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Kinetic expressions are developed for a system in which free ions are in mobile equilibrium with ion pairs, which may col
lapse irreversibly to products. If the concentration of such ion pairs is substantial, even at constant ionic strength the ex
perimental second-order rate constant depends on reagent concentrations. As the concentration of ion pairs decreases, the 
rate constant becomes independent of reagent concentrations, and its behavior may approach that of the Debye-Hitckel 
limiting law. Relevant published equations and data are discussed. 

Introduction 

Results obtained in this Laboratory indicate t ha t 
in water-dioxane mixtures ion pairs are interme
diates in the irreversible reaction of diphenyliodo-
nium and phenoxide ions to give diphenyl ether and 
iodobenzene. A preliminary report of these results 
already has been made 2 ; a fuller exposition directly 
follows this paper.3 

The results have prompted a formulation of the 
kinetics of irreversible reactions of ions of opposite 
charge on the basis of the following assumptions. 

1. Free ions in solution are in equilibrium with 
ion pairs. This equilibrium is described by a mass 
action law formulated in terms of activities; the 
requisite activity coefficients are approximated by 
equations in the l i terature. 

2. The ion pairs decompose irreversibly to prod
ucts by way of an activated complex or transition 
state, the concentration of which determines the 
rate of the reaction. 

Ion Pair Equilibria: Historical.—The incomplete 
dissociation of the electrolytes has long been pro
posed by Bjerrum,4 Onsager,6 Nernst,6 Fuoss and 
Kraus7 and others.8 '9 More recently Wicke and 
Eigen10 have developed a new distribution formula 
for the ionic atmosphere in the theory of Debye and 
Hiickel, have applied it to the incomplete dissocia
tion of electrolytes in water and have obtained sub
stantiat ing data from sound absorption measure
ments. Likewise Marshall and Grunwald1 1 have 
used ion association in an interpretation of the ac
tivity coefficients of hydrogen chloride in methanol, 
ethanol and dioxane-water mixtures. Other work
ers have found it convenient to consider ion associa
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Publ . Corp . , N e w York, N. Y., 1950 

(9) P'or a r ecen t survey of ion associat ion see C. A. K r a u s , ./, Phys 
Chem., 58 , 673 (1954) 

(10) E. Wicke and M. Eigen . . V J I J I ' I M , , 38, 453 (1951) , Z RUk-
trochem., 56, 551 (1952); /.. Xatur/orsch., 8a, 16 1 (1953) ; /.. Eleklro-
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tion in kinetic studies of the reactions of ions.1- - 1 8 

I t seems established tha t ion pair formation is of fre
quent occurrence and may be described in terms of 
a mass action law. 

Symbols.—For the reaction 

A + B Y~»" AB > Products 

and related reactions let the symbols be 

.1 = concii. of free A 
a = A + C 
B = concn. of free B 
b = B + C 

C = concn. of ion pairs AB 
D = dielectric constant 
/ i = activity coefficient of the ith species, referred to zero 

ionic strength 
/ * = activity coefficient of the activated complex in the 

irreversible decomposition of ion pairs to products 
ka = first-order rate constant for the irreversible de

composition of ion pairs to products, in terms of 
activities 

k = (M*)ko 
ki = exptl. first-order rate constant for the over-all reac

tion 
kt = exptl. second-order rate constant for the over-all re

action 
+ - -

ki = rate constant for the reaction of AB with B at ionic 
strength u 

C f , . 
Ko = A*°AB = -; o X ," •,- (In general the subscripts on K 

/AjB indicate the associating ions) 

m = a — b 
p = coefficient for dependence of In f* — In j % fn on «;'V 

see (30) 
q = coefficient for dependence of In f* — In f\fn on n; 

see (30) 
r = coefficient for dependence of In f * — In /„ on u; see 

(31) 
T = absolute temperature in 0K. 
W=A+B + C=_a+b-C 

X = concn. of free X 

Y — concn. of free Y 

Concentration of Ion Pairs.—Equation i may be 
expanded and rearranged. 
C = K(a - C)(Ii - C) = Kab - .KC(a + b - C) (2) 
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(14) C. W. Davies and P . A. H. W y a t t , Trans. Faraday Soc, 45 , 770 

(1949). 
(15) P . A. H. W y a t t a n d C. W. Dav ie s . ibid.. 4 5 , 774 (1949). 
(16) A. R. Olson a n d T. R. S imonson , J. Chem. Phys., 17, 1167 

(1949); see also F Dan ie l s . ' A n n u a l Rev iew of Physical C h e m i s t r y " , 
1, 25U (1950) 

(17) M . G. E v a n s and G. H Xancon l l a s , Trans. Faraday Snr.. 49, 
363 ! 1953S. 

(18) A. W. Adamsiiii and U. G. Wilkins , T i n a J O U R N A L , 76, 337!) 
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C = 
Kab Kab 

C = 

1 4- K(a + b - C) 1 + KW 
(a -f b + 1/K) / , r\ 4ab 

(3) 

( ' - [ ' "? + b + 1/K) ,]"•) 

C 

(4) 
Expansion of the term in square brackets in (4) 
gives (5) 

Kab ( K'ab \ , 
1 + K(a + b) V [1 + K(a + Z.)]2 "*" ' ' ) K°> 

If C is small compared to a and b, (2)-(5) simplify 
to (6) 

r Kab . . 
1 + JsT(a + i) W 

The Kinetic Order.—Assumption 2 may in par t 
be formulated 

- d a = -d& = kCAt (7) 
-A(A + C) = kCAt = JUSTUS d< (8) 

If a = 6 and, consequently, A=B, and if (8) is 
divided by C (or its equivalent JL42) 

d(l / / l) - Kd In C = kK At (9) 
or 

or d(lA4) - 2KdInA = kK At (10) 
where 

A = (M)(Vl+4Ka 1) = (C/JsT)V« (11) 

Similarly, if a = b + m and w > 0 
(l/w)dln(^/5) - JsTdIn C = feJT d/ (12) 

or 

(l/m)dln (-7-^—} -KdInA(A - m) = AJsTd* (13) 

where 

A •= T^Kj(Km - 1 + [(I - &i ) ' + 4Xa]1A) (14) 

It is to be noted with the above equations that as 
K goes to zero (i.e., as A —• a and C -*• 0), the ki
netic expressions approach the forms well-known for 
simple second-order reactions, (15) and (16). 

d(l/a) = kKAt (15) 
(l/m)d In (a/b) = kK At (16) 

On the other hand as K increases toward infinity 
(i.e., as A —*• 0 and C -*• a), the equations approach 
the first-order form, (17). 

- d In a = kdt (17) 
This pure first-order kinetic behavior is ap

proached as 1/K -*• 0. There is a region, however, 
where 1/K is still appreciable and It1, the experi
mental first-order rate constant, drifts during the 
course of a run or from run to run. Similarly, there 
is a region where K is appreciable and k2, the experi
mental second-order rate constant, will drift. One 
of the aims of this paper is to interpret mathemati
cally the drift of ^1 or k2 in terms of K. 

The Over-all Reaction.—Substitution of (3) in 
(7) gives 
- d a -Ab kKab kKab 

At' At 1 + KW 
(18) 

1 + K(a + b - C) 
If K is small and the kinetics are accordingly of 
approximately second order, the over-all rate is 
also kvab, giving 

h ^ K - - k K (UU 
2 1 + K(a + b - C) 1 + KW (U> 

According to equation 19 even with u, D and T 
held constant k2 is a function of reagent concentra
tions, decreasing as these concentrations are in
creased. Only when KW approaches zero, i.e., 
when C is vanishingly small, does k2 become inde
pendent of W. 

At constant u, D, T: 
Hm &2 = kK 

W-* o 
(20) 

Taking the natural logarithm of (19) gives 
In ks = In kK - In(I + KW) (21) 

which when KW < 0.1 simplifies to (22) 
In h = In kK - KW (22) 

On the other hand when K is large, when a < b, 
and when the kinetics are approximately of the first 
order in a, then 

k k 
ki = kC/a = (23) 

1 + A/C 1 + 1/JsTZJ 
Here k\ will increase with K. 

The Determination of k and K.n~22—Since k2 
depends linearly on k and non-linearly on K, it is 
possible to separate them by the variation of k2 
with reagent concentrations at constant ionic 
strength. One approach is to invert both sides of 
(19), arrange terms and divide by a. 

_1_ 
kia kKA ^ k (24) 

Data suitable for analysis might be obtained, for 
example, by determining k2 in different runs in 
which b was small while a varied in different runs 
from ~ i to ~10o>, all runs (initially) at the same 
ionic strength. Such data may be conveniently ana
lyzed by successive approximations. Suitable equa
tions for finding rough values of k and K are 

(25) 
1 

k%a 

1 

kK(a -
1 _ 1 

ki kK 

•b) + 

+ 1 

1 

(20) 

Thus a plot of l/k2a against I/(a — b) gives a line 
of slope ~\/kK and an intercept ~ l / & . Alterna
tively, when a » C, a plot of l'k2 against a gives a 
line of slope ~ l / & and an intercept of ~ l / £ j t \ 

Once an approximate value of K is known, A is 
available and l/k2a may be plotted against 1/A 
according to (24). The new value of K from this 
plot gives A more accurately, and a new plot may 
be made. While such a series of approximations 
may be continued indefinitely, convergence on final 
values is rapid. Usually after a rough value of K 
has been determined with (25) or (26), two plots 
accordingly to (24) will give values of k and K not 
appreciably improved by further approximations. 

Thus it is possible by graphical methods to de-
(19) Equations in part similar to those developed in this section have 

recently been used to detect complex formation both in an experi
mentally first-order process (the oxidation of glycols with periodic acid, 
ref. 20) and in two experimentally second-order processes (the reac
tion of aniline with 2,4-dinitrochlorobeuzene, ref. 21. and the brornina-
tion of mesitylene, ref. 22). 

(20) J. E. Taylor, THIS JOURNAL, 76, 3912 (1953); F. R. Duke and 
V. C. Bulgrin, ibid.. 76, 3803 (1954); G. J. Buist and C. A. Bunton, 
J. Chem. Soc, 1406 (1954). 

(21) S. D. Ross and I. Kuntz, THIS JOURNAL, 76, 3000 (1954). 
(22) U. M. Keefer, J H. Blake, III, and I.. J. Andrews, ibid.,76, 3002 

(1954). 
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termine K, the equilibrium constant for ion pair 
formation, and k, the ra te constant for irreversible 
collapse of ion pairs a t a given u, D and T.23 

The Determination of k0 and K0.—From defini
tions given previously 

In ko = In k - ln/„ + In/* (27) 
In K0 = In K + ln/„ - ln/A /B (28) 

In k0K0 = In kK - In /A/B + In/* (29) 

Thus ko and X0 represent values at zero ionic 
strength. To calculate k0 and K0 from k and A' de
termined as in the preceding section, the usual pro
cedure would be to determine k and K a t various 
ionic strengths and to assume a simple dependence 
of the activity coefficients on u. Thus if 

In/* - ln/A /B = pwh - qu (30) 

where pul/2 > qu, and if 
I n / * - l n / t = ru (31) 

then plots of In K vs. ul/- and of In k vs. u extrapo
lated to u = 0 should give K0 and k0. 

An alternate procedure depends on prior knowl
edge of p, q and r, as from theoretical equations, 
and might be used when values of k and K could 
not be obtained a t values of u small enough to allow 
extrapolations as above. Thus expressions for In 

/ A / B are given by Wicke and Eigen10 and by 
Marshall and Grunwald1 1 with the stipulation that 
the activity coefficients are those of the free ions 
and are not averaged over free ions and ion pairs. 
Similarly, if the activity coefficient of an ion pair 
or activated complex may be calculated as t ha t 
of a dipolar molecule, the simple expression of Bate-
man, et al.,u or one of the more refined expressions 
of Kirkwood2* might be used. 

Parasitic Equilibria.—In the present section the 
situation is considered in which the ions which com
bine to give the reactive ion pairs also combine with 
other ions to give inert ion pairs. The effect of 
these added parasitic equilibria is to decrease the 
concentration of those ions which give reactive ion 
pairs, and thus the rate of the reaction rate is de
creased. Consider the situation diagrammed below. 

j _ _ KAX _ + _ KAB + _ k 

AX " ^ - X A B -^- AB —->• Products 

+ _ -^YX + ^ Y B + _ 

YX •*—£• Y -^* YB 

In a manner similar to tha t which gave (3) and (19) 
it can be shown tha t 

,, A"AB(« - C'AX)(A - CVB) 
t A B l+K^B[a"+ 6 ' " - " (CYB - TCAX + CYBJ] ^ 

and tha t 

kKAn 
1 + KMa + b - CAB) + KAXX + KYBY + KAXKYBXY 

(33) 

Additional Reaction Paths.—Iu the following 
example the ion pair is assumed to give products 

both by collapse and by reaction with B 
(23) N O T E ADDED I N P R O O F . • — T h i s ana lys i s m a y d e t e r m i n e t h e con

c e n t r a t i o n of complexes be tween r e a c t a n t s b u t no t t h e n a t u r e of these 
complexes , e.g., w h e t h e r or no t t h e y are ion pa i rs . 

(24) L. C. B a t e m a n , M . G. C h u r c h . E. D. H u g h e s , C. K. Ingold and 
N . A. T a h e r , J. Chr.m. Sac, 97B (10 10). 

(23) J. G. K i rkwood , Chan. Revs.. 24, 2.">i! (1!PiW). 

k2ab = kC + k2BC (34) 
In analogy with (18) it may be shown tha t 

h = kK [TTW + £k x rriJ (35) 

If b » a, then B ^ b =* W, and 

k> =kK [ri-Kb + ik x ifKt] m) 

+ -
If the reaction between AB and B proceeds bv f orin-

- + -
ation and decomposition of an ion triplet BAB, then 
&c is equivalent to the product of the equilibrium 
constant for ion triplet formation from ion pair and 

B and the rate constant for ion triplet decomposi-
+ + 

tion. If the cation were doubly charged, i.e., A, 
then we would expect ion triplet formation, of 

B AB, to be of more importance, such tha t the sec
ond term of (35) or (36) might contribute appreci
ably. 

Other Ionic Reactions.—It is a well-known fact 
tha t in reactions of ions of the same charge type 
the rate is increased by the addition of ions of 
opposite charge. In some cases this is in par t the 
result of ion pair formation between one reacting 
ion and an oppositely charged ion of added "inert 
salt" followed by reaction of the ion pair with the 
other reacting ion. W y a t t and Davies15 have shown 
this to be the cause of metal ion catalysis of the 
much-studied thiosulfate-bromoacetate reac
t ion.1 2 - 1 5 The greater effect of barium and calcium 
ions over sodium ions arises from the greater tend
ency for ion pair formation. 

In other cases it seems possible tha t the accelera
tion of reaction of ions of similar charge type by 
oppositely charged ions of an "inert salt" arises 
from an ionic atmosphere effect. Consider for in
stance the acceleration by perchlorate ions of the 
reaction between mercuric and bromopentammine-
cobaltic ions.16 Increasing perchlorate ion concen
tration will increase negative ionic atmosphere 
around the two reacting ions, decreasing their net 
charges and facilitating their approach and reac
tion. The positive sodium or lanthanum ions 
added with the perchlorate ions will be at a dis
tance from the reacting ions and will have only a 
small effect and one nearly independent of the 
number of positive charges on each ion. Thus Olson 
and Simonson16 found tha t the effect was to be 
correlated with the concentration of perchlorate 
ion, not with ionic strength. 

Actually, there is no evidence in this lat ter case 
as to whether the acceleration by perchlorate ion 
arises from ion pair formation or from ionic at
mosphere effects. All usual changes of charge type, 
concentration and dielectric constant which favor 
the one also favor the other. From a series of ki
netic runs, then, in which the concentration of "in
er t" salt is increased it seems difficult, if not impos
sible without outside non-kinetic evidence, to at t r i 
bu te the change to ion pair formation or an ionic 
atmosphere effect. 

For reactions of ions of opposite charge both ions 
from an inert salt will be effective in slowing the 
rate either by parasitic ion pair formation or by 
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building up ionic atmospheres about the ions which 
decrease their net charges and their tendency to 
approach each other and react. Olson and Simon-
son16 have studied the reaction of very small con
centrations of bromopentamminecobaltic bromide 
with excess sodium hydroxide in water. A plot of 
log &2 vs. M1/S is linear. Since sodium hydroxide is 
the major component determining ionic strength, 
the plot of log &2 vs. [HO_]1 / ! or [Na+]1/* is also 
linear. Further, the authors have developed a three 
parameter equation which also reasonably fits the 
data. 

k = k* Li + if(x) + *' i + X(X)J (37) 

For (37) Olson and Simonson16 define k as the sec-

Introduction 
Previous papers have reported improved synthe

ses3 of diphenyliodonium salts and have shown 
that under relatively mild conditions organic and 
inorganic bases effect nucleophilic displacement on 
the 1-carbons of diphenyliodonium ions to form new 
bonds with carbon, hydrogen, oxygen, sulfur, sele
nium, nitrogen, phosphorus, arsenic, antimony and 
the halogens.4 Thus iodonium salts show promise 
as general phenylating agents. 

In the present work the reaction of diphenyliodo
nium and phenoxide ions to give diphenyl ether and 
iodobenzene4 was examined cursorily in water and 
more intensively in dioxane-water mixtures.5 

Runs were made by preparing a thermostatted 
solution of diphenyliodonium chloride or nitrate 
and phenol in water or dioxane-water, adding a 
known amount of thermostated solution of sodium 

CU This paper is taken from a dissertation submitted by E. Melvin 
Gindler in partial fulfillment of the requirements of the degree of 
Doctor of Philosophy, June, 1956. The preceding paper developed the 
theory and equations for the kinetics of reactions of oppositely charged 
ions which occur by the formation and decomposition of ion pairs: 
F. M. Beringer and E, M. Gindler, T H I S JOURNAL, 77, 3200 (1955). 
The symbols here used are as defined in the preceding paper, with 
specialization to the present reaction. Equations are numbered as 
one series through both papers. 

(2) Du Pont Postgraduate Fellow, 1953-1955. 
(3) F. M. Beringer, M. Drexler, E. M. Gindler and C. C. Lumpkin, 

T H I S JOURNAL, 75, 2705 (1953). 
(4) F. M. Beringer, A. Brierley, M. Drexler, E. M. Gindler and C. C. 

Lumpkin, ibid., 78, 2708 (1953). 
(5) (a) These results were presented at the American Chemical So

ciety Meeting, New York City, September 13-18, 1954; see Abstracts 
of Papers, p. HR. (b) Recently a note has appeared in which the 
present reaction in water was discussed: E. S. Lewis and C. A. Stout, 
T H I S JOURNAL, 76, 4619 (1954). 

ond-order rate constant, k& as the rate constant 
when hydroxide ion concentration is low, k' and 
K' as adjustable parameters and (X) as the con
centration of hydroxide ions. Finally, it will be 
noted that (37) is very similar to (35) and (36), 
derived for the case where ion pairs might give 
product both directly and by reaction with one of 
the free ions. 

I t is possible, however, by working at constant 
ionic strength and by varying the concentrations 
of reagents and "inert" salts to assess the impor
tance of ion pair formation. Such an analysis, for 
the reaction of diphenyliodonium and phenoxide 
ions, is reported in the following paper.3 

BROOKLYN 1, N. Y. 

hydroxide in the same solvent and analyzing ali-
quots removed at intervals for unreacted base. 
Excess phenol repressed the hydrolysis of the phen
oxide ion. 

Solvents.—Exploratory runs showed that while 
the reaction in water had a convenient rate at 80°, 
the kinetics were complicated by the fact that the 
finely dispersed second phase of insoluble reaction 
products effected a considerable acceleration of the 
reaction. In a typical run a zeroth order plot is 
linear from about 3-70% reaction. The reaction 
caused by the second phase cannot be equally dis
tributed throughout the second phase, for the bulk 
of this second phase increased at least 20-fold dur
ing this portion of the reaction. Possibly surface 
effects are operative, small drops being initially 
formed but coalescing to larger drops having a 
smaller surface-volume ratio. 

It might be noted that in the copper-catalyzed 
reaction of diphenyliodonium chloride to give 
chlorobenzene and iodobenzene in water or water-
dioxane the presence of a finely dispersed second 
phase of products has a similar accelerating effect.6 

(Copper salts do not catalyze the reaction between 
diphenyliodonium ions and phenoxide ions.) 

To maintain homogeneity, dioxane-water mix
tures were used in all subsequent runs.7 

Arrhenius Parameters.—In 1:1 dioxane-water 
reactions were considerably faster than in water and 

(6) F. M. Beringer, E. J. Geering and I. Kuntz, Abstract of Papers, 
American Chemical Society Meeting, New York City, September 
13-18, 1954, p. 90-O. 

(7) Failure to maintain homogeneity probably helped make the re
sults given in reference 5b erratic and difficult to interpret. 
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In continuation of studies on the synthesis3 and reactions4 of diphenyliodonium salts the reaction of diphenyliodonium 
and phenoxide ions to give diphenyl ether and iodobenzene has been found to be of second order in most dioxane-water mix
tures, with the order decreasing at high dioxane concentration.1 Second-order rate constants in 1:1 dioxane-water at 45-70° 
gave Arrhenius parameters log PZ = 12.8 and E3. = 25.9 kcal./mole. At 65.1° a plot of log fa vs. «'/« had a slope of —2.7, 
while with u constant, log fa varied linearly with 1/D. At constant u, D and T variation of fa with reagent concentration 
allowed calculation of the association constant for formation of the diphenyliodonium phenoxide ion pairs and the rate con
stant for irreversible decomposition of the ion pairs to products under a variety of conditions. 


