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These reactions have transition states containing a
water molecule and a 41 charge.” It can be shown
that the fit with eq. 4 is equivalent to having the ac-
tivity coefficient of the transition state (f*) equal to
fmoot. As a provisional hypothesis, we propose
that this category is characterized by cations in
which the charge is centered on a H,OT moiety
which is rather loosely held so that the interaction
with solvent is much like that of H;O7 itself and
thus /* = fu,ot.

Fortunately, literature data indicate that the f
behavior of most cations closely approach that of
one of the three limiting categories.

Activity Coefficient Behavior of Neutral Mole-
cules in Aqueous Sulfuric Acid.—FEarlier it had
been found* that d log f behavior in water—sulfuric
acid was similar for a wide variety of neutral mole-
cules. To that list can now be added salicylic acid,

(7) M. A Pauland F. A. lLong, Chem, Rers., 57,1, 035 (1957); R.W.

Taft, Jr., N. C. Deno and P. A, Skell, Ann. Rer. Phys. Chem., 9, 3006
{1958).
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a difunctional compound with internal hydrogen
bonding. The actual values of 9}, sulfuric acid,
solubility in (moles/1.) X 103 and d log f were O,
16.1, 0.014; 4.84, 11.¢, 0.014; 9.82, 8.3, 0.018;
19.55, 6.3, 0.023, 29.59, 4.1, 0.23; 40.52, 2.0, 0.013;
50.83, 1.7, 0.0; 60.24, 4.0. The values of ¢ in-
creased with increasing concn. of sulfuric acid and
the details of this change will appear in the Ph.D.
thesis of Henry J. Peterson.

Experimental

The data used to calculated Hg appear in the Ph.D.
Thesis of H. E. Berklieimer, Pennsylvania State Univ.,
1959. The indicators that were used are listed in Table II.
In all cases, values of d log (crom/crT)/d €¢ acid were in-
dependent of the indicator used.

The data on 4,4’,4"/-trimethoxytriphenylmethanol are
presented iu detail (Table V') to show that measurements
were inade in acids sufficiently dilute so that Hr = pH.
Thus, Hg values in sulfuric, nitric and perchloric acids are
all based ou the same standard state assignment, namely,
that f = 1 for all species in dilute aqueous solution.
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The reaction between clilorolivdrins and sodium hydroxide or tetrainethylaimnoniunt hiydroxide hias been studied by com-
bitted kinetic and equilibriunt nteasureinents in the solvents H,;O and DyO. The mechanisin is kuowu to involve specific
hydroxide ion catalysis #4a a two-step mechanism and data are given for both the slow step and the prior equilibrium. Con-
ductivity studies confirm thie earlier conclusion of Twigg and co-workers that measurable amounts of the intermediate
alkoxide ion are present. Some of the observed variation of second-order rate coefficients with concentration of reactants is
due to this but there is also evidence that much of the variation is due to kinetic salt effects. The over-all rate coefficients in
D,0 relative to HyO are 2P/EH = 1.54 for 2-chloroethanol and kP/EH = 1,58 for 2-chloropropanol. These values are in
substantial agreement with the 2P/EY ratio of 1.45 reported for the base-catalyzed decomposition of diacetone alcohol, a
reactionn which also involves specific hydroxide ion catalysis. Measurements of relative rates have been made for several
mixtures of H:O and D,O and the dependence of rate on atoin fraction of D agrees excellently with the revised Nelson—
Butler equation, in contrast to the results for diacetone alcohol. The conductivity measurements lead to values of 4.9 X
10715 and 1 X 107% for the acid ionization constant of 2-chloroethanol in the solvents H,O and D.O, respectively. From
these values and the observed kinetic effect of D50, it is concluded that the unimolecular reaction of a 2-chloroalkoxide ion to
give an epaxide goes about 155, faster in DO than in H,O. Finally, the observed kinetic cffcets of DyO are compared with
thie available data for othier nicchanistns of base catalvsis. Relative rates in D,O will probably distinguish between specific
hiydroxide ion catalysis and general base catalysis witlt a pre-equilibriuin proton transfer but will probably not distinguish
between speeific catalysis and a once-step, slow proton transfer.

Introduction However, for the casc of specific hydroxide ion ca-
talysis there appears to have been only one investi-
gation, that of Nelson and Butler on diacetone al-
cohol.® Unfortunately these investigators found
for mixtures of H,O and D,O that the relative rate
was linear in the atom fraction of D and they inter-
preted this as evidence that the reaction did not -
volve a prior equilibrium, 7.c., did not go by specific
hydroxide ion catalysis.’® In view of these facts it
seemed useful to study the effect of D,O as solvent
for a reaction whose mechanisin fairly surely in-
volved specific base catalysis. The reaction chosen
was the formation of an epoxide from a chlorohy-
drin. There were several reasons for this choice.

Data on rddative rates of reaction in 1,0 and H,O
frequently have been used as a criterion of mech-
anism for acid catalysis and the behavior to be ex-
pected for various mechanisms is fairly well under-
stood.®*  Much less is known about base-catalyzed
reactions.  Some early work is available for the
casc of general base catalysis’ 7 and Long and Wat-
son recently have reported on a fairly complete
study of the base-catalyzed keto—enol reaction.’

(1) Work supported by a grant from the Atomic Energy Commis-
sion.

(2) Presented in part at 133rd Meeting of the American Chemical
Society, San Francisco, California, April 1958.

(3) R. P. Bell, "Acid-Base Catalysis,” Oxford Press, 1941, Chap.
V1L

(4) K. Wiberg, Chem. Revs., 58, 713 (1953).

(5) O. Reitz and J. Kopp, Z. physitk. Chem., A184, 429 (1939).

(6) O. Reitz, thid., A176, 363 (1036).

(7) 8. K. Marou aad V, K. LaMer, ‘Tuis Journar, 60, 2588 (1038).

(8) U AL Loug aud D, Walsou, J. Chene. Soc., 2019 (1038).

(9) W. E. Nelson and J. A. V. Butler, ibid., 957 (1938).

(10) On the basis of the presently available evidence it seems
fairly certain that the diacetone alcohol reaction does in fact proceed
by specific hydroxide ion catalysis. An excellent summary of the
situation is to be found in A. A. Frost and R. (5. Pearson, "Kinetics
antl Meclhianésu,” Jolur Wiley and Sous, luc,, New York, N Y., 1053,
Pp. 28320,
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Onc was that the work of a number of investigators
ou both the forward and reverse reactions had es-
tablished that the mechanism was quite defi-
nitely!1—4

%1 Cl
{ I
#=CCOH + OI7 = — (- C07 + L0 Equil.
‘ ‘ i i (Id)
Cl
{ ko \
G QO™ T GG - C17 Slow  (ID)
-
I ko, \O/

This clearly belongs to thie category of specific liy-
droxide ion catalysis (even though hydroxide ion is
actually used up in the process). A second reason
is that the reaction goes essentially to completion
in basic solution and is easy to follow.

A final reason for choosing this reaction is that
Twigg and co-workers!® have proposed that, at
least for 2-chloroethanol, a measurable amount of
the intermediate alkoxide ion is formed and that a
Kinetic analysis of rates for reaction of fairly con-
centrated solutions can give information on the
separate steps of the mechanism. Specifically these
authors give an approximate steady-state develop-
ment to show that a plot of 1/& vs. [4¢ + B,
where 4, and By are initial concentrations of react-
auts and k, is the observed second-order rate coef-
ficient for the early part of the reaction, should be
linear with a non-zero slope. From the observed
slope and intercept it is possible to calculate both
the equilibrium constant X for reaction (Ia) and the
value of k.. This sort of analysis for reaction of
cthylene chlorohydrin with sodium hydroxide led
Twigg, et al., to a value of the acid ionization con-
stant of the alcohol of 3 X 10—%. The possibility
of a similar detailed analysis for reaction in D;O
umplied that it would be feasible to determine the
separate contributions of steps (Ia) and (Ib) to the
over-all D,O solvent effect. As will be seen this
particular procedure involves some serious diffi-
culties, but it fortunately has been possible to ob-
tain the same kind of information in other ways.

Experimental

Materials.---Connnercial 2-chiloroetlianol was fractiot-
ated (b.p. 51.0° (31 mm.)) over anliydrous calcium sulfate
togetlier with a little sodiuni carbouate to remove traces of
acid. 2-Chloropropanol was prepared from ea-chloropro-
pionic acid zia the acid chloride, followed by reduction witlt
lithium aluminum hydride. The procedure of Fickett,
Garner and Lucas!® was followed except that the lithium
aluminum hydride complex was destroyed by the addition
of water and the ether extract removed immediately without
acidification. This minimized the formation of the iso-
meric 1-cliloro-2-propanol by acid-catalyzed attack of chlo-
ride ion on any traces of propene oxide which might have
been formed by hydrolysis of 2-chloropropanol. The prod-
uct had b.p. 37.9° (12.5 mm.), #»%D 1.4362, and was shown

(11} S. Winstein and H. J. Lucas, THis Jour~aL, 61, 1576 (1939).

(12) C. L. McCabe and J. L. Warner, sbid., 70, 4031 (1948), and
earlier references therein.

(13) G. H. Twigg, W. S. Wise, H. J. Lichtenstein and A. R. Phil-
potts, Trans. Faraday Soc., 48, 699 (1952).

(14) A. A. Frost and R. G. Pearson, ref. 10, give a ietailed discus-
ston of this reaction.

(16) W. Fickett, II. K. Chruer and I J. Lueas, Turs Journar, 73,
5066 (1051).

PeTER BALLINGER AND F. A. LoNG

Vol. 81

to be pure, and free from thie isomeric compound by vapor
phase cliromatography. Otlier materials were purified as
described previously!é and all solutions were prepared imine-
diately before use.

Kinetics."—Equimolar solutions of the chilorohiydrin aud
of sodium or tetramethylammonium hydroxide were allowed
to react at thermostat temperature and aliquots were re-
moved and quenched in dilute nitric acid sufficient to leave
only a slight excess after neutralizing the alkali. The prog-
ress of the reaction was followed by potentiometric titration
of chloride ion and the addition of the necessary excess nitric
acid was postponed until very near the end-point to prevent
appreciable acid-catalyzed addition of cliloride ion to tle
alkene oxide present. Apparent second-order rate coefli-
cients (ko) were calculated froimn the slope of a graph of 1/4
versus ¢ where 4 is the concentration of unreacted starting
materials at time ¢, )

Conductivity Measurements.—The electrical equipment
hias been described previously.l® The conductivity cell,
shiown in Fig. 1, was constructed from heavy-walled Pyrex
tube. Tlie cell constant, measured witl carefully prepared
potassium chloride solutions, was 0.412; cm. ™! and the elec-
trodes were of bright platinum to ininimize rctention of
electrolyte when the cell was rinsed aud dried between ruis.

The principal use of the conductivity apparatus was for
determination of the equilibrium constant of reaction (Ia).
The theory of the method has been described previously.®
The specific procedure for the reactive 2-cliloroethanol was
to place 10 ml. each of solutions of the alcohol and of sodium
liydroxide in the compartments of the inclined cell (pre-
viously fluslied with carbon dioxide-free air). After a wait
of ten minutes to establish constant temperature, the solu-
tions were mixed quantitatively by vigorous agitation. Tlie
cell thien was reoriented so that the electrodes were covered
as deeply as possible and resistances were measured at fre-
quent intervals. For non-reactive mixtures, ¢.¢., where the
electrolyte was potassium chloride or where the alcoliol was
ethanol, the resistance attained a constant value within a
few minutes after mixing. With tlie mixture of chlorol_l_v-
drin and strong base the resistance increased with time owing
to replacement of hydroxide ion by chloride ion. This in-
crease was accurately linear with time for at least 15 min-
utes. Hence, it was possible to obtain the resistance at
the instant of mixing by extrapolation to zero time. Blauk
experiments with electrolyte solutions but without ilie or-
ganic solute gave the resistance of the electrolyte itself.

TaABLE I

Taeg Viscos1TiES oF ETuaNolL-WATER AND 2-CHLORO-
ETHANOL-WATER MIXTURES AT 25°

(¢0 — &)/
¢, caled.
Relative Relative for a
Concn. vis- fluidity molar
M) cosity (&) soln.
Ithanol 0.0 1.000 1.000 = oo R
0.107°
1.00 1.198 0.834 L 198
2-Chloroethanol  0.09803 1.017  .983 176
.2936 1.050 L9562 L172
. 3888 1.069 936 176
L4818 1.083 .022 176

@ This value caleulated from data it “‘International Criti-
cal Tables.”’

If the data from a conductivity experiment are plotted
as R/(Re — R) versus time, a determination of the slope
and intercept permits calculation of the second-order rate
coefficient.’® This procedure was tested for the chlorohy-
drin reaction and found to give highly reproducible data.
However, the actual rate coefficients were invariably about
109, larger than those determined by titration of chloride
ion. The difficulty probably stems from our inability to
obtain a precise value for Re. The normal assumption was
that this is given by the resistance of a solution of sodium

(16) P. Ballinger and F, A. l.ong, ibid., 81, 1050 (1959).
(17) All rate coefficients are in 1. mole =1 sec. "1 units at 25 =+ 0.005°,
(18) A. A. Frost and R, G. Pearson, ref. 10, p, 35-37.
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TABLE 11

CONCENTRATION EFFECTS FOR THE REACTION OF 2-CHLOROETHANOL WITH EQUIMOLAR HYDROXIDE IoON, 25°

Reactant concn. (M) 0.025 0.050 0.100 0.150 0.200 0.250 0.304 0.4053 0.500
103 &y (NaOH) 10.3 9.89 9.33 9.05 8.80 7.7
10.4 10.4 9.33 9.11 8.79 i
108 by ((CH,)NOH)  10.7 10.5 10.4 10.2 10.3
10.6 10.7 10.4 10.2 9.5¢
9.6
¢ With added 0.4 M sodium nitrate.
chloride of the same concentration as that of the initial TagLE II1
sodium hydroxide. However, there was almost certainly
some gradual contamination by carbonate so that this value DevTERIUM ISOTOPE EFFECTS®
is only a lower limit. Because of these difficulties we have Reactant
only used rate coefficients from conductivities for relative Substrate Solvent ‘U 102, i“;’;;’o/
considerations in spite of their excellent reproducibility.
2-Chloroethanol H,O 0.050 0.997 1.54
99.5% DO .0503 1.54
2-Chloropropanol H,O .0125 7.26 1.58
99.59% D,O .0125 11.46
49.79% D,O .0125 8.60
Diacetone ca. 0.2 M aleohol 1.45
alcohol?® .119 M NaOH

RN

Fig. 1.—Conductivity cell for rapid mixing.

Calculation of the equilibrium constants from conduc-
tivity data involves corrections for changes in viscosity.
The data of Table I were collected for this purpose. Meas-
urements were made with an Ostwald viscosimeter and the
listed values of viscosity are corrected for the small kinetic
energy term. Even so, the values are only relative since
the available data on density of the 2-chloroethanol solution
are for 20°.%?

Results and Discussion

Tables IT and IIT give data on the rate of produc-
tion of chloride ion from equimolar solutions of
chlorohydrin and strong base for the solvents H,O
and D;O. The recorded %'s are the observed sec-
ond-order coefficients for the initial stages of reac-
tion (roughly the first 359). The values of the
coefficients for reaction with sodium hydroxide are
in good agreement with those of earlier workers, 22!
Furthermore the variation of k) with concentration
of reactants is quite similar to that reported at 20°
by Twigg, et al.,'® and by Porret,?? as may be seen
from Fig. 2.

In view of the results of Nelson and Butler with
diacetone alcohol, it seemed of particular interest to

(19) J. Matejkee and B. Jelinek, J. chim. phys., 34, 611 (1937).

(20) L. O. Winstrom and J. C. Warner, Trais JourNaL, 61, 1205
(1939).

(21) L. Smith, Z. physik. Chem,, 152, 153 (1930),

(22) D. Porret, Hely, Chim. Acta, 24, 80E (1941),

make rate measurements for the chlorohydrin reac-
tion at intermediate mole fractions of D:O. Figure
3 gives the results for ethylene clhlorohydrin.?

240
200
&
=
120
100
80 | | |
0 0.5 1.0
(Ao + By).

Fig. 2.—Second-order rate coefficients versus sum of initial
reactant concentrations, Sodium hydroxide as base: 4,
Twigg and co-workers, 20°; ©, Porret, 20°; 0O, present
work, 25°, Tetramethylammonium hydroxide as base:
V. 25°; A, with 0.4 M added sodium nitrate.

(23) We have learned recently (private communication) that C. G.
Swain and co-workers have also measured &P/&™ for reaction of 2-
chloroethanocl and sodium hydroxide and find a value of 1.54, in ex-
cellent agreement with that listed in Table 111.

(24) These measurements were made with the conductivity pro
cedure partly because of its high precision, partly because we wished
to work at low concentrations of reactants where perturbations tfrom
changing concentrations of intermediate would be minimized. As
noted earlier, rate coefficients from this procedure are somewhat higher
than those obtained by titration of chloride ion. However, the rate
ratio for pure D:0O relative to water agrees very well for the two
methods and we have confidence in the ratios for intermediate mole
fractions.
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Fig. 3.-—Relative rates in HyO-D,O mixtures for reaction of
2.chlorcethanol and sodiuin hydroxide.

Each point of Fig. 3 gives a value for the mean of
two experimental determinations. The dashed
line is a linear interpolation betweenr the 0 and
1009, D,O values. The solid line 1s calculated
from the Nelson—Butler equation

by _ 1= kP/RR [(D:0)/N(H0)]
EY 1+ [(D:0)/N(H.0)]*"

where k(n) is the rate coefficient at atom fraction
(n) of deuterinm, (D;0) and (H:0) are concentra-
tions in mole fraction units and &V is the equilibriun:
constart for the reaction

20D~ + H,O = 20H™ + D:O

The value of N has been calculated as 3.88 using
modern values for the various equilibrium con-
stants which enter.?® The agreement between ex-
periment and calculation is excellent and lends sup-
port to the prediction made by Nelson and Butler
for this mode of reaction. Equally good agreement
is shown by the less extensive data for reaction of 2-
chloropropanol (Table IIT).%

A major reason for studying the reaction of so-
dium hydroxide over a wide range of concentration
was to obtain values of K and %, for the mechanism
(I), using the procedure of Twigg, et al.'* How-
¢ver, the pronounced curvature of the sodium hy-

(25) E. 1.. Purlee, THIS JOURNAL, to be published, recently has
revised the Nelson and Butler equilibrium constants. The new
values are, in the terminology of Nelson and Butler: K = 4.0, L = 11
and Km0/ KD;0 = 6.5.

(26) NoTE ADDED IN PROOF: We have just been informed (Y.
Pocker, private communication) that a reinvestigation of the reaction
between diacetone alcohol and hydroxide ion has led to relative
rates which agree well with the revised Nelson—Butler predictions for
specific hydroxide fon catalysis, The discrepancy reported earlier
tlius appears to e removed,

PETER BALLINGER AND F. A. Lone
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droxide data of Fig. 2 casts cousiderable doubt on
the utility of this procedure since there clearly 1s
no easily established linear dependence of 1/kq ou
concentration of reactants. Furthermore the slope
for reaction with tetramethylammonimm hydrox-
ide differs markedly from that for reaction with so-
ditm hydroxide. Both of these results are cousist-
ent with the proposal that much of the observed
hehavior is due to kinctic salt effects since it is
known that sodium hydroxide is a strong salting out
agent and that the salt effects of sodium and tetra-
methylammonium ions differ markedly.”” The
still different dependence of rate on concentration
reported by Winstrom and Warner® using another
base, barium hydroxide, is further evidence for spe-
cific salt effects. We conclude, as did Twigg, e/ a/,,
that the data of Fig. 2 are indeed evidence for the
existence of measurable amounts of the alkoxide
intermediate of mechanism (I), but we also con-
clude that the data by themselves do not permit
quantitative nieasurement of its concentration.

Fortunately it appears that a fairly precise neas-
urement of the equilibrium constant for reaction Ia
can be made by a conductivity procedure.’t Data
on the necessary measurentents are listed in Table
I1V.  For the process involved

K
CH.CICH.OH + Na*OH = =
CH.CICH,0 " + CH,CICH.OH

o (1 — a)
+ Na® + OH- 4+ H,O
(1 — a) o

the degree of dissociation «, and hence ultimately
the equilibrium constant A, may be calculated from
the expression

R\’cor) . ANaOH _—

"Ry Nat + (I — &)NOH~ + aA CH,CICHO
where Ry and Anuon are the resistance and equiva-
lent conductivity, respectively, of the sodium liy-
droxide solution by itself and A.NaT, etc., refer to
the equivalent conductivity of the various ions.
Rcor) 1s the resistance which the alkaline solutions
of the chlorohydrin would exhibit if no ‘‘viscosity
effect” were present. Since the viscosity correc-
tion is difficult to measure directly, it has been made
by assuming that the effect of change in viscosity
is the same for solutions of sodium hydroxide as it
is for solutions of potassium chloride. Studies with
ethanol (Table IV) indicate that this assumption
is a conservative one.

The viscosity correction has been applied in
Table V and the last column of this table gives val-
ues of the equilibrium constant as calculated from
the relation X = «/(1 — a)Csu where Csn is molar
concentration of unreacted substrate. As noted
previously'® the resulting K is to a good approxi-
mation the thermodynamic equilibrium constant
for the reaction.

Tt is noteworthy that the very slow decrease (ca.
0.19, per hour) in the resistance of solutions of po-
tassium chloride containing 2-chloroethanol, to-
gether with the high resistance of solutions of the
latter alone (Table IV), show that the degree of
possible gradual contamination of solutions of 2-

[97) F. A. Long and W. P, McDevit, Chem. Revs., 51, 119 (1852);
F. A Lougand R. L. Bergen, J. Phys. Chem., 60, 1131 (1956),
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TABLE IV
THE CONDUCTIVITY OF ELECTROLYTES IN WATER AND IN DEUTERIUM OXIDE CONTAINING ETHANOL AND 2-CHLOROETHANOL
g
Equivalent (ﬂ___EQ Caled.
Organic Conen. Concen. Resistance conductivity Az for 1 M
Solvent substrate M) Electrolyte (M) (ohm) (4) (= L") substrate
H.0 Fthanol 0.0 KCl1 0.001 2744 147, OI
32! 2
25 KCl 001 2833 142 .4{ 0.0323 0129
0 NaOH 002 870.0 236.8 o
25 NaOH .002 R94.6 230 4/ 0278 A
H,0 2-Chloroethanol 1 o .0 ca. 108 o
. KCl 0024 1172 146.5)
¢ 148
4808 KCl .0024 1252 137. 1/? 0686 143
4808 KCl1 .0024 1226 o
0 NaOH .00375 459.8 239.0
.1098 NaOH 00375 4840 227 .1 L0524 AT
.2069 NaOH .00375 5060 217.2 L1004 485
L3000 NaOH .00375 528.0° 208.1 .1485 495
D,0 2-Chiloroethanol 0 KCl1 .002815 1210 121 .01 0100 117
08525 KClI .002815 1222 119.8] ' o
0 NaOD .004057 680.2 149 .4
.1001 NaOD .004057 711.8 142.7 L0470 470
2041 NaOD 004057 748.0° 135.8 1001 491
.3037 NaOD 004057 811.0° 125.0 1952 643
0 NaOD .002847 984.5 147.1] -
. 03¢ 46
08525 NaOD .002847 1023? 141. 5,/ 396 365
e After 16 hr. ® Mean of 2 measurements.
TABLE V
EQUILIBRIUM CONSTANTS FOR THE REACTION OF 2-CHLOROETHANOL WITH HYDROXIDE Iox 1¥ WATER AND IN DEUTERIUM
OXIDE
Substrate Alkali Mean
conen. concn, A Nat A.CH:Cl- K K
Solvent (M) (M) R(cor.) (caled.) CH:0 - o (1. mole=9) 1. mole~*4}
H.O 0.0 0.00375 459.8 = Ry 48.1°
.1098 .00375 476.5 48.1 32° 0.0496 0.48
. 2069 00375 491.5 48.1 32 .0913 49 0.49
.3000 .00375 506.3 48.1 32 130 )
D0 .0 004057 680.2 = R, 39.8
1001 004057 703.6 39.8 26.4¢ 0697 .64
2041 004057 730.6 39.8 26,4 124 .71
3037 004057 783.2 39.8 26.4 .236 1.02 66"
.0 .00285 984 .5 = R, 40.1° 26.4
.08525 .00285 1013 40.1 26.4 .0514 0.64

2 Calculated from best available literature value for A.Na * and the variation of ANaCl with concentration,
¢ The anion has approximately the same size as tle trifluoroethioxide anion,
¢ Neglecting the value 1.02.

from mean value of \yNa™* in D.O = 41.6.28
ref. 16. 4 Using the relation AH.O/AD,O = 1.21.

chloroethanol by ‘‘strong’ acid is extremely slight
and cannot account for more than ca. 0.29, of the
resistance increment of the alkaline solutions.?*

An important consequence of the data of Table
V is that they permit calculation of the thermody-
namic ionization constant for the chlorohydrin as an
acid. Using the relation A Ksu/Kmo along
with values of 1 X 107 and 0.154 X 107! for
Kwmo and Kp,, respectively, one calculates
Keu = 4.9 X 10~% and Ksp = 1.0; X 10~ where
Ksp is for ionization of the deuteroalcohol in DO
as solvent. The value of Ksy for water as solvent
agrees approximately with the figure given by

(28) L. G. Longsworth and D. A. Mclnnes, THiS JOURNAL, B9,
1666 (1937), and O. F. Frivold, O. Hassel and E. Hetland. C. A., 35.
20535 (1941).

(29) Assuming no difficulties from adventitious impurities, there
remain several sources of error in the K values, the largest of which
probably is the viscosity correction. Our estimate is that the K values
are accurate to about +£259,. Several of these errors will partially
cancel when one takes a ratio of K's; hence we believe that the ratio
Ky/Kp is accurate to about =10%.

b Caleulated

Twigg, et al.'3%  The ratio of ionization constants
of KH/KD = 4.8 is in reasonable accord with an
extrapolation of the Rule and LaMer plot.3!

The observed values for the equilibrium constant
for reaction Ia are in accord with the conclusions of
Twigg, et al.,'® that measurable amounts of the in-
termediate alkoxide ion are present in the ordinary
reaction mixtures. For example, with 0.01 M re-
actants about 0.59, of the initial chlorohydrin is
actually present as the alkoxide ion and for 0.1 A
reactants this percentage increases to about five

(30) Our value of the ionization constant of 2-chloroethanol is con-
siderably higher than that listed by Winstein and Grunwald (THIs
JourNaL, 70, 828 (1948)) who estimate a value for pKa of 16.9.
However, this estimate is based on an assumed value of 2 Kg = 18
for ethanol. Actually there is good reason to believe that ethanol has
about the same acid strength as water (see, for example, Hine and Hine,
ibid., T4, 5266 (1952)). If one assumes this and therefore usesa pKa
value for ethanol of 15.7, the procedure of Winstein and Grunwald
leads to an estimate of pKa = 14.6 for 2-chloroethanol. in reasonable
agreement with the measured value.

(31) Figure 2 of C. K, Rule and V. K. LaMer, 7bid., 60, 1981 (1938).
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(assuming that K remains at its dilute solution
value). However, the percentages for these con-
centrations are not large enough to cause any sig-
nificant drift in the second-order rate coefficients,
at least for the first 509, of the reaction, and the
ratio of the observed rate coefficients for reaction in
H,O and D;0O is therefore a true measure of the
over-all effect of this solvent change.

By using the data of Table V on the effect of DyO
on the equilibrium (Ia), it is possible to calculate
the effect of this solvent on the slow step (Ib). In
terms of the mechanism one can write

kAD _ kQD KD
ER T REKH
where kD/kH is the observed over-all rate ratio,
KD/KH is the ratio of equilibrium constants for
step (Ta) and k;P/ks" is the ratio of rates for the
slow step of the reaction, step (Ib). From the listed
values of the first two ratios we calculate that 2,2/
ke.His 1.15. Since the alkoxide ion reactant for this
step is clearly identical in D,O and H,O it follows
that this is a case of a reaction which is significantly
faster in DyO because of general solvent effects.
Solvent effects of this magnitude are frequently en-
countered but generally the direction is for slower
rates in D;0.32 However, a few cases of faster rate
in DO (due to general solvent effects) have been
observed and have been correlated with a decrease
in solvation in going from reactants to transition
state.®® A similar large decrease in solvation is
quite reasonable for the present reaction. Hence
the observed DyO effect for step (Ib) is not at all
surprising.

Returning to the over-all effect of the change
from H,0 to DyO as solvent, it is noteworthy that
the measured #P/kH ratios for the chlorohydrin re-
action and also for the reaction of hydroxide ion
and diacetone alcohol are substantially greater
than unity. Since both of these are examples of
specific hydroxide ion catalysis, it seems reason-
able to conclude that reaction by this particular
mechanism will generally be slightly faster in DO
than in water. A plausible estimate of the limit
of variation for kP /k® for specific hydroxide ion ca-
talysis might be a range of from 1 to 1.8.

An important question which now can be consid-
ered is: are the results for other mechanisms of

(32) P. M. Laughton and R, E. Robertson, Can. J. Chem., 84, 1714

1956),
( (33? J. G. Pritchard and F. A. long, THis JourNarL, 78, 6008
(1956).
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base catalysis sufficiently different from this as to
permit data from a study of relative rates in D:O
to be used as a general criterion of mechanism?
One other mechanism for consideration is that of
general base catalysis with a preequilibrium proton
removal

SH + B = S~ + BH* Equil. (1la)
S~ 4+ BH* = Products + B Slow (11b)

An example of this is the reaction of an enol to give
a ketone. For this reaction, and presumably also
for other examples of this mechanism, there is good
reason to believe that the reaction will be consider-
ably slower in D;O than in HO, for reaction of hy-
droxide ion as well as of other bases.83 Another
mechanism to consider is a single-step, slow proton
removal

SH 4+ B = Products + BH™* (I11)

Examples of this reaction are the base-catalyzed
transformation of a ketone to an enol and the re-
action between a base and a nitroparaffin. For the
particular case of reaction of a nitroparaffin with
hydroxide ion,” #P/kH has been reported as 1.4 and
data for other bases are not very different.®®
A summary of these various estimates is

Mechanism Catalyst Approx. kp/kH
I, specific OH~ OH~- 1to 1.8
11, pre-equil,, gen. base  OH~ or other 0.2t0 0.4
111, one step, gen. base®s OH~ or other 0.8to 1.5

On the basis of these estimates it would appear
that studies of relative rates in DyO should distin-
guish mechanism II from I and III. In contrast
the latter two probably are not distinguishable in
this way. This last conclusion is perhaps less se-
rious since ITI, the one step slow proton removal,
presumably will occur only for rather distinctive
reactants, most characteristically for removal of a
proton from carbon.

ITrACA, NEW YORK

(34) No direct study of the DO effect for reaction of hydroxide fon
by this mechanism appears to have been made, Ref. 8 however
shows that this reaction is about 1/4th as fast in D3O for the bases
acetate ion and water and the general prediction would be quite similar
for reaction of hydroxide ion. The conclusion in ref. 8 that D20 is a
considerably weaker acid than H:O would lead to the same prediction
since the slow step for the hydroxide ion reaction is the transfer of a
proton from either H30O or D20 to the a-carbon of the enolate ion.

(35) The usual situation, to which these data relate, is that the re-
actant is present as SH in the solvent D:0 as well as in H:0, i.¢., that
exchange of the proton being attacked is slow. If this is not true, this
mechanism will also exhibit much slower rates in D:0. See ref. 8 for
amplification of this point.



