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The rate of approach to equilibrium in the hydrogen exchange between phosphine and water containing 3% deuterium

has been measured by following the uptake of deuterium in the phosphine.

Under conditions where the diffusion from the

gaseous to the liquid phase is not rate-determining, the fraction of exchange as a function of time follows the usual McKay

rate law.
a general acid with exchangeable protomn.

sociation constant.

As part of a general program of research on reac-
tions involving stable isotopes, we have recently re-
ported an investigation of the equilibrium in the
exchange of hydrogen between phosphine and wa-
ter.? From the experimental conditions required
to attain this equilibrium, it was evident that phos-
phine was behaving as a weak base. Since nothing
had been reported in the literature on the basicity
of phosphine (other than the fact that it is consider-
ably weaker than its analog, ammonia), a kinetic
investigation of the exchange mechanism was un-
dertaken, with the object of determining something
about the acid and base properties of phosphine in
aqueous solution. The method of isotopic ex-
change which was used appears to be generally ap-
plicable to studies of other weak acids and bases.

Experimental

The methods used for the preparation of phosphine and
for mass spectrometric analysis of phosphine have been pre-
viously described.?

Buffer solutions were made up by dissolving C.p. or Ana-
Iytical Grade reagents in gravimetrically prepared mixturcs
of distilled water and 99.89%, heavy water. A Beckman
model G pH meter with glass electrode was used to deter-
mine the pH of these solutions; for alkaline solutions a Type
E glass electrode was used. The deuterium content of the
solutions was about 3 atom per cent. and its effect on the
pH was therefore neglected.

Ten ml. of solution was pipetted into a conical rcaction
vessel, and the solution was degassed by repeated cycles of
freezing, evacuation and thawing. With the solution at
—78°, a measured pressure of phosphine was added, the
liquid was thawed quickly, and the vessel was placed in a
shaking device immersed in a thermostat. Typical values
were 300-400 mm. for the phosphine pressure, and 120-150
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Fig. 1.—Typical plots of experimental data: 1, trimethyl-
acetic acid buffer; 2, benzoic acid buffer; 3, formic acid
buffer.

(1) Research carried out under tlie anspices of tlie 7. 8. Atomic
linergy Commission.

(2) R Weston, Jr.,
11052)

and J Bigeleisen, J. Chew Phys | 20, 1100

The rate expression may be written as d(PH,D)/d¢ = (PH;){ Zikas(HA:) + kor-(OH ™)} where HA; represents
By making reasonable assumptions concerning rate constants, an estimate of
1028 is made for the base dissociation constant of phosphine in water.

A similar estimate of 1072? is made for the acid dis-

ml. for the gas phase volumme. The temperature control was
within =0.02°, with an absolute accuracy of ==0.1° deter-
mined by comparison with a thermometer calibrated at the
National Bureau of Standards. Unless otherwise stated,
the temperature was 27.0°. At measured elapsed times,
the vessel was removed from the thermostat to the vacuum
line, and a sample of the gas phase was removed for analysis
as described previously.?

For each experiment, a plot was made of log (1 — f) against
time. The fraction of exchange, f, is defined by f = (D —
Dy /(Do — Dy), where D, the fraction of deuterium in
phosphine at time ¢, is obtained from inass spectrometric
analysis; Dy is the natural abundance of deuterium; and
D, the fraction of deuterium in phosphine at complete
exchange, is calculated from the known exchange equilib-
rium constant? and the fraction of deuterium initially in the
aqueous phase. In all cases, straight lines were obtaincd,
in agreement with the McKay law for isotope-exchange re-
actions.? Twypical experimental plots are shown in Fig. 1.
From the plot a valuc of the half-time for the exchange,
t17,(obs), was read off, and from this the rate constant cal-
culated as described below.

A correction must be made for the fact that the exchange
occurs only in the aqueous phase, while a large volume of
undissolved phosphine is also present. This correction may
be casily determined by a consideration of a gencral first-
order reaction

Rapid ke
A < > A, —> Products
where the subscripts refer to the gas and solution phascs.
Assuming the solution equilibrium to be maintained at all
times, the actual rate is given by —dd4/di = k.4,. How-
ever, we measure a first-order rate constant for the rate ex-
pression —d4/d¢ = k(obs)4, where 4 = 4, 4+ A,. Hence,
ks = k(obs)d/4, = k(obs) [1 + V,/K,Vs)], where K, =
(4s)/(4,) is the Ostwald solubility coefficient and the V’s
arc the volumes of the two phases. The determination of
the solubility coefficien 10f phosphine is described else-
where.4 A 27°, the temperature at which most cxperi-
ments were perforined, K; = 0.195 in distilled water. This
is not changed, within experimental error, at the salt concen-
trations used in most of the buffer solutions. The empirical
first~order rate constant was then calculated from the re-
lationship
ke = 1In 2 [1 + (V/K,V,)]/t1/:(0bs)

This method of calculating the empirical first-order ratc
constant may be illustrated by the following typical data:
buffer solution, 0.01 M trimethylacetic acid-0.01 A sodiun
trimethylacetate; measured pH, 4.95; V,, 10 ml.; Vg, 119
ml.; temperature, 27.0°; observed half-time (¢f. line 1 of
Fig. 1), 272 hr. Hence, k. = 0.693 [(1 4+ (119)/(0.195)
(10)]1/(272)(3600) = 4.38 X 107 sec.™'. The correction
for general acid catalysis is kga(HA) = (5.8 X 1079 (0.01),
and the corrected value of & is 3.80 X 107 sec. 1.

Experimental Results
Acid Catalysis.—The uncatalyzed reaction was
found to be rather slow.? Hydrogen ion was found
(3) Cf. for example, ‘'Radioactivity Applied to Chemistry,” A. C.
Wahl and N. A. Bouuer, editors, Johu Wiley and Sons, Tuc., New

Vark, N. Y., 1951, p. 7.
(4) R. 15 Weslaar, Jr., T'urs JovikNan, 76, 1027 (1954).
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to be an efficient catalyst. A study was therefore
made of both general acid and base catalysis and
salt effects to elucidate the reaction mechanism.
To determine the effect of hydronium ion, experi-
ments were carried out over the pH range 3.40 to
4.95, using buffer solutions 0.01 M in both car-
boxylic acid and the corresponding sodium salt.
The acids used were mandelic, pK., = 3.38; formic,
pK. = 3.75; benzoic, pKa = 4.20; acetic, pKa =
4.76; trimethylacetic, pX, = 5.05.

The empirical rate constants given in Table I
were calculated from the observed half-times after a
correction for the small effect of general acid cataly-
sis (see below) produced by the 0.01 M acid present.
This correction was applied simply by subtracting
from the calculated first-order rate constant the term
for general acid catalysis: kga(HA). The values
of kya for benzoic and mandelic acids were obtained
from a log-log plot of kua against Kaa(the acid dis-
sociation comnstant), using the data described below.
A log-log plot of corrected rate constant against hy-
dronium ion concentration yields a straight line with
a slope of unity (Fig. 2), within experimental error,
hence the reaction is first order with respect to hy-
dronium ion. The rate constant for hydronium ion
catalysis obtained from the experimental plot is
ku,0+ = 3.6 liters/mole second at 27°.

TaBLE I
EFFECT oF HyproNiuM IoN CoNCENTRATION ON EXCHANGE
RATE AT 27°

All buffer solutions were 0.01 M in the acid listed and in its
sodium salt.

Acid pHe ke, sec. "1
Mandelic 3.40 12.9 X 10¢
Formic 3.75 6.23 X 10¢
Benzoic 4.18 2.31 X 10—¢
Benzoic 4.18 2.39 X 10¢
Acetic 4.71 0.832 X 10+
Acetic 4.71 .742 X 10
Acetic 4.75 779 X 1074
Acetic 4.75 .681 X 10—+
Acetic 4.69 .676 X 1074
Trimethylacetic 4.95 .380 X 1074
Trimethylacetic 4.95 .406 X 104

@ Measured with glass electrode at 22-23°.

d % Tempera-
ture correction is negligible.

An experiment was performed using 0.01 NV sul-
furic acid (pH 2.08) as a catalyst, and the observed
half-time was about one hour. However, by apply-
ing the rate constant for hydronium ion catalysis
(¢f. the preceding paragraph) one would predict a
half-time of ten seconds. Evidently, under these
conditions diffusion is the rate-determining step,
with a half-time of one hour under these particu-
lar conditions of agitation (which were the same in
all experiments). For this reason, all other experi-
ments were designed (by the choice of catalyst con-
centration) so that the homogeneous rate was slower
than the measured diffusion rate by a factor of at
least four; in most cases the factor was greater
than ten.

A study of general acid catalysis was made by
varying the concentration of buffer solution at a
fixed buffer ratio of 1:1. The acids used were
formic, acetic and trimnethylacetic. For cach
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Fig. 2.—Empirical rate constant as a function of hydronium
ion concentration.

acid, the empirical rate constants at the various
concentrations were corrected to a value for the pH
of the 0.01 M buffer solution (since the pH varies
slightly with buffer concentration). The first-or-
der dependence of rate on hydronium ion concen-
tration was used, i.e., A log k. = — ApH.

A plot of the corrected rate constant against con-
centration of undissociated acid gives a straight
line, within a rather large experimental error, for
each case. This is shown in Fig. 3, where (ke —
k2) (EQ1is the rate constant extrapolated to zero acid
concentration) is plotted against undissociated acid
concentration. From the slopes of the lines these
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Fig. 3.—Empirical rate constant as a function of undis-
sociated acid concentration: 1, formic acid; 2, acetic acid;
3, trimethylacetic acid.

rate constants are obtained: formic acid, Aga =
21 X 107 aceticacid, kxa = 9.4 X 10™*; trimethyl-
acetic acid, kua = 4.7 X 10~ (all in liters/mole
second at 27°). These rate constants are actually
upper limits, since at the ionic strengths used, an
appreciable amount of the catalysis is due to the salt
of the buffer. A rough estimate of this effect was
made using the data obtained for the effect of so-
dium chloride (see below); this indicates that the
rate constants may be high by nearly 50%, al-
though the linearity of the relationship between
rate constant and acid concentration is main-
tained. It would be neccessary to determine the
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salt effect for each buffer salt to obtain a more accur-
ate correction. The trend of the catalytic rate
constants is in the direction which one would pre-
dict from the Bronsted catalysis law® and the per-
tinent acid dissociation constants. However, the
range of dissociation constants is too small to give
the Bronsted law parameters with any accuracy.
Base Catalysis.—Experiments were performed in
the pH range 10.0 to 11.9 using sodium carbonate—
sodium bicarbonate buffers, disodiumn phosphate~
trisodium phosphate buffers, and unbuffered 0.01 ¥
sodium hydroxide. The ionic strengths of the
buffer solutions were kept below 0.1 A/ to reduce
salt effects. Work in this pH region is compli-
cated by the scarcity of suitable buffers which do
not have high ionic strengths at reasonable concen-
trations (because of the multivalent ions). The
results are collected in Table II. A log-log plot of
the empirical rate constant against hydroxyl ion
concentration gives a straight line of slope unity,

TaBLE II

ErrFECT oF HYpROXYL IoN CONCENTRATION ON EXCHANGE
RATE aT 27°

Buffer pH —loyg (OH )& ke, sec. 71
0.00834 M NaHCO;, | 5 -
.00834 M Na,CO, I 10.06 3.87 0.570 X 104
.00467 M NaHCO; b 4
.01205 M Na,CO, } 10.45 3.48 1.23 X 10
.00987 M Na,HPO, | s
2 —4
.00995 M Na,PO, I 11.52 2.41 15.0 X 10
0.01 N NaOH 11.75° 2.18¢ 29.2 X 10"
0.01 N NaOH 11.75° 2.18¢ 22,6 X 10—¢
2 Using pKw = 13.030 (ref. 8). ?pH measured with

Type E glass electrode at 22° corrccted to 27° using data of
I. M. Kolthoff and F. Tekeleuburg, Rec. trav. chim., 46, 33
(1925). ¢ pH from data for 0.01 N NuOH inref. b. ¢ This
value, rather than 2.00, is used so as to minimize the in-
fluence of the activity cocfficient in converting from pH as
measured by the glass electrode to log (OH ™).
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Fig. 4.—Empirical rate constant as a function of hydroxyl
ion concentration.

(5) See, for example, R. P. Bell, '"Acid-Base Catalysis,"” Oxford
University Press, Oxford, 1941, p. 82 fi.
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within experimental error (Fig. 4). We conclude
that the reaction is first order with respect to hy-
droxyl ion. The value thus obtained for the cata-
lytic rate constant of hydroxyl ion is kor - = 0.40
liters/mole second at 27°.

An attempt was made to detect general base
catalysis by anions of weak acids. Using the same
buffer solution, salts of weak acids were compared
with salts of strong acids of the same valence type.
The results are given in Table III. Evidently the
difference between the effects produced by different
salts is no larger than would be predicted from the
primary salt effect on the reaction rate.

TasLE III

Ervect oF INERT SALT CONCENTRATION ON EXCHANGE
RATE aT 27°

Added salt pHE ke, sec. ™!

In 0.02 M NaHCO0;-0.02 M Na;CO; buffer solution

0.2 M NaCl 10.00 0.383 X 10¢
.5 M NaCl 9.84 0.494 X 10—
.2 M NaOAc 10.09 .321 X 104
.5 M NaOAc 9.94 .364 X 10-¢

In 0.01 N NaOH solution

0.1 M Na;COs 12.24 25.6 X 10—+
.3 M Na,CO, 12.03 43.3 X 107
.3 M Na,SO, 11.98 40.2 X 10

In 0.01 M benzoic acid-0.01 M sodium benzoate buffer
solution

None 4.18 2.38 X 10

0.0195 M NaCl 4.12 2.39 X 10~¢
.0505 M NaCl 4.08 2.55 X 104
.1005 M NaCl 4.06 2.64 X 10~
.199 M NaCl 4.04 3.24 X 104

e pH measured at 22° and corrected to 27° using data of
I. M. Kolthoff and F. Tekelenburg, Rec. trav. chim., 46,
33 (1925). b Corrected to pH 10.00. ¢ Corrected to pH
12.24. 4 Corrected to pH 4.18.

Phosphine Concentration.—Several experiments
were carried out using the same buffer solution but
different partial pressures of phosphine. It was
found that the half-time for exchange was inde-
pendent of phosphine pressure, as shown by the
data of Table IV. Hence the reaction is first order
with respect to phosphine.

TaBLE IV

EFFECT OF PHOSPHINE PRESSURE ON EXCHANGE RATE AT 27°
Pressure; mun ke, sec, !

At pH 4.17, 0.01 M benzoic acid-0.01 M sodium benzoate

buffer
103 2.55 X 104
196 2.47 X 104
397 2.99 X 104
523 2.48 X 104

Effect of Added Inert Electrolyte.—A series of
experiments was performed using 0.01 M benzoic
acid-0.01 M sodium benzoate buffers with various
amounts of sodium chloride added. After correc-
tion to a common pH (as described in the discussion
of general acid catalysis), the empirical rate con-
stants are linearly proportional to the total salt
concentration of the solution. This is shown in
Fig. 5, where (k. — k) (B! is the extrapolated rate
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constant for zero salt concentration) is plotted
against salt concentration. This is in agreement
with the theory of the effect of inert electrolytes on
an ion—dipole reaction.®
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Fig. 5.—Empirical rate constant as a function of sodium
chloride concentration.

Effect of Temperature.—Two series of experi-
ments were carried out: one using acetic acid-
sodium acetate buffer solutions at 300.0, 313.2 and
322.7°K., and another using sodium bicarbonate—
sodium carbonate buffers at 300.0, 309.2 and
318.3°K. The empirical rate constants were cor-
rected for the temperature dependence of (a) the
isotope-exchange equilibrium constant,? (b) the
solubility of phosphine,* (c) the pH of the buffer
solution,” and (d) the ionization constant of wa-
ter.® Plots of the logarithms of the corrected rate
constants, ke/(H;O%) and k./(OH™), against 1/T
give straight lines in each case (Figs. 6 and 7).
The slopes correspond to an activation energy
of 17.6 = 2 kcal./mole for hydronium ion ca-
talysis and 17.6 £ 2 kcal./mole for hydroxyl ion
catalysis.

From these values and the rate constants at 27°,
one obtains kuy,0+ = 2.4 X 10%* exp (—17,600/RT)
and kog- = 2.7 X 102 exp (—17,600/RT). The
pre-exponential terms may be compared with the
average collisional rate constant of ~ 3 X 10!liters/
mole second.’ In terms of the absolute reaction
rate theory, the pre-exponential terms give
ASFy,0+ = +0.69 eu./mole and ASFoyu- =
—3.65 e.u./mole, making the usual assumption that
k= 1.

Other Effects.—To test for the effect of surface
on the rate, an experiment was performed using
acetate buffer with glass helices added to the re-
action vessel. The calculated increase in surface
was a factor of about three. The experimental
points, when plotted on the usual semi-logarithmic
plot, show considerably more scatter than usual
(perhaps because of variations in the diffusion rate
caused by the added helices). However, there
is no systematic deviation from a similar plot for
the results using an unpacked vessel.

Two experiments using formic acid-sodium form-
ate buffer but with different concentrations of
heavy water (2.99 and 6.64 mole 9, D,0) gave
identical rate constants.

(8) Reference 5, p. 21ff.

(7) I. M. Kolthoff and F. Tekelenburg, Rec. trav. chim., 46, 33
(1925).

(8) H. S. Harned and R. A. Robinson, Traons. Foraday Soc., 86, 977
(1940).

(9) E. A. Moelwyn—Hughes, “The Kinetics of Reactions in Solution,”’
Oxford University Press, Oxzford, 1947, p. 68ff.
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Fig. 6.—Rate constant for hydronium ion catalysis as a
function of temperature,
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Fig. 7.—Rate constant for hydroxyl ion catalysis as a
function of temperature.

Discussion

Exchange Mechanism.—The experimental re-
sults reported above may be summarized in the
empirical rate expression

d(PH,D)/dt = (PH;){Zikaa(HA:) + kor(OH™)}

where HA; represents a general acid with an ex-
changeable proton.
The mechanism suggested by this for acid-cata-
lyzed exchange is
ky
PH; + DA; === PH;D* 4 A~ (1)
ko1
ks
PH;D* 4+ A;~ = PHLD + HA, (2)
L
rapid
HA; + HDO > H:0 + DA;

It may be noted that the phosphonium ion, PH,™,
is known to exist in solid phosphonium halides of
the type PHX.

The rate expression derived from this mechanism
may be integrated by substituting initial and equilib-
rium concentrations, and by noting that (HA;)
and (DA;) are constant in a given experiment. The
result is

k1ky(DAy)

k_ik_o
—In Q=1 = | G T B (HAD

ko4 k

+ 2:|(HA1) X 1
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which has the form of the McKay law. It has been
pointed out!® that in general, exchange reactions
will not obey the McKay law when the exchange
equilibriumm constant differs from unity, as in the
present case. However, (DA;) and (HA;) are
large compared with (PH;) and (PH,D), so that
(DA;)/(HA)) is constant during a given experiment.
In this case the McKay law is obeyed, within the
limits of experimental error.

From the exchange equilibrium constant Keq =
(PH:D)(HA)/(PH;)(DA;) = kike/k — 1k _ 5, one ob-
tains

o kb T(DA)

® " ko + R L(HAY
In the particular case of hydronium ion catalysis,
one can obtain K.q by multiplying the two known
equilibrium constants

(PH:D)(H,0)/(PH;)(HDO) = 1/1.63,% and
(H;0*)Y(HDO)/(H:DO*)(H;0) = 3.761
- _ kiks (H2D0+)
Finally &, = k-1 + kL (H;07)

In our experiments (H,DO+)/(H;O+) =~ 0.02-0.04,
and we see that the independence of the empirical
rate constant on deuterium concentration at low
concentration is predicted by the mechanism. Also,
using km,0+ = 3.6 liters/mole second, kiks/ (k-1 +
k) = 8.0. If we make the further assumption
that the intramolecular isotope effect for transfer
of a proton or a deuteron from the PH;D+ ion
to a water molecule is negligible,'? then 3k—1 = &,
and k1 = (4/3) (ku.0+)(Keq), 50 that step 1 of the
mechanism is rate determining. The rate constant
for this is 11 liters/mole second in the case of hy-
dronium ion catalysis.
In the case of base catalysis, the experimental
facts suggest the mechanism
ky
PH; + By~ 5 PH,~ + BiH (3)
by
rapid
BH + HDO T2 BiD + H:0
ks
PH.~ + B,D — PH,D + Bi~ (4)
kg

The ion PH,~ has been recently proposed as an
intermediate in the liquid ammonia reaction of
phosphine with methyl chloride to form methyl-
phosphine and dimethylphosphine!?; it is, of course,
formally analogous to the amide ion in the ammonia
system.

The rate expression is integrated to give

k4k3 k..:;k_4R _
Rhi,+ b T RE, + k4:| (Bim) Xt

where R = (B;H)/(B;D). Considerations similar
to those for acid catalysis show that this is identical
with the McKay law. In the case of hydroxyl ion
catalysis, some simplification can be introduced
by using the exchange equilibrium constant k_zk_,/

(10) G. M. Harris, Trans. Faraday Soc., 4T, 716 (1951).

(11) F. Brescia, THIS JOURNAL, 60, 2811 (1938).

(12) The intrgmolecular isotope effect, k2/3k-1, is expected to be of
the order of /2. This would decrease ¥ by about 109 bhelow the
valuie obtained upon assumption of no isotope effect.

(13) R.I. Wagner and A, B. Burg, T'ms Journar, T8, 3809 (1433).

-+ ‘K‘l;;:l (HAy)

+ 0.434](H30+)

—In(l—f) =

+
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ksks = (PH;) (HDO)/(PH.D) (H;0) = 1.63. Then
kou- = kik;(1 + 1.63 R)/(Rk—3 + k). We again
assume the absence of an isotope effect,!* which
makes £_3; ~ 2k,, and note that in our experiments
R ~1/0.06, so that 1.63 R >> 1 and Rk_; >> k4.
Using the observed value of k. = 0.40 for hydroxyl
ion catalysis, k; ~ 0.49 liter/mole second at 27°.

A Kinetic Estimate of the Acid and Base
Strengths of Phosphine.—From our kinetic data
and the exchange mechanism, it is possible to ar-
rive at an estimate of the equilibrium constant
Ky = (PH,")(OH™)/(PH;)(H.0). This constant
may be rewritten as Ky = [(PHs*)(H.0)/(PH;)
(H,01)1[(H;0H)(OH~)/(H.0)?). The first term
in brackets is just ki/k., the equillibrium coustant

1
for the reaction PH; + H;O+ —k<_" PH,* + H;0.

C
Again neglecting the isotope effect, ki ~ &g ~ 11 lit-
ers/mole second (the rate constant for hydronium
ion catalysis). The reverse reaction is assumed to
proceed at the collisional rate,® so that k. ~ 10" lit-
ers/mole second. Combining these values with
the ionization constant of water, Kp ~4 X 107%,

Similarly, Ka = (PH,™) (H;0%)/(PH;) (H:0)
may be approximated using the hydroxyl ion cata-
Iytic constant, with the same assumptions concern-
ing isotope effect and collision rate. This leads to
Ka~1.6X10"%

If our estimates above are at all correct, then
equilibrium measurements in aqueous solutions
cannot reveal any acidic or basic properties of phos-
phine; the latter might be detectable in some sol-
vent such as 1009, sulfuric acid. The fact that
strong acids and bases produce no large increase in
the solubility of phosphine in water? substantiates
this statement.

There are some independent data, however, from
which another estimate of the base strength can be
made. Measurements have been made by Sujishil®
of the base dissociation constants of dimethylphos-
phine and trimethylphosphine in aqueous solution.
Methylphosphine was too weak a base to be measur-
able. If one assumes that substituent methyl
groups in phosphine produce a change in the base
strength which is the same for each additional
group, as suggested by Brown, e al.,'®® a value of
K g~ 107?% i{s obtained by extrapolation. Consid-
ering the assumptions made in both cases, the dis-
parity of a factor of a million may be taken as
rather good agreement.

UptoN, LoNG IsLAND, NEw YORK

(14) The intermolecular isotope effect, k- 3/ka, is given by k-3/ky =
(mp/mE)'/>fapo/f+.  Approximately, fHDO/fF = (FEHDO/fPHD)®
(epH;3/0%) = 3Ky, so that k-s/k: = 6.9. The f's and ¢'s are defined
by J. Bigeleisen, J. Chem. Phys., 1T, 675 (1949). The result of thisisto
increase k3 by a factor of 3.5 over the value estimated with the assump-
tion of no isotope effect. It can be shown that another reaction.
PH:~ + HDO & PH: + OD —, does not contribute to the rate expres-
sion at the low deuterium concentrations used.

(15) This is undoubtedly a much larger approximation than the
neglect of isotope effects throughout has been. However, since phos-
phonium halides decompose spontaneously into phosphine and hydro-
gen halide when dissolved in water, the activation energy may be small.
The steric factor in the pre-exponential term of the rate constant is
near unity (¢f. the entropies of activation).

(16) (a) S. Sujishi, Ph.D. Thesis, Purdue University, 1949; (b)
1. C. Brown, E. A, Fletcher, IZ. Lawton and 8. Sujisli, Abstracts of
121st Meeting, American Cheniical Society, p. ON.



