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1. INTRODUCTIOS 
one of the ideas undcrlyiiig the original developmeiit of the N o  indicator acidity 

scale by EIammett> and Deyrup (116) was its possible hearing on acid catalysis. 
In  the subsequent years there have been many applications of this function to 
thc kinetics of acid-cat alyzed reactions, and a number of correlations between 

1 Supported in part by grants to  Cornell University from the Atomic Erirrgr Conimissioil 
~ n d  to  Harpur College from the Rewnrrh Corporation. 
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reaction rates and indicator acidity have been discovered. h point of special 
interest has been the possibility of using such correlations in attacking the diffi- 
cult problem of reaction mechanisms. 

The Ho scale is defined in terms of ionization equilibria of a particular class 
of indicators, those functioning as uncharged bases: 

B + H + e B H +  (1) 
It is defined by the equation: 

where CB,+/CB is the ratio of the concentrations of the indicator in its acid and 
basic forms, directly measurable for a given solution by means of a spectro- 
photometer or a colorimeter, and K B H +  is the thermodynamic ionization constant 
of the conjugate acid, BH+. This definition is equivalent to: 

UH+fB Ho = -1og- 
fBHf  

(3) 

where an+ represents hydrogen-ion activity and f B  and fBH+ are molar-concen- 
tration activity coefficients. By convention, f B  and fBH+ are taken to be unity 
in ideal dilute aqueous solutions, while aH+ under this condition is identified 
with conventional hydrogen-ion concentration (115b, 193). It is convenient 
for some purposes to define also a function ha, related to  H o  by the equation: 

Ho = -1ogho (4) 
It folloi~s that 

so that in the limiting case of the ideal dilute aqueous solution, ha becomes equal 
to hydrogen-ion concentration while Ho becomes equal to pH. 

Hammett and Deyrup succeeded in establishing that the values obtained 
for H o  were reasonably independent of the particular indicator, at least for solu- 
tions of high dielectric constant. This means that for a given medium (the con- 
centration of the indicator itself always being lorn) the activity coefficient ratios 
in equations 3 and 5 for different uncharged basic indicators, B and C, have 
approximately a common value: 

The generality of this relationship has been subjected to many subsequent in- 
vestigations which have been reviewed previously (193). It apparently holds 
quite accurately for a number of aromatic amines, azo compounds, and oxygen 
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TABLE 1 
Comparison of values of indicator ac id i ty  wi th  niolar concentration for aqueous solutions 

CHA 

nzoles,lliler 

0 . 1  
1 .o  
3 . 0  
6 .0  

10.0 

Value of iza 
I HCIOa HC1 HSOs I 

1- 

0 11 ~ 0 11 0.11 0.015 
1 . 6  1 6  1 . 6  0.23 

11.2 10.5 1 . 2  
I 62. 11. 

390. - 
6:;:' ~ 132 

620,000 4800 

bases in aqueous solutions of the strong acids (concentrated sulfuric acid, for 
example) and probably also in other media of high dielectric constant. In  media 
of low dielectric constant there is evidence of greater specificity on the part of 
the indicators (111, 113); the interpretation of indicator and other measures of 
acidity in such media appears moreover to be complicated by extensive ion-pair 
forniation (63, 136). 

A characteristic feature of the Ho acidity scale for aqueous solutions of the 
strong acids is that with increasing acid coiiceiitration h o  grows increasingly 
larger than CHT.z For different acids, furthermore, the ha values a t  a given stoichi- 
ometric concentration show significant differences when the concentration 
exceeds 1 31. These points are illustrated in table 1, which conipares ho and 
molarity values for aqueous solutions of several acids.3 An opportunity is thus 
afforded to test whether certain acid-catalyzed reactions whose specific rates 
are known to increase much faster than C,+ at high acid concentrations are in 
fact more closely correlated with the acidity function ha. 

An early demonstration of such a correlation was given by Haniniett and 
Paul (118) for the hydrolysis of sucrose in aqueous solutions of the strong mineral 
acids. Figure 1 shows their plot of log Ii1 against -Ho.4 The rate coefficient li, of 
this classic first-order reaction increases in proportion to CH+ at low acid con- 
centrations but increases much more rapidly than CH+ as the acid concentration 
increases beyond 1 41; the broken line in figure 1 shows, for example, the predicted 
variation of rate with acidity in the case of perchloric acid if the rate increased 
in direct proportion to the acid concentration. One sees in figure 1 that log k1 
actually increases linearly with -1l0 for all the strong acids included and that the 
slope of the observed straight line is close to unity. The only significant dis- 

The syiiibol CB+ denotes total concentration of uolvated hydrogen ions. For  a dilute or 
moderatel>- concentrated aqueous solution of a strong monobasic acid such as perchloric, 
this is the same as the stoichiometric concentration of the acid. For a rreaker acid such RR 

phosphoric, its value 13-ill be related to the stoichiometric concentration through the famil- 
iar equilibrium law involving a thermodynamic ionization constant. 

The numerical values of ho in table 1, and of ho and Ho in other parts of this article, are 
on a scale based on p k ' s ~ i -  = 0.99 for p-nitroaniline (193). 

4 Wherever determinate numerical values are given for rate data in t,his review the time 
unit is the second and the concentration unit is mole  l i t e r ' .  
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r 1 I 

FIG. 1. Correlation bet-n-een HO and first-order rate coefficient for the  hydrolysis of 
sucrose by aqueous acids a t  25°C. (118, 120). The dotted line gives the expected rate coeffi- 
cient for solutions of perchloric acid if the rate mere actually proportional to  CH+. 

crepancy is that shown by the relatively weaker acid, trichloroacetic, for which 
log kl increases considerably faster than does -Ha. 

As Hammett (114, 115b) has pointed out, this correlation is to  be expected if 
the hydrolysis mechanism involves a first-order rate-determining reaction of 
the conjugate acid of sucrose: 

Rate determining (A-1) 

Equilibrium 1 S + T-If $ SH+ 
SH+ ---f X+ 

X+ + H,O 3 products + H+ Fast I 
where S in this cahe is sucrose and X+ is an unspecified kinetic intermediate, 
Using Ingold’s terminology (64, 127c), the notation A-1 denotes an acid reaction 
characterized by an essentially unimolecular rate step, regardless of the overall 
kinetics. It is obvious that the water molecule in this case can be replaced by 
any other nucleophile without affecting the rate equation. Applying the Bronsted 
equation for the effects of changes in the medium to the rate-determining step: 

dCs fs,+ k’ UH+fS Rate = - - = k’C,,+ __ = - C3 __ 
d t f: K S H +  ft 

where k’ is the rate coefficient for the rate-determining step, f :  is the activity 
coefficient of the transition state, and Ks,+ is the acid ionization constant of 
SH+. R e  shall assume that CFtal is small in comparison with the concentration 
of catalyzing acid present. If, furthermore, S is such a weak base that it is almost, 
entirely in the uncharged basic form over the range of acidities investigated 
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so that C, is practically the same as the overall stoichiometric concentration 
Ctgotal, then the first-order rate coefficient kl satisfies the equation:5 

Substituting for aH+ from equation 5,  

Taking logarithms : 

log kl = - H ~  + logfBH+JS + constant 
f B  f: 

The observed linear correlation between log I C ,  and -Ho follows if the activity 
coefficient ratio in the second term on the right of equation 9 stays constant 
wit,h changing medium, i.e., if 

This is quite plausible (see equation 6) iff, can be assumed to vary with changes 
in the medium in essentially the same way as fsR+, the activity coefficient of the 

5 More generally, when significant concentrations of both S and SH+ are present, the e\- 
pression for k l  assumes the form: 

Upon substitution for a H +  from equation 5, 

Fhich reduces to  equation 8 when ha<< KBH+. If one can assume that the activity coefficient 
ratios in equation Sa do not depart significantly from unity, then 

log h.1 = -Ha - log (1 + &+) + constant (!$a) 

This equation is equivalent t o  one derived by Schubert and Latourette (216) for their 
study of the deacylation of aromatic ketones. When the acidity is sufficiently high, equation 
8a reduces to  

so that  if f: remains equal to  f 8 ~ + ,  the rate coefficient approaches a limiting value inde- 
pendent of acidity. 
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conjugate acid of S. Such an assumption is: a priori  reasonable, since the transition 
state differs from SH+ only in displacement along the reaction coordinate. In  
other words, equation 10 for an A-1 reaction of an uncharged molecule S should 
be almost as general as equation 6, which applies to  the indicators used in the 
establishment of the Ho acidity scale. 

An alternative mechanism to the A-1 is the following: 

S + H+ e SH+ 

SH+ + Y i products + Hf 

Equilibrium 

Rate determining 
] ( l- l -2) 

The rate-determining step here is characteristically bimolecular and hence the 
mechanism is designated A-2 (64, 127c). The rate should satisfy the equation: 

Since the transition state contains the reactant Y in addition to SH+, one cannot 
expect equation 10 to  apply, even for the important case of a hydrolysis reaction 
where Y is a water molecule. 

is small in comparison with the concen- 
tration of catalyzing acid, then in aqueous solutions the rate-determining reac- 
tion will show first-order kinetics as will the overall reaction a t  constant acidity. 
In  fact, in dilute aqueous solutions the overall reaction will be kinetically in- 
distinguishable from one conforming with the A-1 mechanism. For the ordinary 
case .rvhere Cs is practically equal to Ctta', the rate coefficient k, will satisfy the 
equation:6 

If Y is a water molecule and if 

or, taking logarithms: 

+ constant (13) log h-1 = log C H +  + log fSfH+ a H z 0  

f: 
X o w  Zucker and Hammett (252) found that for the acid-catalyzed iodination of 
acetophenone in aqueous perchloric acid solutions ranging up to 3.6 M ,  log h-1 

was closely linear with unit slope in log CH+ itself rather than in -Ho (see figure 
2 ) .  There is independent evidence in this case that a water molecule or some 
equivalent base is essential in the rate-determining conversion of the oxonium 
cation to the enol, i.e., that the reaction does proceed according to  an A-2 mecha- 
nism (115a). To account for the observed relationship between log k1 and log 

6 More generally, a t  acidities so high that  significant concentrations of SH+ as well as S 
are present, 

See equation Sa. 
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FIG. 2. Log k l  vs. log CEC~O, for the iodination of acetophenone in aqueous perchloric 
acid a t  25°C. (252). 

CH- it follows that the term f s j H + ~ H , o / S ,  in equation 13 must remain practically 
unity with changing acid concentration, i.e., 

f t  = fSfEl+aHzO (14) 

If this empirical conclusion is generally valid for A-2 hydrolysis reactions, 
then, as Zucker and Hammett hare  suggested, one should be able to  distinguish 
between i l - 2  and A-1 mechanisms for uncharged reactants according to whether 
log kl increases linearly with log CH+ or ni th  - Ho.7 The hypothesis that an A-1 
mechanism, i.e., one which does not call for a water or other additional reactant 

7 The mechanism here designated A-2 embraces actually tn-o distinct classes of nucle- 
ophilic displacements. In one, the nucleophilic agent Y (HzO for  example) abstracts from 
SH+ a proton other than the one added on by S, i.e., Y functions as a base. This is presum- 
ably what happens in the acid-catalyzed enolization reactions of ketones, such as the 
iodination of acetophenone (figure 2) .  An attendant feature of such a reaction is that  i t  
should show general acid catalysis, for the product C&'SH+ on which the rate then depends 
is ideally equal to C~CYH+RYH+/ICSH+, where KPR+ is the dissociation constant of the par- 
ticular conjugate acid, YH+; other acids besides YH+ should show characteristic catalytic 
effects. The other class of reaction is an ordinary nucleophilic displacement in which Y 
does not specifically function as a base. The acid-catalyzed hydrolysis of many ordinary 
esters such as ethyl acetate is an example of this class (see Section 11>-4). Such a reaction 
should show only specific hydrogen-ion catalysis, as in the case of A-1 reactions. The evi- 
dence on medium effects so far available suggests that  for either class of A-2 reaction with 
solvent water serving as Y, the first-order specific rate is proportional to hydrogen-ion 
concentration rather than to ho. 



molecule in the transition state, should lead to a linear rclationship betn-een 
log kl and -No is clearly consistent with equations 9 and 10, since it is wholly 
plausible that a transition state containing only S and II+ nil1 behave as the 
conjugate acid of S. It is much less obvious that the presence of a mater inolecule 
in the transition state should necessarily lead to a linear relationship between 
log I;, and log CH+, Le., that an equation like 14 should hold.8 In fact, there is 
no particular reason why there should not be cases intermediate betwecn propor- 
tionality of rate with ha and with CII-. It is even possible that reactions which 
actually go by an ,4-2 mechanism will under certain cmditions show a good 
correlation hetween log and -TI", This will be the case whenever -]lo happens 
to  vary in the same way as log C,, with changes in the medium, as in the trivial 
example of aqueous solutions of the strong mineral acids below 1 111 concentra- 
tion. It may be the rase also if all activity coefficients happen to remain indi- 
vidually constant over n-idc variations in the medium and lienee in the acidity. 

In  this revie~v the authors propose I o  treat the Zucker and Hammett suggestion 
as an cxplicit hypothesis, tlie nmst estrcme statcmcnt of 11-hich is: 

(a) ,411 11-1 reactioiis for unrharged reactants will follow 11" in the sense 
that log k1 will be linear in -11" with an essentially unit slope. 

( b )  All -4-2 solvolytic rcacdioiis for uncharged rraclants will show linearit) 
iietween log k ,  antl log C,,,, again with an essentially iinit, slope. 

I lie previous discussion suggests that part (u) of this hypotheSis is quite reason- 
able but that ( b )  is decidedly Inore uncertain. Clearly the ultimate test of the 
Zucker-Haminett hypothesis ~vill be cxperinwntal and o w  of the niaj or purposes 
of this rrview is to assess its present status. 

Both of the foregoing 11-1 and >I-2 merhanisrns prtwppuse :I rapid ecluilibririm 
Ijetnecii thc reactant S arid its conjugatr acid S I + .  For the particular case of 
catalpis by a strong acid, evidence for such a11 equilibrium is afforded by an 
increase in the reaction rate whrri 1I2O is substituted for 1320 as the reaction 
niediurn (Sc, 158, 244); the increase is attributed to  tlic lower basicity of D20 as 
caomparcd with H20 and shoiild be quite general, provided of course that the 
subsequent reaction of the :wid ration does not itself involve an appreciable 
isotopr effect. Still another typo of ad-catalysis mechanism conies to mind, 
h o n r ~ ~ ~ .  i n  n hich the initial Licid-lxw~ reaction ia itself rate determining: 

r ,  

Rate determining', 

Fast 
(A-SEZ) 

The proposed difference in lielmvior l)etxeen 11-1 and A-2 reavtions is in no sense t o  be 
:ittrihuted simply to  the formal presenc,e of the terni U H ~ O  i n  equations 12 and 13 and its 
:tbsence from equations 7 and 8. Thc situation is rather that  the 4-1  mechmism leads t80 a 
transition state closely similar in configuration to  the conjugate ricid of the reactant, 
where:ts the A-3 solvolysis ineclirtnisni involves a transition state that  result3 from a bi- 
molecu!ar revction between the eonjugate acid and a solvent water moleciile. The A-2 
transition state is therefore expected to  be structzcrallu quite different, from t.he conjugate 
wid iind hence may respond differently to  changes in the medium. The niimerical variation 
in the value of anzo is in fact not particularly large for moderate changes in the acid con- 
centration; for perchloric acid betwem 1 antl 6 .If concentrations, for example, UH?O changes 
hy :I f :~c to r  of only 2, while the ratioof 110 to CH+ changes by :t factor of 70 (table 1). 
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The proposed designation d-SE2 suggests that this is a typical electrophilic 
substitution reaction. The symbol Hf here as in the A-1 and 11-2 mechanisms 
previously described represents by convention the solvated proton in the medium 
(water) in question. One would expect other acids to be possible sources of the 
proton, so that this is potentially a case of general acid catalysis. The rate equa- 
tion will have the form: 

ivhcie lis is the rate coefficient for the proton transfer. The value of kr? n-ould of 
course he different for catalysis by some other acid than the solvated proton. 
However, for catalysis by fairly concentrated solutions of strong acids one can 
assume that the oiilg significant term in the rate Ian- will be that given above. 
This lends to: 

So direct wideace is available concerning how the activity coefficient ratio 
appearing in equations 15 and 16 will behave with changing medium. Since the 
rransitiori state in this c u e  is a singly charged cation similar in size and con- 
figuration to  the conjugate acid of S, there is certainly a good possibility that 
js , , fX u-ili vary in a ,ciniilai, manner as j B / f B I I A .  In  other words an 4-&2 reaction 
may well \how a linear correlation between log 1 ~ 1  and - - H O  similar to  that found 
for the A - l  mechanismq 

It seerm likely 1 hat d i e re  the reactant S functions as a nitrogen, sulfur, or 
(JXvgell base, its protonation nil1 usually be so rapid as not to be rate deter- 
mining. If the proton transfer takes place directly to  a carbon atom, hon-ever, 
the acid-base reaction may well be slow. A definite distinction between -4-1 
and A-S,2 may not be e a ~ y ,  but evidence from such studies as inversion of con- 
figuration and isotope exchange should be helpful. The di-SE2 mechanism implies 
qeiieral acid catalysis but at the high acidities which are appropriate for in- 
\-estigating H*o correlations, no  clear experinicntal procedure exists for distinguish- 
ing this from specific. hydrogen-ion catalysis. The concentration of hydronium 
ions is so large that one cannot hope to add B conipnrable concentration of 
w m e  01 her acid without introducing changes in 1 he medium which would com- 

1 In t h o  absence of definite experimental evidence thi.: wgge5tion is speculative I n  fact 
the :~igurnent has iiifornially been advanced that if the reacting acid species is actually 
H3O7 the transition state will contain :L water molecule in addition to  S and H+; one might 
rcrordingly expect the la te  ill aqueous solutions of strong acids t o  tie pioportional t o  CH+, 

:IS for .\-2 hydiolysis reactions, rather than t o  ha. Such a line of reasoning seems to  the  
. i u tho r~  of this review to be questionable, depending as i t  does on attributing a specifics 
?tructural role t o  what is in fact a solvation molecule. It does, however, emphasize the need 
for :in cupe-imental study of catnlyqis by strong acids in  the case of n reaction for which 
iimton transfer has been eqtahlished ns the  rate-determining qtep 
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plicate the effect sought. Xor can one always go to sufficiently low hydrogen-ion 
concentrations to  study the general acid effect without retarding the rate ex- 
cessively. In  any event the absence of positive evidence for general acid catalysis 
can always be explained in terms of an exponent a close to unity in Bronsted’s 
catalysis relationship (9b), Le., hydronium ion may simply be a much more 
effective catalyst for such reactions than other weaker acids. Examples of re- 
actions that appear favorable for the A-SE2 type of mechanism will be noted 
later. 

A rather different indicator measure of acidity is Jo ,  derived from the ioniza- 
tion of uncharged secondary bases such as 4,4’ ,  4”-trinitrotriphenylcarbinol 
(71, 99, 193): 

ROH + H+ = R+ + H2O 

(17) CR + a H +  f R O H  Jo E -PKRo= - log- = - log- - - - - - -  
CRO, a E i O f R +  

With increasing concentration of sulfuric acid in water, this function has been 
observed to deviate in the negative direction from Ho by increasingly larger 
amounts (71) ,lo Some acid-catalyzed reactions may involve a similar prelimi- 
nary equilibrium, Le., may take place through a rate-determining reaction of 
an ion analogous to  R+ rather than to ROHZ+. Such a reaction may be expected 
under a condition corresponding to  equation 10 to show rate correlation with 
J o  rather than with Ho. This idea was in fact first suggested (241) in connection 
vi th  aromatic nitration, on the supposition that nitronium ion is produced by 
the reaction: 

“03 + H+ = KO*+ + H2O 

Several applications of Jo to mechanistic questions will be considered in the 
sections which follow. 

These classes of mechanisms by no means exhaust the possibilities of acid 
catalysis. They represent rather some situations sufficiently simple to be analyzed 
with the aid of indicator and other related equilibrium data. Seedless to say, 
it is entirely legitimate to investigate a possible correlation betn*een No (or any 
other acidity function) and the observed rate of any reaction whatever. However, 
the situations in which the significance of a correlation with Ha can be readily 
interpreted will normally be restricted to a particular class of acid-catalyzed 
reactions, those in which the initial step consists in reaction of a single uncharged 
reactant molecule with a single acid species. For more complicated situations, 
such as those involving charged reactants or acid-catalyzed reactions of higher 
order, correlations with Ha may still be empirically observed but their inter- 
pretation will ordinarily be more difficult. Caution must be observed also in 
interpreting studies made in nonaqueous or mixed solvents, where in general 
the variation of activity coefficients with changes in the medium is less well 
understood. 

10 In  reference 71 this function is called CO 
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I t  is worth emphasizing that the application of acidity functions to the prob- 
lem of reaction mechanisms is a somewhat temporary expedient. The ultimate 
hope is to have enough information on activity coefficients of molecules and ions, 
including transition states, to permit complete and precise prediction of the 
medium effect for any mechanism and in fact for any reaction. Studies on ac- 
tivity coefficients of organic molecules and ions are in progress in several labora- 
tories and knowledge of medium effects on them is gradually accumulating." 
However, there is a long way to go before general and quantitative predictions 
of kinetic medium effects are possible. In  the meantime there is a place for 
approximate predictions. The question to be examined in this review is whether 
acidity functions can perform a useful role in making such approximate pre- 
dictions for certain mechanisms of acid catalysis. 

Until very recently, all the available Ho data (reviewed in reference 193) 
referred to a temperature of or close to 25°C. The rate data of interest have not 
been subject to this restriction and significant correlations between rate and 
Ho have in fact been reported m-ith rate temperatures ranging from 0" to 140°C. 
Some idea of the effect of comparing rate data a t  one temperature with indicator 
data at another can be derived from the precise study made by Leininger and 
Iiilpatrick (151) on the hydrolysis of sucrose catalyzed by hydrochloric acid 
(0.G to G M) at various temperatures. If one plots their log k1 values against - HO 
for the same acid concentrations by volume at  25"C., the curve for each tem- 
perature is quite linear but nith the following slopes: 

Slope Slope 
t d (log kilt I t I d (log k i ) t  

d (-Ho)zra ' d (-BO)W I 
"C. 

0 
10 
15 
20 

I I 
"C. 

1.29 I 25 1 .os 
1.20 30 I 1.04 
1 14 35 1 .oo 
1.11 40 0.98 I 

I 

A similar trend has been found by Adams (1) for the acid-catalyzed dehydration 
of 1.1,2,2-tetraphenylethanol in the quite different medium, acetic acid-water 
mixtures containing lop3 31 perchloric acid (with rate coefficients corrected for 
solvent expansion) : 

Slope Slope 
1 1 d (log k i l t  ' d (-Bo)zP 

d (log K d t  i '  

' i  
l~ 1 -  d ( - B 0 ) 2 6 O  

I 0.89 
"C. 

50 
60 0.84 

i 

I 
"C. 

30 I 0.99 

1, 40 0.94 

11 An interesting way to  obtain general formulae for the prediction of medium effects due 
t o  solvent changes has recently been proposed by Grunwald and Berkowitz (111). If this 
type of procedure proves generally applicable, the semiquantitative calculation of useful 
activity coefficient ratios for organic species ail1 be very greatly eased. 
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This trend is in the direction predicted by recent studies on the variation of 
HO itself with temperature (91, 92). These studies indicate that with sulfuric 
acid, for example, between 10 and 80 per cent concentration by weight the 
quantity d(Ho)soo/d(Ho)zp remains approximately constant with a mean value of 
0.93; if the H O  values are coinpared for changing acid concentration by volume 
(uncorrected for solvent expansion) instead of by weight, then between 1 and 
14 M the value of d(Ho)so./d(Ho)za~ is 0.95. This indicates that for sulfuric 
acid solutions the slope of log (k1)800 vs. (-Ho)zoo for a reaction showing cor- 
relation between rate and HO will be smaller by a factor of order 0.95 than the 
ideal slope (unity) expected if log (kl)8O0 were plotted against (-H0)809. Other 
factors that may cause the slope of a log k ,  vs. -Ho correlation to  deviate from 
unity will be discussed in detail later (Section II,B,6). 

11. ACID CATALYSIS IX AQCEO~;S SOLCTIONS 

From several standpoints aqueous solutions constitute the most favorable 
case for investigation of correlations between rate and Ho. Water is without 
doubt the best studied of all solvents. Certainly more information about ac- 
tivity coefficients of solutes is available for water than for any other solvent. 
The large majority of studies of acid catalysis have been made in water. Finally 
the Ha function is better established, both experiinentally and theoretically, 
for water than for any other solvent. The sections n-hich follow consider several 
cases of correlations between rate and NO and several cases where such a cor- 
relation is not observed. In  every instance consideration is given to  evidence for 
other mechanisms and normally the data are discushcd from the atandpoint of 
the applicability of the Zucker-Hammett hypothesis. 

A .  ESTERS .4ND LACTONES 

1. Ii&olysis of carboxylic esters 

In  an extensive discussion of the mechanisms of ester hydrolysis, Day a i d  
Ingold (64, 127c) noted that there are some eight possible mechanisms depending 
on whether the reaction is acid catalyzed or base catalyzed, whether alkyl- 
oxygen or acyl-oxygen bond fission occurs, and whether the rate-determining 
step is a unimolecular split or a bimolecular attack by water or hydroxide ion. 
With ordinary esters acyl-oxygen bond fission normally occurs: 

as has been shown by hydrolysis studies in Ols-labeled water (62, 160, 198). 
Hence for the acid-catalyzed hydrolysis the two likely mechanisms are those 
called by Ingold AAcl and AA,2 (127~) :  



and 
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H+ 
R’COOR + H+ $ R’COOR 

R’COOR 3 R’CO+ + ROH 
H+ 

R’CO+ + H20 -+ R’COOH2+ 
R’COOH*+ $ R’COOH + Hf 

H+ 
R’COOR + H+ e R’COOR 

Hf 
R’COOR + H2O -+ R’COOH*+ + ROH 
R’COOHz+ e R’COOH + H+ 

947 

Equilibrium 

Slow 
Fast 
Equilibrium 

Equilibrium 

Slow 
Equilibrium 

The proposed mechanisms for ester formation are simply the reverse of these. 
As Ingold notes, the evidence clearly indicates that ordinary esters hydrolyze 

in dilute aqueous solutions of acids by the AAc2 mechanism. The large steric 
hindrance from ortho or alpha carbon substituents in the acid moiety and the 
small polar effects of other substituents are the expected results. When water is 
the solvent both the AAC1 and the AAc2 mechanisms lead to second-order kinetics 
(first order in ester and first order in concentration of catalyzing acid), but with 
’‘wet” acetone as the solvent it has been found that the rate of hydrolysis of 
methyl acetate is additionally proportional to concentration of water (88). 
The proposed equilibrium formation of the conjugate acid of the ester which is 
common to both mechanisms is supported by the observation that the hydrolysis 
is faster in solvent D:O than in HzO (244). Finally, in aqueous solutions only 
specific hydrogen-ion catalysis is observed (sa), and this is the expected result, 
for the A-2 mechanism. 

Even though the AAc1 mechanism is not common, i t  is clearly a possibility 
for special situations. It should characteristically show absence of steric hindrance, 
marked acceleration by electron-releasing groups in the acid moiety, and en- 
hanced rate in solvents of high ionizing power such as sulfuric acid (127c). 
In fact, studies on the cryoscopic behavior of mesitoic acid in sulfuric acid 
constitute fairly good evidence that the AAcl mechanism may enter for this 
reactant and solvent (177, 239). Recent studies on the kinetics of solvolysis of 
methyl benzoate in solutions of nearly anhydrous sulfuric acid show definitely 
that the rate is independent of the concentration of water and this strongly 
implies that the mechanism is A-1 (153); the reaction probably goes through an 
acylium ion, R’COf, similar to  that formed from mesitoic acid. 

Further evidence for these mechanisms should be available from application 
of the Zucker-Hammett hypothesis. The AA,l mechanism leads to an activated 
complex which does not contain the water molecule; hence the prediction is that 
rate should be proportional to ha. For the AAC2 mechanism, on the other hand, 
one would expect rate to  vary in approximate proportion to C,+. 
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TABLE 2 
Hydrolysis  of methyl Jormale at 2 P C .  

CHCl lO*kl  

~ __ 
moles lzter 1 

2 67 106 
3 58 153 
1 4s 223 
5 30 1 291 
6 41 , 450 

BO k 
CHCl 

log -c log ki + go 

-0.70 -2.40 

-1.40 1 -2.30 
-1.11 ’ -2.37 

-1.72 -2.26 
-2.11 -2.16 

-2.76 
-2.93 
-3.05 
- 3 . 2 6  
-3.46 

Several studies s h o ~  that in concentrated solutions of strong acids, rates of 
hydrolysib of ordinsry esters quite generally follow C,+ rather than ho. Duboux 
and de Sou5a (80) studied the hydrolysis of methyl acetate in aqueous solutions 
of hydrochloric acid with acid concentrations ranging up to  3.65 Jf. A plot of 
log 1i1 vs. log CH+ for these data is almost linear with a slope of unity but shows 
a slight u p n ~ r d  curvature at the highest concentrations of acid. In  other words 
the data closely parallel concentration of acid but show a small positive salt 
effect. Recent studies by Bell, Dowding, and Noble (12) and by Chmiel and Long 
( 5 5 )  shon- simlla:. results. The former find that the first-order rate coefficients 
for the hydrolysis of methyl formate in solutions of hydrochloric acid are not 
precisely proportional to either CH+ or ho but that the former variable fits the 
data much better (table 2). These same investigators have studied the hydrolysis 
of ethyl acetate in hydrochloric acid solutions ranging up to 10 ,?I and in sulfuric 
acid solutions up to 6.75 M and again conclude that the data are much more 
nearly linear in CH+ than in ho. Chmiel and Long (55 )  have studied the hydrolysis 
of methyl benzoate and of monoglyceryl esters of benzoic and anisic acids in 
aqueous solutions of sulfuric acid and perchloric acid with concentrations ranging 
up to 8 -11. For all three esters the rates are quite closely proportional t o  CE+ and 
hence not at all proportional to ho. 

Since the X-2 mechanism is quite firmly established for the hydrolysis of all 
these esters in dilute aqueous solutions, the observed proportionality between 
rate and CH+ lends strong support t o  the validity of the Zucker-Hammett 
hypothesis. 

As implied earlier, one may hope to obtain ester hydrolysis by the A,,1 
mechanism if the normal “bimolecular” mechanism is slowed down by steric 
hindrance and if the acid component of the ester is characterized by strong 
electron release. This possibility mas investigated by hydrolyzing methyl 
niesitoate in aqueous solutions of perchloric and sulfuric acids, with the results 
shown in figure 3. Clearly in this case the rate is not a t  all proportional to CH4 
and instead is rlose!y proportional to ho. Actually the slope of the lines of figure 
3 is 1.2, indicating that the rate increases slightly faster  than expected from 
exact proportionality to 110. The difference in behavior between this ester and 
those previously discussed is striking and it seems reasonable to conclude that 
the mechanism ha.; changed to AAcl. In view of the strong steric hindrance 
involved, this change is surely not surprising. 
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4 -  

3 -  

0 + 
J 2 - 
0 0 - 

0 -H, I 2 
FIG. 3. Hydrolysis of esters in aqueous acids a t  90°C. (55). Methyl mesitoate: 0 ,  log k l  + 7 for perchloric acid; 0 ,  log kl + 7 for sulfuric acid. Glyceryl benzoate: , log kl + 4.5 

for perchloric acid. 

An example of il,J ester hydrolysis is reported by Salomaa (211b) for al- 
koxymethyl esters of acetic and formic acids. These hydrolyze according to the 
overall equation : 

0 
1 1  

RCOCHzOR’ + HzO = RCOOH + HCHO + R’OH 

In  0.1-5.0 M aqueous hydrochloric acid and 0.7-3.3 ilf aqueous sulfuric acid a t  
25°C. the rate of hydrolysis for methoxymethyl acetate follows H o  with a log 
k~ vs. -Ha slope of 1.15. Similar results were obtained for ethoxymethyl acetate 
and methoxymethyl formate studied over a more restricted range of acidities 
(0.1-2.5 ,?.I hydrochloric acid). Systematic deviations from Ha were observed, 
however, with mixtures of sodium perchlorate and perchloric acid. 

The investigator proposes as the rate-determining step: 

0 H+ 
I/ I + 

RC-OCHZOR’ -+ RCOOH + CHz=OR’ 

Independent evidence for such a mechanism comes from his studies with mixed 
solvents containing methanol or ethanol in addition to water. Here the AA1l 



reaction may be in conipetition with ordinary Ri;2 fission : 

0 I*- 0 
1 1  I It 

RC-OCH,OK' + H20 -+ RCOHL" + HOCH2OR' 
Hydrolysis of the hemiacetal produced by the latter reaction would be expected 
to  yield exclusively formaldehyde as product (in addition to RCOOH and R'OH). 
The former reaction, however, in the presence of high alcohol concentration 

yields an acetal by reaction of the intermediate CH2=OR' ion. By actual analysis 
of the reaction mixtures, methylal was found among the solvolysis products of 
both methoxymethyl formate and methoxymethyl acetate in 30-65 inole per 
cent methanol-water containing 0.12 M hydrochloric acid; similarly, ethylal was 
found in the solvolysis of ethoxymethyl acetate by 35-80 mole per cent ethanol- 
water containing 0.1 M hydrochloric acid. Separation of the overall rate into a 
iinimolecular (hAJ) and a bimolecular (hne2) component on the basis of such 
analyses permitted the conclusion to  be drawn that the unimolecular rate followed 
ho reasonably closely with changing proportion of alcohol to  water, whereas the 
bimolecular rate a t  fixed acid concentration was independent of the solvent 
composition. This is of course in agreement Tvith the Zucker-Hammett hypothe- 
sis. Furthermore, the actual magnitudes of the relative rates indicated that in 
aqueous hydrochloric acid only the AAll mechanism mould be significant for. 
methoxymethyl and ethoxymcthyl acetates, whereas for methoxymethyl formate 
in the more dilute solutions, the AAL3 mechanism \vould also contribute. Thiq 
indication was supported by the fact that the hydrolysis of methoxymethyl 
formate, unlike that of the others, showed deviation from the Arrhenius equation 
in 0.025 M and 0.1 31 aqueous hydrochloric acid betxeen 0" and GO'C., confirming 
the actual presence of tn-o independent reaction paths with different activation 
energies. 

Iwently reported on the acid-cntalyzed re- 
actions of the ester-like molecule, cthylidene acetate. Tn the aprotic solvent 
~.hlorobenzene, this molecule decomposes into acetic anhydride and acetalde- 
hyde; the reaction is catalyzed both by trichloroacetic acid and by the Lewis 
acid, stannic chloride. In  aqueous liydrochloric acid up to  9 JI concentration 
ihere is a hydrolysis to  acetic, acid and acetaldehyde, the rate of which is much 
more closely proportional to hydrogen-ion concentration than to  ho. The course 
of the reaction is in fact very similar to that of ethyl acetate in the same medium. 
The investigators conclude that the mechanism is probably similar to the 
usual h-2. Saloniaa (211c) has drawn the same conclusion from a similar study 
of this hydrolysis and also that of the closely related compound methylene di- 
acetate 

Bell and Lukianenko (14) hat 

2.  Hydro lys i s  and forma/ioiz of lactones 
Lactones are simply inner esters of hydroxy acids and for the unstrained 

five-membered y-lactones one would expect hydrolysis by the normal AA,2 
mechanism. This in turn leads to the prediction that the first-order rate coefficient 
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for the hydrolysis should be proportional to CH+, not to ho. Long, Dunkle, and 
McDevit (159, 162) investigated this for y-butyrolactone by studying its hy- 
drolysis in aqueous solutions of perchloric and hydrochloric acids of from 0.4 
to 4 111 concentration. The reaction involved, 

H+ 
H*CCHaCH*C=O + HzO :e- HzCCHZCH2COOI-I 

I 
OH L 0 - J  

is reversible, but simultaneous study of rates and equilibria permits evaluation 
of the first-order rate coefficients h., for the hydrolysis reaction and IC, for its 
reverse. the reaction of lactone formation. Figure 4 gives the plots of log Ii1 ~7s. 

log CH+ for hydrolysis by perchloric and hydrochloric acids. For both cases 
the rates are closely proportional to C,+ (the slopes of the straight lines are 1.1 
for hydrochloric and 1.0 for perchloric acid) and depart widely from propor- 
tionality with ho. This is support for the expected RA,2 mccohanism and it map lw 
concluded that y-lactones behave like ordinary esters. 

An interesting aspect of the y-lactone reaction is that for. the reverse reaction 
no water molecule is involved and hence thc t raiisitioii state is structurally 
equivalent to  the conjugate acid of the reactant. The Zucker-Hammett hypothe- 
sis would therefore predict proportionality between lip and ho. Figure 5 is a plot 
of log k ,  vs. - H o ,  and it can be seen that indeed there is an almost linear de- 
pendence. The slopes of the straight lines in figure 5 are 0.9 rather than unity, 
but the data fit ho far better than they do C J T ~ .  This is clearly the expected 

FIQ. 4. Hydrolysis of ybutyrolactone in aqueous solutiolis of acids: 8 ,  perchloric scid 
at 5°C.; 0 ,  hydrochloric acid a t  0°C. (159, 162). 
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-0.3 0 -:-lo 0.5 I .o I .4 

FIG. 5 .  Rate of formation of y-butyrolactone. The dotted line gives the predicted be- 
havior of log k ,  for rate proportional to  CHCI. 

result for the reverse of the AAc2 mechanism as applied to lactone formation and 
constitutes strong support for the Zucker-Hammett hypothesis. 

Results of a very different character are obtained with the strained, four- 
membered p-lactones. The hydrolysis of these goes to completion, and kinetic 
studies by Johansson (131), Olson and Miller (187), and Long and Purchase 
(166) shorn that there are three distinct hydrolysis paths-acid, basic, and 
neutral-very similar to those found for epoxides (Section II,B,4; a further 
similarity is that p-lactones have a strong tendency to  react with nucleophilic 
reagents just as do epoxides (7)). Olson and Hyde (186) have made studies with 
018-labeled water and find that the “neutral” hydrolysis involves alkyl-oxygen 
fission but that both the basic and the acid hydrolysis involve the more usual 
acyl-oxygen fission. 

Long and Purchase (166) have studied the acid hydrolysis of 0-propiolactone 
in concentrated solutions of sulfuric, nitric, and perchloric acids. Since there is 
also a pH-independent reaction the rate law can be written 

where kl is a function of acidity and I;, is not. The value of I;, can be determined 
in solutioiis of low acidity and then I;, can be calculated by subtracting k ,  from 
the observed first-order rate coefficient. Figure G gives a plot of log kl vs. -Ho. 
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I I 
j 1.0 - t i o  2.0 6 

FIG. 6. Hydrolysis of 8-propiolactone at 25°C. (166) 

The straight line in the figure is drawn with a slope of unity and clearly fits the 
data very well. 

Since the Zucker-Hammett hypothesis appears to  be quite well established 
by other studies with esters and lactones, it seems safe to  conclude from the 
H o  correlation that a water molecule does not enter into the activated complex for 
&lactones. This in turn strongly suggests that the hydrolysis goes through a 
“unimolecular” ,48,1 mechanism, in contrast to  the results for y-lactones where 
the AA,2 mechanism operates. 

3.  Esterification b y  sulfuric acid 

The clear implication of the A.44,2 mechanism for ester hydrolysis outlined in 
the preceding sections is that the reverse acid-catalyzed esterification of an 
alcohol by a carboxylic acid is a third-order process. As a result the question 
of possible correlation of rate and ho is a complex one. X somewhat simpler case 
is presented by esterification with sulfuric acid, 

ROH + H?SO4 = ROSOiH + H20 

a reaction which has recently been studied in aqueous solutions of from 65 to 93 
per cent sulfuric acid (247) with lov concentrations of 2,4dinitrobenzyl alcohol. 
The rate of esterification is faster in D,O-D,SOI mixtures than in corresponding 
mixtures of H,O and H2SQ4, implying a preliminary equilibrium proton transfer. 
Rates increase markedly with acidity and are closely proportional to ho. The 
investigators conclude that the reaction is probably of the “unimolecular” type. 
However, as they also point out, for these concentrated solutions of sulfuric acid 
it is not easy to distinguish a unimolecular rate step from a bimolecular one. 

The same reaction n-as earlier studied by Den0 and Newman (T2) ,  who 
interpreted their data by means of a bimolecular rate-determining step. How- 
ever, they employed much larger concentrations of alcohol ; a typical solution 



contained water, 2-butanol, and sulfuric acid in initial molar proportion of 
0.860: 1 : 1. They estimated Ho for these solutions by assuming that the alcohol 
had the same effect as an equal number of moles of additional mater. On this 
basis they concluded that the second-order rate coefficient for the esterification 
by sulfuric acid was proportional to ho. In  view of recent studies showing that 
isopropyl alcohol decreases - Ho for sulfuric acid-water mixtures much more 
than does the same number of moles of water (B), the proposed correlation is 
rat,her uncertain. 

4. II2/drolysis of amides 

Since amides are closely related to esters, i t  is reasonable to expect their acid- 
ratalysed hydrolysis also to  proceed by an A-2 mechanism (127c), as follows: 

RCONH? + II+ e RCOSH3+ 
RCOSHa+ + H20 4 RCOOHzT + S H j  
RCOOH2+ + "3 4 RCOOH + NH4+ 

Equilibrium 

Slow 
Fast 

One might expect to  obtain evidence for this by showing that k1 for the reaction 
is proportional to  CH+ rather than to  ho and in a t  least one favorable case, that 
of the hydrolysis of formamide in aqueous hydrochloric acid at  concentrations 
up to  4 M ,  the rate does appear to be linear in CH+ (142). However for most 
uncharged amides, such a comparison is seriously complicated by the fact that 
the hydrolysis rate reaches a maximum value at  strong acid concentrations of 
from 4 to  6 M (17, 87,202, 205,238). 

The most reasonable explanation of the leveling off of rate is that the reactant 
amides are sufficiently strong bases so that a t  these high acidities they are con- 
verted largely to  their conjugate acid forms. From the above mechanism (for 
the usual case where CH+ >> Cstotal), one can write 

where KsH+ is the ionization constant of the conjugate acid of the amide SH+, 
Cs is the concentration of uncharged amide, and C?" is the total concentration 
of amide, i.e., the sum of C, and CBH+. This rate law predicts that if the reactant 
is a relatively strong base (KsH+ small), CH+ can become large relative to  KSH+, 
leading eventually to  a rate which is independent of acid concentration. This 
appears to  be the case for aliphatic amides. For example, the rate data for the 
hydrolysis of acetamide in aqueous hydrochloric acid are in reasonable agree- 
ment with the final form of the above rate equation using the known value of 
Kea+ = 3 (87). 



,1 inore precise treatnieiit (Ga ,  211a) with consideration of the activity co- 
cffirients of the reacting species leads to the equation (see equation 12a): 

In  view of equation 0: the activity coefficients in the denominator of this expres- 
.ion may be expected to cancel out with changing acid concentration, so that: 

Ji'ith increasing acid concentratioii ho may become large compared with Ks,+ and 
+ice it also increases more rapidly than CH+, the specific rate f:l may actually 
pass through a maximum consistently with the Zucker-Hammett hypothesis, 
i.e., with the activity coefficient factor in equation 18 canceling out as suggested 
by equation 14 for the A-2 hydrolysis mechanism. Taylor and Roseiithal (237) 
have shown that the maxima in the hydrolysis rates of acetamide and thio- 
acetamide with changing arid concentration are in this sense in agreement with 
the A-2 mechanism. 

1-arious other studies on amide hydrolysis are in conformity x-ith the above 
-lac2 mechanism. Thus, as with the acid-catalyzed hydrolysis of esters, substi- 
tution in the meta and para positions of benzamide has only a small effect on 
the rate, regardless of polarity (204) ; in contrast, ortho substituents markedly 
retard the rate. Reitz (205, 206) has studied the relative rates of the hydrolysis 
of acetamide in DzO and HzO and finds that for reaction in dilute acid solutions 
the value of ku/kH is greater than unity, as expected for a reaction involving a 
preliminary acid-base equilibrium. Hoxvever, for reaction in 4 M hydrochloric 
acid the value of k , / k ,  is only 0.86. The probable explanation is that at this 
high acidity most of the acetamide is converted to the conjugate acid both in 
€120 and in DzO; as a result the determining factor is not concentration of con- 
jugate acid but relative rates of reaction of SH+ and SD+. For this Pitilation 
the expected result is k0 l k H  < 1. 

Jellinek, Gordon, and Urwin (129, 130) h a w  found that the hydrolyses of the 
heterocyclic amides nicotinamide, isonicotinamide, and picolinamide in aqueous 
hydrochloric acid all show an almost linear increase in rate with concentration of 
acid up to  8.5 M .  The absence of any leveling off in rate implies that these 
reactants function as much weaker bases than acetamide and similar uncharged 
anides. This is quite plausible, since the ring nitrogen will react with very low 
concentrations of acid ; the actual reactant for the hydrolysis reaction will there- 



956 F. A .  L O S G  AND M. A .  PAUL 

fore be a charged species of the type: 

Hf 

The amide group in this case should be a much weaker base than in the more 
usual uncharged amides. Hence the reaction doubtless goes by the A-2 mecha- 
nism given previously with only the modification that because the R group in 
this case is charged, the preliminary acid-base equilibrium is not shifted far to 
the right even by 8.5 M acid. 

B. ETHERS AND RELATED COMPOUSDS 

1. Hydrolysis  of sucrose 

More recent kinetic studies of the hydrolysis of sucrose at  high acid concen- 
trations are in agreement with the previously noted correlation between rate 
and ho. Krieble (141, 143) has conducted rate measurements at 20°C. n-ith 
hydrochloric acid up to 10 molal concentration and with sulfuric acid up to 6.5 
molal concentration. Duboux (79) has investigated aqueous hydrochloric acid 
up to 7 molal concentration at  0°C. and 25°C. and has also studied the effects 
of adding salts (81). Leininger and Kdpatrick (151) have investigated hydro- 
chloric acid very precisely at  concentrations up to G Jf over the range 0-35°C. 
and have shown that the relationship between rate coefficient and acid concen- 
tration varies slightly but systematically with temperature (see page 945). 
Figure 7 shows log kl vs. -Ho from rate measurements by these various investi- 
gators; the straight lines have been draxn in with unit slopes, and one sees that 
the correlation is good up to  a t  least H o  = -2.0 (about 6 M acid). Krieble’s 
data a t  higher acid concentrations show a trend away from the linear correlation, 
though there is some difficulty in interpretation because of the relatively large 
concentration of sucrose used (50 g. per liter of solution). 

This reaction is generally regarded as shon-ing specific hydrogen-ion catalysis 
rather than general acid catalysis (9a). Evidence for the establishment of an 
acid-base type of equilibrium prior to the rate-determining step is the fact that 
the reaction goes faster in D20 than in HzO (9c, 214). The rate in solutions of 
hydrochloric acid is markedly increased by addition of the salts lithium chloride, 
sodium chloride, potassium chloride, barium chloride, sodium bromide, or 
aluminum nitrate (112, 194). The precise effect is specific to  the particular salt 
and is probably attributable to  a general salting-out effect of the electrolytes on 
sucrose, Le., to increases with electrolyte concentration in the activity coefficient 
of sucrose, fs, which appears in equation 7. (Salt effects on reactions following the 
A-1 mechanism will be discussed more particularly in Section II,B,G). The rate 
has been measured also in mixed solvents containing 0.1 M hydrochloric acid 
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FIG. i .  Hydrolysis of sucrose in aqueous hydrochloric acid: 0-, 0.C5.8 M acid 
a t  -0.01"C. (151); ~ , 0 . 1 - 5 . 6 M  acid at 25°C. (79); A, 1.0-8.3 M acid at  20°C. (141,143). The 
straight lines are drawn with slopes of unity. 

( 2 )  ; it shows a slight decrease with increasing concentration of ethanol in water 
and an increase with increasing concentration of dioxane in water. 

Various suggestions have been made to explain the lack of correlation noted 
in figure 1 between log k ,  and -Ho for solutions of trichloroacetic acid. One 
suggestion is that esterification of one of the sucrose hydroxyls occurs, giving a 
more easily hydrolyzable compound (1 15b). Another possible explanation is 
general acid catalysis. Actually a very similar behavior will be noted in Section 
II,B,2 for the decomposition of paraldehyde; the explanation suggested there is 
that the HO scale is basically unsatisfactory for aqueous solutions of weak organic 
acids and that, as a result, log X.1 vs. Ha correlations are not to be expected for 
studies with these acids. 

The strudure of sucrose is sufficiently complex so that the location of the 
proton n-hich adds on to form the postulated conjugate acid SH+ is not certainly 
known; there is therefore no reliable basis for surmising the precise nature of 
the rearrangement serving as the rate-controlling step in the hydrolysis. The 
overall reaction must in fact be quite complicated, in\-olving mutarotation of 
both products and rearrangement of fructose from the furanose to the pyranose 
configuration (151). In other words, there is no independent evidence aside 
from the Zucker-Hammett hypothesis itself that the reaction goes according 
to an A-1 rather than an 9 - 2  mechanism. 
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2 .  Depolymerizalion of trioxane and puraldehyde 
somewhat simpler picture is presented by the acid-catalyzed depolymerizs- 

tion of trioxane and paraldehyde. The former is a cyclic trimer of formaldehydr 
and the latter is the corresponding cyclic trimer of acetaldehyde. Each decom- 
poses in aqueous acid solutions to  the respective monomer at  a rate which i i  
first order in the polymer concentration. At the comparatively low trimer concen- 
trations which are suitable for rate studies, the reactions appear t o  be uncompli- 
cated and irreversible. Both decompositions have been investigated also a\  
thermal gas reactions (51). The thermal decompositions proceed a t  ordinary 
pressureh as first-order honiogencous gas reactions (270-345°C.) and trioxanc 
in particular shows a decrease in rate coefficient iyith decreasing pressure lielon 
15 mm. of mercury, in accordance with Lindemann's hypothesis; paraldehgdc 
does not show this effect over the range of pressures investigated. 

The depolymerization of triouanc in aqueous solutions of mineral acids h a s  
been studied hy several investigators (10, 190, 240). Tlw rate coefficient COI-  

relates closely with Ho over :i wide range of acidities (189). This IS  shox-n for the 
older data in figure 8 and is c.onfirmed in more recent studies by Bell, Bascombc, 
and McCoubrey (10) ; for their rnoie precise data, however, these investigatorh 
report a log X I  vs. -110 slope of 1.2 rather than unity. For hydrofluoric acid 
(figure 2 of reference lo), the rate increases considerably more rapidly than /LO at 
acid coricentrations exceeding 8 -11. The rate in perchloric acid solutions is mark- 
edly increased by the addition of sodium perchlorate hut still winains in clow 
correlation with H O  (190). 

The depolymerization of paraldehyde was studied by Bell and Brown (ll), 
who found that for aqueous solutions of the strong mineral acids sulfuric, per- 
chloric, nitric, and hydrochloric, log ICl was linear in -Ho with slope of 1.16 

- 7- 
t i  0 - I  -2 -3 -4 

FIG. 8. Depolymerization of trioxane in aqueous solutions of acids a t  40°C.; however, the 
H o  

solid points are for solutions of sulfuric acid in glacial acetic acid (189, 240). 
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FIG. 9. Depolrmerization of paraldehyde in aqueow acids a t  25°C. (11) 

(figure 9).  For the weaker acids potassium acid sulfate, trichloroacetic :icid, 
and dichloroacetic acid, however, the value of log kl increases with acid concen- 
tration much more rapidly than does -Ho, a situation found also for trichloro- 
acetic acid in the inversion of sucrose (figure 1).l2 For these “weak” acids, H o  
actually levels off and shows a plateau of practically constant value at concen- 
trations above 1 X (see figure 9 of reference 193). The failure of log kl to follow 
-Ho therefore results from the rate continuing to increase with increasing acid 
concentration while -EIo stays constant. A plausible explanation (193) of the 
leveling of Ho in these cases is a “salting-in” effect by the relatively large> acid 
molecules and their ions on the uncharged indicator molecule B, i.e., a decrease 
in the activity coefficient f B  appearing in equations 3 and 5. This decrease niust 
compensate for the increase in the factor, u , + / ~ , , L ,  most of which results from 
the increase in C,+ itself with increasing acid concentration. In  such circum- 
stances it is not surprising that the condition of equation 9 for kl to  be propor- 

13 The H O  values in figure 9 for potassium acid sulfate xere established from indicator 
measurements by Bell and Brown. The HO values for trichloroacetic acid have been fecal- 
culated (193) from recent indicator studies ot Randles and Tedder (203) and have been 
used in preference to the older and less complete values of Hammett and Paul (117). -4ctu- 
ally, the Hammett and Paul data lead to  log k l  VY.  H O  points which fall almost on top of 
those for the acid sulfate (see figure 2 of reference 11) and from this standpoint appear to be 
somewhat more plausible than those of Randles and Tedder. This uncertainty about t r i -  
chloroacetic acid serves to  emphasize the need for another H O  study of i ts  solutions in order 
to remove the present discrepancy. 
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tional to  ho may not be satisfied; we should in fact expect to  find that “salting-in” 
effects will be quite specific to the uncharged molecule B or S and mill of course 
vary with the particular weak acid involved. These effects will be discussed 
more particularly in Section II,B,6. Bell and Brown, on the other hand, suggest 
the possibility that the departure of log k ,  from -Ho may indicate general acid 
catalysis by the unionized acid molecules, but one then has to assume that the 
effect is proportional to a higher power than the first in the concentration. The 
decomposition of paraldehyde has been investigated also in nonaqueous solutions 
of both proton acids and Lewis acids (13, 15), but no Ha data exist for these 
solutions. 

f ollon~s : 
The mechanism of 

CHR 

0 0  
/ \  

acid catalysis for these reactions may be conceived as 

CHR 
/ \  

\ /  

0 OH+ 

RHC CHR RHC CHR 
I I + H+ S Equilibrium 

\ /  
0 0 

CHR CHR 
/ 

\ /  

OH+ 0 OH+ 

CHR RHC CHR 

/ \  
I 
\ /  

0 

RHC 
I -+ $I+ + I I Slow 

0 0 

CHR 
/ 

0’ OH+ 

RHC CHR 
+ 3RCHO + H+ Fast 

\ /  
0 

A rapid acid-base equilibrium is followed by a slow rearrangement resulting in 
rupture of a carbon-oxygen bond. The presence of a proton on the oxygen atom 
presumably lowers the activation energy of this step; it is noteworthy that the 
activation energy for the acid-catalyzed aqueous decomposition of trioxane 
is about 26 kcal. (240) as compared with 47.4 kcal. for the uncatalyzed thermal 
gas reaction (51). As suggested by Bell and Bron-n, the decomposition of the 
intermediate linear polymer in solutions of the strong acids probably takes place 
through a series of successive stages, each involving the separation of one of the 
monomeric units. While the monomeric product is undoubtedly extensively 
hydrated in aqueous solutions, no solvent molecule is actually needed for the 
decomposition, vhich may be effected simply through an electronic rearrange- 
ment. From this standpoint an A-1 mechanism is a priori  plausible. The rate of 
decomposition of paraldehyde in aqueous solutions is about 5000 times more 
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rapid than that of trioxane under similar conditions. This is coiisistent with the 
greater electron release afforded by the presence of the methyl groups on the 
ring carbon atoms. 

One may conclude that there is substantial independent evidence in these 
cases for an A-1 mechanism. The fact that the rates actually correlate well with 
Ho therefore provides support for the Zucker-Hammett hypothesis. 

3.  Hydro lys i s  of ord inary  ethers 

Arailable kinetic studies show that the hydrolysis of ordinary ethers is acid 
catalyzed. However, for the linear aliphatic ethers (and for unstrained cyclic 
ethers) the rate of hydrolysis is exceedingly slow even in concentrated solutions 
of acids (52, 221). As a result there are no data which permit a comparison 
between rate and ho. Mechanisms for the acid-catalyzed hydrolysis have been 
reviewed by Burwell (52), vho  notes that relatively little firm evidence is avail- 
able. He concludes that an A-2 mechanism is probable for primary ethers, that 
an A-1 mechanism involving formation of a carbonium ion is probable for tertiary 
ethers, and that for secondary ethers the picture is uncertain. This is evidently 
the sort of situation where kinetic studies which would permit application of the 
Zucker-Hammett hypothesis would be quite useful. 

One minor piece of evidence which suggests that the acid-catalyzed hydrolysis 
of both primary and secondary ethers is by way of an A-1 mechanism is that the 
entropies of activation (231) have positive values of from 5 to 20 e.u. (rate 
coefficients in liters mole-' sec.-l). In  a recent compilation (165) it appears that 
A-1 hydrolysis reactions in aqueous solutions generally have entropies of activa- 
tion between 0 and $20 e.u., whereas A-2 reactions have values between -25 
and -15 e.u. 

4. Hydrolysis of epoxides  

In aqueous solutions epoxides are hydrolyzed to 1,2-glycols by at  least three 
distinct mechanisms. There is a base-catalyzed reaction, an acid-catalyzed re- 
action, and a pH-independent water reaction (37, 156). Thus the complete rate 
law for hydrolysis is : 

In  addition, both the oxide and its conjugate acid will react with a large number 
of nucleophilic reagents, such as halide ions ( 3 7 ) .  As a result, when an acid 
like hydrochloric acid is present, substitution to give a chlorohydrin will compete 
with hydrolysis. If it is desired to study the uncomplicated hydrolysis reaction, 
i t  is necessary to  use an acid like perchloric acid whose anion is unreactive. 

The early studies of Rronsted, Kilpatrick, and Kilpatrick (37) led to the 
conclusion that the hydrolysis of epoxides and their other reactions with nucle- 
ophiles exhibit only specific hydrogen-ion catalysis. This has recently been 
questioned by Swain (230), but his experimental studies are a t  such high concen- 
trations, 4 M acetic acid and 1 M sodium acetate, that, the observed rate increase 
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A-1 

may well be due to specific effects of the medium rather than to general acid 
catalysis. Pritchard and Long (200) find that the rate of hydrolysis is faster in 
solvent D20 than in solvent H20 and conclude that there is a rapid preliminary 
equilibrium between the epoxide and its conjugate acid. It thus appears that 
t,he most likely mechanism for the acid-catalyzed hydrolysis is either A-1 or A-2: 

/ OH+ OH 
+ I  \ / \ / '  

/ \ I 1  
-+ -C-C-- Slow c-c 

OH OH OH 

Fast 
' I  I 1  

\ I !  I I  
-C-C- + HzO -+ -C-C-- + Hf 

Equilibrium 

A-2 ( 

OH+ OH OH2' 

Slow 
\ / \ /  I !  
/ \ I 1  

C-C + HzO -+ -C-C- 

OH OH*+ OH OH [-#-+--- 3 -C-C- ! I  + H+ 
I I  

Fast, 

Ths is obviously a situation where the Zucker-Hammett hypothesis should 
perrilit a decision. The hydrolysis of ten simple epoxides has been studied in 
aqueous solutions of perchloric acid a t  0°C. (199). For seven of the oxides the 
rates are slow enough to  permit the study a t  acid concentrations above 1 M ,  
where a significant difference exists between ho and C,+. Figure 10 shows the 
kinetic studies for several of the oxides and t,able 3 summarizes all of the results. 
Slopes of log k~ vs. -Ha are somewhat less than unity for epoxides with polar 
substitxents and are generally slightly great,er than unity for oxides of hydro- 
carbons. These small differences are probably due to  specific effects of the type 
to  be discussed in Section II,B,G. The important conclusion is that for all cases 
the rates are closely proportional to  ho. The predicted curve for proportionality 
between rate and CE+ is shown for one of the epoxides in figure 10, and it is 
evident that a t  the higher concentrations the rate does not follow this measure 
of acidity. These results suggest that the activated complex does not contain a 
water molecule and hence support an A-1 carbonium-ion mechanism. 

Several other facts also indicate a carbonium-ion mechanism. As table 3 
shows, the rate increases strongly with substitution of electron-releasing groups. 
In  fact, the rate data for monosubstituted ethylene oxides are well fitted by 
the Taft (232, 234) p*a* relation with a p* value of -1.95 (199). This indicates 
little or no steric hindrance as well as a strong acceleration by electron-releasing 
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I I I 1 
-0.5 0 -H, I 2 

FIG. 10. Hydrolysis of epoxides in aqueous solutions of perchloric acid a t  0°C. (199). The 
dotted line gives the predicted curve for epibromohydrin if the rate were proportional t o  
PA+. 

TABLE 3 
Hydrolys i s  rules o j  epoxides in aqueous solutions of perchloric acid at  0°C. 

- _ _ _ ~ _ _ _ _ _  
Epoxide 

.. ... _ _  

Epibromohydrin . . . . . . . . . . . . . . .  
Epichlorohydrin. . . . . . . . . . . . . . . .  

Glycidol . . . . . . . . . . . . . . . .  

Propylene oxide.. . . . . . . . . . . .  

Isobutylene oxide. . . . . . . . . . . . .  

p-Methylepichlorohydrin . . . . . .  

p-Methylglycidol . . . . . . . . . . . . . .  
Ethylene oxide.. . . . . . . . . . . .  

irans-2,3-Epoxybutane, . , . . 
cis-2,3-Epoxybutane. . . . . . . . .  

.- 

* Extrapolated value. 

Concentration Range of HC104 l m & ~ e & ~ a t  log kl Slope ys. 

nioies/liter 

0.2-3.5 
1.0-3.3 
0.4-2.6 
0.6-3 .0 
0.1-1.6 
0.5-2.2 
0.8-2.5 

0.01-0.5 
3 x 10-3-0.1 
5 x 10-6-2 x 10-3 

3.8 
4 . 8  

11.5 
26.6 
7 5 .  
63. 

360. 
7 i O . *  

1480. * 
33000. * 

0.86 
0.87 
0.89 
0.89 
0.89 
1.06 
1.06 

0.95t 
0.98t 

l.0lt 

groups, both in accord with a carbonium-ion mechanism. Data are also available 
on the hydrolysis of asymmetrical epoxides in O18-labeled water (164). With both 
propylene oxide and isobutylene oxide, hydrolysis in basic solution leads to 
entrance of the 0l8 at the primary carbon, whereas after acid hydrolysis the OI8 
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is found on the branched carbon: 

H H  
0 ’ 8  0 

I 1  
CHZ-C-CHz 

P 
0 acid/ R 

/ I  / 
\ 

CH C-CH, + H20“ 
H H  
0 0 ’ 8  base\ 

3- I 
R 

L I 1  
CHa-C-CH2 

R 
I 

These results are in accord with a nucleophilic attack by hydroxide ion for the 
basic hydrolysis and formation of a carbonium ion for the acid reaction. Since a 
comparison of rate and ho also points to an -4-1 mechanism, it appears that the 
Zucker-Hammett hypothesis is valid for this reaction and gives added evidence 
for the mechanism. 

Even though several lines of evidence thus point to a carbonium-ion mecha- 
nism, a t  least one important problem remains. This is that the stereochemical 
results (248) indicate essentially complete inversion accompanying the hydrolysis 
even for acid solutions. The epoxide system is a favorable case for “shielding” 
which would force the major reaction of a carbonium ion to occur a t  the side 
opposite to the displaced group. However, complete inversion is somewhat un- 
expected. Further study of this system, particularly of its stereochemical be- 
havior, is clearly desirable. 

5.  Hydro lys i s  of acetic anhydride 
The rate of hydrolysis of acetic anhydride has been investigated by Gold and 

Hilton (100, 101) in aqueous solutions of hydrochloric, perchloric, sulfuric, and 
phosphoric acids a t  0°C. The first-order rate coefficient is approximately propor- 
tional to ha for all of these acids over a wide range of concentrations (figure 11). 
Deviations from exact proportionality are found Kith the different acids and are 
possibly attributable to variations in the activity coefficient ratio appearing in 
equation 9. The exact interpretation of these specific effects is uncertain, but in 
spite of them the correlation of log k ,  with - Ho is far better than with log CHI. 

The mechanism proposed by Gold and Hilton is as follows: 

AczO + H+ Ac~OH+ Equilibrium 

Ac~QH+ -+ If+ -+ Ac+ + AcOH 
Ac+ + HzO --+ AcOH + H+ 

* 
Slow 
Fast 

* 
where If+ represents the transition state for the rate-controlling step. There is 
no independent evidence that this reaction goes by the -4-1 mechanism; hence 
it is desirable to  obtain further kinetic data for other acid anhydrides. 



THE Ho ACIDITT FUSCTIOX AND ACID CATALYSIS 

0 HC104 dilatometry 
- 8 H C I C ~  thermal moximum 

C3 HZS@,*dl IO t. 

I H2S04,th. mox. 
4 - A H3P04,th.mox. 

0 HCI, th. mox. 

: 3 -  
J 
CI, 
0 - 

2 -  

I -  

- I  0 I ‘Ho 2 3 
FIG, 11. Hydrolysis of acetic anhydride at 0°C. (100, 101) 
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i 

6. Hvdrolysis of acetals, ketals, and glucosides 

(a) Aqueous solutions of strong acids 

Various lines of evidence indicate that the acid-catalyzed hydrolysis of acetals 
goes through an A-1 mechanism (127b): 

H+ 
R’OCH20R + H+ e R’OCHZOR 

R’OCH,OH+R + R’OCH*+ + ROH 
R’OCH*+ + HzO -+ R’OCH2OH + H+ 

R’OCHZOH 3 R’OH + HCHO 

Equilibrium 

Slow 

Fast 

Fast 

The hydrolysis in aqueous solutions shon-s specific hydrogen-ion catalysis 
(36, 38), a result v-hich is consistent with this mechanism. The hydrolysis is 
faster for solutions in D20 than for solutions in HzO (244)) and this is evidence 
for the proposed equilibrium formation of the conjugate acid. From studies 
of the hydrolysis of optically active sec-octyl acetal, O’Gorman and Lucas (185) 
concluded that the reaction does not go through an alkyl carbonium ion and 
hence that the above mechanism is correct. A similar conclusion follows from a 
recent study of the hydrolysis in 018-labeled water (224). As Ingold has empha- 
sized, the very large increases in rate which accompany increasing substitution 
of alkyl groups for hydrogens (220, 221) are the expected result for an ii-1 mecha- 
nism, A recent study by Kreevoy and Taft (139, 140) has shown that the rates 
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of hydrolysis of saturated aliphatic acetals and ketals of the general formula 
RR’C(OCzH& in 50 per cent dioxane-water satisfy the relationship 

k 
IC0 

log - = (Zo*)p* + (An)h 

where p* is a reaction constant, (2o*) is the sum of Taft substituent constants 
u* for R and R’ (232, 234), and (An)h is a hyperconjugation term proportional 
to  the difference An between the number of a-hydrogen atoms in R and R’ 
and in the standard of comparison (acetonal). The fact that this simple relation- 
ship fits the data indicates that there is little or no steric hindrance for the addi- 
tion of water to an acetal, and this is consistent with the proposed mechanism. 
Finally, the observed large negative value of p*, -3.60, is consistent with forma- 
tion of an 

A kinetic study of the hydrolysis of methylal n m  courricd out by McIntyre 
and Long (175) in aqueous solutions of three strong acids with concentrations 
ranging up to  4.3 M .  In  addition a few experiments were made with aqueous 
mixtures of sodium perchlorate and perchloric acid. Values of Ho for these latter 
solutions are known from the work of Harbottle (121). Figure 12 is a plot of 
log kl against Ho, Data for the solutions of the acids and of the salt-acid mixtures 
all fall fairly well on the same straight line. It is quite evident that the rate is 

ion in the rate step. 

2. c 

1.c 
rr, 

s 
FI, 
0 

+- 

0.c 

I I 1 
0.0 -Hg I .o 2.c 

FIG. 12. Hydrolysis of methylal at 25°C. (175). The dotted line is predicted for the  rate 
proportional to  CH+. 
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proportional t o  hQ and decidedly not proportional to concentration of acid. In  
terms of the Zucker-Hammett hypothesis this suggests that the activated com- 
plex does not contain a water molecule. Put  another way, if the unimolecular 
mechanism can be assumed to be established from other evidence, the kinetic 
results are support for the Zucker-I-Iammett hypothesis. 

The agreement between rate and & for the data of figure 12 is not exact in 
that the slope of the straight line of the figure is 1.15, slightly greater than 
unity. Furthermore there is a small dependence of slope on the particular strong 
acid employed, “best” slopes of log kl vs. -E10 for the individual acids being 1.25 
for hydrochloric, 1.15 for sulfuric, and 1.05 for perchloric. Similar non-unit 
slopes have been rioted for many other systems (see figures 4, 5, and 7 )  and it 
seems likely that the explanation for methylal given ill the following paragraphs 
has general utility. 

Given that the hydrolysis of methylal goes by an A-1 mechanism, the rate is 
expected to  vary with I10 by an equation of the form of equation 9. For log kl to  
be linear in -Ha with a unit slope there must be a constant value of the ac- 
tivity-coefficient ratio fAfsa+/fG+fB, where A refers to methylal, E to an indi- 

cator, and hf+ to the transition state. Since all of the individual activity coeffi- 
cients are unity in dilute aqueous solution by choice of standard state, the 
constant value must be unity. Hence for unit slopc, 

* 

f.4 - f B  - - -__ 
fv f B W  

The f x t  that the observed dopes are somewhat greater t hail unity inoaIis that 
the term fn/f5;+ increases relatively more n-ith increasing concentration of acid 
than does the term jB,’fBH+. Furthermore, the magnitude of the increase varies 
with the differenl Ffrong acids in that the observed slopes are from 1.08 to 1.25. 
Now, given the diffcrence in structure between methylal and a typical Hammett 
indicator base, for csample p-nitroaniline, one would surely expect a difference 
in the influelice of electrolytes on their respective activity coefficients. Put another 
way, the ratio fA,’fI( would normally be expected t o  vary both mith elcctrolyte 
concentration and with particular choice of electrolyte (161). Hence only if the 
activity coefficient ratio for the two ions, ff$+/jBE+, varies wjth concentration 
and species of elertrolyte in precisely the same way as does f.&/fB will a unit 
slope for log h-1 vs. -110 be obtained. Since exact parallelism of these activity 
coeffirient ratios is not to  be expected, small departures of slope from unity can 
he assumed to  be the normal behavior. 

Actually a similar lack of precision is characteristic of the 110 scale itself. The 
establishment. and mcasurement of the Ho scde involve awumptions of the type 

f._ = -fr_ 
fnn+ f c m  

n-here 13 and C are different indicators. Arguments similar to  those above would 
lead one to believe that quite generally these ratios are not exactly equal h i t  
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only approximately so, and this is indeed borne out by the indicator studies 
themselves (193). To this extent the Ho scale is inexact and an at  least compara- 
ble lack of exactness is to be expected for correlations of rate and Ho.  Probably 
the most important reason why correlations of rate with Ho may sometimes be 
even less satisfactory is that the reactant species for a rate study is occasionally 
very different indeed from a typical Hammett indicator, whereas for establish- 
ment of the Hc scale itself the indicators were of fairly similar size and structure 
(115b, 116). 

Two other studies are available on the rates of hydrolysis of acetals in concen- 
trated solutions of strong acids. One is that of Leininger and Kilpatrick (152) 
on the hydrolysis of ethylal in solutions of hydrochloric acid a t  0” and 10°C. -4 
plot of log k ,  vs. - H O  for these data gives straight lines but the slope is about 
1.4, decidedly different from unity (see figure 2 of reference 175). McIntyre and 
Long (175) conclude that this larger slope, relative to  that of 1.25 for methylal, 
is reasonable, since ethylal is a larger molecule and would be expected to  shorn a 
larger salting-out effect (161). That is, the value of the ratio fA/fB would be 
larger for ethylal than for methylal and hence n70uld lead to  a larger slope of 
log ICl vs. -Ho. The other study is by Kreevoy and Taft (139) on the acid- 
catalyzed hydrolysis of chloroacetal in solutions containing perchloric, sulfuric, 
and hydrochloric acids. The solvent is actually 4 per cent dioxane in water, but 
i t  seems reasonable to assume that behavior in this solvent will be very similar 
to  that in water. The slope of log k l v s .  - H o  is close to  unity for perchloric acid 
but is distinctly higher (about 1.5) for hydrochloric acid. The explanation for 
this is probably the same as that discussed above. 

(b) Aqueous salt solutions 
An explicit discussion of the relation between “salt effects” for acetal hydrolysis 

and dependence of rate on Ha is given by Long and McIntyre (163), who studied 
the effects of several salts on the specific rate lil of the acid-catalyzed hydrolysis 
reaction, on the activity coefficient fA  of methylal, and on the activity coefficient 
f B  of the Hammett indicator p-nitroaniline. These various sets of data were 
compared with those of Paul (191) for the influence of the same salts on H ,  
for solutions of 0.1 M hydrochloric acid as measured with the same indicator, 
p-nitroaniline. It was found thst while all the salts increased the rate of hy- 
drolysis, some of them caused an increase in the indicator acidity -Ho while 
others caused a decrease. There was no apparent correlation between the two 
effects. 

Since log k l ,  log f A ,  and log f B  are all approximately linear in salt concentration 
C,, as is the change in -Ha, it is convenient to  compare the various salt effects 
by giving the slopes of the respective plots, and this is done in table 4. The second 
column shows the kinetic salt effects for the hydrolysis of methylal in 0.37 M 
hydrochloric acid; the third column gives salt effects on -Ho for 0.1 M hydro- 
chloric acid with p-nitroaniline as indicator (these effects are not sensitive to  the 
precise concentration of acid), while the fourth and fifth columns give the salt- 
ing out parameters (slopes of log f l  vs. C,) for the two nonelectrolytes methylal 
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PITaBr.. . . . . . . . . . . . . . . . .  
LiC1 . . . . . . . . . . . . . . . . . . .  
YaC1.. . . . . . . . . . . . . . . . .  
KC1.. . . . . . . . . . . . . . . . . .  
(CHa) rNBr . . . . . . . . . . .  
(C2H5) aNBr . . . . . . . . . .  

969 

0.49 
0.42 
0.36 
0.33 
0.33 
0.26 

TABLE 4 
Comparison of salt eflects 

-0.12 
-0.41 
-0.06 

0.180 

Slope b Slope a Slope kA slope kg 
log ki vs. C, -AH0 VS. c. log /A VS. c. , log .fB VS. c. Salt 

0.127 ~ -0.272 
0.075 ' -0.44 
0.034 i -0.51 

I -0.082 
0.10 (estimated) 
0.18 (estimated) O.OO I 

and p-nitroaniline. The specific character of the salt effects is apparent, as is the 
lack of correlation between salt effects on log kl and on -Ha. 

One will note that there is a qualitative agreement between salt effects on 
-Ho and on log fB, in that salts of small ions, e.g., sodium chloride, tend both to 
increase the indicator acidity and to  salt out the indicator, while salts of large 
ions, e.g., tetraethylammonium bromide, tend both to  decrease the indicator 
acidity and to  salt in the indicator. Now from the definition of Ho (see equation 
3), the increase in acidity caused by the salt is given by 

f H + f B  -AH0 E (HO)O.IMHCI - (Ho)o.IMHCI = log - 
+salt  fBH+ 

where in this case the standard state for the activity coefficients is a salt-free 
solution of 0.1 iM hydrochloric acid. The observed similar behavior of -AH0 and 
log fB suggests that a major part of the influence of added salts on Ha comes 
from the term fB,  i.e., from salt effects on the activity coefficient of the uncharged 
indicator molecule. 

There is a similar qualitative agreement between the kinetic salt effects and 
the salt effects on log f A .  All the salts increase the rate coefficient and salt out 
the reactant methylal. Analysis of the kinetic salt effect a t  constant acid concen- 
tration leads to the equation: 

log ki = - Ho + log ~ A ~ B H +  - + constant 
f & & f B  

which differs from equation 9 only in that the standard state is a salt-free acid 
solution of constant concentration instead of pure water. -4 correlation between 
log kl and -Ho would thus require that 
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Table 4 shows that the ratio fA/fB varies considerably both with concentration 
and with species of electrolyte. The experimental fact that log kl does not parallel 
-Ho for salt additions means that the term f$+/fBE+ does not change in the same 

While f$+/fBE+ is of course not directly measurable, its value may be com- 
puted by difference from equation 19 and the data of table 4 for the particular 
reactant and indicator under consideration. For most of the salts its value re- 
mains close to unity (163). It follows that the lack of correlation Letween rate 
and Ho for the salt solutions arises mainly from non-unit values of the ratio 
fA/fB. It follows also that the good correlation observed for solutions of the 
strong acids themselves reflects the fact that these electrolytes have compara- 
tively small and nearly equal salt effects on different nonelectrolytes (161); the 
differences show up in log k ,  vs. -Ho  slopes differing slightly from unity, as 
exemplified in figure 12 and discussed previously. 

Den0 and Perizzolo (73a) have actually determined activity coefficients for a 
variety of compounds in sulfuric acid solutions from solubility measurements 
(e.g., benzene, diphenylmethane, acrylonitrile, acet,ophenone, triphenylcarbinol, 
etc.) and have shown that quite generally the slope of log f A  vs. acid concen- 
tration stays almost constant and close to  zero up to a t  least 60 per cent acid. 
Similar results were noted in perchloric acid solutions (SO). It is very reasonable 
therefore to conclude that a factor of the form fA/fB will stay nearly constant for 
these solutions. It follows that where rate correlations of A-1 reactions with 
Ho are observed in aqueous solutions of the strong acids, the quantity fBH+/fZr+ 

must likewise cancel 0 ~ t . 1 ~  In  sulfuric acid solutioiis beyond 60 per cent concen- 
tration, however, many aromatic compounds with polar substituents (e.g., 
nitrobenzene, benzoic acid) show a rapid decrease in log f, and the magnitude 
of this effect is specific to  the particular compound. 

way as fA/fB* 

(e) Hydrolysis of glucosides 
A combined isotopic-tracer and acidity-function study of the mechanism of 

the acid-catalyzed hydrolysis of several glucopyranosides has recently been re- 
ported (47). The compounds were methyl a-, methyl p-,  phenyl a-, and phenyl 

13 By comparing H o  with the acidity function JO (see equation 17) .  

Den0 and Perizzolo (73a) show thaL an activity coefficient ratio of the form 01 f ~ n + i f ~ +  
(where BH+ is the cation of a typical Hammett indicator and R+ is a tertiary carbonium 
ion) does not stay constant but increases rapidly with increasing sulfuric acid concentration. 
They suggest the possibility that  for acid-catalyzed reactions of tertiary alcohols, correla- 
tions of rate with acidity intermediate between H O  and JO may he found, depending on the ex- 
tent t o  nThich the carbon-oxygen bond is extended in the transition state (i.e., whether 

M+ is closer in structure to  R-OH2+ or to  R-. Since - J o  increases about twice 8s rapidly 
as -Ho in aqueous sulfuric acid solutions of intermediate compositions (71), the distinction 
between the two extreme situations is certainly feasible for observation. 

* 
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@-D-glucopyranoside. Hydrolysis in H2018 showed that in all cases fission of the 
hexose-oxygen bond was involved. Kinetic studies in aqueous perchloric and 
sulfuric acids up to 3.7 M concentration showed that in all cases the rates were 
closely proportional to  ho. Slopes of log kl vs. -Ho for rate studies a t  tempera- 
tures of from 57” to 73°C. varied from 0.89 to 0.95. On the basis of these results 
the investigators concluded that an A-1 mechanism is involved. They noted, 
however, that tn-o alternatives are available for the slow step. In  one the con- 
jugate acid loses methanol or phenol to  give a “glucose” carbonium ion; in the 
other the conjugate acid undergoes an initial ring opening. 

C. HYDRATION O F  OLEFINS 

It has been known for some time that the hydration of olefins is an acid- 
catalyzed reaction (168, 169) and that the hydrolysis shows only specific hy- 
drogen-ion catalysis (56). This latter fact suggests (but does not demand) a 
preliminary proton transfer to the olefin. Taft (233) found that the rate of hy- 
dration of isobutene in aqueous nitric acid followed H o  and from the Zucker- 
Hammett hypothesis concluded that the mechanism is as follows: 

Equili br i urn 
\ /  \ H + /  

/ \ / \  
C=C + H+ e C=C 

H 
\ H + /  \ I  c=c -+ c-CL 

H OH,+ H OH 

Slow 

L.’ast 

The proposed rate-determining step involves the transformation of a x-c‘ornples 
to a carboniuni ion. 

Several sorts of evidence have been adduced in favor of this mechanism (236). 
The fact that the hydrations of 2-methyl-l-butene and of 2-methyl-2-butene 
lead to  the same product, t-amyl alcohol (169), but without any isomerizatioii 
of the reactants (154) eliminates the possibility that a simple carbonium ion is 
formed in a preliminary acid-base equilibrium. This leads to only two alterna- 
tives. One is a rate-determining proton transfer with a Bronsted a close to 
unity so that only specific hydrogen-ion catalysis is observed. The other is a 
preliminary proton transfer to give a conjugate acid which on reversal loses the 
same proton it added. Purlee and Taft (201) conclude from the effect of DzO 
as solvent on the rate of hydration that a preliminary equilibrium proton transfer 
does occur. As additional support for an A-1 mechanism (233, 236) it has bwri 
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noted that the entropies of activation are close to zero, even though the entropy 
changes for the overall hydration are in the order of -20 e.u. This is in marked 
contrast to the strongly negative entropy of activation for the hydration of 
a,@-unsaturated aldehydes, which are probably hydrolyzed by an A-2 type of 
mechanism since their rates vary with concentration of strong acid, not with 

This mechanism for olefin hydration still presents some difficulties and, perhaps 
as a result, alternative explanations have been proposed (69). One difficulty is 
that the ratio of rate constants for hydration in DzO versus HZO is actually 
very close to unity for the two reactions so far studied (201), whereas for most 
A-1 reactions with a preliminary proton transfer this ratio is from two to  three 
(200). As a result, the only real evidence for the equilibrium proton transfer 
is semiquantitative agreement with the Selson-Butler (176) theory and un- 
fortunately this is not a very sensitive test when kD20/ka20 is close to  unity. 

At present it does not seem easy to  exclude the possibility that the olefin hy- 
dration involves a slow proton transfer as the rate-determining step. For example, 

ho (249). 

H 

Slow 

Fast 

H OHz+ H OH 

Fast 
I I  I 1  
I /  I I  

-C-C- S -C-C- + H' 

Assuming a Bronsted a close to unity, only specific hydrogen-ion catalysis would 
be observed. As noted earlier, proportionality of rate and ho is plausible for 
this A-SE2 mechanism. Finally, the observed small change in rate for reaction 
in DzO vs. HzO would be quite reasonable. 

For the dehydration of an alcohol, which is the reverse of this reaction, both 
of the above mechanisms predict reaction through a carbonium ion. One might 
thus expect the dehydration rate to  vary with the Jo acidity function (equation 
17). Although no direct rate studies appear to  have been made for the simpler 
aliphatic alcohols, i t  has been reported that the concentration equilibrium 
constant for the reaction is almost independent of acid concentration (235). 
This implies that the rate of dehydration also increases with Ho acidity and hence 
not with Jo, since even a t  low acid concentrations these two acidity functions 
differ appreciably (71). For the somewhat complex case of ring-substituted 
P-phenyl-P-hydroxypropionic acids, Noyce (180) has found that the dehydra- 
tion rates in 5-10 M sulfuric acid increase more rapidly than ho and in fact 
show good correlation with Jo. 
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D. HYDROGEN ISOTOPE EXCHANGE O F  AROMATIC COMPOUNDS 

The kinetics of hydrogen isotope exchange reactions for aromatic compounds 
in aqueous acids have been investigated by Geib (go), by Gold and Long (102), 
and by Gold and Satchell (103-108, 212). The compounds investigated n-ere 
resorcinol-ds, pyrogallol, 9-deuteroanthracene, monodeuterobenzene, 0-, m-, and 
p-deuterotoluene, and o-deutero derivatives of anisole, p-cresol, p-chlorophenol, 
and p-nitrophenol. The anthracene studies were complicated by the limited 
solubility of the organic substrate and the necessity of working with a two-phase 
system. The other compounds were studied under single-phase conditions and 
the results are subject to much more definite interpretation. 

In  aqueous sulfuric acid ranging from 9 to 85 per cent by weight, log h-1 for 
the homogeneous isotope exchange reactions m-as found to be linear in -Ho with 
slope close to  unity. Figure 13 gives data for three o-deutero-substituted phenols 
and illustrates the correlation of rate and H,. The departure from proportionality 
which occurs for p-nitrophenol a t  the highest acidities is probably due to forma- 
tion of the ordinary conjugate acid, ArOH2+, which is assumed by Gold and 
Satchell (104) to be unreactive. For hydrochloric acid in the case of p-cresol 
and for phosphoric acid in the case of p-chlorophenol, similar linear correlations 
between log k, and -Ho were observed though the slopes were not identical 
with those obtained for sulfuric acid. The divergences n-ere considered, however, 
to  fall within a range accountable in terms of different specific salt effects of the 
acids on the uncharged substrate molecules as described in Section II,B,G. 

These results suggest that a possible rate-determining step for the exchange 
reaction is an intramolecular rearrangement of a protonated form of the aromatic 
compound. Since the mechanism should apply to the exchange of benzene itself, 
a problem is presented as to  horn the entering proton is differentiated in the 
equilibrium stage, prior to  the rearrangement, from those already bonded to the 
aromatic nucleus. 

40 60 80 95 
4 2p I I I I 

% 3 : / / r - . /  S= 1.08 s= 1.0 

J 2 
0 
0 - 

I -  

0- 
I I I I I 

0 2 4 6 8 9  

FIG. 13. Hydrogen isotope exchange in aqueous sulfuric acid a t  25OC. (104): 0 ,  p-cresol; 

-H0 

, p-chlorophenol; A ,  p-nitrophenol. 
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Gold and Satchel1 (104) propose a solution similar to  that proposed by Taft 
(236) for the analogous problem in the case of olefin hydration discussed in the 
preceding section. They postulate that the entering proton is attached to  the 
aromatic nucleus as an "outer complex," in which i t  is bonded less firmly (per- 
haps by some form of T bond) than the deuterium atom to be replaced. The re- 
arrangement then consists of an exchange of bonding between the nonequivalent, 
proton and the deuteron: 

This is evidently an A-1 mechanism, since it involves an equilibrium proton 
transfer with a subsequent unimolecular rate step, On the basis of the evidence 
so far available, however, the possibility cannot be ruled out that these reactions 
may be examples of the A-SE2 mechanism in which the rate is controlled by the 
initial reaction of the aromatic compound with the hydrogen ion. There is in 
fact a modicum of support for this mechanism in that Geib (90) found a slightly 
larger rate for the hydrogen isotope exchange of resorcinol-& in HzO, catalyzed 
by H+, than for the exchange of normal resorcinol in D20, caatalyzed hy Df. 
The expectation for an A-1 mechanism is a larger rate in IhO.  

E. HEARRANGEMENTS 

.'I number of acid-catalyzed rearrangements probably occur through reaction 
of the protonated reactant species to  form a carbonium ion (115c, 243). According 
to  the Zucker-Hammett hypothesis, proportionality between rate and ho is 
therefore frequently to  be expected. A classic example is the rearrangement of 
pinacol: 

(CH3)2C----C(CHZ)Z -+ CH3C-C(CI&) + HzO 
I1 
0 

I 1  
O H  O H  

The rates of this and related reactions in aqueous solutions of strong acids have 
recently been studied in some detail (43, 82-84, 155). 

The rearrangement of pinacol itself has been studied with sulfuric acid, 0.001 
to 6.33 M ,  a t  temperatures from 72" to 154°C. (83) and with perchloric, hydro- 
chloric, nitric, and p-toluenesulfonic acids, 0.01 to  1.4 M ,  a t  temperatures 
froin G 8 O  to  114°C. (82). The value of log kl a t  each temperature was found to 
he accurately linear in -Ho (at 25°C.) with practically unit slope; for the lower 
acidities, -130 was of course indistinguishable from log C,+. Tests for catalysis by 
acids other than hydrogen ion gave negative results (84). The specific effects 
of sodium chloride mixed with hydrochloric acid a t  constant 0.1 M ionic strength 
and ai potassium perchlorate mixed with perchloric acid at  constant 0.05 M 
ionic strength were found to be negligible, the rates in both cases remaining 
proportional to the acid concentration. The investigators found no evidence 
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for a secondary reaction mechanism by way of an intermediate epoxide, such as 
has been reported for the rearrangement of benzopinacol in nearly anhydrous 
acetic acid solutions (see reference 89 and also Section IV,A). They consider 
their results to  be consistent with a simple 11-1 mechanism whose rate-determining 
step is a rearrangement of the conjugate acid of pinacol. Rather similar conclu- 
sions were reached by Bunton and coworkers (43) and by Ley and T’ernon (155) 
from studies of this and related rearrangements. The latter jnvestigators also 
conducted 01* exchange studies on the reactants. 

The mechanism for the pinacol rearrangement may be summarized as follows: 

( I )  R2C-CR2 
I I  

OH OH 

( 2 )  RzC-CRz 
I !  

OH OHt 

I +  

II 

( 3 )  RzC-CR2 

OH 
i-i) RC-CR:! 

OH+ 

+ HC = RzC-CRz Equilibrium 
I 1  

OH OHz+ 
k:! 

.- .--- RzC-CR2 + HzO 
k-, I +  

OH 
A.3 

-__* RC-CII, 
I! 
OH+ 

= RC-CRa + lT+ 
I1 
0 

Fast 

For an A-1 reaction the slow step would be 2. Actually, the rates of OLE exchange 
and of the rearrangement a t  relatively low acidities are about the same, implying 
that steps - 2  and 3 are comparable in rate. With increasing acidity, i.e., as 
aEzo decreases, step - 2  should become comparatively less important and there 
is some evidence that this is the case (40). 

As a final item on this reaction, Den0 (70) reports that in solutions of from 3s 
t o  75 per cent sulfuric acid (for which the Jo acidity function differs markedly 
from H 0 ) ,  the rate of the pinacol rearrangement) continues to be accurately 
proportional to h o .  Apparently even a t  these acidities step 3 does not become 
rate-determining. l4  

14 A-otc added 111 prouf:  Duncan and Lynn (54aj h v e  rcpoiied further isotopc effects for 
this reaction. They found tritium exchange betn-cen both the hydroxyl hydrogens and 
lritiated m-ater to  be rapid at  room temperature, exchangc by the methyl hydrogens being 
relatively insignificant under these conditions. The rate of the rearrangement in 09.7 per 
cent D,O at 100°C. nas greater than in H20 by a facior of 1.9, though unexpectedly a little 
hmaller than in water containing 75 per cent D20. Thcsc facts are generally consistent with 
ihe  hypothesis that  the initial proton uptake (step 1) is rapid. With Cl4-1abeled pinacol and 
Jbith aqueous hydrochloric acid at  concentration of 0 01 and 0 2 111 as catalyst, the rate of 
iearrangement a t  100°C. was observed to  be slower than for the normal compound by a 
factor of 0.47 M hen methyl carbon atoms were labeled and 0.75 when carbinol carbon atoms 
were labeled. These rather surprising isotope effects are reported to  disappear a t  lower 
temperatures (60°C.). The investigators discuss the mechanistic implications of the isotope 
effects and reach f he conclusion that different mechanisms must enter at high and a t  low 
temperature. 
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A comparison of rate with ho has shed light on another well-known rearrange- 
ment, that of benzidine. The rate of this reaction has previously been found to 
depend on the square of the hydrogen-ion concentration (53, 119) with some 
indication that the slon. step might involve slon- reaction of a monoprotonated 
species with a general acid (57) .  Studies of the rearrangement of hydrazobenzene 
in the solvent, 60 per cent by volume aqueous dioxane, have now shown that 
the reaction rate actually increases with the 2.5 power of the ho acidity (44). 
This strongly implies preequilibrium formation of a diprotonated species, fol- 
lowed by a rate-determining rearrangement of this. Some confirmation is given 
by the fact that the kD/kH ratio for reaction in DzO-dioxane as compared with 
reaction in H20-dioxane attains the high value of 4. Actually the reaction rate 
of a diprotonated molecule might be expected to depend on the product hob+, 
but i t  is reasonable t o  suppose that the variation of h+ with acid concentration 
is not very different from that of ho (20). 

F. MISCELLANEOUS REACTIONS 

There are several reactions where the question of parallelism between rate and 
ho can usefully be discussed but There, for one reason or another, conclusions 
are not entirely definite. This section considers examples. 

A recent application of HO to mechanism is the study by Bunton, Konasiewicz, 
and Llewellyn (46) of oxygen exchange and racemization of sec-butyl alcohol 
in aqueous perchloric acid. The exchange reaction was studied at  100°C. both 
using 018-enriched alcohol and using ordinary alcohol in acid solutions con- 
taining 0I8-enriched water. The kinetic results are identical for the two pro- 
cedures. The data show that the oxygen exchange is acid catalyzed and that the 
rate follows the acidity function H o  rather than concentration of acid.'s This 
result leads the investigators to propose a typical A-1 mechanism for the 
exchange: 

ROH + H+ e ROH2+ 
ROHz+ -+ R+ + HzO 
R+ + Hz018 -+ RO"Hz+ 
RO"Hz+ S R0I8H + H+ 

Equilibrium 
SI ow 
Fast 
Fast 

Calculation of the entropy of activation for the racemization from the observed 
reaction rate and its temperature coefficient leads to an approximate value of 
+12 e.u. (with rate coefficients in liters mole-' see.-'). This large value is con- 
sistent with the proposed A-1 mechanism (165). 

The point of interest is that the racemization of optically active sec-butyl 
alcohol at 100°C. is also acid catalyzed and proceeds a t  a rate which is just 

1.3 The original study extended only to  perchloric acid concentrations of 0.9 M so that  i t  
was difficult t o  be sure that  rates were indeed follov-ing Ho. However, in more recent work 
(49) the exchange rate has been shown to follow HO with a log kl vs. -Ho slope close to  
unity up to  values of HO equal to  -1.3. Hence the conclusion that the  rate of exchange 
follows Ho seems well established. 
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twice that for 01* exchange. This implies that every act of substitution gives 
complete inversion of configuration. If the above mechanism is accepted this 
then means that the “carbonium ion” R‘ never becomes free and that instead 
the leaving water molecule so shields the point of reaction that the incoming 
water molecule aln-ays enters on the opposite side. Partial shielding would not be 
surprising, but the complete shielding implied by these results is unexpected. 
Since the observed relative rate of racemization is the expected result for an A-2 
mechanism it is probably more than normally important to try to  find addi- 
tional evidence for the A-1 proposal.16 

The second-order rate coefficient for the reaction between t-butyl alcohol and 
acrylonitrile to yield N-2-butylacrylamide has been found to be proportional to 
ho for aqueous sulfuric acid solutions containing 20-70 per cent acid (70a). The 
reaction was studied a t  25OC. The investigators present evidence against a 
t-butyl carbonium ion and in favor of an SN2 displacement reaction between 
acrylonitrile and the protonated alcohol. Since the rate of oxygen exchange 
between the alcohol and O’*-enriched water is the same within a factor of three, 
as is also the rate of reaction with propionitrile, they propose that the incoming 
molecule is so weakly bonded to the transition state that its nature has little 
effect on the rate. This would nevertheless imply that the water reaction takes 
place essentially through an A-2 mechanism and the observed correlation of its 
rate with Ho would therefore be contrary to the Zucker-Hammett hypothesis. 
The investigators suggest that the reaction of sec-butyl alcohol with water may 
be similar. They studied also the rate of hydrolysis of acrylonitrile itself to 
acrylamide and found the first-order rate coefficient to  be proportional to ho for 
sulfuric acid concentrations between 25 and 85 per cent; in this case no inde- 
pendent evidence is available for the mechanism. 

Preliminary results are available for the aqueous hydrolysis of several phos- 
phate esters in solutions of sufficient acidity that a diagnostic correlation of rate 
and Ho can be sought (5). For most of the systems investigated, information 
is also available on whether phosphorus-oxygen or carbon-oxygen bond fission 
is involved (5, 19). It appears that with monomethyl phosphate there is an acid- 
catalyzed hydrolysis which involves the breaking of both phosphorus-oxygen 
and carbon-oxygen bonds and whose rate is proportional to CR+) not ho. An A-2 
mechanism with mixed bond fission is indicated. Monophenyl and p-tolyl phos- 
phates, in contrast, show no acid-catalyzed hydrolysis in solutions as acid as 
7 M perchloric acid. With a rather different type of compound, a-D-glUCOse 
l-phosphate, the bond fission is exclusively carbon-oxygen and the rate is 
accurately proportional to ho. This hydrolysis is very like that of the methyl and 
phenyl glucosides (Section II,B,G) and an A-1 mechanism is doubtless involved 
in both reactions. An acid-catalyzed hydrolysis also enters for 1- and 2-glyceryl 

16 N o t e  added zn prooj:  Grunwald, Heller, and Klein ( l l l a )  have recently reported a simi- 
lar study of l-phenylethyl alcohol with 0.01-1 M aqueous perchloric acid a t  3045°C. They 
find tha t  the rate of racemization is 1.22 times the rate of oxygen exchange, indicating 
partial shielding. Log k ,  for racemization is reported to  increase with acid concentration 
more rapidly than - H o  but less rapidly than -Jo. 
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phosphates but is complicated by an acid-catalyzed intramolecular rearrange- 
ment of the phosphate group between the 1- and the 2-positions. Isotopic tracer 
experiments show that both the hydrolysis and the rearrangement involve fission 
of phosphorus-oxygen bonds only. 

Studies on the hydrolysis of other organophosphorus compounds suggest that, 
comparison of rate witch Ho might give useful information on the mechanism of 
the acid-catalyzed reactions. Work on the hydrolysis of acetyl phosphate (137) 
and benzoyl phosphate (135) shows the existence of acid-catalyzed, base- 
catalyzed, and “water” mechanisms very similar to  the results observed with 
epoxides and P-lactones. However, the acid-catalyzed reactions have so far not 
been carried to  high enough acidity to  distinguish between dependence of rate 
on CH+ or on ha. Dimethylamides of phosphoric acids shorn rather similar behavior 
(124) and in this case the hydrolysis has been studied to  as high as 2.8 M hydro- 
chloric acid. A steep rise in the rate with acidity is observed, suggesting par- 
allelism of rate and ha. In  view of the contrast between this and the behavior of 
ordinary amides of carboxylic acids, further study would be most interesting. 

One of the reactions whose rate was found originally by Hammett and Paul 
(118) to  shorn correlation with Ho is the hydrolysis of cyanamide to urea in aque- 
ous solutions of nitric acid. The first-order rate coefficient, kl, as determined by 
Grube, Motz, and Schmid (109, 110), was found to be accurately proportional to 
ha over the range 0.05 to  5 M nitric acid. This fact suggested as the rate-deter- 
mining step a rearrangement of the conjugate acid of cyanamide, HN=C=SH?+, 
followed by rapid electrophilic addition of the water molecule (1 l5d). h3orc 
recent data by Sullivan and Kilpatrick (229) indicate that the reaction is rather 
complicated. Catalysis by halogen acids, in particular by  hydrochloric and 
hydrobmmic acids, is apparently hindered by the formation of a stable complex 
between the halide ion and either cyanamide itself or its conjugate acid. With 
trichloroacetic acid the specific rate, surprisingly, is higher than with nitric acid 
a t  the lower acid concentrations; the rate for nitric acid becomes faster only at  
concentrations above approximately 3 AI. An additional complication is provided 
by the high base strengths of both cyanamide itself and the product urea, so 
that ionization appears to  be extensive a t  the higher acid concentrations. 
Kilpatrick (134) has concluded that the rate-determining step in the hydrolysis 
is removal of a proton by general base catalysis (Tyater itself serving as the base 
in nitric acid solutions) from an intermediate of the form, HS=C(OH2)+--NH2, 
that is, a complex between a water molecule and the conjugateacid, to cyanamide. 
If this mechanism is accepted the observed correlation of rate and ho is fortuitous. 
However, the reaction is clearly complex and some further studies, for example of 
the hydrolysis in solutions of perchloric acid and in D20 versus H,O, might be 
desirable. 

There are some acid-catalyzed reactions which, a t  acid concentrations suffi- 
ciently high for ho to  be discriminated from C,+, proceed at  rates too fast to be 
measured by ordinary techniques. An example is the solvolysis of diazoacetic 
ester, which has been studied only at  acidities up to  that of aqueous 0.1 AI hydro- 
chloric acid. A preliminary proton transfer appears here to be reliably established 
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[enhanced rate in D20 as compared with H20 (9c) together with absence of 
general acid catalysis (9a)l. Further, good evidence has been offered that the 
actual structure for the conjugate acid cation is N2CH2COOC2Hb+, the two 
a-protons being equivalent (209). The decomposition of diazoacetone likewise 
shows specific hydrogen-ion catalysis in dilute aqueous acid solutions and fairly 
large salt effects (174). For the specific case of the solvolysis reactions of these 
species, there remains the question of whether the mechanism is A-1 or A-2, 
and the Zucker-Hammett hypothesis might usefully be applied if the reactions 
could be kinetically investigated at  higher acid concentrations. Two possible 
courses are indicated : one could perhaps slon- down the reactions without chang- 
ing the mechanism by appropriate substitution of electron-withdrawal groups, 
or one could study the present reactions by the use of fast-reaction techniques. 

An interesting example of an inverse application of k o  to  a reaction mechanism 
is the acid-inhibited oxidation of imidazole, CH=CHS=CHSH, by bromine 

(54). In  aqueous acid solutions this molecule is present as the conjugate acid 
GHz+ so that the overall reaction is: 

GHa+ + Br2 = products + 2Hf + 2Br- 

.A plausible mechanism is: 

GH2+ e GH + H+ Equilibrium 

Slov: GH + Brp ---f products + H+ + 2Br- 

The equilibrium concentration of GH will vary inversely with ha acidity. Hence 
if the effect of the medium on the rate-determining step is small, that is, if 
fGHfBrZ E f;, the observed rate should vary inversely Kith ho. Experimentally a 
plot of log k l  vs. - H ,  for solutions of sulfuric acid up to 2.5 M is found to  be 
linear with slope -0.9. 

It is occasionally found that rates of acid-catalyzed reactions do not parallel 
either ho or CH+. In these cases the mechanism is likely to be complex and specific 
conclusions can be drawn only on the basis of further evidence. One such example 
is the cyclization of 3,3-dimethyl-5-ketohexenoic acid to dimedon in aqueous 
sulfuric acid (125). A plot of log 7il vs. -Ho gave a somewhat curved line with a 
slope of only about 0.35. h plot of log h.1 versus log CR2S04 gave a more nearly 
straight line but with a slope of 4.6. From this the investigators concluded that 
the reaction probably does not conform to any simple mechanism. 

The reaction between hydrogen peroxide and benzeneboronic acid to yield 
phenol and boric acid shon-s acid catalysis and has recently been studied for 
aqueous solutions of sulfuric, perchloric, and phosphoric acids up to  9 M con- 
centrations (144). The reaction is first order in both reactants. For phosphoric 
acid the second-order rate coefficient is closely proportional to  ho. For sulfuric 
and perchloric acids, while the rate increases considerably faster than the acid 
concentration, it does not increase as fast as ho. Log kz is reported to be linear with 
almost unit slope in the quantities l o g a ~ ~ o a & ~ i , 2 , 0 ,  and log C L ~ ~ ~ U ~ C I ~ ~ ,  respectively, 
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but since the data used for the acid activities are actually mean ionic activities, 
the significance of these relationships is doubtful. 

The reaction between formaldehyde and polyvinyl alcohol to  give a formal 
is acid catalyzed, the rate a t  constant acidity being first order in concentration 
of alcoholic hydroxyl groups as well as in concentration of formaldehyde (184). 
It has been reported that the rate changes with acidity in proportion to  ho and 
from this the conclusion has been drawn that the reaction exhibits general acid 
catalysis. Unfortunately the highest acidity employed was only 0.75 M aqueous 
solutions of the mineral acids, and a t  this acidity ho is not significantly different 
from hydrogen-ion concentration. 

111. ACID CATALYSIS IX CONCENTRATED SOLUTIONS OF SULFURIC ACID 

4. ACIDITY O F  SULFURIC ACID SOLUTIONS 

Values of Ho have been determined for the complete range of sulfuric acid- 
water mixtures (116, 193). In  fact the studies extend beyond the anhydrous acid 
to  107 per cent sulfuric acid, i.e., a solution of 32 per cent sulfur trioxide in HzSO4 
(23, 27). The measured H o  for this last solution is -12.9, a value which demon- 
strates that the sulfuric acid system alone furnishes an exceedingly wide range 
of acidity. 

Considerable attention has been given to  sulfuric acid as a solvent. The an- 
hydrous acid has a dielectric constant higher than that of water (28, 29, 94) and 
dissolved salts satisfactorily obey an extended form of the Debye-Huckel equa- 
tion (97). Water behaves as an almost strong 1:1 electrolyte (115b), ionizing 
according to the equation: 

H20 + H2S04 = H30+ + HSOa- 

The equilibrium constant of this reaction has been estimated by Den0 and Taft 
(74) to  have a value of 50 at  25"C., so that in sulfuric acid containing less than 
10 per cent water the reaction is more than 97 per cent complete. The acidity in 
this range is apparently determined by self-ionization of the solvent, just as in 
dilute aqueous solutions of bases; that is, 

a H + a H S O r -  = 

aHpS04 

where K is an equilibrium constant (115b). Brand (23) has shown that for con- 
centrations of between 87 and 99.8 per cent sulfuric acid, Ho satisfies an equation 
of the form 

CHSOI-  

CH2SOr 
H o  = constant + log ___ 

\There CHSo1- and CHzSor are computed on the simple assumption that the water 
ionization reaction goes to  completion (CHso,- = CL20 and C H Z S O p  = CL,SO, - 
C&, where Ckzo and C~z,o, are stoichiometric concentrations of water and 
sulfuric acid). This implies that activity coefficients of the various ionic and 
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molecular species which are present stay constant over this range. The approxi- 
mate constancy of the activity coefficients for these particular species should not, 
however, be taken to  mean that all solutes behave ideally in almost anhydrous 
sulfuric acid. Brand (25) reports that 2,4dinitrochlorobenzene, a compound 
known not to be ionized in anhydrous sulfuric acid, has an activity coefficient 
in 90 per cent sulfuric acid of 13 relative to a value of unity in the anhydrous 
solvent. Solubility data for other polynitro compounds imply comparable varia- 
tions in activity coefficients (95, 126). 

For solutions of from 87 to 100 per cent sulfuric acid, xhere the mole fraction 
of water is less than 0.5, one cannot expect to  apply without modification all the 
concepts applicable to dilute aqueous solutions. The A-1 mechanism remains 
a plausible reaction path, and for this mechanism it seems reasonable to continue 
to expect proportionality of rate with ho. In  contrast, the status of the 4-2 solvoly- 
sis reaction in highly concentrated solutions of sulfuric acid becomes less clear 
and the characteristics of such a reaction, if it occurs, are not known. As a con- 
sequence the mechanistic significance of a correlation between rate and Ha is 
much less definite than in more dilute aqueous solutions. From a more empirical 
standpoint, HO is a practical measure of acidity which can be applied to sulfuric 
acid solutions containing small concentrations of water, and it is of the greatest 
interest to  note that a number of reactions have been discovered whose rates do 
show correlation with H O  in these media. As Hammett (115b) has pointed out, 
such correlations tend a t  least to establish acid catalysis, rather than “inhibition 
by water,” as the effective mechanism. Of equal interest is the fact that the H o  
scale extends continuously into solutions of anhydrous sulfuric acid containing 
excess sulfur trioxide, thus affording a test for acid catalysis in this highly acid 
nonaqueous medium. 

The J o  acidity function is also well established for concentrated solutions of 
sulfuric acid and the acidity measured by - JO is known to increase much more 
rapidly with acid concentration than that measured by -Ho (71). Hence it should 
be feasible to  distinguish between reactions which proceed through the ordinary 
conjugate acid of the reacting molecule and those which proceed through a 
carbonium ion. Examples of reactions for which this possibility has been investi- 
gated are given in the following sections. 

B. DECOMPOSITION O F  CARBOXYLIC ACIDS 

In  their original paper on the acidity function, Hammett and Deyrup (116) dis- 
cussed several correlations of rate and H O  for studies with concentrated sulfuric 
acid. Among them were decompositions of carboxylic acids. A typical case is 
that of formic acid (75), which decomposes rapidly in pure sulfuric acid: 

HCOOH -+ CO + HzO 

Figure 14 shows a plot of log kl vs. -Ha for the reaction in 95-100 per cent 
sulfuric acid. The solid line is drawn with a slope of unity, and it is evident that 
the correlation of rate and H O  is good. A similar but less precise correlation was 
found for the decomposition of malic acid (76, 78, 242). Cryoscopic studies have 
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FIG. 14. Decomposition of formic acid in concentrated solutions of aqueous sulfuric acid 
at 15°C. (75. 116). 

shown that a large number of aliphatic carboxylic acids behave in sulfuric acid 
as simple uncharged bases, undergoing ionization to the conjugate acid cation 
(95). There is no difficulty therefore in accepting this species as a reaction inter- 
mediate and in supposing that the observed correlation between rate and Ho 
signifies an A-1 decomposition mechanism. 

The formic acid reaction has recently been studied in 80-98 per cent aqueous 
sulfuric acid and in aqueous phosphoric acid containing 72-84 per cent phos- 
phorus pentoxide (93). The results indicate a more complicated picture. 
Temperatures were from 20" to 100°C. and explicit account was taken of the 
variation of Ho itself with temperature. For phosphoric acid a t  a given tempera- 
ture, both the reaction rate and - Ho were observed to  pass through maximum 
values a t  a concentration of 79.7 per cent phosphorus pentoxide, which corre- 
sponds to the composition HhPaO,. For both acids, however, with decreasing con- 
centration log kl was found to  decrease more rapidly than -Ho; the deviation 
was related to  a change of activation energy with acid concentration. The in- 

vestigators consider the possibility that a carbonium-ion intermediate, O=C-H, 
is involved, but this species appears improbable on structural grounds. Another 
feature of the results is that a t  a given value of 120, log kl is considerably smaller 
for the sulfuric acid than for the phosphoric acid solutions. 

For two other acids, oxalic (157, 246) and citric (245), plots of log kl vs. -110 
show extended regions with slopes of 2 (1 14). More precisely, a plot of log k l  vs. 
-Ho for oxalic acid is curved but show a slope of about unity for acid concen- 
trations of from 90 to  96 per cent sulfuric acid and a slope of about 2 for acid 
concentrations of from 98 to  100 per cent sulfuric acid. With citric acid (figure 

+ 
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15) a similar slope of 2 has been interpreted (115b) as indicating a mechanism of 
the folloming type (where Cit is an abbreviation for citric acid): 

Cit + 2H+ e Cit Hz++ Equilibrium 
Slow Cit Hz++ -+ products + 2H+ 

In  other words, formation of a diprotonated species is proposed. With citric acid 
there is a further complication in that the rate actually reaches a maximum value 
and then drops for higher acidities (see figure 15). There are several possible 
explanations of this latter behavior, but the most likely is that a t  the highest 
acidities the reactant is being converted into some species of much lower 
reactivity. 

An extensive study has recently been made on tlie decarboxylation of benzoyl- 
formic acid (86). The rate of this reaction was followed in 94-98 per cent sulfuric 
acid and also in aqueous mixtures containing added potassium sulfate. Log kl vs. 
-Ho for the former data gave a linear plot with a slope of 2.1. The investigators 
conclude that the reactant is the diacidium ion CaH6COC02H3++. Actually, for 
both this case and the previous examples, if two protons are added in the pre- 
liminary equilibrium the relevant acidity function is H+ + Ho.  The fact that the 
log kl vs. -Ho slope is close to 2 then suggests that H o  and H+ are parallel func- 
tions of concentration for these sulfuric acid solutions (86). This is in agreement 
with actual indicator studies (20, 27). 

The mechanisms of these acid-catalyzed decompositions in concentrated 
sulfuric acid have not been established, but an A-1 type seems highly plausihle 

- 
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FIG. 15. Decomposition of citric acid in concentrated solutions of sulfuric acid a t  25°C:. 
((114, 245). 
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(115b). Elliot and Hammick (86) point out that the mechanism for the de- 
carboxylation of triphenylacetic acid (77, 78) may be different from that for the 
others both because of the nonintegral slope of 2.6 in the log lil vs. - Ho relation- 
ship and because it is the only acid showing a slope much greater than unity 
which does not have a number of base centers equal to the presumed number of 
protons added. This reaction has also been considered by Den0 and Taft (74), 
who note that log lil closely parallels the Jo acidity function rather than Ho. 
They conclude that the mechanism is different and that the ionization probably 
goes to  the oxycarbonium ion, (CsH5)&COf, rather than to  a conjugate acid or 
diacidium ion. 

C. REARRANGEMENTS 

Hammett and Deyrup (116) noted a good correlation between log kl and -Ho 
for the Beckmann rearrangement of acetophenone oxime (68, 195, 222). The 
mechanism of this reaction is closely related to  A-1, since a unimolecular re- 
arrangement of a positive ion is quite probably involved (115c). 

An approximate correlation of rate and H o  was early reported (114, 116) for 
the condensation of o-benzoylbenzoic acid to anthraquinone (98). Later experi- 
mental work by Deane and Huffman (65-67) extended the kinetic studies into 
fuming sulfuric acid. Actually, the correlation of rate and ho is not very good 
even at  the lower acidities. At the highest acidities the rate becomes approxi- 
mately constant, independent of acidity. The probable explanation of these 
results is to be found in the studies of Sewman and coworkers on this system 
(178, 179). One item is that the cryoscopically determined “2’ factor for o-ben- 
zoylbenzoic acid in pure sulfuric acid is 4, indicating complete ionization in this 
medium to an acylium ion. The investigators presented evidence for the forma- 
tion of a cyclic acylium ion: 

0 

although this is not essential to explain the cryoscopic results. Sewman also 
suggests that the rearrangement to  anthraquinone goes through reaction of the 
ordinary acylium ion (formed from the above cyclic one) with a transition state 
of the structure: 

I ’  
0 
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The important point is that for reaction via an acylium ion the rate a t  low acidi- 
ties should vary with the Jo acidity function rather than d h  Ho. The observed 
approximate correlation of log kl  and -NO for solutions of from 85 to 90 per 
cent sulfuric acid is then perhaps to be explained by the proposal that a sizeable 
amount of the reactant is already transformed to the acylium ion. Further study 
at lower acidities should be illuminating. 

Den0 and Kewman (73) have found that d-see-butyl hydrogen sulfate and d- 
pinacolyl hydrogen sulfate (present initially as the lithium and barium salts, 
respectively) are racemized at  measurable rates in solutions containing 45-65 
per cent of sulfuric acid. The concentrations, TThich on a molarity scale are only 
from 5 to 9 X in sulfuric acid, are almost certainly  lo^ enough that the Zucker- 
Hammett hypothesis can be validly applied. For the butyl hydrogen sulfate log 
kl is linear in Ho,  as shon-n by the following table: 

~~~ 

-2.38 

HnSOi I Ho 1 log ki + 6 j log kl + HO + 6 

55 1 -3.91 
-4 .24  57.74 

I 

1.48 -2.43 
-2.43 

D. AROMATIC SULFONATION AND ITS REVERSE 

Sulfonation of aromatic compounds is normally carried out in concentrated 
or fuming sulfuric acid. Several discussions of possible mechanisms are available 
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(107, 127a, 128, 147, 148), but the reaction is evidently in a somewhat uncertaiii 
state compared, for example, to the analogous nitration reaction. However, it 
appears that application of HO to the rate of reaction can be of considerable use. 

Sulfonation is reversible with an equilibrium which depends strongly on the 
medium. The reaction can be written 

RH + SO3 ," RS03H 

indicating that the sulfonated product will be favored in concentrated solutions 
of sulfuric acid but that  desulfonation may well occur in less concentrated solu- 
tions. The desulfonation reaction is actually well known and its kinetics have 
been studied for several situations. 

Crafts made extensive kinetic studies of the desulfonation, i.e., the hydrolysis, 
of a variety of substituted benzenesulfonic acids (60, 61). The experiments were 
at temperatures of from 80" to 200°C. and involved aqueous solutions of such 
acids as hydrochloric, hydrobromic, and sulfuric. The most obvious characteristic 
of the data is a strong dependence of rate on acidity. Figures 16 and 17 give 
Crafts' results for typical compounds, and it is evident that the rate of the hy- 
drolysis varies approximately in proportion to the ho acidity of the solutions (107). 
Lanta's studies of the hydrolysis of a-naphthalenesulfonic acid in aqueous sulfuric 
acid (147, 148) also show an approximate dependence of rate on ho. Pinnow (196 
197) has studied the rates of both the sulfonation and the desulfonation of hydro 

c: u) 

8 
2- 
QI 
0 

o. m-Xylenesulfonic ocid 
HCI, I to 7 M 

0 p- Xylenesulfonic ocid 
HCI, I to 10 M 

0 I -Ho 2 3 4 

FIG. 16. Hydrolysis of sulfonic acids at 140°C. (61) 
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FIG. 17. Hydrolysis of mesitylenesulfonic acid u t  100°C. (61) 

quinone in sulfuric acid. The data clearly show a dependence of desulfonation 
rate on acidit,y but the proportionality with ho is not very good; log h-1 vs. - Ho 
plots are reasonably linear but the slopes are only about 0.6 instead of unity. 
It has recently been suggested (107) that a possible reason for some variations 
in the dependence of rate on acidity is that sizeable amounts of the reactant may 
actually be converted to the conjugate acid, i.e., that an equation such as 7a or 9a 
should really be applied. In  view of the high acidities involved this is certainly 
possible. Still another possible reason for log h.1 vs. -Ho slopes of less than unity 
is the large differences in temperature between the rate and indicator measure- 
ments; the desulfonation studies are usually a t  temperatures of a t  least 100°C. 
and, as noted in Section I, a decrease of slope with increasing temperature of 
the rate measurements is to  be expected. 

Brand and Homing (24,26) have studied the kinetics of sulfonation in fuming 
sulfuric acid and find that for several reactions the rates are satisfactorily given 
\)y the expression 

log X: = -Ho + log psos + constant (20) 
tvhere p B O 3  is the measured partial vapor pressure of sulfur trioxide (30). Studies 
of sulfonation in aqueous sulfuric acid also give evidence of a rate dependence 
that is qualitatively like the above. Pinnow (196, 197) has shown that the rate of 
sulfonation of hydroquinone increases much more rapidly with concentration of 
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acid than does the desulfonation, and in fact slopes of log k1 vs. - H o  for his data 
on sulfonation are found to  be about 1.2, i.e., almost double the slopes for de- 
sulfonation. Lantz’s sulfonation data show a similar dependence on acidity 
(145-150). Cowdrey and Davies (59), in a discussion of their data for the sulfona- 
tion of p-nitrotoluene in concentrated sulfuric acid, do not consider the acidity 
explicitly but do note that in fuming sulfuric acid the rate frequently increases 
faster than the sulfur trioxide concentration. Similarly, the observed marked drop 
in rate for additions of either water or bisulfate ion is in qualitative agreement. 
with a dependence of rate on acidity as well as on concentration of sulfur trioxide. 
The sulfonation rate of benzene at  25°C. in sulfuric acid solutions of from 77 
to 87 per cent likewise increases very rapidly with acidity (107); a plot of log kl 
vs. -Ho is linear with a slope of 2.3. 

As Gold and Satchel1 note (107), the data for desulfonation clearly imply acid 
catalysis. These authors consider that (at least a t  the lower acidities) there is 
equilibrium formation of an “outer-sphere” complex of the type previously pro- 
posed for the hydrogen isotope exchange (see Section 11,D). 

However, this is not essential to  the kinetics and another obvious possibility 
is an A-1 reaction of the unionized sulfonic acid: 

ArSOSH + H+ ,“ ArS03H2+ 

ArS03H2+ S ArH + So3 + H+ 

Equilibrium 

Slow 

This latter mechanism is in accord mlth the observed acid catalysis and is also 
consistent with the acid catalysis observed for sulfonation. It fits nicely therefore 
with equation 20, given by Brand and Horning for the rate of sulfonation. Still 
another possible mechanism for desulfonation consistent with these observations 
is the A-S,2, in which the transfer of the proton to  the unionized sulfonic acid 
molecule would be rate determining. At present the evidence available on the 
mechanism is inconclusive and indicates the need for further study of this im- 
portant reaction. 

E. ELIMINATIOS REACTIOXS O F  STERICALLY HINDERED SYSTEMS 

An extensive study has been made by Schubert and collaborators of eliniina- 
tion reactions for such systems as mesitoic acid (213, 215), mesitaldehyde (214, 
217, 218), and 2,4,6-trimethoxybenzoic acid (219). The entities eliminated are 
COz for the acids, CO for the aldehydes, and acyl groups for the ketones (216); 
the other product for all cases is the hydrocarbon. Most of the studies have been 
made a t  sulfuric acid concentrations between 75 and 100 per cent, and at  these 
concentrations the rates do not generally show much variation with acidity. 
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FIG. 18. Decsrbonylation of substituted benzaldehydes in concentrated solutions of 
sulfuric acid at  100°C. (218, 219). 

Typical results for two of the decarbonylation reactions (218) are shown in figure 
18. The striking feature is the broad maximum with sizeably smaller rates a t  
both lower and higher acid concentrations. Also of note is the fact that the re- 
action still takes place at  a moderate rate in anhydrous sulfuric acid. At a given 
temperature the rate for the triethyl compound is roughly threefold faster than 
for the trimethyl; for triisopropylbenzaldehyde the rate is faster than for triethyl 
by another factor of 3. Changes in substituents a t  the meta and para positions 
also cause large changes in rates. For example, 2,4,6-trimethylacetophenone is 
deacylated about 70 times more rapidly than the 2,6-dimethyl compound (216). 
A similar dependence of rate on acid concentration and on substituents is found 
for the decarboxylations, though in this case the reaction is complicated at  the 
highest acidities by ionization to  acylium ions, RCOf. 

The decarboxylation of mesitoic acid has recently been studied a t  lower acidi- 
ties (167); the results a t  90°C. are given in figure 19, which includes also one 
determination of Schubert’s (213) and one result for aqueous phosphoric acid 
(18). The maximum at  the higher acidities is quite similar t o  that reported by 
Schubert for measurements a t  80°C. (213). At the lower acidities the rate quite 
evidently is proportional to  ho, and it is of interest that on an ho basis the results 
for phosphoric and perchloric acids agree well with those for sulfuric acid. 

After a detailed consideration of mechanisms, including the A-1 mechanism, 
Schubert and coworkers conclude that the only mechanism which mill explain 
all of the data is a somewhat unusual sort of general acid catalysis. Written for 
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FIG. 19. Log k l  versus -Ho for decarboxylation of mesitoic acid in aqueous solutions of 
acids a t  90°C. (167): 0 and A (213), sulfuric acid; D, perchloric acid; 0 ,  hydrochloric 
acid; A, phosphoric acid (18). 

the decarboxylation reaction, with charges on the solvent acids and bases left 
unspecified, it is as follows: 

(1) ArCHO + H+ = ArCHOHf 

( CHO 

( 2 )  ArCHO + HAi IAr’ 
‘k.n \ 

Equilibriuni 
I 

+ Ai 

1 ‘H 

Formation of the ordinary conjugate acid ArCHOH+ (with the proton attached 
to  the oxygen atom) occurs in step 1 but is postulated to  be just a disturbing 
side reaction, since only steps 2 and 3 lead to reaction. Schubert and Burkett 
(214) conclude that this mechanism will explain both the kinetic data and the 
results for a deuterium study of the mesitaldehyde reaction, provided (a) that 
step 3 is rate controlling at  low acidities but that a t  high acidities (over 85 per cent 
sulfuric acid) steps 2 and 3 are of comparable velocity, and ( b )  that the rate 
coefficients for the various acid catalysts are assumed to  be of the approximate 
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size to lead to the observed decrease in rate a t  the highest acidities. The leveling 
off in rate which usually occurs at H O  values of about -7 is attributed to es- 
tensive formation of the ordinary unreactive conjugate acid by step 1; in agree- 
ment with this, PI<,,+ values for several of the conjugate acids have been meas- 
ured and found to be of the order of - 7  to -8. Finally, the esplanation of the 
commonly observed decrease in rate a t  the highest acidities is that catalysis by 
other acid species is entering (for example, catalysis by HzS04 replaces that 

In  spite of the fit which may be obtained with this mechanism, there appear 
to be some difficulties (167). One is that general acid catalysis is being used to 
explain a decrease in rate as the acidity increases and this seems somewhat un- 
likely. A second is that the actual operational meaning of general acid catalysis 
for these concentrated acid solvents is not a t  all well defined. It is worth noting 
also that a quite similar decrease in rates occurs for aromatic nitrations in con- 
centrated sulfuric acid and has been attributed to general medium effects (96). 

by H#). 

F. MISCELLANEOUS REACTIONS 

One example of a reaction in concentrated sulfuric acid where the rate appears 
not to depend on the acidity function is the cleavage of a carbon-silicon bond in 
trimethylsilyl groups to produce methane. The kinetics of this reaction have been 
studiedin the concentration range of from 87 to 97 per cent acid (223). The reac- 
tion is homogeneous and first order in the substrate. The rate increases 
moderately with increasing concentration of acid but much less than does the 
& acidity. The investigators show that the rate is very close to first order in 
unionized Ha04 and postulate a slow reaction of this entity with the substrate to 
give methane and a siliconium ion, R(CH3)2Si+. This correlation of rate with 
concentration of sulfuric acid is even better if the value of the latter is calculated 
by the procedure of Den0 and Taft (74). Another study of carbon-silicon bond 
fission is described in Section IV,B. 

As noted previously (71, 193), for concentrated solutions of sulfuric acid the 
Jo acidity function (equation 17) deviates considerably from the Ho function and 
as a result one may hope to distinguish between certain reaction mechanisms by 
determining which acidity function appears to govern the rate. This type of 
test has been made by Bonner, Thorne, and Wilkins (21, 22)  for acid-catalyzed 
cyclodehydration reactions of the type: 

+ H2 0 

The kinetics of two of these reactions were determined a t  25°C. for aqueous 
sulfuric acid solutions containing 84-97 per cent H2S04. The relation, log k, + 



H a  = constant, was fourid to  hold Kith good precision. In  contrast, the sum, 
log + log (CRoE/CR+), where ROH represents a JO indicator of the triphenyl- 
methylcarbinol type, varied by more than one logarithmic unit over the acidity 
range studied. It was concluded that this reaction involves a preliminary ioniza- 
tion to  the conjugate acid of the reactant rather than to a carbonium ion. Actually 
it seems likely that a t  the acidities involved, the nitrogen base center of the 
molecule is completely protonated, i.e., the reactant is a positively charged ion 
rather than a neutral molecule. If so, the relevant, acidity functions would be 
H+ and J+ rather than Ha and Jo. The diagnostic argument is probably still 
valid however, since I$+ is known to parallel H o  at acidities close to these (20, 27) 
and < J +  will probably also parallel Jo. 

IV. ACID CATALYSIS IN MIXCU i ~ u u  So.v.iguil,oos SOLVEKTS 
This group of solvents clearly encompasses a wide range of possible behavior. 

For a solvent like 1 : 1 ethanol-water one can probably expect similar behavior 
to  Jvater itself, Le., the dielectric constant of the medium is high and the ioniza- 
tion and dissociation behavior of electrolytes should not be very different from 
that in water. Thus one might expect the H o  acidity scale to  show about the same 
generality and utility as for water. However, for a solvent with low dielectric 
constant such as anhydrous dioxane or acetic acid one can expect extensive ion- 
pair formation and frequent examples of specific behavior. It is fairly certain 
that the No scale will be less general for anhydrous dioxane solutions than for 
water and in fact its generality may be so restricted as to  make the function 
useless (113, 173). Actually, the available data do not permit a firm conclusion 
on this even for dioxane, let alone the many mixed solvent possibilities. Conse- 
quently many of the discussions of correlations betiyeen rate and HO for these 
solvents are bound to have a somewhat tentative air. 

It is worth noting that studies with mixed solvents permit t x o  rather different 
sorts of variation of N o  and as a result two rather different kinds of correlation 
of rate with acidity, One type of variation is that given by changes in the solvent 
for fixed concentration of acid solute. The data of Braude and Stern (32, 34) on 
Ha for solutions of 0.1 111 hydrochloric acid in water-ethanol, water-dioxane, and 
water-acetone mixtures constitute a good example. This kind of variation will 
usually involve large changes in the properties of the medium (in addition to  
changes in indicator acidity). As a result it should not be surprising that correla- 
tions between rate and Ha are sometimes poor, particularly for the solvents of 
lowest dielectric constant. 

Another type of variation of acidity for mixed or nonaqueous solvents is that 
obtained by changing the concentration of a strong acid in a solvent of fixed 
composition. The data of Bunton and associates (48) for solutions of 0.25-4.5 M 
perchloric acid in solvents consisting of 40 and 60 per cent by volume of dioxane 
in water are an example. This type of variation minimizes the changes in the 
properties of the medium other than acidity. Consequently such solutions should 
be particularly favorable for investigating mechanistic implications of correla- 
tions of rate with Ho. 
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A truly complete correlation requires that the late data for all acidities i i i  d l  
solvents should fall on a single plot of log h.1 vs. -Ho characterized by a stmight 
line with unit slope. S o  systematic study of any reaction along these line?, w- 
tending to  mixed and nonaqueous solvents, appears to  have been made. Scattered 
results are listed in subsequent sections; they indicate that for coiliparivor+ be- 
tween different solvents the indicator acidity often gives an approximate but by 
no means precise correlation of the rates. Since the I10 function itself has been 
shown to be not entirely independent of the indicator and since even for aqueous 
solutions the correlations between rate and $10 are not exact, this lack of preuisioii 
for other solvents is not unexpected. The important (and only partially answred) 
questions are: what, in a hroad sense, are the liniits of utility of the indicsator. 
acidity scale, and t o  what extent can rate coyrelatioils with Hn for m i w d  ant i  
nonaqueous solvents bc used as evidcnce for niechanisins? 

.1. ACETIC ACII) 

Several studieb oi liinctics have been reported with acetic acid ztb soixecrit. 
This medium has a low dielectric constant (6.2 a t  25OC.) and nhile oonsidcrahle 
indicator research has been done on it, the generality of the Ho scale canuot be 
regarded as firmly established (193). In fact, there is evidence that cquilihria 
between ions and ion pairs play a specific role in acid-base reactions taking 
place in this hob-ent (39, 13G). The Zucker-I-Ianirnett hypothesis can thereforc 
tie applied only on an exploratory basis. 

In  figure 8 for the decomposition of trioxane, experimental points n ere d i o i v n  
for 0.5 ill and 1 111 solutions of sulfuric acid i n  anhydrous acetic acid. Thc rate 
data of Talker and Chadwick (240) are not especially precise because the rea(+- 
tion pi oduct, formaldehyde, tends to react slowly n ith the solvent amtir acid. 
Still, the correlation through Ho uith the rates in aqueous acid solutions is fairly 
good, considering that for 1 JI sulfuric acid concentiation the shift from aqueous 
to acetic acid solution increases the reaction rate by a factor of nearly 2000. 
4 detailed comparison of the acid-catalyzed hydrogen isotope exchange or 

anisoles (see Section I1,D) has recently been made for water-sulfuric acid and 
acetic acid-sulfuric acid mixtures, with the results shown in table 5 (212). From 
these data it seems clear not only that the reaction fo l lo~~s  Ha in both solvcnth 

TABLE 3 
Coinparz.son of behavior oJ deuteraled anisoles for soluiiotzs of sul furzc aczd t n  uatc r rrnd i i i  

acetic aczd, 25°C 
- -  - _I_____ __ 

I 

H2SO4-HzO I HzSOa-CI&COOH 
- Reactant l- , lOskl(sec-1) at ' slope 1 105k1(sec-l) at Slope 

Uo = -3 3' 1 log kl vs -no I Uo = -3 3t log kI vs -Mi _____ _ _ _  I--. 
I 

.inisole-o-d 1.2 1 3  1 IS 
Anisole-p-d 2.6 , 1 1s 2 . 4  1.18 _ _  - . - ._ _ _  ____ 

* 6 77 df H2S0, in mater. 
t 1.75 M H2S04 in acetic acid. 
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but that a t  a given IIO value the absolute rates in the two solvents are much the 
same. The results certainly suggest that the mechanism of the reaction is the 
same in the two solvents. Of equal interest, the data give added evidence for the 
utility of the Ho scale for mixtures of sulfuric and acetic acids. 

The rearrangement of benzopinacol to the corresponding pinacolone has been 
studied by Gebhart and Adams (89) in acetic acid containing 7 X 10-6 to 5.5 x 

M perchloric acid and also 0.03 to 3 per cent by weight of water (see also 
Section 11,E). Two concurrent reactions take place, one a direct conversion to the 
pinacolone and the other an indirect conversion by may of the stableintermediate, 
tetraphenylethylene oxide : 

(Ca&)&-c(CaHs)z G SH+ - (C&L)&-C(CsH,)z + H+(+HzO) 
fast slow \ /  

0 \ I 

1 1  
OH OH 

\ j fast 
slow\ -H;O . 

\ EH+ 

Both the direct conversion of the pinacol and the conversion of 

+ H+ 

the intermediate 
epoxide were found to proceed at rates such that log h-1 was linear in -Ho  with 
slope of about 0.9. The authors conclude that A-1 mechanisms are involved. Since 
these rearrangements can be effected simply by intramolecular bond shifts, the 
proposed mechanism is certainly plausible. A similar correlation with Ha in 
perchloric acid-water mixtures has been reported for the dehydration of 1 ,1 ,2-  
triphenylethanol (188). 

Soyce and Pryor (181) have studied the kinetics of the acid-catalyzed aldol 
condensation of benzaldehyde with acetophenone in acetic acid containing 
0.18-2.16 X sulfuric acid plus small quantities of water. They found the second- 
order rate coefficient to  be proportional to  ho. They conclude that the rate-de- 
termining step is reaction between the enol form of the ketone and the conjugate 
acid of the aldehyde: 

RCOCH, $ RC(OH)=CHz Equilibrium] 
R’CHO + H+ 6 R’COHz+ Equilibrium 

OH OH+ 
I 1  

RC(OH)=CH2 + R’COH*+ -+ RCCHgCR’ Slow 
1 

H 
OH OH+ OH 

Fast 
I /  I 

RCCHzCR’ e RCCH2COR’ + H+ 
I 

I 
H 

I 
H 
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OCOCH, OCOCH, 

R&CH2CORt + H+ 6 RbCH2C(OH)+Rt Equilibrium 
I I 

H H 

Since the mechanism proposed for reaction I however is A-2 (though it does not 
specifically involve a molecule of the solvent), the significance of the observed 
correlation with ho is not a t  all obvious. 

The rate of oxidation of methylcyclohexane by chromic acid has been studied 
(211) with solutions of sulfuric, perchloric, and phosphoric acids in acetic acid 
containing low concentrations of water (between 0 and 15 per cent). The rate 
determined at temperatures between 20" and 50°C. is first order in both reactants 
and the logarithm of the second-order rate coefficient is reported to be linear in 
-H0 as determined ITith the indicator 4-chloro-2-nitroaniline (210). The slope 
is close to unity for nearly anhydrous sulfuric acid-acetic solutions, but it in- 
creases with water concentration, having a value of 1.58 for a solvent containing 
15 per cent water. The precise significance of these correlations as regards the 
reaction mechanism is difficult to establish, since the order of the reaction is 
high and effects of the medium on the various reactants may be quite specific. 

The chloromethylation of mesitylene: 

ArH + CH?O + HC1 = ArCH?Cl + H20 

has been studied at 60°C. for hydrochloric acid concentrations betx-eeii 0.2 and 
1.0 X in acetic acid containing 10 per cent by volume of water (183). Values of 
Ho were obtained at 20°C. lvith the indicator o-nitroaniline for the actual reaction 
mixtures and also for solutions simply of hydrochloric acid and of sulfuric acid 
in the same solvent. The reaction is first order in bot8h mesitylene and formalde- 
hyde, and log X.2 for the second-order rate coefficient was found to be linear in 
-120 with slope 0.96. From this the investigators draw the conclusion that the 
rate-determining step is a bimolecular reaction between the hydrocarbon and 
the conjugate acid of formaldehyde. It is difficult to see how this conclusion 
follows from the observations reported. 
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The decarboxylation of several substituted cinnamic acids has been studied 
by Johnson and Heinz (132) in acetic acid-water mixtures containing 1.3-4.5 M 
hydrogen bromide. The rates increase much faster than the stoichiometric con- 
centration of catalyzing acid. KO H O  data for these solutions are available, but 
the nature of the reaction suggests that an A-1 mechanism may well be involved. 
Further investigation would be desirable. 

The Thiele acetylation of benzoquinone and of tolnquinone was investigated 
by hfackenzie and Winter (171, 172) in acetic acid-acetic anhydride mixtures 
containing 0.0778 111 perchloric acid. They attempted also to measure an indi- 
cator acidity (170) but their indicator, 2,6-dimethoxyquinone7 ionized in a com- 
plex way; their acidity scale is therefore not comparable to  H o .  At fixed perchloric. 
acid concentration, both the reaction rates and the indicator acidity increased 
in approsimate proportion Lvith increase in the ratio of acet'ic anhydride to acetic. 
acid. KO definite conclusions can be drawn, however, concerning the reaction 
mechanism in view of the theoretical difiiculties in interpreting the indicator. 
measurements. 

The bromination of sn-nitroacetophenone is an exsmplc of a reaction which 
does not follow Ho in acetic acid solutions. This reaction was studied by Paul 
and Hammett (192) in solutiolis containing 0.02-1.6 molal sulfuric acid. While 
log ICl was approximately linear in -Ho, the slope was about 1.6, showing t'hat, 
kl increases much more rapidly than ho. From evidence for the similar iodination 
reaction of acetophenone in aqueous acid solutions (250-252) , the reaction prob- 
ably follon-s an A-2 mechanism, complicated in the case of sulfuric acid by bi- 
sulfate-ion catalysis. No significant correlation would therefore be expected be- 
tween rate and Ho. It would be desirable in this case to establish the rate law for 
catalysis by perchloric or other acids whose anions show no specific catalytic 
effect. 

B. ALCOHOLS, DIOXANk;, AXD THEIR 3fIXTUICES JVtTH TV-4TEIE 

From the standpoint of a study of reaction mechanisms, there are two reasoxis 
for desiring an H o  acidity scale for mixed or anhydrous organic solvents. One is 
the enhanced solubilities of organic mat,erials, permitting studies of reactants 
which are insoluble in water. Another is the possibility that the acidity measures 
ho and C,+ may diverge from each other significantly at  lower acidities than for 
water, thus extending the range of usefulness of the Zucker-Hammett hypothesis. 
For both of these reasons the recent Ho data for solutions of perchloric acid in 
40-60 volume per cent aqueous dioxane (48) are of considerable interest. These 
studies were made with three indicators, so that the generality of the 120 scale 
seems reasonably well established. Furthermore, enough kinetic studies have 
been made with the solvents to suggest that the Zucker-Hammett hypothesis 
applies in much the same sense as with water. 

For solutions of perchloric acid in 60 per cent dioxane up to 2.3 1M concentra- 
tion, the rate of hydrolysis of ethyl acetate is closely proportional to  CH+ and 
departs widely from proportionality with ho (48). This is the same result as is 
found for water solutions (12) and is of course the expected result for an A-2 
mechanism. As a further point it was found that the value of the bimolecular rate 
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FIG. 20. Hydroiysis of Ruerose a t  25°C.: 13, aqueous hydrochloric acid (151) 0 ,  per-; 
chloric acid in 60 per cent by volume aqueous dioxane (48). 

coefficient k, (where rate = kZCpsterCHT) was almost identical with the value for 
water solutions at  the same temperature. 

The results for the hydrolysis of sucrose in the same solvent are shown in 
figure 20 along with those for a study in aqueous hydrochloric acid (151). The 
rates in the dioxane solutions increase much faster than in proportion to the acid 
concentration and in fact show excellent correlation with 130. In this sense the 
results are similar to those obtained for water solutions and are as expected for 
:in A-1 mechanism. Or1 an absolute basis, however, the agreement between the 
two sets of data is less satisfactory. At Ho = 0, for example. the rate in the solvent 
rontaining dioxane is 13 times faster than in water. 

,4s an example of u mechanism study with one of these solvents, Bunton and 
Haclwick (42) find that the rate of hydrolysis of p-methoxybenzohydryl acetate 
i n  solutions of perchloric acid in GO per cent aqueous dioxane is proportional to 
ha, not t o  C,+. Studies with 01* show that alkyl-oxygen bond fission takes place 
and the conclusion is drawn that, in agreement with the results for other similar 
molecules (41, 45, 50, 226), an AAJ mechanism is involved. Further evidence is 
that during hydrolysis of an optically active sample of ester there is complete 
racemization, showing that the carbonium ion from the alcohol is effectively 
free during the reaction. (For another example see the discussion of the benzidine 
rearrangement in Sect,ion 11,E.) 

Studies with a sinlilar solvent have been made by Kreevoy (138), who finds 
lhat for 50 per cent by volume aqueous dioxane containing 0.06-4.7 111 perchloric 
acid, the hydrolysis rates for several acetals and ketals shorr close proportionality 
with ha. Since the A-1 mechanism seems well established for these hydrolyses, this 
is the expected result. 
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A series of indicator acidity measurements for t,he solvents ethanol, acetone, 
dioxane, and their mixtures with water has been reported by Braude and Stern 
(32, 34). Using the indicators p-nitroaniline and m-nitroaniline at  fixed concen- 
trations of hydrochloric acid, they found that -Ho went, through a rather deep 
minimum of acidity (about 1.5 logarithmic unit's below the value for water in the 
case of 0.1 hydrochloric acid) at  approximat>ely 1 : 1 molar proportion of organic 
solvent t'o water (see figure 21 and see also figure 13 of reference 193). For 0.1 M 
hydrochloric acid in pure ethanol the value of - Ho was about 0.4 unit higher, 
and in pure acetone 0.7 unit higher, than in water, while in pure dioxane the value 
was lower (less acid) than in water. Other acidity measures such as electrometric 
pH and H- (from ionization of uncharged acid indicators) do not show this 
effect (8). An opportunity is thus afforded to test whether t,he rates of acid- 
catalyzed reactions agree or disagree with the behavior of Ho in these solvents. 

As noted previously there is some reason to question the utility of these data 
for studies of mechanism, particularly for the solutions of lowest dielectric con- 
stant. In fact, Braude's results have been criticized by Gutbezahl and Grunwald 
(113), who have shown that the HO concept loses some of its generality as one 
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FIG. 21. Rearrangement of ethynylpropenylcarbinol in solutions of 1 M hydrochloric 
acid in aqueous ethanol at 30°C. (31, 33, 35). 
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passes from aqueous solutions to media of lower dielectric constant, Specifically, 
the displacements in pK&+ values (at infinite dilution in the solvent S) from 
pK,,+ (at infinite dilution in water) vary to some extent with the particular 
base B and are not precisely determined simply by the nat'ure of S, as equation 
6 would imply. From this standpoint it, is unfortunate that' Braude's data refer 
to but tn-o indicators so closely similar in structure. One is therefore unable to 
assess how general his conclusions may be. Severtheless several interesting cor- 
relations with reaction rates have been reported. 

Braude and Jones (31,33) found originally that the rearrangement of ethynyl- 
propenylcarbinol : 

CH3CH=CHCHOHC=CH * CHBCHOHCH=CHC=CH 

took place in hydrochloric acid (0.02-4 ill) and sulfuric acid (0.02-2 M )  con- 
taining a fixed proportion of ethanol (20 per cent by volume) at  rates such that 
log k1 was linear wit,h slope 1.09 in -Ho as measured for the corresponding 
aqueous solutions (without ethanol). A positive salt' effect was observed for 
potassium chloride and several other inorganic salts when added to hydro- 
chloric acid, while the absence of general acid catalysis was indicated by experi- 
ments with buffer mixtures. All of this evidence is consistent with an A-1 type of 
mechanism. Braude and Stern (35) then found that the rate for 1 M hydro- 
chloric acid with changing proportion of ethanol to water went through a 
minimum following quite closely the corresponding change in ho (see figure 21). 
Similar results were obtained for this reaction with acetonewater and dioxane- 
water mixtures, and also for the analogous rearrangement of phenylpropenyl- 
carbinol , 

in 0.1 AI hydrochloric acid (table 6). 

TABLE 6 
Rate  versus HO for rearrangement of phenylpropenylcarbinol by 0.1 M 

hydrochloric acid in aqueous mixed solvents 
Rates a t  30°C.; time in seconds 

! Dioxane Ethanol I 
i Organic 

Solvent , 

colztmc 
per cent 

0 
20 
40 
60 
70 
80 
90 

100 

1 log k i  

- 1  

i -  j -1.46 
-1.90 ! -2.46 

1 -2.69 
1 -2.94 

-2.99 
I ~ -2.02 

Ho 

0.97 
1.23 
1.63 
2.19 
2.28 
2.35 
2.05 
1.31 

log ki 

- 1  
- 0 . 2 3  1 
-0.27 ' I -0.27 

I -0.41 
-0.59 
-0.94 1 
-0.71 

- 
- 

-1.84 
-2.40 
-2.65 
-2.83 
-2.91 
-1.38 

0.97 
1.14 
1.48 
1.99 
2.13 1 
2.21 ' 

I 2.19 1 
0.57 i 

I 
- 

-0.36 - i  
-0.41 1 
-0.62 1 
-0.52 , 

-0.72 
-0.81 , 

- 
- 

-1.75 
-2.24 
-2.46 
-2.55 
-2.65 
-1.16 

Acetone 

Ho 

0.97 
1.29 
1.63 
2.13 
2.31 
2.39 
2.35 
0.23 

og k1 + Ha 

- 
- 

-0.12 
-0.11 
-0.15 
-0.16 
-0.30 
-0.93 



1000 F. A .  LONG AKD M. A .  PAUL 

The proportionality between ICl and ho for these rearrangements is not exact 
and is in fact rather poor for the nearly anhydrous solvents (note for example 
the large change in log IC1 + HO for the higher acetone concentrations in the last 
column of table 6). Even so, the results are of considerable interest in view of the 
fact that no other reported measure of acidity for these mixed solvents reproduces 
the characteristic minimum shown by both kl and ho. 

Somewhat similar results have been obtained by Kaeding and Andrews (3, 133) 
for the hydrolysis of benzophenone diethylketal and its p-nitro derivative. The 
rate of the latter for 0.1 M hydrochloric acid goes through a minimum with chang- 
ing ethanol concentration at  about 80 mole per cent ethanol, but it increases 
much less rapidly than ho with increase in the ethanol concentration beyond that 
point. The investigators report that the quantities log (kl/Ca,,) and log (kl/aH,o) 
are practically linear in --I10 and conclude that tfhe rate-determining step is 
SH+ + HzO, where S represents the ketal. This of course would be an A-2 mecha- 
nism and one would have no a priori reason t o  expect correlation with Wo. How- 
ever, as Kreevoy and Taft (139) have pointed out, the data are also nicely con- 
sistent with an A-1 mechanism (which as noted in Section II,B,6 holds for ketal 
hydrolysis in aqueous solutions) if it be supposed that the conjugate acid reacts 
about as readily with ethanol as with water. 

Salomaa (211d) has in fact used such an explanatioii t o  account for the con- 
tinuous decrease observed in the rate of hydrolysis of ethylal with increasing 
proportion of ethanol to water in a solvent containing hydrochloric acid a t  fixed 
0.1 .&I concentration, The reaction was studied at  25°C. and the ethanol concen- 
tration was varied from 0 to 78 mole per cent. The postulated A4-l mechanism 
for this reaction has as the rate-controlling step: 

H+ + 
C ~ H ~ O C H Z O C Z H ~  + Cz&O=CH2 + CzHbOH 

followed in aqueous solution by rapid hydrolysis of the ethoxymethyl cation to 
ethanol and formaldehyde. In  an alcoholic solvent this latter step is assumed to  
be in competition with the reaction: 

+ Hf 
C ~ H ~ O = C H Z  + C2KsOH CzHsOCHzOCaH6 

leading back to ethylal. The relative rates of the rapid hydrolysis and alcoholysis 
reactions of the ethoxymethyl cation are deduced by Salomaa from the propor- 
tion of formaldehyde to ethylal found in the solvolysis of ethoxymethyl chloride, 
CzH50CHzC1, in a solvent of the same composition, for this compound pre- 
sumably gives rise to the same intermediate. When the true rate coefficient kl for 
the hydrolysis of ethylal is computed by this procedure from the observed overall 
or apparent rate, i t  turns out to follow Braude and Stern’s ho values reasonably 
closely, going through a minimum a t  about 50 mole per cent ethanol. -4 gradual 
increase now observed in log k1 + H o  with increasing alcohol concentration is 
attributed by the investigator t o  a shift in the value of log ( f ~ , ~ + / f ? c + )  with 
dielectric constant of the medium (see equation 9) and is shown to be linear in 
1/D, in agreement with theoretical analysis. Work by the same investigator 
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(21 la) on the solvolysis of alkoxymethyl esters in methanol-water and ethanol- 
water solvents containing a fixed concentration of hydrochloric acid has been 
described previously (Section II,A,l). 

The hydrolysis of several t-butyl and diphenylmethyl esters of carboxylic acids 
has been studied in aqueous ethanol and aqueous acetone solutions with hydro- 
chloric acid, 0.005-0.04 M ,  as catalyst (122, 123, 225-228). The t-butyl ester of 
2,4,6-trimethylbenzoic acid was chosen for the initial studies since from other 
evidence it seemed fairly certain that its hydrolysis and alcoholysis go by an 
AAl] path, with alkyl-oxygen bond fission, rather than by the more i m a l  A-2 
mechanism (31, Ej8). Recent studies with 01* in fact confirm the alkyl-oxygen 
fission and make it fairly certain that the mechanism is AAll (40). The hydrolysis 
lurned out to he much faster than that of the niet'hyl or ethyl esters of sub- 
stituted benzoic acids; the value of the activation energy E,  was high, of the 
order of 30 kcal., but this was more than compensated for by Ihe large value of 
log A ; in fact the eiitropp of activation was of order + lo  e.u. (rate coefficients 
111 lifers rnole-lsec.-'). All these items are in accord with the proposed AAll 
mechanism. Similar behavior was shown by I-butyl benzoate and by the corre- 
sponding esters of diphenylmethanol, suggesting similar mechanisms. However, 
the hydrolysis behavior of the formates was quite different, and Stimson suggests 
that for these molec~ules the mechanism has reverted Ixck to AA,2 (122, 227).  
Iliphcnylmethyl acetate shows an intermediate type of behavior, suggesting that 
for this ester both niechanisnis are simultaneously in operation (122). 

In the case of I-butyl 2,4,6-trinieth.vlbenzoate, Stimsoii (225) extrapolated to 
obtain k I  values foia solutions of 0.1 JI hydrochloric acid and then compared 
these with Braude's Iln data for hydrochloric acid dissolved in aqueous ethanol 
niid in aG.~eous acctone. The sum, log k1 + 110, was found to be approsiniately 
constant for soiutioiiP containing irom GO to 90 per cent ethanol or acetone. 
However, for ethanol lietween 90 and 100 per cent concentrations, log 1;1 in- 
creased much less rapidly than -Ho, while for acetone solutions betn-een 90 
and 100 per cent, log X.1 actually decreased whereas - 1 1 0  increased by about two 
logarithmic units. Sinvc: there is good reason to  believe that the L4-1 mechanism 
holds for reaction in all of these solutions, this is formally an indication of a 
failure of the Zucker-Iiaiimett hypothesis. Actually this failure is quite similar 
t o  that noted for the lorn-er 11-ater concentrations in table 6 and is probably only 
an indication of thc lack of generality and utility of the Braude H ,  scale for 
these solutions. 

Eaborn (85)  has reported a study of the acid-catalyzed oieavagc: of a silane de- 
iivativc: in metrhanol containing 9 per cent water by volume: 

p-(CH,).43iCi"CH, + ROH = (CH3)3SiOR + CJ-I,OCH, 

where ROH represents methanol or water. The silanol illen rapidly undergoes 
condensation to hexamethyldisiloxane, the ultimate product, of the reaction. Ile 
found that with hydrochloric acid or perchloric acid as catalyst, k1 was accurately 
proportional to ho. The same was true in a solvent containing 27 per cent IT-ater 
by ~o lume ,  but the rates were relatively larger. -4 fairly close correlation with 
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Ho was found also in water-dioxane mixtures of various proportions contain- 
ing hydrochloric acid. Actually the concentration of acid was not particu- 
larly high in any of these studies (0.05-1.3 M )  and only a single indicator (p-nitro- 
aniline) was used for the measurements of Ha. More information is needed 
to  establish the generality of the H o  scale before firm conclusions can be drawn 
concerning its kinetic applications. Eaborn concludes, hon-ever, that the reaction 
probably follows an A-1 mechanism and this is certainly reasonable in view of 
the nat'ure of the change involved (16). Further studies along these lines have 
been reported for the decompositions of other silane derivatives in 95 per cent 
aqueous ethanol containing dissolved hydrogen chloride (4). In  Section III,F 
for a related example of carbon-silicon bond fission it was reported that the rate 
appears not to depend on the Wo acidity. The experimental conditions, however, 
were quite different (concentrated sulfuric acid rather than mater-dioxane as 
solvent) as was the fission studied (methyl-silicon rather than aryl-silicon) . 
Consequently a different sort of dependence of rate on acidity is perhaps not 
surprising. 

The rates of the acid-catalyzed isomerizations of neoabietic acid (I) and levopi- 
maric acid (11) into abietic acid (111) have been measured by Ritchie and 
McBurney (207, 208) in anhydrous ethanol using hydrogen chloride, hydrogen 

COOH 

I 

COOH 

F,A 

L 
COOH 

I11 

I1 

bromide, and sulfonic acids as catalysts. The rate coefficients for neoabietic acid 
are about tenfold smaller than for levopimaric acid; this difference appears 
t o  arise from a difference in entropy of act,ivation, since the energies of activation 
are reported to be identical. M7ith hydrogen chloride in the concentration range 
of froin 0.01 to 0.1 M the rate for the neoabietic acid reaction increases sig- 
nificantly more rapidly than does the concentration of the mineral acid. Addition 
of water to a solution cont,aining 0.06 N hydrochloric acid in anhydrous ethanol 
causes a marked drop in the rates of both reactions. Although indicator data have 
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not been reported for these solutions, the observed behavior of the rate coefficients 
is qualitatively that to be expected for reactions showing correlation with Ho. 
The isomerizations are apparently of a simple nature and subject only to specific 
hydrogen-ion catalysis. Since water is not involved in the reaction, they may be 
especially suitable for a more extensive study of acid catalysis in nonaqueous 
solvents. 

An excellent illustration of possible danger in the interpretation of results 
from studies in mixed solvents is given by a recent report on the kinetics of the 
acid-catalyzed iodination of acetone in a series of water-ethanol mixtures (212a). 
The ethanol content of the solvent was varied from 0 to 64 mole per cent, while 
the catalyst \vas hydrochloric acid at concentrations up to 3 AI. In  pure water 
the rate is accurately proportional to CH+, in agreement with the earlier results 
on iodination of acetophenone (252). As the concentration of ethanol in the 
solvent is increased, the rate tends to increase faster than in proportion to C,+ 
and the departure is greater the higher the concentration of ethanol. At about 44 
mole per cent ethanol the rate is in fact closely proportional to ho. The mecha- 
nism of the aqueous reaction quite surely involves a rat'e-determining acid-base 
reactmion of the conjugate acid with water and i t  is most unlikely that there is a 
change to an A-1 mechanism for the solvents containing more ethanol. Hence 
the observed departure from simple concentration dependence is probably a re- 
flection of relatively large changes in activity coefficient ratios with the solvent. 
Whatever is the detailed explanation, the results do show the need for great 
caution in applying rate-acidity correlations from studies with mixed solvents 
to problems of reaction mechanisms. 

V. SUMMARY 
Among the simpler acid-catalyzed reactions of uncharged molecules , two 

mechanisms (A-1 and A-2) have been recognized on the basis of a variety of 
evidence. Both involve a preliminary acid-base equilibrium but the former, 
exemplified by the hydrolysis of acetals, postulates a unimolecular rate step on 
the part, of the resulting conjugate acid cation while the latter, exemplified by 
the hydrolysis of ordinary esters, postulates a bimolecular rate step involving a 
second molecule. 

The data summarized in this review support the idea that these different 
mechanisms correspond with widely different effects of the medium on the rates. 
Many reactions for which the A-1 mechanism appears to be well established 
show in aqueous solutions of strong acids an increasingly rapid rise in rate with 
increasing acid concentrat'ion, particularly evident beyond 1 X concentration; 
the increase in rate is closely proportional to a similar increase in the indicator 
acidity function ho. Many reactions for which the A-2 mechanism has been 
established show a much smaller change of rate with acidity, the rate remaining 
more nearly proportional t o  acid concentration itself. 

If detailed information were available for the activity coefficients of the reacting 
species, including reliable estimates for the transition states, one could expect 
to predict medium effects on the rate for a given reaction mechanism completely 
and precisely. In the absence of such information the acidity function Ho (or ho) 



I004 F. A. LONG AND hf. A. PAUL 

serves as a practical means of approximating the value of an activity coefficient 
ratio of a particular form, fA/ j$+,  which enters the theoretical rate equation for 
an  A-1 reaction of the uncharged species A. In effect this ratio is equated to 

~ B / ~ B H + >  where B represents an uncharged basic indicator. There are theoretical 
as well as empirical grounds for regarding this as a good approximation in aque- 
ous solutions of the strong mineral acids and it is probably good also in other 
media of high dielectric constant. Where it is valid, one can expect close correla- 
tion between rate and Ho,  provided the mechanism is in fact A-1; where it is 
invalid (as in the case of acid solutions containing added salts or in the case of 
large acid molecules such as trichloroacetic), there will be no such correlation. 

If the mechanism is A-2, the theoretical basis for correlating rate simply with 
acid concentration is less well founded. Xevertheless there remains a significant 
empirical difference in strongly acid solutions bettween effects of the medium 
on this and on the A-1 type of reaction. The Zucker-Rammett hypothesis takes 
cognizance of this difference, though in the extreme form stated in Section I it is 
probably Jacking in generality; that is, A-2 reactions for which log ICl is accurately 
linear with unit slope in log C,+ may be exceptional rather than the general rule. 

It would be unsound to conclude that because an acid-catalyzed reaction 
follows H,, it necessarily proceeds by an A-1 mechanism. Evidence so far available 
suggests the possibility that a proton-transfer rate step (the mechanism desig- 
nated A-SE2 in this review) may lead to a similar variation of rate mith acidity. 
It should be possible t o  distinguish this mechanism from A-1 by means of hydro- 
gen isotope and stereochemical effects. Acid-catalyzcd iseactions may be attended 
also by varying degrees of complexity, so that occasionally an Ho correlation 
will bc an accidental consequence of n comples actual mechanism. 

Effects of the medium on act ii-ity cwefficients i r i  mixctl and nomqiieous sol- 
yents are at  present less well understood than in water, though progress is being 
madci. Therefore any theoretical interpretation of reaction rates based on 
Rronsted’s cquation is more open io  question jn such media, particularly at  low 
dielectric constant. Several correlations of rate with I$,, have been reported for 
presumed A-1 reactions in acetic acid, ethanol-water, dioxane-water, and other 
solvents. The niost interesting of I hese involve mixtures of 40: 60 or 60 : 40 volume 
proportmion of water-dioxane in which the acidity is increased by the addition of 
perchloric acid. The indieatrims are that the Zucker-Hammett hypothesis will be 
useful for these solvents. There is much more uncertainty ahout studies a t  con- 
stant concentration of strong acid when the acidity is varied by changing the 
composition of the solvent,. The data presently available are insufficient to test 
the generality or modify the form of the Zucker-ISammett hypothesis as applied 
t o  these solvents. Until the generality of the Ha scale itself has been more con- 
clusively established for nonaqueous systems, one should exercise due restraint 
in interpretjing correlations betmeen rates and indicator acidities for such media. 
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