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.
8i2Do — (p + ko)
82Dz — (p + ky)
ko

The integration constants 41 and 4., as determined from
conditions 7 and 8, are

f, =

(G =12) (13)

_ Co® B2
A1 D f1B: — faB1 (14)
Co® b1
Ay =0 __H
: P fiB1 — fiB: (15)

The Laplace transform of the current density, I = nFDo
(d#o/dx )z =0, as deduced from eq. 10, 11, 14 and 15 is
BBz fi — fa

LI = nFDoCo% = *——

OYO P 8 — Fiby
Inverse transformation is very complicated, and only an
approxiinate solution will be obtained by retaining in the

expansion of the 8’s into power series the first term. Thus

o= [+ w0 8= (B)" an

(186)

with

D = (Dz + KDo)/(1 + K) (18)
Furthermore

fHi= —Dz/Do fi=K (19)

By substitution of the 8’s and f's from eq. 17-19 into eq.
16 and by inverse transformation one obtains eq. 1 with the
argument

D (Do

1/
=D, D:) "Rkt + ko)

The same result was reported by Koutecky.®?
be noted that eq. 20 is valid provided that

K(Do/Dz) {1 and (k; + ku)/stY/3) K(Do/Dz)¥: (21)

Equations 3 and 4 are deduced readily from eq. 18 and 20
by consideration of the pseudo-first order character of the
dissociation reaction.

(20)

It should
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Transition Time for a Plane Electrode.—The initial
steps are the same as in the derivation of Delahay and Ber-
zins!* for the case in which Dz = Do. The integration
constants now are

I 1

1
s " p nFDo Bi(fi — f2) (22)
1 I 1
Ar =~ p nFDo Bfi — f2) (23)

where 7 is the current density. From eq. 11, 22 and 23

there follows

Co® 1 S18: — fuba
p P nFDo B18s(f1 — f2)

or, after cotnbination with eq. 17 to 19

(#0)zm0 = (24)

Co? 1 K 1
(#0)z=0 5 T pAFDATF R g;.—/’-i-
DZ Dz /s 1 -
7 (00 kTR @

After inverse Laplace transformation one obtains after
introduction of the transition time 7x (Co = Oat x = 0 for ¢
= Tk

[rk‘/n =

Y/ FDV:(Co /2 D, 2@)‘/2
2 2K(kg+ kb)’/2 D Do
(26)

Equation 26 is identical to the result of Delahay and Berzins!*
except for the factor (Dz/D) (Dz/Do)'/t. This correction
factor is the same as for the limiting current (¢f. eq. 20).

The correction factor in the dissociation of a weak acid
in presence of a large excess anion of the acid is practically
equal to (Dg+/Dga)'/r or approximately 9'/: (see above).
The rate constants for dissociation of formic and acetic acid
reported by Delahay and Vielstich® should be divided by the
approximate factor nine since these authors did not make the
above correction.
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ported in part by the Office of Naval Research.
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Activation Energy Measurements in the Reaction between Iodide and Persulfate Ions in
the Presence of Different Salts

By ANTONIO INDELLI AND EDWARD S. AMIS
RECEIVED JuNE 15, 1959

The rate of the reaction between persulfate and iodide has beenn measured at six temperatures in the presence of KCl,
NaCl, MgCly, LaCl;, Co(NHj;)eCls, and UO(NO;), (the latter only at 25°), at ionic strengths ranging from 0.0067 to 0.107.
The temperature coefficient usually increases when the ionic strength is increased to 0.02-0.03, but, at least for KCl, NaCl
and MgCl,, at higher ionic strengths it decreases again. This fact cannot be interpreted by ordinary electrostatics. The
difference in the temperature coefficient among various salts can explain the difference in the salt effects, the extent of which

depends very specifically upon the nature of the cation.

tion between persulfate and iodide, but it catalyzes markedly the reaction between persulfate and thiosulfate.
trum of the UO:* 7 ion is strongly modified by the presence of thiosulfate.

The UO(NOs): has a rather small accelerating effect on the reac-

The spec-
A model is proposed for the mechanism of the

non-electrostatic salt effect, which takes into account the polarization of the anion produced by a neighboring cation, and

the lowering of the energy barrier in the electron transfer.

The parallelism existing between the extent of the salt effect

and the limiting equivalent conductivity of the cation is discussed in relation to this model.

In a preceding paper! the effects of different added
salts on the reaction between persulfate and iodide
ions were shown to be very specific and more de-
pendent upon the nature and the concentration of
cations than upon the ionic strength. In fact, at
equal cation concentration the reaction rate does
not increase when multivalent anions are substi-
tuted for univalent ones, but it remains constant at
high dilution and decreases appreciably at moder-

(1) A, Indelli and J. E. Prue, J. Chem. Soc., 107 (1959).

ate concentrations (0.04-0.1 g. ions of cation per
liter). These results are in agreement with the
Olson and Simonson findings? and are similar to
those obtained previously for the alkaline hydroly-
sis of sodium trimetaphosphate.®# In this last
reaction the salt effects can be interpreted by pos-

(2) A. R. Olson and T. R. Simonson, J. Chem. Phys., 17, 1167
(1949).

(3) R. M. Healy and M. L. Kilpatrick, Te18 JoUrNaL, 77, 5258

(1955).
(4) A. Indelli, Ann. Chim. (Rome), 48, 332 (1958).
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tulating the formation of ion pairs. The ion pairs
react faster than the free ions because of the de-
creased electrostatic repulsion between the ions as-
sociated in pairs and the hydroxyl ions, as com-
pared with the repulsion between the free ions and
the hydroxyl ions.® However, the fact that the
activation energy decreases when increasing the
cation concentration® seems to suggest that the
above factor is not the only one responsible for the
increase in rate, but the difference in chemical na-
ture of the ion pairs and the free ions must also be
influential.’# It seems impossible to interpret ac-
curately the data for the persulfate-iodide reaction
in terms of ionic association.! Nevertheless, we
have considered it interesting to try to detect some
non-electrostatic effect through accurate measure-
ments of the temperature coefficient of the reaction
in the presence of various salts. Data existing in
the literature on the rate of this reaction at differ-
ent temperatures refer to ionic strengths far out-
side the range where the simple electrostatic pic-
ture can be useful.®.1® Moreover, since magnesium
was the only bivalent cation studied in the quoted
paper,! the effect of uranyl ion was also investi-
gated.

Experimental

The reagents used were all C.p. grade chemicals, of vari-
ous sources, and were not further purified. The Na,S:0;
solution was prepared by weight and standardized against
KBrO;; the K»S5:03 solutions were standardized against the
Na,S:0; solution, following the procedure already described?
and were used within a week from their preparation. The
MgCly, LaCl;, Co(NH;),Cl; and KI solutions were stand-
ardized against an AgNO;j solution, which in turn had been
standardized against KCIl. All the other solutions were
prepared by weighing the solid salts. The water used had a
conductivity of about 2 X 107% ochm™! cm.™! and was ob-
tained by passing ordinary distilled water through an ion
exchange column. The procedure to determine the rate
constants was very similar to that described in the previous
paper,! only minor modification being introduced. The
current between the electrodes was of 0.4 ua., and a poten-
tiometric device partially compensated the potential differ-
ence, which was measured through a G.E. galvanometer,
Cat. No. 9892910, with a 50,000 ohms resistance in series.
In most kinetic experiments 200 ml. of solution was used,
containing 0.00250 M KI, 0.00125 M K,S5,0s, 0.0005 M
HCI, 5 X 107% M ethylenediaminotetraacetic acid disodium
salt and an added electrolyte. Additions of a 0.1 M sodium
thiosulfate solution were made from an ‘‘Agla’’ micrometer
syringe, and the appearance of iodine was timed from the
starting of the depolarization of the electrodes. Since the
response of the electrodes to the addition of thiosulfate is not
immediate, each addition was made when about 83 %= 29,
of the corresponding iodine was already present, and a mini-
muin of 2 minutes was left between additions. The 83%
of the iodine was estimated from the time elapsed from the
reappearance of iodine, as compared with the time interval
required, determined from the previous measurement.
The amount of Nas$;0; added each time varied therefore
between 0.005 and 0.04 ml., and the total amount added
never exceeded 0.4 ml. The amount of reaction studied
varied between 0.9 and 87, and good first order linear plots
were obtained in almost every case, as it can be seen from
Fig. 1. However, in the presence of LaCl; and Co(NHj)e-
Cl; a very small curvature, which can be detected through
a least square treatment, seemed to be present. This curva-
ture was neglected, and this can perhaps account for the fact

(6) B. Topley, Quart. Revs., 8, 345 (1949).

(6) A. Indelli, Ann, Chim. (Rome), 46, 367 (1956).

(7) A Indelli, ibid., 46, 717 (1956),

(8) A. Indelli, ibid., 48, 345 (1958).

(9) V. Carassiti and C. Dejak, A#té Accad. Sci. Ist. Bologna, Classe
Sci. Fis., Rend., 11, 2 (1955),

(10) W. J. Howells, J, Chem. Soc., 203 (1946),
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that the experimental error, in these cases, is somewhat
greater than in the case of other salts. In the case of UQO.-
(NO;s)2, because of its catalytic effect on the reaction be-
tween persulfate and thiosulfate, the latter was added when
90 = 29, of the corresponding iodine was already present,
but the accuracy, particularly at temperatures higher than
25°, was not great enough to permit a reliable calculation
of the activation energy. A few runs were carried out to
test the effect of the reaction between persulfate and thio-
sulfate; the first part of the experiments was made as usual,
then the successive increasing additions of Na;S:0; were
made immediately after the appearance of iodine. The
reaction between thiosulfate and persulfate was tested also
by taking 10-ml. samples from a solution containing 0.00250
M Na»S:03, 0.00125 M K,S:03, and the added salt, diluting
to 250 ml., and titrating with a 0.00045 M solution of I, in
pure water. The polarized electrodes were used as indica-
tor. The spectra were taken with a Beckman DK 1 record-
ing spectrophotometer. The temperature in the thermo-
stat was read on Beckmann thermometers, standardized
against a N.B.S. thermometer. The temperature was con-
stant to about 0.005°, but its absolute value was known
only within 0.02°.

Results and Discussion

The Activation Energy.—Table I reports the
values of the rate constants kesp determined in the
presence of various salts at different temperatures,
together with the values, kiqt, smoothed by fitting
a log kexp versus 1/T plot to the best straight line
by the method of least squares. The percentage
difference between kegp and kine has a maximum
value of 1.5 and 2.29, respectively, in the case of
LaCl; and Co(NH;)eCls, and exceeds 19, only
three times in all other cases. Its average value is
0.4%,. Thevalues of 10*k of 2.841, 1.772 and 1.310
for NaCl 0.1 M, 0.02 M and in the absence of salt
at 25°, are in agreement with the values 2.85, 1.78
and 1.30 found under similar conditions in the pre-
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TABLE I
SECOND-ORDER RATE CoNsTANTS, 10% & (L. MOLE™! SEC. 1) FOR THE REACTION OF S,05~ WITH I~

[K2$:05] = 1.25 X 1073, [KI] = 2.50 X 103, [HCl] = 5.0 X 10~ [E.D.T.A.] = 5 X 10~° mole 1.~
Addedsatt, M Rer Fm e Ee e T Y T T
1.310 1.304 1.867 1.866 2.627 2.638 3.654 3.689% 5.115 5.106 7.040 6.998
NaCl0.02 1.772 1.764 2.526 2.532 3.574 3.592 5.048 5.040 6.993 6.997 9.638 9.619
NaCl 0.04 2.076 2.079 2.980 2.982 4.261 4.293 5.887 5.927 8.227 8.222 11.30 11.30
NaCl 0.1 2.841 2.833 4.054 4.042 5.693 5.699 7.853 7.948 10.99 10.97 15.09 15.00
KC10.02 2.078 2.064 2.957 2.958 4.165 4.190 5.839 5.869 8.093 8.137 11.29 11.19
KC10.04 2.721 2.700 3.838 3.85) 5.455 5.428 7.547 7.565 10.52 10 .44 14.06 14.27
KCl10.1 4.049 4.047 5.741 5.746 8.082 8.065 11.18 11.20 15.37 15.39  21.00 20.96
MgCl, 0.01 2.300 2.285 3.301 3.307 4.708 4.728 6.629 6.68¢ 9.377 9.349 13.01 12.95
MgCl; 0.02 2.766 2.762 3.996 3.987 5.672 5.687 7.973 8.021 11.74 11.72 15.52 15.47
LaCl; 0.00333 4.198 4.139 6.119 6.173 9.087 9.087 12.98 13.21 18.93 18.99 27.42 27.45
CO(NHs)aClg

0.000333 5.016 4.931 6.763 6.910 9.615 9.577 13.12 13.14 17.80 17.85 24.13 24.02
UO2(NO3), 0.01 1.581

TABLE II is to be accounted for by ordinary electrostatics,

ACTIVATION ENXERGIES OF THE REACTION OF S,0:~ WITH I~
IN THE PRESENCE OF DIFFERENT SALTS

Salt added, M Eapp, cal. ToAS*
....... 12,863 £+ 60 —9135
NaCl 0,02 12,983 + 34 —8836
NaCl 0.04 12,955 £ 48 —8763
NaCl 0.1 12,759 + 65 —8780
KC10.02 12,926 + 72 —8800
KC10.04 12,744 £ 90 —8823
KC10.1 12,590 £ 18 —8738
MgCl; 0.01 13,278 + 60 —8388
MgCl; 0.02 13,187 + 37 —8367
LaCl; 0.00333 14,357 £ 131 —6957
Co(NH;)sCl; 0.000333 12,121 + 130 — 9089

vious paper.! Table II reports the activation ener-
gies under the different conditions, with their stand-
ard deviation r.m. The latter has been calculated
using the formula!!

E(IOg kexp/k'mt)2 Xn

T = 4574 \/(n =B % (1T = azyre P
where 7 is the number of experimental points and T
is the absolute temperature. The values of T,AS*,
where Ty corresponds to 25°, are also reported in
Table II. AS* has been calculated using the
formula!?

I‘; T e—AS*/Rg—AH*/RT

k= (2)
The positive salt effects are expected to be ac-
companied by an increase in the apparent activa-
tion energy FEapp, which should be greater for a
greater increase in rate. This holds both for the
salt effect due to the influence of the ionic cloud, .14
and for the effect, arising from the formation of an
ion pair, of the diminished repulsion between the
two reacting ions.” This increase of the tempera-
ture coefficient is due to the fact that for the water,
as a solvent, the product DT of the dielectric con-
stant times the absolute temperature, decreases
when the temperature increases. If the salt effect
(11) O. F. Steinbach and C., V. King, "Experiments in Physical
Chemistry,” American Book Company, New York, N. Y, 1950, p. 15.
(12) S. Glasstone, K. T. Laidler and H. Eyring, *The Theory of
Rate Processes,” McGraw—Hill Book Co., New York, N. V., 1941, p.
196.
(13) H. G. Davis and V. K. La Mer, J. Chem. Phys., 10, 585 (1942).
(14) E. A, Moelwyn—-Hughes, "The Kinetics of Reaction in Solu-
tion,"” 2nd Ed., Clarendon Press, Oxford, 1956, pp. 102 fi.

the correspondence between increase in rate and in-
crease in FE,pp should be found even outside the
range of validity of the Debye-Hiickel limiting law;
the same is true even if the ionic association hy-
pothesis is only a mathematical approximation,
which can be replaced by a more refined statistical
treatment.’®* Deviations from this rule would be
found if the dielectric constant, determining the ex-
tent of the electrostatic effect, varies with the tem-
perature in a way drastically different from that of
the dielectric constant of the pure solvent, or if the
parameter “a’ in the Debye-Hiickel equation in-
creases by a very substantial amount when increas-
ing the temperature. Due to the long range of the
electrostatic forces, and to the fact that the higher
kinetic energy of the ions should allow a closer ap-
proach at higher temperatures, both the above pos-
sibilities appear rather unlikely, and they therefore
have been neglected. In Fig. 2 the experimental
activation energies (and their error, indicated by
vertical lines) are plotted as a function of the
equivalent concentration. It can be seen that in
most cases Eapp increases when a small amount of
salt is added, but, at higher concentrations, a defi-
nite decrease is observed for magnesium chloride,
sodium chloride, and, still more, for potassium chlo-
ride. A decrease in Eapp by addition of potassium
salts, can be observed also from other data in the
literature.®1® This seems to indicate that besides
the electrostatic effect, which should always be
present, there is some other factor which de-
creases the true activation energy in such a way as
to produce a decrease in Eap,. Moreover, the ac-
tivation entropy after a definite decrease in absolute
value, with respect to the value in the absence of salt,
remains almost constant when increasing the concen-
tration of a particular salt. Ordinary electrostatics
predicts values steadily less negative for AS* accom-
panying the increase in rate due to the salt effect.
The fact that the activation energy for potassium
is smaller than for sodium and magnesium, seems to
be significant in view of the greater increase in rate
produced by potassium chloride. Magnesium chlo-
ride, particularly at high concentrations, has an ac-
celerating effect smaller than potassium chloride,

(15) G. Scatchard, Natl. Bur. Standards (U. S.), Circ. No. 63¢, 185
(1953).
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when compared at equal ionic strength; this is sur-
prising because, as a rule, bivalent cations have
specific effects greater than univalent ones,®?.18.17
as it is to be expected from the probability of forma-
tion of ion pairs. The treatment of the salt effects
given by Scatchard® on the basis of the Mayer
theory!® predicts also a greater effect of multi-
valent cations. It appears that the rather large
difference in the activation energy can account
for this anomalous result. The activation entro-
pies for potassium and sodium are very similar,
which seems to indicate that the difference be-
tween the two salts is due to non-electrostatic
factors. On the other hand the entropies are less
negative than those for magnesium and lanthanum
salts, as is to be expected from the greater electro-
static effect due to the presence of multivalent cat-
ions. Particularly striking is the comparison be-
tween LaCl; and Co(NH;)¢Cl;: the latter has a salt
effect of the same order of magnitude as the former,
but at a concentration one-tenth as large. Corre-
spondingly .., is more than 2,000 cal. smaller.
There seems to be little doubt that this difference in
the activation energy is the chief factor in the dif-
ference in the salt effects, and it appears that this
difference is due almost entirely to non electrostatic
factors. The activation entropy for Co(NHj)Cly
is only slightly less negative than that in the ab-
sence of salt, and this can be due to the extremely
small concentration of the salt, which renders
negligible the electrostatic effect.

The Uranyl Nitrate Salt Effect.—Uranyl nitrate
appears to have a rather small influence on the rate
of this reaction, even smaller than sodium chloride
at the same equivalent concentration, despite the
greater valence of its cation. Unfortunately it was
impossible to obtain a reliable value of the activa-
tion energy, due to experimental difficulties. The
reason for this is that the reaction of persulfate
with thiosulfate, which is negligible in all other
cases, has a great importance in the presence of
uranyl nitrate, so that the measured value of the
rate depends critically on the moment in which the
additions of Na,S,0; are made.

The Reaction between Persulfate and Thio-
sulfate.—Table III reports the values of the
apparent values of the rate constants of the reaction

TaBLE III
RATE CONSTANTS IN THE PRESENCE OF DIFFERENT AMOUNTS
or NazSan
Maximum amount of
NasS,0; present 0 2.5 5.0 10.0 15.0
(10 78 mole 1. 71)
Added salt —~~———103 X % (1. mole "t sec. "1)—————
None 1.313 1.346 1.347 1.3556
LaCl; 4.207 4.250 4.231 4.190
Co(NH;)sCl;
0.000333 M 5.039 5.057 4.960 4.825
UOy(NOs5) 0.01 A 1.581 2.310 2.294 2.266

between persulfate and iodide, obtained in the
absence and in the presence of different salts,
adding various amounts of thiosulfate when the

(16) V. K. La Mer and R. W. Fessenden, THIS JOURNAL, 64, 2351
(1932).

(17) J. 1. Hoppe and J. E, Prue, J. Chem. Soc., 1775 (1957).
(18) J. L. Mayer, J. Chem. Phys., 18, 1426 (1950),
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iodine just starts to appear. The results obtained
in the same runs adding the thiosulfate when almost
all the iodine is already present are also reported
in Table III under the heading 0. These values
are slightly different from the corresponding ones
in Table I, because they are calculated by at least
square treatment ahd not by a graphical treatment
and because they refer to a single run and not to an
average. It can be seen that while in all other
cases there is only a small increase in rate when
NayS,03 is present in the solution all the time, in the
case of UO:(NOs)e addition the increase is very
large, amounting to almost 509,. For both KI and
NayS,03 reacting with K,S,05, we have the reac-
tions

k
$:05~ + 21~ —> 280"+ I,

(A)

ky
SQOs= + 25203= —_— 2504" + S4Os'= (B)
I, + 28,047 —> 21~ + S0~ very fast  (C)

Supposing that the reaction B is first order with
respect to S5;0s= and first order with respect to
5,05~ the rate of disappearance of S;0;= should
obey the equation
— €300 — b (S.00I) + (SOSNSON) (3)

Since the amount of $;05~ introduced in every addi-
tion is very small (equivalent to 0.1 to 0.99, of the
5205~ present) the concentration of 8,0~ during the
time required to consume the S;05;= can be considered
constant, and so is the concentration of I-. By
integration, equation (4) is obtained for the time
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required for the reappearance of iodine

1 ks(S:05)o
= s [+ M)
where (S;035=)1s the thiosulfate concentration added
each time, that in this case is equal to the initial
thiosulfate concentation. When the thiosulfate is
added just before the reappearance of iodine, the
time is given by

¢ (4)

{ = (8:0:7)0
T k1 S:067)(17)

Dividing (4) by (5) one gets

£ - kl(I-) I: kz(San-)o]

o k(S:05%)o i+ k(I7)
The ratio between the times in the two conditions is
therefore independent of the persulfate concentra-
tion, and this accounts for the fact that a linear first-
order plot is obtained inn both cases, as can be seen
from Fig. 3. The inverse ratio of the correspond-
ing first-order rate constants can therefore be sub-
stituted in the first member of (6), and developing
in series one gets

_k_ =1 — Ea(S:05 ), 1 kz(San“)o]z
k/

2K(1) T3 L k() @

It can be seen that the ratio between k and &’
should be, for values close to the unity, a linear
function of the amount of thiosulfate added each
time. An examination of Table IIT shows that this
is not true, but that k/k’ is almost constant in the
absence of foreign salts, and it increases in the other
cases. This increase can perhaps be correlated
with the slight curvature downward, which has
been observed in the first-order plots for LaCl; and

)

(6)

+
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Co(NH;)¢Cl; and has not been further investi-
gated. The approximate constancy of k/k’ seems
to be due to the fact that the rate of the reaction be-
tween persulfate and thiosulfate is almost inde-

pendent of the concentration of the latter. In this
case in fact one gets simply
B = k(I7) + k2 (8)
and
k= k(1) (9)

The fact that the reaction of persulfate with thio-
sulfate is almost zero order with respect to the
latter was observed by Kiug and Steinbacli,!® but
it was rather unexpected to find it at a concentra-
tion in S;05= less than 1075 M.

The most important point, however, seems to be
the enormous effect that the uranyl nitrate exerts
on k.. To check this point further the kinetic ex-
periments by titration were performed, and Fig. 4
shows the first-order plots which have been ob-
tained. The fact that the concentration of thio-
sulfate does not decrease appreciably with time
when no persulfate is present rules out any possibil-
ity of an irreversible reaction between UO,*++ and
S:03™.

Spectrum of the Complex between UO: and
San,—WheIl Na28203 and UOz(NOs)g solutions
are mixed, a strong yellow color is developed.
The spectra of two solutions containing 0.005 M
UO2(NO;3); and 0.005 M UOy(NOs), and 0.005 M
Na,S,0;, respectively, are reported in Fig. 5.
It can be seen that the absorption spectrum of the

(19) C. V. King and O. F. Steinbach, THis Journar, §2, 4779
(1930).
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UO, T+ ion in the ultraviolet, which is slightly modi-
fied by the presence of NO;~ ions,? is displaced by
about 120 mu toward the red, and the characteristic
peaks in the violet of the UO,** ion disappear and
are perhaps replaced by a shoulder at about 440
mpu. The spectrum was taken immediately after
preparing the solution, because after 1 hr. some tur-
bidity appears, due perhaps to the precipitation of
sulfur.

Mechanism of the Salt Effect—A possible
explanation of the decrease of the activation energy
is the polarization which the cation exerts on the
electrons of the anion when an ion pair is formed
or when a cation is near enough to the activated
complex. In fact, a fundamental step in the reac-
tion must be an electron transfer from the iodide
to the persulfate ion; it seems reasonable that an
ion pair, which can be represented as

O+ O+

L

+ 60=5—0—0—5=0 + &

-2 —2s|

o~ M* O-
should be a better electron acceptor than the free
ion. Due to the particular structure of the S,0s~
ion, cations of small radius can produce a greater
concentration of negative charge toward the center
of the molecule than cations of great radius. Un-
fortunately, there seems to be no unambiguous way
to determine the ionic radius in aqueous solutions, **
but a reasonable indication seems to be given by the
ionic conductivity. The results reported in the
preceding paper?! can be useful as a test for this hy-
pothesis, and in Table IV the rate constants ob-

TABLE IV
COMPARISON BETWEEN THE SALT EFFECT IN THE REACTION

BETWEEN PERSULFATE AND IODIDE! AND THE LIMITING
EQuivaLENT CONDUCTIVITY OF THE CATION?2?
Salt 108 k Ao
KCl 2.70 73.50
NaCl 2.12 50.10
LiCl 1.91 38.6
N(CH;):Br 1.89 44.9
N(C2H5)4Br 1.48 32.6
MgCl, 2.89 53.0
Co(NH3)Cly 38.7 101.9
LaCly ~6.5° 69.7

s Extrapolated.

tained in the presence of different salts at the con-
centration of 0.04 equiv. 1.7! at 25° are compared
with the equivalent limiting conductivities of the
cations.?? A remarkable parallelism is observed
between cations of the same valence, the only ex-
ception being the inversion between Li*+ and N-
(CHs)s™. The present result for the uranyl ni-
trate is in agreement with this picture, because the
limiting equivalent conductivity of the UO, ion is
only 30.9.23
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Fig., 5.—Absorption spectra of uranyl nitrate, and of the
complex thiosulfate.

A similar explanation can also be advanced for
other cases of specific salt effects for reactions be-
tween ions of the same sign, where the charges of
the reactants and of the activated complex are
small’” or where E.pp is found to decrease,’# or at
least not to increase,?! in correspondence with the
increase in rate. This is the case for the alkaline
hydrolyses of condensed phosphates,®—$.% for the
isotopic exchange between thiosulfate and trithio-
nate,? for the catalytic rearrangement of tetra-
thionate,? for the hydrolyses of potassium ethyl
malonate and oxalate!” and probably for many oth-
ers. In these reactions there is no electron trans-
fer, but a nucleophilic attack by a negative ion, and
this attack should be favored by a defect of elec-
trons. In all these cases the cation, in the ion pair,
is near enough to the bond to be broken during the
reaction, to strongly polarize the electronic cloud.
In other cases, however, the ion pair is formed in
that part of the reacting system where there are no
bonds to be broken. In the reaction between bro-
moacetate and thiosulfate, for instance, the bond to
be broken is between the bromine and the carbon
atom, while the ion pair is formed mostly with the
thiosulfate ion.#” It is therefore not surprising
that the acceleration is due mainly, if not ex-
clusively, to the electrostatic factor.!®?=2 The
distance of the Br—C bond from the charge on the
carboxylic group may also be influential. In the
case of the alkaline hydrolyses of potassium ethyl
adipate and sebacate!” the negative charge is very
far from the point where the reaction takes place,
and correspondingly the salt effects are normal
Another interesting example is given by the reac-
tion between trimethylsilyl benzoate and hydroxyl
ions.® Here too the distance between the reacting
point and the center of the charge is rather large,
and therefore no abnormal salt effects are to be ex-
pected, In fact, the small difference between the
actions of potassium, sodium and lithium salts at
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high concentrations can be accounted for by the
difference in the activity coefficients. In this, as
in the preceding case, the lack of the electrostatic
effect, due to the ion pairing, can be explained easily
by the fact that the anions are monovalent.

It should be emphasized that the above picture
does not require the existence of ion pairs as per-
fectly defined entities. In fact, for both the polari-
zation and the electrostatic effect to be present, it is
quite sufficient that an ion of opposite sign be within
a certain distance of the reacting ion or of the acti-
vated complex. The extent of this “critical dis-
tance” {s somewhat arbitrary, as it has been
proven by Brown and Prue® and by Guggenheim??
for the thermodynamic propertiés of the solutions
of bi-bivalent electrolytes. Therefore, this picture
is not in conflict with any more exact treatment,
such as that of Scatchard,!® but it also takes in
consideration the polarization factor to explain the
decrease in E,p,. The distance of closest approach
has therefore a double importance, determining the
extent of the ion pairing and the polarization factor.

It seems, however, that some more specific factor
must also be taken into consideration. In fact, the
relative efficiency of various cations can be different
for various reactions between anions, and even the
order of efficlency can be reversed. In the hy-
drolyses of condensed phosphatess? and of estersv
calcium salts have a greater accelerating effect than
barium salts; in the reactions between bromoace-
tate and thiosulfate” and between persulfate and
iodide? the reverse is true. A striking example is
given by the strong accelerating effect of uranyl ni-
trate on the reaction between persulfate and thio-
sulfate. In some cases this can be correlated with
the different association constants of ion pairs,?
but, even so, it seems that the ionic radius is not the

(31) P. G. M. Brown and J. E. Prue, Proc. Roy. Soc. (Londor), A282,
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only important factor in determining both the ther-
modynamic stability and the reactivity of ion pairs.

The shift of the absorption spectrum of the UO,*+
ion by addition of thiosulfate suggests a tentative
explanation for the accelerating effect on the reac-
tion between persulfate and thiosulfate. In fact,
this absorption should correspond to an electron
transfer between the anion and the cation,®? and the
fact that it is displaced toward greater wave lengths
should correspond to a decrease in the energy re-
quired. The transfer of one electron from the ura-
nyl-thiosulfate complex to a persulfate ion might
be rendered easier, therefore, than the direct trans-
fer of one electron from the thiosulfate to the per-
sulfate ion. For the uranyl ion there is no possi-
bility of acting as a donor-acceptor of electrons in
this reaction, such as the copper or iron ions, which
also act as catalysts.®® In fact, the ion UO,**
neither is reduced by the thiosulfate, as it is proven
by Fig. 4, nor is oxidized by the persulfate, as it is
proven by the fact that the reaction between per-
sulfate and iodide is only slightly influenced. How-
ever, lowering the energy requirement for the trans-
fer of an electron from the thiosulfate ion can pro-
vide an easier path for the over-all reaction. A
mechanism of this kind could also be responsible for
the great accelerating effect of the hexamminecobalt
ion in the case of the persulfate-iodide reaction,
since it is known that the electron transfer absorp-
tion spectrum of the Co(NH;)eI ¥+ ion pair is also
displaced toward greater wave length, in compari-
son with the free I+ ion.3?
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