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Abstract: The spontaneous mutarotation of glucose in frozen aqueous solutions occurs with an observed first-order 
rate constant of 1.6 X 10"5 sec-1 at - 4.0 °. The rate constant is independent of glucose concentration (0.01 to 1.4 
M) or salt concentration (0.05 M NaCl) and close to the value extrapolated from rate studies in ordinary aqueous 
solutions above 0°. In contrast, the catalyzed mutarotation is faster in frozen than in unfrozen solutions at the 
same temperature. The rate of hydrochloric acid catalyzed reaction in frozen solutions (as measured in thawed 
solutions) is first order in glucose at all concentrations of reactants, first order in acid at low acid concentrations, but 
near zero order in acid at high concentrations of acid. At constant HCl concentration, the observed first-order 
rate constants also depend on glucose and on NaCl concentrations; k^i decreases with an increase in total solute 
concentration (C3). The catalyzed reaction increases in rate as the temperature is decreased to ca. —7°, then de­
creases at lower temperatures. Glucose mutarotation "in ice" is accounted for by concentration of reactants into 
liquid regions of the frozen system. Changes in observed rates are explained in terms of concentrations and vol­
umes of these reaction regions, while observed rate constants are correlated by the equation A;obad = h + fc2Ch[H

 +] s/ 
Cs (where A'obsd, ku and k% are the observed first-order rate constant, the "spontaneous" first-order rate constant, 
and the second-order rate constant for hydronium ion catalysis, respectively; Ch is the total constant concentration 
of solute in liquid reaction regions, and [H+J8 and C, are the acid concentration and the total solute concentration 
in thawed solutions, respectively). 

Several studies of reactions in frozen aqueous solu­
tions have recently been reported.2-14 Among the 

observed characteristics of these reactions are rate 
enhancements (relative to the reaction rate in super­
cooled liquid solutions), changes in kinetic order, and 
sensitivity to the presence of added solutes. For the 
acid- and base-catalyzed hydrolysis of acetic anhydride, 
of /3-propiolactone, and of />-nitrophenyl acetate in 
ice,15 Butler and Bruice2 have presented evidence that 
the reactions proceed in liquid regions which contain 
high concentrations of the reagents. For these second-
order reactions the increased concentration of reactants 
in the liquid part of frozen solutions results in accel­
erated rates of reaction. This "concentration effect" 
qualitatively accounted for the dependency of the rate 
on the initial reactant concentration, as well as the 
decrease in observed rate caused by addition of a solute 
such as KCl. Similar rate-depressing effects brought 
about by added solutes were found by Grant, Clark, 
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and Alburn5 for the base-catalyzed hydrolysis of peni­
cillin and by Prusoff9 for the acid-catalyzed dehydration 
of 5-hydro-6-hydroxydeoxyuridine. Wang10 has shown 
that some photochemical reactions in frozen aqueous 
solutions occur in "puddles" of liquid within the frozen 
solutions. In the oxidation of iodide ion by arsenic 
acid13 and the reaction of ethylene chlorohydrin with 
hydroxide ion11 in frozen aqueous solutions the observa­
tions are consistent with the concentration effect. Also 
for two types of reactions in frozen organic solutions, 
the variations of the observed rate constants are quanti­
tatively correlated by a kinetic treatment based only on 
the concentration effect.14 

On the other hand, some of the observed features of 
reactions in frozen solutions have seemed inconsistent 
with expectations for the concentration effect.3-9 

Other factors which have been put forward as possible 
general explanations of reactions in ice involve orienta­
tion effects or other participation by the ice crystal 
surface, and facile proton transfers to or from the reac­
tive substrate.3-9 While some of the apparently 
inconsistent features of "frozen reactions" are actually 
predicted by a general treatment of the concentration 
effect,12 the existence of such other effects cannot be 
discounted. It is clear that, for reactions known to 
proceed in normal liquid solutions near the freezing 
point, any discussion of rates in a frozen solution which 
does not separate the contribution of the concentration 
effect must be in error. Quantitative separation of the 
results due to a concentration effect from those arising 
from any other possibility is not easily carried out when 
the system contains many solutes, when the reaction is 
not well known under normal (i.e., unfrozen) conditions, 
or when the ice-liquid phase relationship is not availa­
ble.11-14 

For these reasons, as well as general interest in reac­
tions in ice, we have investigated in frozen aqueous 
solutions a well-established reaction which follows, in 
ordinary liquid solutions at least, a simple kinetic 
equation. The rate constants for "spontaneous" and 
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for acid-catalyzed mutarotation of glucose' in water 
follow the relation /cobsd = kx + Zc2[H+].16 The occur­
rence of the spontaneous, first-order reaction allows the 
study of glucose mutarotation in ice in the absence of 
any other solutes. The second-order reaction allows a 
direct investigation of the catalytic activity of hydronium 
ion in a frozen aqueous solution.17 Since the muta­
rotation is general acid and general base catalyzed18 and 
known catalysts include a variety of structures, there 
would seem to be a greater likelihood of the appearance 
of any new effects (such as a catalytic effect of the ice 
surface). In addition, as a convenience in the calcula­
tion of the contribution due to the concentration effect, 
the glucose-H20 and the HCl-H2O phase relationships 
are known19 and the activation parameters needed to 
calculate both fci and k2 at low temperatures have been 
carefully established.20 

Results 

Spontaneous Mutarotation. The first order, un-
catalyzed mutarotation in frozen aqueous solutions was 
studied by measurements of changes in optical rotation 
of thawed a-D-glucose solutions. The mutarotation 
was slow enough below 0° (U/, > 380 min) so that any 
reaction during the time necessary to thaw and analyze 
an individual sample from a kinetic run was negligible. 
Runs were followed to about the first half-life and 
mutarotation rate constants21 were calculated from the 
observed rotations by the usual first-order kinetic treat­
ment (see Experimental Section). The observed rate 
constants for reaction at —4.0°, with the concentration 
of glucose in initial unfrozen solutions varied from 0.01 
to 1.4 M, are given in Table I. Over this wide range of 
concentration, as well as at 0.05 M glucose with 0.05 M 
sodium chloride present, the reaction proceeds with 
the same rate in all frozen solutions (average k0 = 
1.6 ± 0.1 X 10-5 sec-1 at -4 .0°) . The rate constant 
calculated from the Arrhenius equation given by Smith 
and Smith,20 as obtained from measurements in liquid 
solutions down to 0°, is 1.9 X lO"6 sec-1 at -4 .0° . 2 2 

Table I. Uncatalyzed Mutarotation of Glucose in Frozen 
Aqueous Solutions at —4.0° 

Glucose 
concn, kohad X 

M 106 sec-1 

0.011 1.63 
0.051" 1.57 
0.500 1.38 

Glucose 
concn, &0bsd X 

M 105 sec"1 

0.555 1.73 
1.39 1.42 

1.926 

a With 0.051 M sodium chloride, 
activation parameters in water. 20>22 

5 Calculated from known 
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(20) G. F. Smith and M. C. Smith, J. Chem. Soc, 1413 (1937). 
(21) The observed rate constant, fci, is the sum of the individual rate 

constants for mvtarotation of a- and /3-glucose, i.e., k\ = ka + kg 
kct 

where a ~ * " /3. 

(22) As with the calculated rate constant in ice (see Table I), the rate 
constant calculated for reaction in ordinary, unfrozen aqueous solutions 
is slightly higher than reported experimental values (calcd at 0°, 3.05 
X 10'B sec"1; found at 0°, 2.85, 2.80, and 2.82 X 10"» sec"1; see ref 
20). 
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Figure 1. First-order kinetic plots for mutarotation of glucose in 
frozen aqueous hydrochloric acid solutions at —4.0°. Optical rota­
tions (a) were measured in thawed solutions and rate constants 
calculated by log [(a0 — <*„)/(<*< — a„)] = ^obSdf/2.303. 

Hydrochloric Acid Catalyzed Mutarotation. Unlike 
the spontaneous reaction, the mutarotation of glucose 
in aqueous hydrochloric acid is accelerated by freezing 
the solution. In thawed solutions at low acid concen­
trations, the reaction is sufficiently slow so that good 
kinetic plots were obtained simply by thawing and rap­
idly analyzing samples of a run. Figure 1 shows two 
"frozen runs," with 0.02 and 0.20 M HCl and both 
with 0.051 M glucose at —4.0°, plotted as first-order 
reactions. The linearity of such plots over several 
half-lives shows that the mutarotation in ice is first order 
in glucose, as is the case for the normal reaction in 
liquid water. However, the kinetic order in acid is 
not a constant, integral value. This is shown, for 
example, in Figure 1 where the two observed rate 
constants (obtained from the slopes of the lines) differ 
by a factor of only 2.4 for variation of HCl concentra­
tion by a factor of 10. When runs are made over a 
range of HCl concentration from 0.006 to 0.3 M at 
constant glucose concentration, and the values of A:obsd 

plotted against H + (see Table II and Figure 2), it is 

Table II. Effect of HCl Concentration on Observed 
First-Order Rate Constants for Mutarotation of Glucose at 
—4.0° in Frozen Aqueous Solutions. 

0.555 M glucose . 
HCl 

concn, M 

None 
0.02 
0.05 
0.10 
0.15 
0.20 
0.25 

^obsd X 

10s, sec"1 

1.73 
3.82 
7.66 

12.0 
18.0 
18.7 
22.0 

. 0.0512 M 
HCl 

concn, M 

None 
0.006 
0.020 
0.052 
0.10 
0.14 
0.20 
0.30 

glucose • 
"Cobsd X 

105 sec"1 

1.63 
8.54 

17.4 
28.2 
30.8 
36.0 
41.0 
40.4 
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Figure 2. Variation of observed first-order rate constants with 
hydrochloric acid concentration for mutarotation of glucose in 
frozen solutions at —4.0°. The solid lines follow the experimental 
points; the broken lines show the theoretical relation according to 
eq 1. 

seen that the order, x, in the relationship &:obsd = k\ + 
Zc2[H

+]* is unity at low acid concentrations but near zero 
at high acid concentrations. A similar variation of ki­
netic order with catalyst concentration has been ob­
served in the base-catalyzed decomposition of r-butyl-
peroxy formate in frozen/7-xylene solutions.1415 

The two separate curves in Figure 2 for 0.05 and for 
0.5 M glucose also show that the observed rate con­
stants depend on the initial concentration of glucose. 
For the same concentration of acid, the rate constants 
are greater for 0.05 M than for 0.5 M glucose. More 
complete data on this effect are given in Table III and 

Table III. Variation of Observed First-Order Mutarotation 
Rate Constant with Glucose Concentration for Frozen 
0.10 MHCl Solutions at -4.0° 

Glucose, 
M 

0.0512 
0.278 
0.390 
0.555 

/Cobsd 
X 10«, 
sec - 1 

30.8 
18.7 
13.8 
12.0 

Glucose, 
M 

0.833 
1.10 
1.18 

^obsd 

X 105 

sec - 1 

7.21 
7.18 
4.91« 
6.17" 

at 
Supercooled liquid solution. 

-4° and 0.10 M HCl. 2° 
b Calculated for liquid solutions 

illustrated in Figure 3 where the observed first-order 
rate constants for reaction in frozen 0.10 M HCl solu­
tions are related to glucose concentration over the range 
0.05 to 1.10 M. In these frozen solutions an inverse 
dependency of kohsd on glucose concentration is ob­
tained up to a concentration sufficient to prevent 
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Figure 3. Variation of observed first-order rate constants with 
glucose concentration for mutarotation in frozen 0.10 M HCl solu­
tions at —4.0°. The line shows the theoretical relationship pre­
dicted by eq 1. 

freezing at —4°. That a first-order rate constant can 
depend on initial reactant concentration before freezing 
but not on the actual reactant concentration during a 
run is an interesting characteristic of some reactions 
in frozen solutions.14 

As previously demonstrated for some bimolecular 
reactions in frozen organic solvents and in ice,11-14 

a maximum in the rate-temperature relationship is a 
general feature of the concentration effect for reactions 
in frozen solutions. The acid-catalyzed mutarotation 
of glucose shows a rate maximum at about —7°. The 
observed rate constants at various temperatures for 
two different sets of initial concentrations are collected 
in Table IV. 

Table IV. Temperature Variation of Observed Rate Constants 
for Mutarotation of Glucose in Frozen Aqueous Solutions 

0.555 Mglucose, 
0.10 

Temp, 0C 

+2.0« 
- 1 . 6 
- 4 . 0 
- 5 . 4 
- 7 . 1 
- 9 . 1 

- 1 1 . 3 

M HCl 
fCobad X 
1 0 6 S e C - 1 

12.3 
7.16 

12.0 
14.8 
14.8 
13.5 

8.67 

0.0512MgI ucose, 
0.040 M H C l 

Temp, 0C 

- 1 . 0 
- 3 . 0 
- 5 . 0 
- 6 . 3 
- 6 . 3 
- 6 . 3 
- 8 . 0 
- 9 . 5 

- 1 1 , 0 
- 1 3 . 5 
- 1 4 . 9 
- 1 7 . 0 

f^obad X 

105 sec"1 

12.4 
23.0 
29.2 
30.5 
20.06 

14.3= 
30.7 
31.0 
28.8 
24.7 
21.8 
17.9 

° Solution not frozen. b Solution contained 0.051 M sodium 
chloride. c Solution contained 0.097 M sodium chloride. 

At - 6 ° with 0.05 M glucose and 0.04 M HCl the 
observed rate constant is 17 times greater than the 
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calculated rate constant20 for a supercooled liquid solu­
tion at this temperature. With these reactant con­
centrations the rate in ice is depressed by 33% if 0.051 
M NaCl is present and by 50% if 0.097 M NaCl is 
present in the initial solutions.23 Figure 4 illustrates 
these results; the mutarotation remains first order in 
glucose and the observed rate constant is less at higher 
salt concentrations. 

Similar to previously studied reactions in frozen 
systems, experimental observations on the mutarota­
tion of glucose in frozen aqueous solutions then include 
rate enhancements, changes in kinetic order, a rate 
maximum at a temperature several degrees below the 
freezing point, and sensitivity to added solutes. 

Discussion 
Solutes of an aqueous solution are very rarely incor­

porated into slowly grown ice crystals.24 For rapidly 
frozen solutions the solutes might appear to be in the 
solid phase, but true solid solutions would not be 
expected. The formation of ice in an aqueous solution 
commonly results in an increase in solute concentration 
in the remaining liquid phase, even if this liquid phase is 
greatly dispersed among the solid. For a given tem­
perature, the same concentration of solute is finally 
attained in all the liquid regions of the frozen system. 
Although the total volume of regions would depend on 
the initial concentration of solute and the individual 
volumes and distribution of the regions should depend 
on the rate of freezing, the concentration of the solute 
in the liquid regions is determined by the phase equilib­
rium between pure ice and liquid solution.12 

Spontaneous Reaction. In the case of glucose at 
— 4°, the liquid phase of a frozen solution contains 
27% glucose19 and sufficient water is still present so 
that essentially the same rate of spontaneous muta­
rotation is obtained in "ice" as in an ordinary water 
solution.25 The results given in Table I show that the 
reaction rate is not appreciably affected by variation of 
surface area of the ice in contact with the liquid regions 
(i.e., the reaction is not sensitive to either the initial 
concentration of glucose from 0.01 to 1.4 M, nor to the 
rate of freezing of samples). The normal mutarotation 
rate (at 0.051 M glucose) is also not changed by the 
addition of 0.05 M sodium chloride. The actual salt 
concentration in the reaction regions at —4° would 
be ca. 0.55 M; but since it is known that even 1 M 
NaCl or KCl has no effect on the mutarotation rate in 
liquid water,26 the absence of a "salt effect" in ice is 
reasonable. In contrast to results of this type, Butler 
and Bruice2 have shown that the spontaneous hydrol-
yses of acetic anhydride and of /3-propiolactone are 
completely, or at least greatly, depressed in frozen 
aqueous solutions. In these cases the addition of KCl 
increased the reaction rates in ice. 

(23) The acid-catalyzed reaction in ordinary aqueous solutions shows 
almost negligible salt effect. At pH I, 1 M NaCl causes only an 8% 
increase in observed rate. See R. Kuhn and P. Jacob, Z. Physik. 
Chem. (Leipzig), 113, 389 (1924). 

(24) A variety of 12 inorganic salts and polar organic compounds 
were found not to incorporate in slowly formed ice crystals. Only 
isomorphous NHUF was incorporated to the extent of ca. 0.5%. See 
S. Zaromb and R. Brill, / . Chem. Phys., 24, 895 (1956). 

(25) However, on long standing at below the ice-a-glucose hydrate 
eutectic temperature of — 4.930,1 ' the a-glucose hydrate should crystal­
lize out and a frozen glucose solution become completely solid. 

(26) T. M. Lowry, / . Chem. Soc, 83, 1314 (1903); J. C. Andrews and 
F. P. Worley, J. Phys. Chem., 31, 882 (1927); V. W. Broser and G. 
Ruecker, Z. Naturforsch,, 15b, 334 (1960). 

Time, min 

Figure 4. Effect of added NaCl on mutarotation of glucose in 
frozen solutions at —6.3°. The reactant concentrations were 0.0512 
M glucose and 0.040 M HCl. 

Catalyzed Reaction. Unlike the simple first-order 
mutarotation, the second-order reaction between glu­
cose and acid is promoted by the concentration effect. 
In order to determine if other effects are present the 
contribution of the concentration effect must be 
separated out. To do this it should first be noted that 
the observed rate of reaction depends not only on the 
concentrations in the liquid "reaction regions" of a fro­
zen solution, but also on the relative volumes of reaction 
regions and the thawed solution.12 Rates and rate 
constants are measured and reported in terms of the 
volume of thawed solution, whereas the reaction 
actually occurs in a much smaller volume produced by 
the freezing process. A rate in the liquid regions of a 
frozen solution of x moles/sec-1. will appear as % X 
Vh/Vs moles/sec-1. when referred to thawed solution.27 

Even if the actual rate does not basically differ from that 
expected for a normal liquid phase reaction, the ob­
served rate will be modified by any factor affecting the 
volume of liquid phase Fh.

28 As Vh may vary from 
run to run,14a,b or even during an individual run,14c 

unusual changes in the observed rate may result.29 

(27) Vh is the total volume of liquid regions in a frozen solution and 
V, is the volume of thawed solution. 

(28) For a bimolecular reaction, A + B -» products, the observed 
rate is given by the equation d[A]B/df = — fa[A]h[B]hJVF8 where sub­
script s refers to thawed solution and h to the liquid reaction regions 
of the frozen solution. 

(29) Although this volume effect makes no difference in a first-order 
reaction, for higher order reactions this aspect of frozen solutions may 
give rise to rather confusing results. For example,3'4 the rate constants 
for reaction of two thiolactones with morpholine in supercooled aqueous 
solutions are proportional to the square of morpholine concentration, 
i.e., kobsd = K[N]I, while in frozen solutions at the same temperature the 
rate is first order in morpholine and the observed kinetic equations have 
the form k0b,d = ^'[N]. Based mainly on this change in kinetic order 
a different mechanism was suggested for the reaction in ice.3'4 How­
ever, in obtaining these experimental results, the morpholine concentra­
tion in initial unfrozen solutions was varied in a series of runs simply by 
dilution of a standard buffer solution. The volume of the liquid regions 
of frozen solutions would then be proportional to morpholine concen-
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Although the concentrations and volume of the 
reaction regions are fundamentally important, they are 
not directly measurable. Instead, the concentrations 
in the frozen solutions must be related to readily 
measured concentrations in thawed solutions. For 
glucose mutarotation in frozen hydrochloric acid solu­
tions, the observed rate constants, according to the 
concentration effect, are related to hydronium ion 
concentration of the reaction regions by the equation 
&obsd = h + fc2[H+]h.

30 When all the acid present in 
initial (or thawed) solutions is present only in the reaction 
regions of frozen solutions, then [H+]SFS = [H+]hFh. If 
all solutes act similarly, the total number of moles in a 
thawed solution will be equal to the total number of moles 
in the liquid part of the frozen solution, i.e., C3V3 = ChVh 

where C3 is the total initial solute concentration of unfro­
zen solution and Cb is the total solute concentration in the 
liquid regions of the frozen solution. Using these two 
relationships between concentrations in a frozen and 
thawed solution, the observed rate constant for muta­
rotation in ice is given in terms of measureable quan­
tities in thawed solutions as follows. 

TH+I TH+I 
kohsd = Zc1 + Zc2 V3 4 ^ = Zc1 + hCb L ^ (1) 

The total concentration in the liquid reaction regions 
(Ch) is constant throughout a run and, like k2, depends 
only on temperature.12 The concentrations [H+]s and 
C3 are known for each run, the value of C3 being equal 
to the total initial solute concentration, C3 = [glucose]s 

+ [H+]s + [Cl-]s + [added solute]s. In these terms the 
hydronium ion concentration, [H+]h) is equal to the 
total possible concentration, Ch, times the ratio of acid 
to total solute concentration in a thawed solution. 
Therefore, the hydronium ion concentration in the 
liquid part of a frozen solution is not always directly 
proportional to the hydronium ion concentration of 
thawed solution, but depends also on the concentration 
of the other solutes. 

Qualitative Results. The relationships presented 
above account for the experimental observations for 
mutarotation in ice, as well as for some general features 
of other reactions in frozen systems. For this reason 
they can first be discussed in a general qualitative 
manner. 

The change in kinetic order in H+ for glucose muta­
rotation in ice arises from compensating changes in 
reaction volume and concentration. At low concentra­
tions of acid the relatively greater amount of glucose 
present controls the reaction volume in the frozen 

trations in thawed solutions, i.e., Kj1 = Jf "[N],, while the actual concen­
tration ([N]h) in the liquid reaction regions would be the same constant 
value in all the frozen runs. If the reaction in the liquid regions is 
normal, then the rate is proportional to [N]h!. When measured in 
thawed solutions the actual rate is modified so that the observed rate 
constant is kohBi = K[S]^1VhIV. which is equal to Jr[N]11

2JC[NVF,,. 
As [N]h is constant and the volume V„ is always in terms of 1 1., the rate 
constants are proportional to [N]8, i.e., k0had = Jf[N]8 as experimentally 
observed. The odd change in kinetic order for reaction in ice arises only 
from the variations in reaction volumes for runs at different initial con­
centrations. As the reactions also show other features of the concentra­
tion effect (such as rate-depressing effects of salts) then it does not seem 
that any new mechanism occurs in these reactions under frozen condi­
tions. 

(30) This relationship may be derived from the general equation for 
the concentration effect28 as applied to this second-order reaction. A 
necessary assumption is that no change in reaction volume occurs during 
a run, or, in other words, that the concentration [H+]b is constant in any 
run. This is reasonable since no over-all change in number of moles 
occurs during mutarotation. 

solutions. The reaction regions remain at nearly 
constant total volume, while the H+ concentration and 
the reaction rate in the regions increase in proportion 
to the acid concentration in initial solutions; the ob­
served order in H+ is then unity. On the other hand, 
at high acid concentrations the solute in the reaction 
regions is essentially all HCl at the highest possible 
concentration. Any further increase in acid concentra­
tion in initial solutions only increases the volume of 
liquid regions in the frozen solution. The concentra­
tion [H+]h ^ V2C11 remains constant, the reaction rate 
therefore remains constant, and the reaction appears to 
be zero order in acid. 

A similar change in kinetic order for glucose does 
not occur. Although the concentration of glucose in 
liquid regions is also not directly proportional to initial 
glucose concentration, and is varied by changes in 
concentrations of other solutes, the kinetic order is 
independent of glucose concentration.31 However, as 
all solutes are involved in determining the total volume 
of reaction region, the observed rate constant depends 
on the initial glucose concentration. A greater number 
of moles of glucose results in a greater volume, Vh, and, 
for the same number of moles of available acid, the 
concentration [H+]h must be more dilute. At a constant 
initial HCl concentration of 0.10 M, the decrease in 
observed rate constant with increase in glucose con­
centration (see Figure 3) results from such changes in 
reaction volume. At the lowest glucose concentration 
a maximum rate constant, corresponding to a maximum 
acid concentration of [H+]h = 72Ch, should be obtained. 
At high concentration of glucose the minimum rate 
constant is obtained when the solution contains too 
much glucose to allow freezing at —4° (i.e., when Vh — 
V3). 

The effect of added sodium chloride is similar. A 
greater concentration of a soluble but inert solute such 
as NaCl results in a greater volume of total reaction 
regions, the reactants are made more dilute, and slower 
rates of reaction are observed (see Figure 4). 

The changes in observed rate with temperature may 
also be explained in terms of concentrations and vol­
umes of liquid reaction regions. With constant initial 
concentrations of HCl and of glucose, a decrease in 
temperature results in a decrease in reaction volume as 
more pure solvent is frozen out. A corresponding 
increase in concentration, Ch, occurs. As long as the 
increase in concentration outweighs the decrease in 
second-order rate constant, /c2, an over-all increase in 
observed rate is obtained (see eq 1). A maximum rate 
is reached, however, when further decreases in tem­
perature fail to increase Ch enough to compensate for 
decreases in the second-order rate constant. This 
effect is illustrated in Figure 5. 

Quantitative Relation of Kinetic Equation. For 
quantitative application of eq 1, the rate constant 
for uncatalyzed mutarotation, k\, and the second-order 
rate constant for acid-catalyzed mutarotation, k2, may 
be obtained by extrapolation of data obtained in 
normal solutions down to O0.20 The value of Ch is 

(31) For any second-order catalytic reaction, the general equation28 

contains this result. If [A]8K8 = [AJhKh then d[A]8/d( = -fo[B]h[A]s 
and when [B]h is constant throughout a run (as in a catalytic reaction), 
the reaction order is seen to be independent of [A]8. However, the 
observed rate constant kobsi = fa[B]i, will depend on the initial concen­
tration of all solutes (including A). 
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obtained from the temperature-composition phase 
relationship for the glucose-water system.82 

The curved line of Figure 3 shows the calculated 
variation of observed rate constant with glucose con­
centration for runs at constant acid concentration of 
0.10 M. The values predicted by eq 1 as fcobsd = (1.92 
X 10-6) + (4.25 X 10-4)(l-64)(0.1)/(0.2 + [G]8) are very 
close to the experimentally obtained values. In all 
supercooled liquid solutions, as in a solution more 
concentrated than ca. 1.4 M glucose at - 4 ° , the same 
rate constant of ca. 6.2 X 10~5 sec-1 is expected33 (see 
Table III). At concentrations lower than 1.4 M, the 
rate constant in frozen solutions increases as predicted 
by eq 1. 

The broken lines in Figure 2 show the theoretical 
relationship of kohsd to [H+]s (from eq 1 in the form 
kobsd = (1.92 X 10-«) + (4.25 X 10-*)(1.64)([H+]S)/ 
([G]5 + 2[H+]S) at two different glucose concentrations, 
[G]8 = 0.051 and 0.555 M). At the highest acid con­
centrations studied, the calculated rate constant is 20% 
less than observed values. This deviation of predicted 
and observed lines is small, but apparently real, as such 
deviation occurs only at concentrations corresponding 
to high acid concentration in the reaction regions (i.e., 
large [H+]h).

34 

The observation that the rate of hydrochloric acid 
catalyzed mutarotation of glucose increases faster than 
the actual acid concentration (for HCl > 0.4 M) was 
reported by Lowry and Smith18 and discussed in terms 
of a "catalytic coefficient of undissociated molecules 
of HCl greater than that of the hydrogen ions derived 
from them." In ordinary (unfrozen) solutions this 
greater catalytic effect35 becomes important only 
when the mutarotation is too fast for convenient meas­
urement;36 in frozen solutions the effect, although 
complicated by the two-phase system, may be more 
accessible for study. At low initial concentrations, 
a reaction in a frozen sample can be sufficiently slowed 
by thawing so that analysis may be carried out at room 
temperature.14 

The calculated effect of temperature on the acid-cat­
alyzed mutarotation in ice also shows that the observed 
rate constants are greater than predicted. The broken 
lines of Figure 5 show the temperature variation accord­
ing to eq 1. For these two series of runs at constant re­
actant concentrations, the rate maximum arises from the 
decrease in k2 and an increase in Cb as the temperature 
is made lower. The experimental points lie above the 
respective calculated lines and, as discussed above, the 

(32) The value of Ch at any temperature was taken from the well-
established glucose-water phase diagram19 rather than from the HCl-
water system which differs significantly below — 5°. Freezing points of 
glucose-HCl-water solutions, with the ratio of glucose to HCl near that 
used in the frozen kinetic runs, showed that the glucose-water phase 
relationship is similar, down to ca. —13°, to that for glucose-HCl-
water when related in terms of total solute concentration. 

(33) Above a total concentration of 1.6 M no ice can form at — 4°.3J 

(34) In the relation fabsd = fa + fa[Hr]h, at high acid concentration 
oniy the fo[H+]h term is important, and as an error in the value of fa 
would shift all the calculated points, then the deviations at high acid con­
centrations (see Figure 2) must be due to an increase in effective catalyst 
concentration as HCl concentration is increased. 

(35) At —4.0° the rate constants observed at high acid concentrations 
are not as great as would be the case if the relation kobsd = fa + fa(/io) 
were followed (where log ho = — Ho, the Hammett acidity function at 
25°,37 and the values of Ho used correspond to the HCl concentrations 
of the reaction regions in the frozen system). 

(36) T. M. Lowry and G. L. Wilson, Trans. Faraday Soc, 24, 683 
(1928). 

(37) M. A. Paul and F. A. Long, Chem. Rev., 57, 12 (1957). 
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Figure 5. Effect of temperature on mutarotation of glucose in 
frozen solutions at constant reactant concentrations. The solid 
lines are experimentally determined; the broken lines are calculated 
from eq 1. 

difference could arise from more effective acid catalysts at 
the higher concentrations encountered at lower temper­
atures or, possibly, from inexact values of Ch (especially 
at lower temperatures) as obtained from the glucose-
water phase diagram.32 

Summary. It is apparent that the mutarotation of 
glucose in frozen aqueous solutions is well accounted 
for by the concentration effect. The kinetic treatment 
of this effect, as summarized by the equation kohsd = 
ki + fc2Ch[H

+yC8, correlates the experimental observa­
tions for changes in reactant concentration, in total 
solute concentration, and in temperature. At the con­
centrations used in this study, any effect of the solid ice 
is negligible and the reaction in the remaining liquid 
regions is normal. It may be that at very low con­
centrations unusual effects due, say, to the presence of 
the liquid-solid interface may yet appear. However, 
no clear evidence for anything other than the con­
centration effect has so far been presented in any case. 

The concentration phenomenon, as well as the rate 
accelerations it gives rise to, are themselves very inter­
esting. Simply by freezing a solution, the solutes may 
be concentrated into as little as 0.1 % (possibly less) of 
the original volume.: 1 Fast reactions in frozen aqueous 
solutions occur at temperatures as low as — 80°.13 

Although liquid regions in apparently solid systems are 
rarely discussed, and still then often disregarded, it is 
clear that many observed results are basically due to 
their existence. Studies of the type reported here 
have, so far, only been carried out in frozen systems 
below room temperature, but, in principle, most solids 
at high temperatures should also contain liquid regions 
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where reactions may occur. Kinetic treatments of 
such systems may be similar to that described here for 
the case of glucose mutarotation in ice. 

Experimental Section 
Materials. Glucose used was British Drug Houses Analytical 

Reagent grade a-D-glucose. Other samples used in some runs gave 
consistent results. Deionized water was used throughout. Hydro­
chloric acid solutions were made from British Drug Houses con­
centrated volumetric solutions. Sodium chloride (U. S. P. grade) 
was dried at 110 ° before using. 

Kinetics. Solutions were made up by dissolving a weighed 
amount of a-D-glucose in a volumetric flask, then adding the appro­
priate amount of HCl solution, and making up to the mark. After 
thorough mixing the solution was divided into ca. 15-ml aliquots 
held in test tubes which were then supercooled to the temperature of 
the run. Freezing was initiated by dipping the tubes for a few 
seconds into a Dry Ice-acetone bath. The first sample was with­
drawn from the constant temperature bath approximately 10 min 
after freezing. Analysis of samples having 0.25 Mglucose or higher 
was carried out by first diluting the sample immediately after 
thawing with an NaOH solution containing buffer (Coleman pH 4 
buffer tablets). The resulting solution was about pH 4, and the 
mutarotation near the slowest possible rate. The angle of rotation 
(± 0.05°) was then measured with a Bellingham and Stanley Model 
D polarimeter. Samples having less than 0.25 M glucose were 
analyzed by use of a Bendix Type-143A automatic polarimeter 
equipped with a mercury filter. The 40-mm cell was fitted with a 
syphon arrangement so that samples could be quickly exchanged in 
the cell without removing it from the optical unit. Samples could 

be thawed and analyzed very quickly; the rotation (±0.001°) was 
taken when the meter needle was at maximum deflection. Muta­
rotation in the thawed samples continued as the sample was warmed, 
of course, but thawing sufficiently slowed the reaction to allow the 
rapid analysis described above. The rotations of the infinity sam­
ples were taken after allowing the solution to stand at room tem­
perature ca. 24 hr. 

Observed rate constant were obtained from the slope of plots of 
log (ao — «„)/(«! — Ct1x) against time (where a is observed rotation). 
The best straight line was drawn visually through the points. The 
rate constants for spontaneous mutarotation, ku were calculated20 

from - 3 0 to +20° by the equation log fc = - log 60 + 10.785 -
16,900/2.303.Rr (at -4.0°, ki = 1.92 X 10-« sec"1). The rate 
constants for second-order acid-catalyzed reactions were calculated M 

from log ki = - log 60 - log 0.04 + 12.111 - 18,600/2.303.Rr (at 
-4.0°, fe = 4.25 X 10-1LmOIe-1SeC-1). 

The values of Ch at various temperatures were taken from the 
equation for the glucose-H20 system given by Young.19 These 
values in weight per cent were corrected to molarity with the rela­
tionship given for glucose-water solutions by Jackson.38 The 
freezing points of several glucose-HCl solutions were close to the 
values expected (after correction to the total number of moles 
present) for solutions containing only glucose. 
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