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Following reports of great increases in the rates of several reactions in ice as compared to water, we have 
compared the rates of a series of reactions in ice at —10° to the rates in water at —10° (extrapolated employing 
values of AH^ determined in water). The reactions investigated were: (1) spontaneous hydrolysis of acetic 
anhydride; (2) specific-acid catalyzed hydrolysis of acetic anhydride; (3) specific-base catalyzed hydrolysis 
of acetic anhydride; (4) acetate anion general-base catalyzed hydrolysis of acetic anhydride; (5) spontaneous 
hydrolysis of /3-propiolactone; (6) the imidazole nucleophilic catalyzed hydrolysis of /3-propiolactone; (7) 
the specific acid-catalyzed hydrolysis of />-nitrophenyl acetate; and (8) the specific-acid catalyzed dehydration of 
5-hydro-6-hydroxydeoxyuridine. The spontaneous reactions were found to be completely or greatly de
pressed in ice as compared to water. Increases in ionic strength greatly increased the spontaneous rates in ice 
('up to a critical concentration) and slightly decreased the rates in water. The rate constants for the bimolecular 
reactions were slightly or greatly enhanced in ice as compared to water ( O H - catalysis could not be evaluated 
quantitatively in ice). Increase in ionic strength generally decreased the rates of the bimolecular reactions 
in ice. The above findings, as well as those of some preliminary n.m.r. studies, indicate a concentration phe
nomenon, combined with the making of the concentration of water rate limiting, to be responsible for the mag
nitude of the rate constants obtained in ice. 

In two recent papers,3-4 experiments of a semiquan
titative nature have been described which demonstrate 
that certain reactions proceed at a considerably en
hanced rate when occurring in ice as compared to liquid 
water. The two reactions studied, the acid-catalyzed 
dehydration of 5-hydro-6-hydroxydeoxyuridine3 and 
the hydrolytic opening of the /3-1'actam ring of penicil
lin,4 are completely unrelated. The purpose of the 
present study has been to establish, in a quantitative 
manner, the reason for the large rate enhancements ob
tained in ice and to determine if the effect is general. 
As far as the authors are aware, this is a completely new 
area for study. Questions investigated were: (a) Are 
reactions in the ice phase, involving water as a reactant, 
kinetically clean? (b) How do the over-all kinetics 
for hydrolytic reactions vary from H20-liquid to H2O-
ice? (c) Are hydrolytic reactions generally more facile 
in ice than in water. 

Apart from the novel aspect of the present prob
lem, it appeared that the investigation of reactions in 
the ice phase might have potential practical synthetic 
utility and could possibly shed some light on the 
mechanism of enzymatic catalysis. The feasibility of 
performing certain synthetic or degradative operations 
at low temperatures in the ice phase rather than at re
flux temperatures certainly warrants investigation. 
The question also arises whether ice-berg structures5-12 
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formed at the active site of enzymes, by juxtaposition of 
lyophobic groups, could explain, at least in part, the 
great efficiency of enzymatic reactions by providing a 
more favorable medium for catalysis. Although the 
importance of lyophobic bonding of the substrate to 
enzyme has received considerable attention (see ref. 
10), the possible importance of the resulting ice-berg 
structure in the process of catalysis has not been con
sidered. 

Possible explanations of the rate enhancements in ice 
include: the high mobility of the proton in ice as com
pared to water13 and the concentration of reactants in 
regions between the ice crystals which remain liquid. 

Experimental 
Materials.—Acetic anhydride and sodium acetate were purified 

as described previously.1415 Aniline was distilled at atmospheric 
pressures and the aniline water stored away from the light. 2,6-
Lutidine was purified by the method of Pritchard and Long.16 

Imidazole was Eastman White Label grade and was employed 
without further purification; ^-nitrophenyl acetate was that pre
pared for a previous study.17 Eastman White Label /3-propio
lactone was distilled at reduced pressure. The deoxyuridine was 
obtained from Cyclo Chemical Corp. 

Kinetic Methods.—For the reactions in ice the following proce
dure was employed throughout this investigation. The eompo-
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(17) T. C. Bruice and S. J. Benkovic , ibid., 85, 1 (1963). 

313 



.'514 ANTHONY R. B U T L E R AND THOMAS C. BRUICE Vol. 86 

nents of the stock solution were prepared as described later and 
pipetted into a number of test tubes with neoprene lined screw 
caps. The test tubes, each containing between 0.5 and 5.0 ml. 
of the reaction mixture (depending on the reaction investigated), 
were placed in a circular wire basket which was then lowered 
quickly into a dewar flask charged with a Dry Ice-acetone mix
ture. The tubes were allowed to remain submerged for a period 
of time that ensured complete freezing. After removal from the 
Dry Ice-acetone bath the tubes were placed in an alcohol bath at 
— 10° and the kinetic run initiated when the tubes had warmed up 
to that temperature (about 15 min.). By this procedure the re
action mixtures were rapidly frozen with no separation of a 
supernatant solution containing the reactants due to the slow 
formation of ice crystals. On warming to —10° the solutions 
remained solidly frozen. Tubes were withdrawn from the bath 
periodically and the solutions assayed for remaining reactant as 
separately described for each reaction. 

Hydrolysis of Acetic Anhydride.—This reaction was followed 
by the aniline method of Menschutkin and Vassilief.18 When 
the medium was water the technique did not differ from that 
used in previous studies.19 For the ice reaction, acetic anhydride 
(0.2 ml.) was added to water (50 ml.) or catalyst solution and 5-
ml. aliquots of the mixture dispensed into the reaction tubes. 
Periodically tubes were removed from the —10° bath and 10 ml. 
of aniline water added and the tube immersed in a bath at 30° 
until the ice had melted (a process requiring about 45 sec ) . The 
acetic acid formed was determined by titration of the resultant 
solution with 0.02 M potassium hydroxide. The use of buffers 
in the attempt to study hydroxy! ion catalysis rendered thet i t r i -
metric method impossible and the method of Butler and Gold15 

was used. For the reactions in ice this method was modified in 
essentially the same manner as the aniline method. 

Hydrolysis of p-Nitrophenyl Acetate.—A dioxane solution of 
p-nitrophenyl acetate (0.5 ml.) was diluted to 50 ml. with dilute 
hydrochloric acid and 2-nil. aliquots distributed into screw-
capped test tubes. Half the aliquots were frozen and stored at 
— 10° while the others were stored at + 5 ° . To determine the 
amount of />~nitrophenol formed after a timed interval, the frozen 
samples were melted at 30° and 2 ml. of 1.0 M phosphate buffer 
i,pH 7.1) added. The ahsorbance of this solution at 400 m,u was 
then measured For the samples at 5° the procedure was the 
same without the thawing of the sample. To obtain the infinity-
reading the mixture of buffer and reaction mixture were allowed 
to stand for 8 hr. before the absorbance was measured. 

Hydrolysis of (3-Propiolactone.—The disappearance of the 
lactone was followed by a modification of the hydroxamate 
method of Lippman and Tuttle.20 For the development of the 
hydroxamate-ferric ion complex, the stock solution of hydro
chloric acid was 3 A' and the ferric chloride 59?. in 0.1 ;V hydro
chloric acid. The aqueous stock hydroxyiamine was prepared 
by neutralizing a 289? hydroxyiamine hydrochloride solution with 
an equal volume of 14% sodium hydroxide solution. The neu
tralized hydroxyiamine solution was buffered with an equal 
volume of a solution made by mixing 4 parts of 0.1 M sodium 
acetate solution and 1 part of 0.1 M acetic acid. 

Imidazole buffers were prepared of constant ionic strength 
i 0.1 M with KCl) and the pH adjusted to between 7.22 and 8.32 
at 5". Each buffer was diluted with 0.1 M potassium chloride 
solution to give a series of solutions of constant pH and varying 
imidazole content. |3-Propiolactone (0.02 ml.) was added to 25 
ml. of each imidazole buffer solution and 1-ml. aliquots pipetted 
into screw-capped tubes. For the runs at —10° the standard 
freezing procedure was employed. To determine the lactone re
maining at time t, a tube was removed from the constant tem
perature bath, thawed at 30° for 2 min., and 2 ml. of buffered 
hydroxyiamine added. This was allowed to stand for 5 min. 
when 2 ml. of 'erric chloride solution was added and the absorb
ance at 540 myu measured. The pseudo-first-order rate constants 
were obtained from the slope of the plot of log Dt1/D1 vs. I. Apart 
from the thawing, the same procedure was used for the reactions 
at 5 and 20°. 

Product analysis for this reaction was carried out by thin layer 
chromatography. Microscope slides were coated with silica 
suspended in chloroform and allowed to dry in the air. Six 
slides were spotted with the following mixtures: (a) imidazole 
buffer, (b) solution obtained by hydrolyzing 3-propiolactone at 
mom temperature in above imidazole buffer, (c) same as (b) but 
reaction allowed to proceed at —10°, (d) solution of 8-propio-
lactone in water, (e) solution of l-methyl-5-hydroxymethylimida-
zole, and (f) solution of /3-hydroxypropionic acid. After develop
ing the chromatogram with 95% ethanol the slides were exposed 
to iodine vapor and the R1 values of any spots developed meas
ured. 

Dehydration of 5-Hydro-6-hydroxydeoxyuridine.—The above 
compound was prepared by the irradiation by ultraviolet light 

(18) Menschutkin and Vassilief, Zk. Fiz. Khim.. 21, 192 (1889). 
(19) S. E. Vies, Rec. Iran, chim., 52, 809 (1933). 
(20) F . I.ippman and L. C. Tuttle, J. Biol. Chem., 169, 21 (1945)! 

of a solution of 2'-deoxyuridine.21 A 0.002 M solution of deoxy-
uririine (20 ml.) was irradiated in a 10-cm. petri dish placed 5 
cm. from a SL.2537 ultraviolet lamp for 75 min. This was then 
diluted to 50 ml. with water. Reaction mixtures were prepared 
by diluting 5 ml. of this and a measured quantity of hydrochloric 
acid and any salt to 25 ml. For the reaction in ice, 2-ml. aliquots 
of the reaction mixture in screw-capped tubes were frozen and the 
reaction followed by thawing and measuring the absorbance at 
260 n\fx. For the reactions at 30° the reaction mixture was 
placed in a thermostated cuvette inside a Zeiss spectrophotometer 
and the absorbance determined at timed intervals. 

Apparatus.—All spectrophotometry determinations were car
ried out with a Zeiss PMQII spectrophotometer. pH measure
ments were made with a Radiometer Model 22 pH meter by use 
of a Radiometer a-K 2021 C combined calomel-glass electrode. 
The n.m.r. studies were carried out on a Varian instrument with 
a low temperature probe at Bell Telephone Laboratories, X. J. 

Results22 

Hydrolysis of Acetic Anhydride. 
tion 1 describes the hydrolysis 
in water.23 

- d(Ac20)/d<! = [k0 + £H®(He) 4- £ o l I 9(OH6) + 
*OAC3( AcOe)](Ac2O) (1) 

where k0 is the kinetic constant for spontaneous solvoly-
sis, a reaction associated with a deuterium solvent iso
tope effect (kH/'kn) of about 3 and, therefore, probably 
representing a case of general-base catalysis.15-24 

The kinetic equa-
of acetic anhydride 

0 O 0 

C H 3 - C - O - C - C H 3 

T. 
HO 

HO 0 
I ^ H 

C H 3 - C - O - C - -CH3 (2) 

O ^ H ^ O H 
I 

H 

"H^OH 
I 

H 

The constants &H®, &oHe, and £oAee are second-order 
rate constants for the specific-acid, specific-base and 
acetate anion general-base catalyzed hydrolysis. 

At ambient temperatures k„ is of such a value com
pared with the products ^ H 8 ( H * ) and &oH e(OH9) tha t 
it may be obtained from the rate of hydrolysis of acetic 
anhydride in unbuffered aqueous solutions. The rate 
constant a t + 5 ° is 4.17 X 10~2 min.-1 .2 5 In ice a t 
—10° spontaneous hydrolysis is reduced, exhibiting a 

rate constant of about 1.4 X K ) - 3 min." The true 
rate constant in ice at — 10° may be smaller for, as will 
be seen later in this paper, the presence of some acetic 
acid produced by anhydride hydrolysis before freezing 
may materially increase the rate of the reaction. Thus, 
the spontaneous hydrolysis of acetic anhydride at + 5 ° 
proceeds 30 times faster than the same reaction in ice 
at —10°. From Gold's value of the energy of activa
tion25 for ko it is possible to calculate the rate of reaction 
at — 10° in water, assuming no ice formation. The rate 
constant thus obtained is 1.33 X 10~2 min . - 1 , so tha t 
the observed rate of reaction a t — 10° in ice is, at least, 
one-ninth the calculated value for water at — 10°. 

The addition of potassium chloride lowers the value 
of k0 in water.'23 For the reaction in ice at —10° the 
effect is more complex. Below 0.02 M potassium chlo
ride the rate of spontaneous hydrolysis increases with 
increasing salt, but above 0.02 M the rate is independent 
of the concentration of potassium chloride (see Table 
I). In the presence of 0.035 M acetic acid the value of 
ko is 3.1 X K)-3 min ." 1 and with 0.0487 M dioxane k0 

is 4.01 X 10~3 min —i 

(21) A. M. Moore and C. H. Thompson, Science. 122, 594 (1955). 
(22) Abbreviations employed: Im, imidazole free base; ImT, total 

imidazole; [lutxl. total lutidine; ^-NPA, ^-nitrophenyl acetate; Ac>0; 
acetic anhydride; OAc°. acetate ion; D. optical density; an, hydrogen 
ion activity as determined with the glass electrode; Kn'. experimentally 
determined dissociation constant; T. volume of titer. 

(23) M. Kilpatrick, J. Am. Chem. Soc., SO, 2891 (1928). 
(2-4) C. A. Bunton, N. A. Fuller, S. G. Perry, and V. J. Shiner, Chem. 

IyId. (London), 1130 (1960). 
(23) V. Gold, Trans. Faraday Soc. 44, 506 (1948). 
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TABLE I 

SALT EFFECT ON THE RATE OF SPONTANEOUS ACETIC ANHYDRIDE 

HYDROLYSIS 

(KCl) 1 M 

0.00 
.01 
02 

.04 

lO'iobsd, 
min. - 1 

1.4 
2.3 
4 .3 
4.4 

(KCl ) , M 

0.06 
.10 
.20 

lO^ob.d, 

m i n . - 1 

4.7 
4.9 
4.2 

The value of &H® was determined by experiments 
employing 0.02 to 0.10 M hydrochloric acid as buffer. 
The kinetics of the acid-catalyzed reaction in ice were 
found to be clearly first order over at least two half-lives 
(see Fig. 1). The value of &H® in water is fairly small 

0.1 M HCl / 0 . 0 8 M HCl 

HCl 
0.04 M HCI 

40 60 
Time (Mins.) 

Fig. 1.—The first-order hydrolysis of acetic anhydride in the pres
ence of hydrochloric acid at —10° in ice. 

but in ice at — 10° it is increased. Preliminary experi
ments showed tha t there is a large negative salt effect, 
so that in the first series of experiments the ionic 
strength was maintained at a constant value of 0.1 M 
by the addition of potassium chloride. Under these 
conditions a linear relationship was found between acid 
concentration and the rate of reaction (see Fig. 2) and 
the slope of this plot gave a value for kn® of 0.19 1. 
mole Similar determinations were made at 
5 and 25°, using the same concentration of acid and the 
same ionic strength, providing the values &H® (at 5°) = 
5.1 X 10"2 and kH

e (at 25°) = 0.41 1. mole^1 min. - 1 . 
Thus, the value of &H® is 3.7 times greater in ice at 
—10° than in water at + 5 ° . From the values of &H® 
a t 5 and 25° the activation energy was calculated to 
be 17.2 kcal. mole - 1 . Employing this value, the rate 
constant for the acid-catalyzed reaction a t —10° in 
water was calculated to be 8.7 X 1 0 - 3 1 . m o l e - 1 min . - 1 , 
so tha t the value of &H® in ice a t —10° is 22 times 
greater than the calculated value for water a t —10°. 

Addition of potassium chloride decreases the acid-
catalyzed reaction, and if the ionic strength is not kept 
constant there is no direct relationship between the ob
served rate and the acid concentrations (see Table I I ) . 
The first two results in Table II show tha t the salt 
effect of the acid is the same as tha t for potassium chlo
ride. From the figures in the fourth column of Table I I 
it is seen that the catalytic coefficient increases as the 
ionic strength is lowered. The last result is a devia
tion from this general trend. Clearly, the rate en
hancement obtained on freezing when the acid concen
tration is very low is much greater than tha t observed 
when the ionic strength is maintained at 0.1 M. The 
salt effect for the acid-catalyzed reaction in water is 
small.23 Using 0.055 M acid the reaction in ice is 27 
times faster at —10° than in water at + 5 ° and 161 
times faster than the calculated rate a t — 10° in water. 

0.06 0.08 

(HCI).M. 
Fig. 2.—The observed pseudo-first-order rate constants (£obsd) 

for the hydrolysis of acetic anhydride at —10° plotted against 
hydrochloric acid concentration. 

The value of kon- is difficult to determine owing to 
the magnitude of the constant and the necessity of 
employing buffered systems. Carboxylates and amines 
interfere owing to the formation of mixed anhydrides26 

or acetyl derivatives. A phosphate buffer was tried 
for the reaction at 5° but nonlinear first-order plots 
were obtained, an effect noted by other investigators 
using these buffers.27 I t was found, however, tha t a 

SALT EFFECT ON 

onic .s trength," 
M 

0.20 
.20 
.10 
.055 
.020 
.018 
.010 
.005 
002 

TABLE II 

THE ACID-CATALYZED ACETIC 

HYDROLYSIS 

lOsfcoUd, 
( H C l ) 1 A i m i n " ' 

0.20 2.94 
.055 1.06 
.060 1.66 
.055 2.42 
.020 1.41 
.018 1.24 
.010 0.92 
.005 .91 
.002 .33 

ANHYDRIDE 

hu&, 1. mole 
min. - ' 

0. 13 
.12 
.19 
.36 
.49 
47 

.69 
1.40 
0.80 

" Computed from the total HCl + KCl present. 

hindered amine, 2,6-lutidine, was suitable for this study. 
Following Pritchard and Long's procedure,16 lutidine 
perchlorate was dissolved in water, half neutralized 
with potassium hydroxide, and potassium chloride 
added to make the ionic strength 0.1 M. This mixture 
was then diluted to give a number of solutions of vary
ing buffer concentration but constant p H (7.1 a t 5°) 
The rate of reaction in each solution was determined 
and the results are shown in Fig. 3. From the intercept 
the value of &OH 9 obtained is 6.2 X 105 1. mo le - 1 

min. - 1 , which agrees well with the only previously de
termined value of 4.4 X 1061. m o l e - 1 min.""1 at 25° due 
toSkrabal . 2 8 

Serious problems accompany a t tempts to determine 
&OHe in ice. The value of the pK-/ of lutidine in ice is 
not known, and therefore it is not possible to be certain 
of the hydrogen ion activity in the buffered solutions 
once frozen. In addition, the autoprotolysis constant 
of water in the ice phase at — 10° remains open to ques
tion (see following discussion). For this reason the 

(26) S. L. Bafna and V. Gold, J. Chem. Soc, 1406 (1953). 
(27) H. K. Hal l , J. Am. Chem. Soc, 79, 5439 (19.57). 
(28) A. Skraba l , Monalsh.. 43 , 493 (1922). 
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(LutT). 

Fig. 3.—The observed pseudo-first-order rate constants (fcobsd) 
for the hydrolysis of acetic anhydride at 5° plotted against con
centration of lutidine buffer. 

hydroxyl ion concentration would not be known with 
certainty even if the hydrogen ion activity were. In 
addition, experiments snowed that the linear relation
ship between lutidine concentration and the value of 
fcobsd did not persist in ice. As a qualitative effect, ob
tained by using identical solutions at —10 and 5°, it 
was observed that the reaction proceeded a little more 
slowly in ice at —10° than in water at +5° . If the 
pH is unchanged or increased this would represent a 
reversal of previous trends. It is probable that the pH 
increases on freezing since amines possess sizable and 
positive heats of ionization. However, it has been sug
gested13 that the autoprotolysis constant of ice is only 
about K)-20 and if this were so, then an enormous in
crease in the catalytic efficacy of the hydroxyl ion 
would be indicated. However, as Eigen and de 
Maeyer13 point out, the above value of the autoprotoly
sis constant is open to some doubt so that, for the pres
ent, there is no unambiguous conclusion to be drawn 
from these results. 

The acetate ion is a fairly effective catalyst in the 
hydrolysis of acetic anhydride and its action has been 
subject to full investigations by Kilpatrick23 and by 
Butler and Gold.15 The mechanism is of the general-
base type (as in (2) where an OAce replaces a water mole
cule). In the present study it was found that in ice 
at —10° the catalytic effect of the acetate ion is en
hanced. As in previous studies, a little acetic acid was 
added to remove any hydroxyl ions and the ionic 
strength was maintained at 0.1 M. Inspection of Fig. 
4 reveals that acetate catalysis follows good pseudo-
first-order kinetics in ice and the rate constant ob
tained was 0.184 1. mole"1 min. -1. The corresponding 
rate constant at 5° was found to be 0.067 1. mole"1 

min. - 1 showing that the ion is 2.7 times more effective 
as a catalyst at — 10° in ice than at 5° in water. From 
the results of Kilpatrick and of Butler and Gold the 
energy of activation for acetate catalysis was found to 
be 11.8 kcal. mole"1. Using this value, a figure of 1.7 
X 10~2 1. mole -1 min."1 is obtained for the calculated 
rate constant for acetate ion catalysis in water at — 10°. 
Thus, the observed rate constant at —10° in ice is 11 
times greater than the calculated value for water at 
- 1 0 ° . 

As in the case of hydrogen ion catalysis, the addition 
of potassium chloride reduces the catalytic efficacy of 
the acetate ion. This is illustrated in Table III. 

0.097 M NoOAc 

40 60 
Time (Mins). 

Fig. 4.—The first-order hydrolysis of acetic anhydride in the 
presence of acetate ion at —10° in ,ice. 

Hydrolysis of />-Nitrophenyl Acetate.—This reaction 
is not as subject to specific-acid catalysis as is the 
hydrolysis of acetic anhydride,29 and it seemed signifi
cant, because of this, to examine the reaction in the ice 
phase. The reaction in ice was found to follow fairly 
good first-order kinetics and to be slightly faster than in 
water at +5° (fcH+(at -10°)/fcH~(at 5°) = 1.6 at 
0.04 and 0.08 M hydrochloric acid). 

TABLE III 

SALT EFFECT ON THE ACETATE-CATALYZED HYDROLYSIS OF 

ACETIC ANHYDRIDE 

(AcOXa), 

0.057 

0.084 

U Ionic strength, 

0.057 
.100 
.084 
.100 

M &OAc- , 1. mole^1 

0.26 
19 

.25 

.19 

m i n 

Hydrolysis of /3-Propiolactone.—Grant, et al.,4 re
ported that the /3-lactam ring in penicillin was cata-
lytically hydrolyzed by histidine in ice but was stable 
at 38° in aqueous histidine buffers. In relation to this 
finding, the imidazole-catalyzed hydrolysis of /3-pro-
piolactone was investigated. Nitrogen bases have been 
shown to react with /3-propiolactone via nucleophilic 
attack at the alkyl or acyl carbons30 to give either 

C 
N 

I 
C=O 

OH 
or C 

o 
Ii „ 
C=OH 
N 

where N is the nucleophile. The N-acylimidazoles are 
known to be very labile31 to hydrolysis whereas N-
alkylimidazoles are stable. Thin lay er chromatography 
on silica of reaction mixtures (at 25 and —10°) showed 
imidazole as the only amine present at the completion of 
the reaction at both room temperature and —10°. 
Nothing was detected which had an Ri value correspond
ing to that of an N-alkylimidazole. It may be con
cluded, therefore, that the imidazole catalysis of /3-
propiolactone occurs via nucleophilic attack on the acyl 
carbonyl or via general-base catalysis. The observed 
deuterium solvent isotope effort (&H/&D) of 1.2 at 20°, 
determined in this study, suggests that the correct 
mechanism is that of nucleophilic catalysis. The 
spontaneous solvolysis of /3-propiolactone is known to 
involve alkyl-oxygen fission32 and has a solvent isotope 

(29) E. Tommila and C. N. Hinshelwood, J. Chem. Soc, 1801 (1938). 
(30) T. L. Caresham, J. F. Jansen, F. W. Shaver, R. A. Banbert, and 

F. T. Fiedorek, / . Am. Chem. Soc, 73, 3168 (1951). 
(31) M. L. Bender, Chem. Rev., 60, 53 (1960); T. C. Bruice, Brookhaven 

Symp. Biol., IB, 52 (1962). 
f32) F A. Long and M. Purchase, J. Am. Chem. Soc., 72, 3267 (1950). 
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0.02 0.04 0.06 
(No OAc)-M. 

0.08 0.10 

Fig. 5.—The observed pseudo-first-order rate constants (£obsd) 
for the hydrolysis of acetic anhydride at —10° plotted against 
acetate concentration. 

o 
O 

0.I9M Im1-

5MImT 

100 200 
Time (Mins^. 

Fig. 6.-—The first-order hydrolysis of /3-propiolactone in the pres
ence of imidazole buffer at 5° (pH 7.50). 

effect of 1.15." The rate of spontaneous solvolysis at 
25° was determined by the method described in the Ex
perimental section and the result was identical with 
that reported by Long and Purchase using a titrimetric 
method. 

At —10° in ice no spontaneous hydrolysis of the lac
tone could be detected over a 5-hr. period. The spon
taneous hydrolysis of the lactone in water is known to 
be depressed by- the addition of salt82 but, as with the 
spontaneous hydrolysis of acetic anhydride, this effect 
is reversed in ice and in 0.1 M potassium chloride at 
--10° hydrolysis of the lactone was, found to occur with 
a first-order constant of 2.3 X 1O-4 min. -1. 

In imidazole buffer at 5° the hydrolysis of /?-propio-
lactone is greatly accelerated and in the presence of ex
cess imidazole good pseudo-first-order kinetics are ob
tained (Fig. 6). The pseudo-first-order rate constants 
were found to be proportional to the concentration of 
the neutral conjugate base form of the imidazole (Fig. 
7). The value of the second-order rate constants at 5°, 
determined from experiments carried out at two pH 
values, was found to be 3.28 X 10 - 2 1. mole -1 min. - 1 

and that at 20°, determined at one pH, was 0.131 1. 
mole" The concentration of free imidazole is 
given by the product (ImT)-Ka'(-Ka' + OH) and KJ was 
determined at both temperatures by the method of half 
neutralization. From the second-order rate constants 
at 5 and 20° an approximate heat of reaction of 14.9 
kcal. mole -1 was obtained. 

For the reaction in ice at —10° the situation is more 
complex. The reaction was found to follow good first-
order kinetics to at least three half-lives but, if the con
centration of free imidazole is assumed to be the same 

0.05 0.10 0.15 

(ImF),M. 

Fig. 7'.•—The observed pseudo-first-order rate constants (&0bad) 
for the hydrolysis of /3-propiolactone at 5° plotted against concen
tration of free imidazole (ImF): O, pH 7.50; V, pH 7.99. 

~0"55 006 O09~ 
(ImF),M. 

Fig. 8.—The observed pseudo-first-order rate constants (£0bsd) 
for the hydrolysis of (3-propiolactone at —10° in ice plotted 
against concentration of free imidazole as measured at 5°: A, 
pH 7.99; • , pH 8.32; O, pH 7.50; • , pH 7.22. 

as in water at 5°, then &0bsd is not a linear function of the 
free imidazole concentration. This is shown in Fig. 8 
for four different imidazole buffers. However, both 
K3. and an will change on freezing. Taking the known 
heat of ionization of imidazole,34 the value of pKJ at 
— 10° should be 7.87. If we assume that AH has de
creased on freezing by a factor of 1.11 then the ratio 
(ImF)Z(ImH+) is modified in such a way that, for low 
concentrations of imidazole, there is a single linear re
lationship between free imidazole concentration and 
&obsd- The justification for this is that the mechanism 
of reaction, if it is the same as that in water, necessi
tates such a relationship and the figure of 1.11 is really 
a parameter which can, however, be given some theore
tical significance. The factor of 1.11 could represent 
the change in the ratio (Im)Z(ImH+) caused by con
centration of the buffer on freezing water out as ice. 
Examination of the equation defining KJ 

KJ = ( I m W ( I m H + ) 

indicates tha t concentration of the system will result 
in a decrease in an, and this, coupled with the change in 

!33) A. R. Butler and V. Gold. / . Chem. Soc, 2212 (1962). (34) T. C. Bruice and S J. Benkovic, J. Am. Chem Soc. 86, 418 (1964). 
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Fig. 9.—The observed pseudo-first-order rate constants (£ob«d) 
for the hydrolysis of /3-propiolactone at —10° plotted against the 
calculated concentration of free imidazole: O, pH (at 5°) 7.50; 
• , p H ( a t 5°) 7.22; A, pH (at 5°) 7.99; D, pH (at 5°) 8.32. 

pKJ, changes the (Im)/(ImH+) ratio. The leveling 
off of the plots of ImF vs. &obsd at high Invr is difficult to 
understand. That it is, in part, a function of the cat
alyst concentration is self-evident. Simple complex 
formation would not appear to be the correct explana
tion as the experimental results do not fit a Michaelis-
Menten nor a Lineweaver-Burk plot. As yet, the 
effect is unexplained. 

The second-order rate constant obtained from the 
linear portion of the curve in Fig. 9 is 0.22 1. mole""1 

min. ~1 which means that imidazole is about seven times 
more effective as a catalyst at —10° in ice as at +5° . 
Employing the determined activation energy for the 
reaction of imidazole with /3-propiolactone, the antici
pated second-order rate constant at — 10° in water was 
calculated to be 7.1 X 10 - 31. mole -1 min. - 1 so that the 
rate constant determined for the reaction at —10° is 
31 times the calculated value. 

A single experiment was attempted with the imida
zole at very low concentration (0.010 M), comparable 
with that of the lactone. Under these conditions it is 
impossible to buffer the imidazole so the initial rate was 
measured, giving a value of 1.23 1. mole -1 min. -1 . This 
is 173 times faster than the calculated rate at —10°. 
In this case the initial rate means the rate when the 
first tube was withdrawn. In fact, at least 20 min. 
elapsed between mixing and this withdrawal so that a 
larger factor may be operative. In unbuffered imida
zole some O H 9 ion will be present, but Long and Pur
chase32 showed that |3-propiolactone hydrolysis is not 
very sensitive to catalysis by these ions. 

Dehydration of S-Hydro-6-hydroxydeoxyuridine.— 
This is one of the original reactions studied in ice, but 
no rigorous kinetics were attempted.3 At 30° and 
constant ionic strength (0.1 M) the dehydration reac
tion was found to follow good first-order kinetics (Fig. 
10) and yfeobsd is proportional to the concentration of 
hydrochloric acid, giving a second-order rate constant 
of 0.0343 1. mole""' min. -1. The salt effect was found to 
be very small 

For the reaction in ict at —10° the kinetics were 
fairly good and gave reasonable first-order plots. The 
results are given in Table IV; no attempt was made to 
keep the ionic strength constant. Clearly, there is no 
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Fig. 10.—The first-order dehydration of 5-hydro-6-hydroxy-
deoxyuridine in the presence of hydrochloric acid at 30°. 

proportionality between feobsd and the concentration of 
acid. The addition of even a small amount of potas
sium chloride has a dramatic effect on the rate of reac 
tion. This is illustrated in Table V. The results do 

TABLE IV 

DEHYDRATION OF 5-HYDRO-6-HYDROXYDEOXYURIDINE 

(HCl), M 0.002 0.004 0.006 0.010 
104£Ob»d, min . - ' 7.9 7.0 6.5 8.0 

TABLE V 

SALT EFFECT ON THE ACID-CATALYZED DEHYDRATION OF 

5-HYDRO-6-HYDROXYDEOXYURIDINE 

(HCl), M 

0.01 
.01 
.01 

(KCl), M 

0.00 
.01 
.02 

lO'^obsd, 
min. _ 1 

8.0 
4.6 
5.1 

(HCl), M 

0.01 
.01 
.01 

(KCl), M 

0.03 
.04 
.06 

10«*„Md 

min."1 

4.1 
4.2 
2.1 

not fall into a very clear pattern, but as a qualitative 
statement we can say that the addition of potassium 
chloride radically lowers the rate of reaction. If the 
ionic strength is increased to 0.1 M by the addition of 
salt there is no detectable reaction. Using 0.002 M 
acid the reaction is 12 times faster at —10° than 30°, 
but at higher acid concentrations the ratio is smaller. 

Discussion 
The present paper is the first occasion on which the 

kinetics of reactions in frozen aqueous solution have 
been reported. All the reactions investigated followed 
pseudo-first-order kinetics in water. Quite surprisingly 
the reactions were found to be, on the whole, cleanly 
pseudo-first order in ice at —10°. 

Consideration of the whole problem of reactions in ice 
immediately raises the question of the homogeneity of 
the frozen samples. The quick freezing technique em
ployed in this study was used to assure, as far as possi
ble, complete homogeneity. Nevertheless, it would 
appear that the rate enhancements noted in this study 
can be explained on the basis of a concentration of react
ing species in liquid regions between the ice crystals. 
The spontaneous reactions, which involve the substrate 
and water as the sole reactants (the hydrolyses of acetic 
anhydride and /3-propiolactone), should be unaffected 
by concentration of the substrate on freezing. The 
large observed depression in the spontaneous rates is 
best accounted for by the effect of lowering the tempera
ture and (primarily) the water concentration becoming 
limiting. Addition of potassium chloride or dioxane 
should increase the size of the liquid regions and there-
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fore increase the rate by making the reaction medium 
more aqueous. However, once the addition of the salt 
has brought about sufficient melting to make the water 
concentration not limited, no further change in the rate 
would be expected on further increase of salt concen
tration. AU the experimental results obtained in this 
study agree with these expectations. In ice at —10° 
the spontaneous hydrolyses of acetic anhydride and 
/3-propiolactone are both depressed. The addition of 
potassium chloride is found to increase the spontaneous 
rates until a rate is reached which is essentially independ
ent of the concentration of salt. It is known, in sup
port of this explanation, that foreign substances are not 
in general incorporated into ice crystals. 

All the bimolecular reactions studied showed en
hanced reaction rates in ice, presumably due to the 
concentration of the catalyst in the liquid regions. 
However, the addition of a salt, which would increase 
the size of the liquid regions and thus dilute the reac-
tants, lowers the rate of reaction. Clearly, the lower 
the concentration of electrolytes (KCl, HCl), the smaller 
will be the liquid regions and the greater the concentra
tion effect. The data show that as the catalyst con
centration is lowered the rate enhancement as deter
mined by the catalytic coefficient increases. However, 
at very low HCl concentration the rate of reaction de
creases as the water concentration becomes limiting. 
The very great rate enhancements reported by Prusoff3 

and by Grant, et a/.,4 are larger than those obtained in 
the present study where the ionic strength was as high 
as 0.1 M. Our more detailed study did not confirm the 
very large values obtained by Prusoff but, in most cases 
studied, large rate enhancements were obtained when 
catalytic coefficients were determined at very low ionic 
strength. 

The n.m.r. spectra of pure water, 0.01 M aqueous 
potassium chloride, and 0.05 M aqueous potassium 
chloride were determined at —5, —10, and —25°. The 
spectra seem to indicate the presence of regions of liquid 
water in ice crystals when an electrolyte is present. 
The spectrum of ice has no distinctive features but with 
the 0.01 M salt solution two sharp peaks of similar 
height appear at all temperatures. One of these dis
appears in the 0.05 M solution at —5 and —10°, and at 
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Fig. 11. —The observed pseudo-first-order rate constants for the 
dehydration of 5-hydro-6-hydroxydeoxyuridine at 30° plotted 
against concentration of hydrochloric acid. 

— 25° the spectrum is indistinguishable from that of 
pure ice. A complete explanation of these results has 
yet to be developed and, clearly, further study is neces
sary. 

If the explanation of the rate enhancements and de
pressions found on moving from water to ice are simply 
concentration effects, no new mechanistic factors are 
introduced. The phenomenon may be of some synthe
tic interest and further studies in that direction are 
being carried out. 
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Solutions of Solids in Molten Reciprocal Salt Systems 
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Electromotive force measurements were made to obtain standard heats of solution (Aff,„in) and solubility 
products (K,P) of AgI and AgBr in molten alkali nitrates (NaNO3, KNO3, or mixtures of the two). The meas
ured values are in good agreement with values of Ai?aoin and — RT In K,v calculated from a cycle similar to 
one proposed by Flood, F0rland, and Grjotheim and shown in text equations A, B, and C. Our results con
firm the general usefulness of the cycle in making predictions, a priori, in molten salt systems of this class. 

Introduction 
A prediction of the standard heats of solution (AHso\n) 

and solubility products (.Ksp) of solids in molten recipro
cal salt systems may be made by the use of a simple 
cycle first proposed by Flood, F0rland, and Grjotheim 
(FFG).1 As an example, for the dissolution of solid 
silver halides (AgX) in molten alkali nitrates (MNO3) 
one method of writing the cycle consists of the three 
steps 

AgX(solid) -I- MNO3(Hq.) >• 
MX( solid) + AgNO3(Hq.) (A) 

MX(solid) >- MX(infinite dilution in MNO3) (B) 

AgNO3(Hq.) >- AgN03(infinite dilution in MNO3) (C) 

with processes such as A generally leading to the largest 
contribution to the estimated values of the standard 
heat of solution or of the standard free energy of solution 
(-RT In Ksp) of AgX.12 Where direct measurements 
are not available, good estimates of the relatively small 
changes of the standard heat or free energy changes in 
the processes B and C may be made by comparison with 
similar mixtures. 

In essence, the use of this cycle, with the aid of gen
erally available thermodynamic data on the pure com-

(1) H. Flood, T, Forland, and K. Grjotheim, Z. anorg. allgem. Chem., 276, 
289 (1954). 

(2) M. Blander, J. Braunstein, and M. D. Silverman, J. Am. Chem. Soc. 
86, 895 (1963). 


