is 0.77. The  equilibrium acidities PhO(CH2)- 
3S02Ph and PhS(CH2)2S02Ph are also in an order opposite 
to  that predicted by Taft O*CH2G constants.30 One might have 
expected the order for equilibrium acidities of the carbox- 
amides PhOCH2CONH2 and PhSCH2CONH2 to follow the 
Taft order, since carboxamides are closely related in structure 
to  the carboxylic esters, GCH2C02Et, from which the Taft  
a*CH2G constants were derived. Here too, however, a reverse 
order is observed.31 It would appear tha t  the polar effects of 
PhO and PhS substituents are strongly dependent on the 
geometry of the system used for the measurements. These 
results are reminiscent of those of Grob, who finds that the 
halogen order for the equilibrium acidities of 4-haloquinu- 
clidinium ions in water is Br > F > C1> I instead of the  “in- 
ductive order” F > C1 > Br > 1.32 

Experimental  Section 
Materials. The substituted nitroalkanes were prepared as previ- 

ously r ep~r t ed ,~  save for 3-chloro-1-nitropropane. This was synthe- 
sized by the procedure of Lampman, Horne, and Hager,33 giving a 28% 
yield of crude product, along with 45% starting material and 14% 3- 
nitroisoxazoline as a high-boiling byproduct. Refractionation of the 
product gave material >99% by VPC: bp 66-67 “C (4 mm) [lit.33 bp 
98-110 OC (22 mm)]; n Z 3 ~  1.453; NMR (CDC13) 6 2.47 (quintet, 2 H), 
3.70 (triplet, 2 H), 4.58 (triplet, 2 H). 

Kinetic Measurements. The procedure followed by lyate rates 
was that of Bordwell, Boyle, and Yee3* save that data were collected 
with a Beckman Kintrac VI1 UV-visible spectrophotometer providing 
digital output through a Beckman 3108 Intercoupler attached to a 
Teletype Corp. Teletypewriter. The cell block was thermostated at 
15.0 f 0.1 “C. 

The pyridine rates were determined essentially by the method of 
Barnes and Bell6 as modified in this Laboratory by Dr. R. J. Scriven. 
In a typical run, a solution consisting of 2 mL of weak buffer base 
solution (0.03-0.0002 M), 1 mL of nitroalkane solution (0.02-0.0004 
M), and 0.1 M KC1 were allowed to equilibrate in the Kintrac cell 
block. Measurement was initiated by addition of 20 pL of triiodide 
solution (0.01-0.001 equiv, relative to nitroalkane) to the cell with an 
Eppendorf Microliter Pipette, and the change in absorbance at 353 
nm was followed as a function of time. The observed pseudo-order 
rate constants, k&d, were evaluated on the CDC 6400 computer at 
Northwestern’s Vogelback Computing Center, using a least-squares 
program written by Dr. A. C. Knipe, which discards the worst 10% of 
the data. The first-order rate constants, k l ,  were calculated with the 
equation 

k l  = kobsd/n  [nitroalkane]~ 

where = 33 150, the extinction coefficient of triiodide in 50% 
MeOH-H20 at 353 nm, and n is the number of equivalents of iodide 
taken up by the nitroalkane. Attempts to determine n by isolation 
of product proved unsuccessful, and a value n = 1 was assumed, as 
has been done previously.6 

Any values of kobsd with r < 0.999 were rejected. All buffer dilution 
plots consisted of at least three runs, each with at  least three different 
base strengths. The background reaction of the weak base buffer with 
the triiodide solution was negligible at all concentrations. Rates were 
reproducible to within f5%. 
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Rates o f  deprotonat ion by lyate i o n  in 50% (v/v) MeOH-H20 were determined for Cs-Cg and  Cl2 nit rocycloal-  
kanes. Equilibrium acidities in th i s  solvent were also determined for  C4-Cg and  C12 nitrocycloalkanes and  were de- 
termined in R4e2S0 for  c 3 - C ~  nitrocycloalkanes. Equilibrium acidities in the two  solvents showed a remarkable 
s imi lar i ty  in the i r  var iat ion w i t h  r i ng  size, despite a (constant) difference o f  7.75 pK uni ts  in the acidi ty constants. 
T h e  equi l ibr ium ac id i ty  of nitrocyclopropane was found t o  be over lo8 t imes smaller t han  t h a t  for  nitrocyclobutane, 
and i t s  k inet ic  ac id i ty  in water was found t o  be over lo3 t imes smaller. T h e  correspondence in the relative order o f  
equi l ibr ium and k inet ic  acidit ies between the C g  and  the  Cq nitrocycloalkanes is contrasted w i t h  the lack of corre- 
spondence between the equi l ibr ium and kinet ic acidit ies o f  the C4 and the Cs nitrocycloalkanes. Th is  is explained 
by assuming a d i f ferent  mechanism for deprotonat ion of nitrocyclopropane as compared t o  other nitroalkanes. 

In the preceding paper we discussed the “anomalous” 
Br6nsted coefficients observed for the deprotonation of acyclic 
nitroalkanes in protic solvents. A lack of the “expected” cor- 
relation between kinetic and equilibrium acidities of certain 
nitrocycloalkanes has also been apparent for some time.2f3 The 
relative rates of deprotonation for nitrocycloalkanes by hy- 
droxide ion in water and by lyate ion in a variety of other 
protic solvents has been found to vary with ring size in the 
order: 4 > 5 > 7 > 8 > 6 >> 3.3 (Nitrocyclopropane failed to 
react.) In contrast, the order of equilibrium acidities in 33% 
(w/w) MeOH-H20 for nitrocycloalkanes was found to vary 
with ring size in the order: 8 > 7 > 5 > 6 > 4 >> 3.3 (The acidity 
constant for nitrocyclopropane was too small to measure.) 
Studies of kinetic and equilibrium acidities of nitrocycloal- 
kanes in 50% (v/v) MeOH-H20 were in progress a t  the time 
these data were published. The work was continued, since i t  
seemed worthwhile to obtain kinetic and equilibrium mea- 
surements in the same ~ o l v e n t . ~  The equilibrium acidity 
studies have now been extended to dimethyl sulfoxide 
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(Me2SO) solution, and rate and equilibrium data for nitro- 
cyclopropane have been obtained. 

Results 
Equilibrium Acidities for  Nitrocycloalkanes. The rel- 

ative values for the equilibrium acidities obtained potentio- 
metrically in 50% (v/v) MeOH-H20 (Table I) agreed rea- 
sonably well with those determined conductometrically in 33% 
(w/w) MeOH-H20,3 except for nitrocyclohexane, for which 
a higher relative value was found. Repetition of this mea- 
surement in 33% (w/w) MeOH-H20 gave, in our hands, a pK 
of 9.58, instead of the value reported (8.92). (On the other 
hand, we were able to check the values reported for nitrocy- 
clopentane and nitrocycloheptane in 33% MeOH-H20 to 
within 0.1 pK unit.) The value of 9.58 appears to be correct, 
since it places the pK of nitrocyclohexane within a few tenths 
of a unit of that  reported for nitrocyclobutane (pK = 9.53),3 
and we have observed a close correspondence between the 
pK’s for these two nitrocycloalkanes in: (a) water (8.56 and 
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