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ABCIRACT

A model is proposed for a general activated complex
AXB in oxidatione-reduction remctions involving two metal
ions (&) snd (B)s The symbol (X) would indicate the
anious or other groupings which might be present, and
which ordinarily would be complexed to the metals sepae-
ratelys The effectivencss of (X) is related to its
ability to be oxidized or reduced in itselfs, In the case
that (X) consists of oxidizable anions, the probability
of electron transfer from (X) to the oxldizing metal (A)
is correlated with the strength (energy) of the bond be-
tween (¥X) and (A)s. Two previous explanations of the cataw
lytic effeet of anlons on such reactions are dlscussed,
and some experiments outlined whiech will test the validity
of the proposed modele.

The disproportionation of uranium (V) is of interest
because it oocurs between like charged ions and because
an excess proton is necessary for reaction. The rates of
disproportionation are studied in heavy and iight water
in an attempt to distinguish between paths in which a
proton or deutron is involved and those in which our (X)
grouping is OH~ or Obe, Of the two courses, the latter
is judged to be more likely and the reaction is therefore
placed in the general class of anion catalyzed oxidatione

reductionsg,
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In the next study, it is confirmed that the chloride
catalyzed ferric-stannous reaction is first order in ferric
lon concentrations In the renge of chloride ion concenw
trations studled, fourth order dependence on chloride is
dominants It is probable that o minimum of three is ree
quired in the activated complex for any sppreciable rew
action rate. When bromide is added, a third order dependence
iz observed, Only two 1lodide lons appear necessary for
reaction, but third order dependence may be iwportant at
higher iodlde ilon concentrations. The reaction 18 depresgsed
when large amounts of metal ions are present due to the
conplexing end rewoval of halide lons. This 1z merkedly
g0 in the case of high stannous ion concentrations. Approxie-
mate values for the equilibrium constants for the formation
of ®nCl* and SnBr* are estimsted. In the order of increasing
effectiveness in promoiing resction we have that C1l™ 1z leszs
than Br™ is less than I™, Attention is directed to the fact
that the complexing affinity of the halides for both ferriec
and stannous ions decreases in this order, while the order
observed 1s the order of inereasing ease of oxidation of
the halide ions.

In the next studies, it is found that hexamminee
cobaltie ion is reduced by stannite ion by a path indee
rendent of the cobalt concentration. Instead, the reaction
is first order USn0% and OH s Ho significant amount of



Snof§ is found, but some dimerization of the stannite is
necessary to explain the resultss When the hydroxye
pentanmire-cobaltie ion iz used, the reaction is simllarly
zero order In cobalt, showing that one anlon iz insufe
ficient, When the complex is allowed to stand in strong
basle solution, the reaction is faster and a bimolecular
path 1s possibles It is found that chloride lon will not
accelerate these reactions, but traces of eyanide ion will.
Cyanide 1z the only anion tried whiech ean displace ammonila
from the complexess Stannite will spparently not reduce
the hexaseysnocobaltate (III) ion because of an adverse
over-all free energy change.

The probable generality of the model is discussed
and the results applied to the explanation of the rates
of some of the isotope exchange reactions which have
been studled recently. It would seem that some account
must be taken of the equivalence of the oxidation changes
in the two reactants as well.



INTRODUCTION

When dealing with the stoiciometry of oxidation-
reduction reactions, the chemist has long been in the
habit of assigning an oxidation number to each of the
atoms or radicals in his system. Sometimes he is falrly
certain that thils formalism has some physical significance.
The oxidation number of sodium lon in aqueous solution is
the same as the charge of the solvated ilon. A certain
arbitrary factor is introduced as soon as collections
containing more than one element are considereds Whenever
the elements concerned have similar electron affinities,

a dilemma arises in assigning separate numbers. The
organic chemist seldom speaks of oxidation number simply
because the physical reality of the concept is low and
hence of slight utility.

For simple inorganie reduction reactions* the con-
nection between ionle charge and oxidation number 1is so
convenient that the whole idea of oxidation has been re-
defined in terms of the electron. If one examines only

the initial and final states of such reactions, there is

*The full term "oxidation-reduction reaction” is
clumsy and redundant. The term "red-ox reaction" has
not been generally used. The single adjective will be
used throughout.,



an apparent net gain and lose of electrons for certain
participantss The trouble is that the idea has been
carried over to describe the kinetlie process. Thus the
exchange of oxidation number between two isotoplec forms
of the same metal ion 1s now referred to as "electron
transfer.” Guch s term lmplies that the course of the
reaction may be followed by the observatlion of z single
electrons, It implies that an electron as a distinct
entity leaps from one metal ifon to another. The term
is pisleading and should be abandoned.

In aqueous solutions, where the poszible number of
intermediates in an oxidation is large, tracing the path
of a reaction ig particularly difficults It is more
profitable to forget about the electrons and attempt to
find only certain low energy collections or elements and
their conxblined oxidation states.

Let us restriet our attention to those reduction re-
actlions which oceur between metal fons in solution. These
ions are always closely associated with molecules of the
solvent or with certain snlons which may be presents Differm
ent complexed forms of a metal in the same oxldation state
may have different latent resctivities, because thelr free
energles are not the same, More important as far as the
actual course of a reduction resction is concerned, the

presence of particular anions or neutral nolecules may



affect the energy of the transition states They are capable
of changing the over«szll rate and order of a reaction quite
aside from thelr influence on the free energles of the rew
actants and products.

Considered by themselves, the metal ions concerned are
alwaye positively charged. How if a direct electron trange
fer 1s to take place between two metal lons, 1t is reascone
able to require that they approach so that thelr orbite
overlap appreciably, Otherwise the probability of transfer
i1 smwll wnless twweling macuwa;l In addition to overcoaing
this unfavorable charge repulsion, the colliding ions might
Turther be reguired to eliminate any of the surrounding
complexed groups which come between thems The process we
have been considering here has been shown to recquire energles
in great excess of the normal thﬁrmﬁl.enﬁrgy‘a*S We may
conclude that reaction by such a path rarely happenas.

Instead, let us suppose that our activated complex 1s
of the form A¥XB. In this contracted notation, (A) will stand
for some metal in its higher oxidation state and (B) the metal
to be oxidizeds The guantity (X) 4= to mean any anion or
neutral group which by its presence will lower the potential
energy of the system. It may even stand for more than one
such group. In addition to lowering the potential energy,
two or more anions might be required so that they could act
conjunetively in the process. That 1g, a number of closely



associated anions nmight have chemleal properties different
from the individuals',

Now 1f the mctivated state in the reduction remction is of
the sort described above, the nature of (¥) must be taken into
accounts An electron could not be expected to pass from (B)
to (A) without interacting strongly with (X¥). Viewed as a
process in time, one of the followlng two events 1g likely.

An electron might move from (B) to (¥), thus "reducing" (X)
temporarily, followed by (X) reducing (A)e Or else (A) might
temporarily oxidize (¥) which in turn would oxidize (B)s The
effectiveness of the complex will then be influenced by the
"oxidizabillity" or "reduciblility® of the grouping (¥).

A more satlsfactory way of saying this is as follows. If we
were able to look at the activated complex, we woﬁlﬁ find that
that rportion of it whileh corresponds to {X) resembles rome~
what (X) in an oxidized or reduced state. By oxidizabllity we
imply the ability of an atom or group to undergo transient
one-glectron deficliencles and by reduelbility the opposite.

As examples of oxidizable anions we might 1ist CN™, CNUC™,
CNE™, C17y Br™y I7y OH” and I3¢ The oxidized or neutral forms
of the foregoing have been posgtulated as intermediates in free
radical resctions and the existence of many of them in the
gaseous state has been demonstrated,

Redueible groups are more diffieunlt to enunzersates Those
which come inwedlately to mind c¢ontain hydrogen, so that the



fundamental change could be the conversion of a proton to
hydrogen atoms The reactions

g 4 g ~>» H
N * % e = NH

require 50 wuch energy that they are unlikely steps in
processes which ocecur in agueous solution at room temperaw
ture.
So far we have not considered how the activated state

AXB might arises In fact, as long as it is in equilibrium
with its precursors, it is meaningless to inquire whether
it is formed by the pathse

AX » B === AXB

A & BX &= AXB

or by a termolecular reactions We will note in passing two
extreme cases, in which reduction reactions take place via
non-concerted pathse In the two limits, the group (X) in
an oxidized or reduced form appears as a distinct species,
and is no longer the sctivated complexs We may write down

the steps
I. AX e At 4 x(¥) (slow)
%) ¢ B> X 4 B (fast)
11, BX wmi B! & X (s1ow)

x4 4> X 4+ A? {fast)



In these symbolic reactions, primes refer to the product
oxidation states of (A) and (B) and (+) and (=) to the

lative state of oxidation of the intermediate (X) and
not necessarily to the ionle charge.

Now 4if the first of the reactions I and IT are rapldly
reversible equilibria, the over-all kineties will be first
order in both metal ilonss It will be possible to distinguish
between these and the concerted case only under conditions

in which the rate of the reverse reaction is observable.

But 1f the initial reactions are slow and irreversible and
the following reactions rapld, I will tend to be zero order
in the reducing agent (B) and II will tend toward gero order
in the oxidizing agent (A).

We are now able to comment further on the nature of the
activated complex AXBe If the group (X) is oxidizable, there
will be some contribution to the structure of the form
AXB e A*X‘*)ﬁ provided that (A) has normally an odd elecw=
trone If (X) 1s reducible, we have the corresponding
AXB <> A X")B' yith conditions on (B)s If odd electrons
are not present on the metalsy (X) would probably be already
excited in AXB, If (X) is oxidizable, it should be more
elosely bonded to (A) in the activated complex for resonance
to be importants When electrons must be unpaired, close
bonding 1s important at some stege for a high probability
of transfer from (X) to (4). One may not say the same about



the other metal involved, so that the bond of (X) to (B) in
the first of the above structures need not resemble bonding

of the sort found in Werner type complexes at all. We may
postulate that if an oxidizable group (X) is present, but the
metal (A) cannot form a tight bond with it, activated complexes
of the type AY¥B would not be important. To a limited extent,
we may test these ideas experimentally.

It has been noted that certain anions have a remarkable
accelerating effect on reductlon reactions of the sort we have
been discussing. The classic example is the catalysls of the
ferric-stannous reaction by chloride ion.”’g’é’z No specific
mechanism has been advanced to explain how the actual '"electron
transfer" takes place. However, two reasons have been proposed
to explain the catalysls which deserve serious conslderation.
If either had any general validity, it would not be profitable
to speculate as to the more exact mechanism,

The first proposal 1s an extension of the idea of charge
repulsion outlined previously, and was first applied to the
ferric«stannous case by Gorin.? From the collision point of
view, chloride or hydroxide ions complex with ferrie ion, re-
duce 1ts positive charge, and thus make it possible for stannous
ion to meke an approach. Presumably the metal ions would still
have to react through some surrounding sphere of chloride, hy-
droxide or water. Weias7 took up this idea and carried it to
absurdity by insisting that the reaction occured between Fe'**
and anclﬁ. To his mind this would be the most favorable



charge arrangement. The best criticism that one can make 1s
that any such view treats the complexes as though they were
point charges. Further, if one accepts the theory of the
activated complex, it would not be possible to distingulsh
between any of the collisiong involving iron and tin chloride
complexes which have the same number of chloride lons in total.
On the experimental side, ona’may cite many cases where re-
actions occur rapidly "against the charge", and still other
cases in which reaction is slow in spite of a favorable charge
distribution. RemiakShas collected a number of such examples,
and we shall have occasion to examine some in the course of the
present investigations.

The second proposal was originally stated by Shaffer,? and
later extended by Eemiak.g It 1s concerned with the equiva-
lence of the changes in oxidation state for the two metals
involved. 5o far, in our general discussion, we have tacitly
treated these reactions as though they were one step processes
and so that a unitary change in oxidation number occurred. But
if we examine even the simple ferric-stannous reaction, we see
that the ferrie¢ ion gains one eleetron and the stannous ion
loses two in the over-all process. In any such case, two things
might happen. A higher order collision than bimolecular might
pé necessary (in other words, more than two metal ions might be
ﬂégﬁﬁent in the activated complex) or the reaction might occur

ﬂpiétegs. This means that unusual oxidation states of one of



the metals would be produced. This requires higher than normal
energles and would explain the slowness of some of these re-
actions., The example originally used by Shaffer was the oxi-
dation of thallous ion by cerlc ion. He also observed that
placing certain organic¢ dyes in the solution which were capable
of undergoing one-electron oxidations speeded up the reaction.
Remick has scmewhat extended this idea and would explaln the
catalytic effect of chloride ion in the ferric-stannous re-
action as follows., Since some form of tin (III) has been
proposed as an intermediate,? anything present which would
stabilize this oxidation state might also lower the energy of
the transition state., Chloride ilons might serve this purpose.
In such an event, the activated complex would have the chloride
ions (our (X) grouping) more closely associated with tin (our
(B) metal). There would be contributing structures which would
resemble closely a tin (III) chloride complex producte. Thus
it differs from the model we have proposed.

The following series of thfee studies was designed to
test our ideas concerning the role of anions or other cata-
lytic agents in the reduction reactions involving two metal
ions. Those systems were chosen which, as far as possible,
would distinguish between the consequences of our ideas and
the two previous lines of reasoning.

The first reactions studied were the disproportionations

of uranium (V) in heavy and light water solutions.
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The original intention was to find out whether or not a hydro=
gen atom transfer was involved in the rate controlling step.
This would correspond to an (X) grouping of the reducible
type in our general picture. These are reactions which also
proceed in vlolation of the charge repulsion criterion.

The second group of reactions studied were the halide
catalyzed reductions of ferric ion by stannous ion. They
serve to establish the connection between the oxidizabllity
of the aniﬁn and Its effectiveness in promoting reaction.

The third section deals with the oxidation of stannite
ion by various complex cobalt (IIX) ions. These are reactions
in which the rate of complexing of possible accelerating
anions with cobalt is slewer than the usual path of reduction.
Much information is galned concerning the behavior of alkaline
tin (II) solutions as well., |
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IT. A REACTION WHICH PROCEEDS COUNTER TO CHARGE
REPULSIONs THE DISPROPORTIONATION OF URANIUM (V)
IN LIGHT AND HEAVY WATER

The kineties of the disproportionation of uranium (V)
ion in perchlorie acid solutions has been studied by Hbal,lo
and by Kern and Orlemanelt The conelusions from both investi-
gations are that the reactlion 1s second order in uranium (V)
ion and first order in hydrogen ions Kern and Orleman formu-

late the steps as followss

X .
U0, « HY == voos™ (1)
vo} + vooa** - uol* 4 voom’ (2)
UOOH" ~es~ stable U (IV) species (3)

The rate determining step (2) is noteworthy because reaction
apparently occurs between two positively charged specles

and the prior equilibrium involving the proton serves only
to increase the charge of one of the uranium (V) ions.

Since Kern and Orleman could detect no appreciable concenw
tration of the ion UOOH™, there is no reason to insist

on its presence as an intermediates What one might better
say 1s that the activated complex 1s + 3 charged and that
in its formation a concentration of charge 1s certainly
necessarys Now from the eriterion of charge repulsion

one would expect that an activated complex could be
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formed easier from two ordinary UOE ions. Also, since a one-
to-one change in oxidation state takes place, there is no
question as to equivalence. The uranium ions are already in
thelr jcast stable oxldation state in the beginning of the re-
action.

A simple electron transfer between the uranium metal ions
themselves 1s extremely unlikely. What needs to be explained
1s the necessity of the proton. We write down the following
two symbols which are supposed to represent the approximate

configurations for two possible activated complexes:
[ouorouc] *** ana  [oubluo, J+t

The first of these has as its best recommendation a
reasonable charge distribution. The uranium centers are sepa-
rated and shielded, and it looks as if hydrogen bonding might
be important, The difficulty is that 1f the proton serves only
as a hydrogen bond, the reduction cannot take place. Thls
arrangement corresponds to our general AYB with a reducible (X)
unit, (X) being in this case the proton. As mentioned in our
introduection, unreasonably high activation energies might be
required for such a path.

The second of these models corresponds to our general
model with an oxidizable (X) grouping, here represented by OH™.
It is possible that such a mechanism is involved in the reaction

of hydrol;zed ferric and stannous ions.? Purthermore, many
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hydroxides of mixed valence state are known in which there may
be an exchange of oxidation state by such a mechanism. Prest-
wood and wan1*2 found that the exchange between Tl (I) and Tl
(IIT) 1s quite extensive during their separation precipitation
of Tl(DH)3~

In view of the success attained by the use of deuterium
in the investigation of mechanlsms, it was decided to determine
the relative rates of the disproportion of Uog ions in water
and in deuterium oxides If the actual model is the second
one we have discussed, one would expect little difference in
the rates of reaction from substituting OD" for OH™ as our
(X) grouping. One would expect differences due to solvent
effectss We wlll postpone discussion of these until later,
except to say that such effects would tend to give an
increased rate in heavy water due to the difference in
basicity in the two solvents. In the first model, the H' or
D* plays a more direct roles Reactions which involve directly
hydrogen or deuterium are as a rule considerably slower in
the deuterium case. Bonhoeffert3 has collected the results

of & number of such experiments. Bigeleisanlu

has calcu-
lated that if the hydrogen or deuterium is less strongly
bound in the actlvated eomplex than in the reactants, the rate
of reaction should be slower in the deuterium case., We would
certainly expeet this to be true in our first model, perhaps

enough so0 the opposing solvent effeet would be offset.
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Before going on to our experimental results, we nust
add that the two models proposed above are not intended to
exclude other possibilities. However, they are the lowest
energy configurations which we can think of,

Experimental Part

Materials,

A perchlorie solution of UOECCIOh)z was prepared by
boiling down 3&2(303)2 several times with 70% HC10,. The
uranium solution was standardized gravimetrically as U303’
Stock solutions of 0.5 M. Kaﬁlok were prepared by dissolving
a weighed quantity of the anhydrous salt in light or heavy

%mtar;

Apparatusg.

The polarographic method of Kern and Orleman'l was
useds A simple manual instrument was constructed and proe
vided with a switching arrangement so that the circuit
could also be used as a potentiometer for the measurement
of pHs A combined electrolysis and polarograph cell was
employed, similar to the model of Kern and Orleman except
that it was of reduced dimensions and provided with a

water jaakat to maintain a temperature of 25.0 : 2%,
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Procedure.

A preliminary examination was made in which it was
found that the polarographic wave for the couple UO,*t =
U0,* + e was almost identical in heavy water to that ordi-
narily obtained., Hence the same potertials were employed
for electrolysis and analysis in D,0 as in H50. The
values of the diffusion coefficients of U0; were assumed
to be the same for the purpose of calculating the concen-
trations from the diffusion current, and the value by
Kern and Orleman in light water was used.

In a typical run, 20 ml. of salt solution in light or
heavy water and 1 ml. of stock U0,(Cl0,), solution in
light water were electrolyzed for 20-30 min. at a current
of about 3 ma. With the smaller cathode area used, the
current density was sufficlent to maintain a proper po-
tential for the reduction. The mercury cathode was stirred
and nitrogen was bubbled through the main cell and the
anode compartment throughout the electrolysis. Then 0.5
or 1.0 ml. of dilute HC10, solution (in ordinary water)
was added and the polarograph was used to follow the dife
fusion current for 40 minutes.

After the completlion of the reaction, the hydrogen
ion activity was determined with the use of the quinhydrone

electrode balanced against the saturated calomel electrode.
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In the case of the heavy water solutions (mole fraction of
D 0 =» 0.91) the reference potential used was O.,4865 v,

This value was obtained by interpolation from the data of
Rule .and LaMer, 15 wno have found the quinhydrone electrode
most satlisfactory for measuring activities 1ln light and

heavy water mixtures.
Interpretation of the Results

The values of k"/a, . (or k" /gy« + aps) in the
second pair of runs given in Table 1 correspond to the
quantities reported by Kern and Orleman, and the reader is
referred to thelr paper for the definitions and methods of
evaluation. The greatest source of error involved is in
the determination of the quantitles age + ap«. This is
due to an uncertain liquid jJjunction potential between the
calomel cell and the solution. However, if we may assume
that the difference in liquid Jjunction potentials for
light and heavy water is small, the error involved will
cancel out in the ratio of the two constants k'p / k'ye
Here k', stands for the value of k" / (ayy + apy) in the
light and heavy water mixture and k'ﬂ for the same
quantity in the ordinary water saluﬂions.
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Table 1

The Rates of Disproportionation of Uranium (V)

Solutions for Various Values of (aH, + “D*)

liole Fraction X" ¥ guinhydrone (aps. + apu) k"/(ags+ apy)

DRQ ‘ vEe Se Co L
0.0 1,17  0.3261 7,60x10™3 15%
0.0 1.2%  0.3268 7,80x10™3 159
0.0 2.17  0,3238 1.14x10™2 154
Avg, = 156 = kﬁ
0491 1.56  0.3%%7  5.90x1073 26k
0491 3.89  0,3791 1.53x10™° 255

Avgs = 260 = k!

D

All runs were made at ;?ch atfgégth 0+5

k" are in (moles/liter)™ ™ sec.

It 12 seen that the rate constant for the heavywater
mixtures 1s about 1.7 times the value of that for the
disproportionation in light water. This may be the result
of two effects, which are inseparable in these experiments
since no aprrecisble concentration of the supposed inter-
mediate UOOH™ 1s bullt upe That i1s, we cannot determine
the exaet effect of deuterium oxide on the value of K for
reaction (1) as reported by Kern and Orleman. It will be
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more convenient to discuss the recction using thelr stepe
wise notation, sinece anything that we may say concerning
the effect of the difference in basicity between light
and heavy water on the relative concentrations of the
hypothetical intermediates U00H™ and UOCD™ will apply
equally to the relative concentrations of the activated
complexes in the two media. The other effect, the one in
which we are primarily interested, is the effect on the
velues k for reaction (2). Unfortunately, all that may be
found experimentally are the products k* # kK, If it is
assumed that the various influences are separable in a
product of this sorty 1t 1s possible to determine a
reasonable value of Ky/Kpe Ve may then set down the ratlo

kfiey = e/t ) /(K /K ) = 1.7 /(K /)

Eince no concentration of any intermediate acid such as
uood" is detected, the acidie property of any intermediate
1s stronge 7This means that the ratio Ky /K., which is
certainly between the values 1.0 and 3, is more near to the
value 1,0.16 Tnig effect alone could explain the observed
experimental results, that isy the ratio kD/kH might well
be unity. A&s for the probable effect on this ratio if the
activated complex were the symmetric one, we would expect

& much smeller vaiue. The transfer of a deuteron from

carbon to oxygen is sald to be 3.5 to 10 times as slow as
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that of a pr@tﬁn«lB There remains to be considered the
possible differences between light and heavy water in their
action as solvents, apart from the differences in their
intrinsic basicities. These factors are generally not
taken into account or lumped in with the latter effect in
studles of aneid catalyzed reactions in the two media, since
the increased rate observed in deuterium oxide 1= in line
with the expected difference in acid dissociation constants,

We may conslder the solvent effect on the activities
under the general headings of mobllity g0 far as it is
related to viscosity, and electrostatic effects. Since the
dielectric constants of light and heavy water are very
similar, one would expeet that differences in electro-
statie effects would be negligible.

There have been reports of three reactions whose rates
are independent of the deuterium oxide concentration. 17, 18
In the simplest of these, Hughes et al.l’ found that the
rate of hydrelyém of palmityl cehloride was the mme up to
concentrations of 87% D,0. The conclusion was that vis-
cosity differences had no effect on the rate. On the other
hand Ghamyetierlg found that the rate of hydrolysis of
GrGlB was lower in 320¢ This may be a base catalyzed rew-
actions The paper was cited &5 an example of the effect
of the higher viscosity of D0 by Yamasaki,2® who found
that the catalytic oxidation of pyrogalol by 02 in the
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presence of complex cobalt salts was slower in heavy water.
Again this might be a base catalyzed reaction, but it is
true that ionie mobilities are lower in deuterium oxide.

Although these examples do not provide any conclusive
evidence, it may be sald that if there is any solvent
effect other than that due to the difference in the in-
trinsie basicities, it would be such that the reaction
would go at a sloweyr rate in deuterium oxide than in ordie
nary water,

The ratio of the rate constants reported here is, in
fact, in line reported for acid catalyzed reactions in
which the hydrogen (or deuterium) is not directly affected.
We may tentatively conclude that the activated complex 1is
one in whieh the hydrogen is fairly strongly bonded, and
accept the second of our models. Now even though the OH™
ion does not appear in the kinetic equations, the similarity
of the proposed model to those for our general case leads
us to place this reaction in the category of the anion

catalyzed reactions.
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A TEST OF THE CRITERION OF OXIDIZABILITY OF
THE ANION: THE HALIDE CATALYZED FERRIC-STANNOUS REACTIONS

The reaction between ferric and stannous ions was
observed by Gar1n2 to be very slow in perchloric acid
solutions, particularly at high hydrogen ion concentrations
where hydrolysis is suppressed. One possible explanation
for the failure of the unhydrolized ions to react 1s the
coulonbie repulsion between them, as we have indicated in
our 1nﬁroduction.2’3’7 Many studles have been made of the
reaction in the presence of chloride 1on.h’5’6 In this
case it 1s rapid, and it is usually concluded that chloride
complexes of ferrie and stannous ions are involved, since
they are known to exist., No definite conclusions concerning
the order in chloride ion may be drawn from the data in
these papers, although Weiss’ has made some attempt. How=-
ever, he had no exact values for the various equilibrium
constants for the chloride complexing involved, and made
some rather inconsistent assumptions concerning thelir
magnitude.

At first glance, 1t would ceom desirable also to gain
information as to the exact speciles which participate.
Although 1t 1s theoretically lImpossible to obtain such

information when all the compléxing reactions are rapid (or
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all complexes are in equilibrium with the activated com-
plex), several views have been advanced. Thus Gorin has
stated that the probable reactants are F@CIB and either
snC1* or S$nCl3s One may infer from his paper< that his
reasoning is based on the conclusion (not very well sube-
stantiated even in the hydroxide ion catalyzed case) that
the last complexing reaction of ferric¢ ion with the anion
is slows That is, the reaction FeCly + C17 __, FeClq
might be slower at low chloride concentrations than the
actual reduction step and become rate determinings This
was not confirmed in the work reported below, although 1t
may be true for the lodide catalyzed reaction. On the
other hand, Weiss believes the reaction to be between

Fe*** and SnCl{ solely because he thinks that the charge
distribution would be more favorable in this case. He
further sugrests that at higher chlorlde ion concentrations,
the apparent order in chloride ion decreases for the reason
that large amounts of FeCl*™ start to form. It is his
conception that FeCl™" would not be capable of rescting
because of o less favorable charge relation. He then dee
seribes the reaction between the pair mentioned as a "simple
electron transfen" whatever that may mean. Hany have.
quoted hime. Thus Krishna“has observed that inereasing the
ionie strength depresses the rate of reaction, and writing
the reaction as Weiss does concludes that the bronsted

theory 1ls thereby confirmed,
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More recent data on the equilibrium constants for the
formation of the ferrie << and &tann@usa3 chloride com~
plexes are now available and enable a more exact evaluation
of the chloride lon dependence. In this series of experie
ments, the order in chloride ion 1is investigated and the
studies extended to systems in which bromide and lodide ions

are used to catelyze the reaction.

Experimental Part
Vaterlals

& solutlon of 2.03 K ﬁCle was prepared and used to
meke up all stock solutions and dilutionsz, An approxi-
mately 0.3 solution of Sn(dl&k)z was made by dissolving
the salt in 2.03 X HCthand was standardized before each
series of runs ageinst standard cerie sulfate solution.

A solution of 0,150 N Fﬁiﬁl@h)B wae prepared by dissolving
the salt in 2,03 H Hﬂlﬁ“ and was standardized by tin re-
duction end titration with standard ceric sulfate. A
solution of 2,01 HCl was made and diluted when necessary
with 2,03 W [C10 . Solutions of 0.5 N Nabr and Nal were
made by dlssolving the salts in water and standardlzing by

means of a Pajans titration.



2L

Erogedure

With the stoek solutions made up as described, all re-
acting mixtures were of loniec strength 2 except for negli-
gible contributions from the metal salts themselves and
small corrections in the cases where NaBr or Nal were
added, By using high acidity hydrolysls was suppressed
and the lonic strength remained essentially unchanged
during the reaction. All reactions were carried out in a
200 ml. flask lmmersed in a water bath held at 25,0 10,29,
The metal constituent to be present in the smaller concenw
tration was usually added last to start the reaction,
although the order was found to be unimportant. Usually
7 samples of 5 mle each were withdrawn, quenched in HgCl,
solution and titrated for ferrous ion with standard ceric
sulfate solution, using diphenylamine as indicator,
Quenching with ﬁgﬁla repeatedly huas been shown not to
catalyze the resction, and this was confirmed before
attempting thece experiments, In the case of runs re-

ported in Tuble 6 25 ml, samples were taken.
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Results and Discussion
The rate expression used was

%§ = k' (a-x) (2b-x) ()

where (x) is the concentration of ferrous ion at time (t),
(a) the initial concentration of ferric ion and (b) the
molar concentration of stannous ion. Included in k' are
functions of chloride concentration. The integrated form 1is

303 logip 5%~ = k't+ constant

a-2b 2€nx (5)

In the tables, the quantity S reported is the slope of a
plot of log,, (a~x) / (2b=x) vs. the time in minutes. Then
k' %ﬁ%%a s, - (6)

There hzs been scome disagreement in the past as to the
exact order in ferric ion, since when a plot is made as
above to test for the order, the reaction rate as indicated
by the slope & appears to decrease toward the end of the
reaction, Yet as shown below the actual order in ferric ion
is oney and not two, Since the apparent decrease in rate
must be due to some other effect (such as the consumption
of chloride ion because of higher complexing ability in the

products) the slopes have been found for the initial phase
of the reaction
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To determine the true order in ferric ion, a series of
runs were made in which the initial ferric ion concentration
was varied (Table 2), The results show that the dependence
is first order as concluded dy Gerin?.

Table 2

Effect of Varying Initial Ferric Concentration
Initial Stannous Concentration: 0©,00875
Total Chloride Concentration: 0,136 (ct)

Fe*3 s k! k'/ey3
0,101 0,0720 1,96 822
0.0812 0.0590 2414 898
040609 040455 2,42 102k
0.0406 0.0226 2.28 956
0.0203 0400280 2,32 976

Because it is known that stannous ion forms relatively
stable complexes with chloride ion, the determination of the
rate d ependence on chloride concentration was carried out in
solutions of low tin content. An examination of the quanti-
ties k‘/etB in Table 3 shows that there i1s an apparent
third érdar dependence. The symbol ¢, refers to the total

chloride ion concentration.
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Table 3

The Effect of Varying Chloride Concentration with PFerric
Ion in Excess. Initial Ferrie Concentration: 0.,101. Initisl

Stannous Concentrations 0,00875

1" or e, 8 K" k'/ct3
Ce217 0e265 7427 715
0s163 Cell2 3.07 715
0.136 Ce 069 1.90 800
0.108 0.,0358 0.982 771
0.0813 0.0137 0e377 701

00542 0400398 0.109 686

Haxtathﬁ effect of varying the initisl stannous ion
concentration was studied, The results in Table 4 show
that the rate actually decreases when the stannous lon
concentration 1s incressed, although the reaction is first
order in tin. 7This 1s the consequence of the removal of
chloride lons from action by the formation of complexes
with stannous ion. If the chloride ion concentration is
varied in a series of high stannous ion concentration, the
third power dependence on chloride is obscured (Table 5).
However, if one assumes that the true dependence in this

particular range is third order, one may use the results



28

to estimate a value of the equilibrium constant

S

for the reaction 8n** & C1 = 6nC1Y. Here (y) refers to

concentration of SnCli* ion. This is done by taking a value
of k'/at3 under conditions in which there is a minimum of
ammpiaxing {for example the last value of Table 2). This
value may then be used to caleulate the value of chloride
concentrations where much of it is present as SnC1* (for
example, the first run of Table 4). The difference between
the total chloride and “"free" chloride as determined from
the rate may then be taken as the concentration of SnCl*,

and Kf may be evaluated.

Table 4
The Effeot of Varying Initial Stannoua Concentration
Total Chiorlde Concentration: 0,125
Initial Ferriec Ion Concentration: 0,188

[on*+] s i K/ keyy)3
0.121 0.0320 04329 - 167 911
C.0809 0.,0351 0.567 237 903
00607 0.0337 0.756 | 383 907
00405 0.0258 0,954 - w83 858

0.0202 0.0129 lo37% 697 932
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Table §

The Effect of Varying Chloride Concentration with Stannous
Ion in Excess. Initial Ferric Concentration: 0.0188
Initial Stannous Concentrations 00,0809

[ﬁa{]t.or e, 8 kt k'/et3 k'/(ct~y)3
0.251 0333 5¢36 399 722
0.201 04163 2,62 325 780
0.151 0.0620  0.998 292 828
0.125 0.,0352  0.567 287 903
0.100 0.0166 0,267 265 938
0.0752 0.00584  0,09%0 221 899

At first approximation, K{ = 13+ Duke and CQurtney23 have
since used an luproved concentration cell to measure the
constants for the stannous chloride complexes and have found
a value of KJ ¥ 11.3 in 2 N HC10,. If this latter value is
used to correet for the chloride ion concentration for
SnCl”, a major improveément is brought about in the agreement
of the data. This is seen in the quantity k'/(ey-y)>.

From the above approximations it can be*seen that the
formation of complexes cannot be ignored when determining
the chloride ion dependence. A more exact treatment will
nov be undertaken. This becomes necessary when it 1s real-
ized that the actual dependence may be higher than third
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order, due to the large proportion of the metal ions present
in the complexed form. In the following treatment it 1s
assuped that the reaction occurs between chloride complexes
of iron and tin, due to the high improbability of the simule
taneous collisions of more than two bodies, HNext, those
reactions occurring between complexes containing less than
a total of three chloride ions are neglected, since data
show that no significant portion of the reaction ean occur
by those paths. We may then write the following rate

expressions
1 gx = oy [Fer++] [Bn013] 4k [Fecr**] 7

[snc1,] + k,y [Feca ] [mncat] » ky, /) Fec1, ] [en**] 4
kg, [Fe ***] [6nC1f ]+ kg3 [Fec2**] [snc13] +
:k22 E"ﬁﬁlgj [ﬁﬁclg-] L SRS SR ¢ kos[ﬁ'e"""ﬂ[éﬂﬂgnj ete.*

Next the concentrations of each of these specles 15 solved
for in terms of total ferric ion, total stannous ion and
"free" or uncomplexed chloride ion. When this is done,

each term 1z found to contain in its denominator the product
of two polynomials which we shall call f£(e)s

*After CGorin, it may be assumed that the product of
these reactions is a form of Sn (II1) which reacts irmedi-
ately with more ferric iro. Since the initial reaction 1is
rate determining in the ranges studied, nothing may be said
of the following reaction
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62*1}83: 8 3)'

£le) = (14K§¢+kai 2, *fxgkg 3) (LerSoukrSe?erBrS k3o

2

Higher terms in (c) have been neglectedes The K's are the
constants for the complexing of one, two and three chloride
ions successively with the metal ionsj the superscripts f
and 8 refer to ferric and stannous lons respectively. Fron
the data of Rabimowiteh and Stockmeyer?® we have that

Ki & 3.8 (corrected for ionie strength 2 by their equation),
%{rfn oS4 and K£f§K3 = 04198, From Duke and Courtney®S,
Ei 1143, Kix@ = 5640 and leﬁxs = 14,0, all at ionic
strength 2. We must collect all terms containing the same
powers of chloride and write

%%ﬁﬁv‘? %l S 2 Dwy

Here (d), (e) ete. are not speeific rate constants, but

(ﬂGB + ﬁ&k o s o 8)e S

linear combinations of rate constants multiplied by equi-
1ibrium constants. For example,

BByl J £ ~ £ofe8 £.8F
d ® ko3 KPKIKZ & kyp KIKIKS & Ky KIKZK] & Ky KIKOKR,

The k's may not be separated. From equation (6) we see
that

k‘f(&)/ﬁs d % ec e f@ ] gﬁB ) (9)

Data from Table 3 have been used to evaluate the
constants (d) and (e) (Table 3A). The free chloride (c)
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has been calculated by subtracting the concentrations of
FeC1** and 2?%01& (found by graphical methods) and SnClt
from the total chloride (ey)e Concentrations of the other
gpecies are small compared with total chlorides Then
k*f(e)/¢3 is plotted vs. (¢), from which the intercept, (d),
is found to be ls2 x 103 while the slope at low values of
{e) gives (o) = 72 x 1@5 (Figure 1) The range of chloride
concentration has been extended in the graph by a series of
runs reported in Table 6, where the metal concentrations are
very small and (ey) has been taken equal to (¢). The constant
(£) appears to be very small, and & value of (g) ® 27 x 10t
estimated from these higher values permits a good fit of
the curve over the entire range. The data cannot be fit
without considering that activated complexes with at least
gixz chlorides may carry part of the reaction.

We interpret the foregoing to mean that a minimum of
three chlorides is necessary to the activated complex and
that more than thisz number gonsiderably enhance the possie
bility of reaction. It would be of interest to find the
separate values of the constants (k) in equation (7), but
kinetic data alone can furnish ne further information,.
Certain assumptions are required concerning relations
among the values (k) whieh are of a highly questionable
nature and will not be discussed here.
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Table 3 A

Data for Determining the More Exact Dependence
on Chloride lIon Concentration
¢ 8 - ﬁeﬁl*ﬂ - a[mmg]m [Sncl*]
£ (0) L c1*3w&¢#3+48%249‘3-93¢13 ) (1#11&3@#58;06241’-#1003)
k* are from Table 2

k! ¢ fe) k'e(e)/e3
7427 0.158 7428 13459 x 10°
3,07 04117 4,732 9413 x 10°
1490 040961 3.705 7.95 x 105
0.982 0.0760 2,900 6,49 x 103
ﬁ»B?? 0’»05&} 2*2»4' lh?& X 103
04109 00370 1.71% 3,70 x 10°

Table 6

The Effect of Varying Chloride at High Chloride
Concentrations and Low Metal Concentrations

[i%“"?] o ® 2 [ w;% ey k! k'f(et)/“ts
0400360 0udll  2.50 8482 x 10°
000370 06270  24el 25,0 x 10°
0,00351 00359 W42 37,9 x 10°

0400326 076 8049  62.3 x 10°
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Figure 1 Graphic Evaluation of the Constants (d)
and (e)
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The e¢riterion of charge repulsion seems of slight
importance here. There 1s nothing apparent to prevent
the collision of neutral 8nCl, from reacting with Fe**t
even though these are the major species present at some
concentrationgs. The conclusions of Krishnaal regarding
the ionic strength effect are invalid, as we have indi-
cated previously.

A simple way of looking at this reaction 1s to
imagine that a chlorine atom (or units such as Clg or
Clg ) is effectively transferred from iron to tin. The
collectlong corresponding to the above units in which the
chlorine is all in its (~1) state of oxidation are our
(X) grouping, whatever the actual motion of the centers
of mass. It follows that if the chloride lons were to
be replaced by bromide, the transition state would be
lower in energy, other factors being equal, Since bromide
does not complex as well with ferriec and stannous ions,
there would be two tendencies affecting the energy of the
transition state in opposite directions. Of parallel
interest here is the discussion of Rabinowitéhah on what
he calls electron transfer in ionie bonding. For the
ferric halides, he finds that while the complexing
constants decrease as the atomic weight of the halides
increases (due to an unfavorable entropy change), the

energies of bonding increase. This means that the
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stabilization by resonance of the form F§3 613 G
?ﬁgﬂ&aﬂlﬁ iz less for ehloride than for bromide. It 1s
a simple matter to extend thls reasoning to the transition

states,

From the data listed in Table 7 it can be seen that
the apparent order in bromide ion is three. From the
value in the table, high starmous concentrations are obe

served to depress the rate.

The last figure may be used

a5 before to make a rough estimate of the value of Ef

Table 7

The Effect of Varying Bromide Concentration

[ﬁ%*§7g [ﬁﬁ*%]; [Br~ | s k' k'/[Be~/3

040739 0,00683  0,0676 0,308 11.8 3.81 x 10*
0.0739 0.00683 0,051 0,163 5.8% 3.70 x 10°
040739 0,00683  0,0405  0,0595 2427 3,41 x 10Y
0,0739 0.00683  0,0270  0.0L79 0,68+ 3,46 x 10%
0.0171 04239 0.0375 0,427 0,427 0,810 x 10"

+ -
for the reaction Sn + Br = SnBr ete
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Kf is found to be about 2,7. The corresponding value
for the formation of FeBr"* (at ionic strength 1) is
given as 0.5 by Rabinowiteh and Stockmeyer.22 These
values are quite small compared with those for the for-
mation of the chloride complexes, and we may conclude
that third order terms are the important ones in the case
of the bromide catalyzed reaction. It should be noted
that the values k'/ [Br~] 3 show bromide fon to be much
more effective than chloride ion even though the concen-
trations of complexed forms are smaller. In terms of

the rate constants for the actual reactions, bromide com-
rlexzes must be several thousands of times as reactive as
chloride complexes.

The iodide catalyzed case 1s much more complicated
due to the fact that ferric ion is capable of oxidizing
iodide ion to free iodine. Presumably liberated ilodilne
could oxidize stannous ion immediately. It is then not
surprising that multiple reaction paths were found. In
the runs reported in Table 8, high concentrations of
stannous ion were usually present so that no high concen-
trations of free iodine were built up.

In earlier work, Hershey and Bray25 found that ferric
ion oxidizes iodide by a path which is first order in
ferrie ion and second order in iodide. Accordingly we

shall set down the following possible reaction pathss
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783 ¢ 217 s 13 4 Fe*?
Pet3 4 217 4 sn*® —d» products

Fe*3 4 31" + sn*? .B. products.

The rate of the equation may then be written as
gx = 1(a - x) [17] 24 (a-000@ -0 1) 2an[1r]3). o)

Now at high tin concentrations, the factor (2b - x) is
almost the same as (2b). At low tin concentrations, it
turns out that the bulk of the reaction 1s carried by the
path which is zero order in tin., Dividing each side of
the equation by (a - x) and integrating,

n {a -x)/a =414 (Ja+m[I1)2> t. (11)
ijflé‘[ ,

The quantity S as reported in Table 8 is found from the
initial slope of the logarithmie plot as before, and we
then obtain

2,303 g/ Crd -4 =34m[17]. (12)

Using the last value of S in the table, which is for a
run at a lower tin concentration, and two other values,
it 1s possible to solve three linear equations simule
taneously to find (1).
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Table &

The Effect of Varying Iodide Concentration

[en*2],  [¥e*3], [17] 5 s /[17]?

0.0649  0.0163  0,00120  0,00862  6.11 x 10°
040664 00167 0400307 00590 6.27 x 10°
0.0649  0,0163  0,00600  0,2417 6.77 x 16°
0.063%  0,0159  0.00879  0.553 7017 x 10°
0,00558  0.0175  0.0064%6 0,129 3.09 x 10°

We obtain 6.2 x 103, which is to be compared with the
value 3+& x 10 3 {at fonie strength 0.09) reported by
Hershey and Bray. The exaet magnitude is unimportant,
however, since it will not affect the quantity (m) to be
found nexts It is only necessary to plot the gquantity
on the left hend side of (12) vs. the iodide concenw
tration, using the first four values in the table. The
intercept gives us o value of 5,52 x 10” for (§), which
will be only &s accurate as (1), and a value of 2.7 x 106
for (m)e Now it iz clear that there must be a path
dependent on the tin concentration, since there iz a path
whiech 18 third order in bdide which would not ordinarily
be present. Also, a value for (j) is obtained which is
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of some magnitude. Yet there i:s not a.wiﬁa enough overs
all variation in the tin concentrations uée& to conelude
that the path is {first order in tin., As a matter of faet,
the plot we have described (not shown here) is more
straight 1if the quantity (2b) is not divided into the
left of (12), Otherwise there are small variations of
the seme order as the variations in tin concentration
uged. It may be that the new paths are slmost zero
order in tin due to a slow prior reaction, such as the
complexing of a second or third lodide ion with the
ferrie ion. In that event, the value (m) which we want
would be even higher than that found.

In any event, the value 2.7 x 10 for the reaction
derending on three iodide ions is to be compared with the
value 3.4 x 10“’£ar turee bromides and 1.2 x 105 for
three chlorides. Since the amounts of halide complexes
decresse as the atomie welghts of the halides increase,
the correletion between oxldizabllity of the anions and
thelr catalytice influence on this reaction 4is established,
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CASES IN WHICH THE RATE OF COMPLEXING OF THE
ANION IS SLOWER THAN THE REDUCTION STEP: THE REDUCTION
OF SOME COBALT (III) COMPLEXES WITH STANNITE ION

In the beginning, the requirement was made of the
anion that 1t be capable of forming a strong bond with
tha Qxiﬁizing sgent., The reasoning was that a high
energy of bonding (which is correlated with the oxi~-
dizability of the anion) means a high probability of
electron transfer from anion to metal. This applies
only to our oxidizable groupings (X). It just happens
that the cases of anion catalysls encountered thus far
fit into that class.

It 18 plain that the halide catalyzed ferric-
stannoug reactions are 1nﬂapable of demonstrating any=
thing about thﬁ specific configuration of the activated
complexes AXB., With the possible exception of the
iodide iony the halides all readily assoelate with both
iron and tin, and all complexes are apparently in rapid
equilibrium with one another. Suppose that we wished
to test the postulate that chloride ion be able to form
a strong bond with ferric ion in order for reaction to
occur, and decided to add phosphate ion to the solution.
Phosphate 1s known to displace chloride ion from ferric

jon. It is also known to slow down the rate of reduction.
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But phosphate ion is equally capable of displaeing chloride
ion from stannous lone iHence no conclusion may be :irawns
Further, the addition of phosphate lon merely reduces the
total concentration of chloride complexess It does not
entirely eliminate any of the specles formerly present.

The particular type of metal complex needed 1s one
whose rate of formetion or decomposition is slower than
its reductions Then in favorable cases it is possible to
deal with only one complex specieg at a time, and the
effaﬁt of changling the number and configuration of oXe
idizable aniong on the oxidizing metsl ion may be investi-
gated independently.

In order to show that the Bhaffer-Remick ldeas about
equilvalence ere inadequate, and to be free from any re-
strictions at all as to the charge repulsion, a test
case was sought having speeial characteristics. The
case selected, the reduction of eobalt (III) complexes
by stannit ion, 1s one in wihich the reactions are Oppo=-
sitely charged but which are shown not to react directly.
Preferably, the reducing agent should have been one known
to undergo a one electron oxidation. Stanitfion will
reduce ferricyanide ion almoet instantaneously. Finslly,
the ecobaltic lon iz able to form 8 large variety of
Werner complexes elther with or without the anions we
have labeled as oxidizable. Although they are not all
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stable, their rates of decomposition are usually much
slower than the main reduction reaction whiéh occurs.

The reduetion of the hexammine~cobaltlc ion was found
most convenient for study. The ammonia molecules sure
rounding the cobalt should In theory act as an insulator
except for reactions where the tunnel effect is important.
The methods described for it apply to the other complexes
studied with slight modification.

Before we describe the experimental results, the
reader is warned that the quality of the data 1s by no
means comparable to that previously obtained. The many
difficulties inherent in working in basic solutions make
for extremely poor reproducibility, especially since
oxygen strongly influences these reactionses At no time
will we attach any signiflicance to the absolute values of
the rate constants obtained, nor will any essential come
parisons be made between the rate constants. Before,
such comparisons were necessary to the arguments. In the
following, we are really interested only in the orders of

reaction. For this purpose, the data are adequate.
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Baperdimental Part

The hexamine-cobaliichloride used was prepared as
deseribed in "Inorganic &yntha&&s“géa The s0lid salt was
purified by twice reerystallizing from water., Solutions
were made by dissolving the salt in concentrated ﬁﬁuOK,
since fairly high amounts of ammonia had to be present in
the runs and this formed a counvenlent way of adding it.
The solutions were analyzed for cobalt by electrolytically
depositing 1t on platinums The stannite solution was pre-
pared by dissolving about 50 ge of Snﬁlg' 2320 in 100 ml,
of Eéﬁ in & 500 ml, volumetric flaske To the milky suse
pension of the hydrolized salt was then added 150 ml. of
concs Hij Ol followed by 250 mls of § M, NaOl. After
standing a few days all remaining snsyéndad matter settled
out and metsllic tin was deposited until equillibrium was
reacheds The solution prepared in this manner was found
to be resconably stable and easily duplicated. It was
standerdized on the day of each series of runs by titration
with standard cerie sulfates An approximately 5 M so=
iution of RalH was made and standardized against Kﬂagﬁhﬁk;
Solutions of § M. eoncentration of warious salts such as
HaCl, ﬂaﬁ@B and NaClO% were made simply by dissolving the

eorrect welghed arounte in water.



Procedure

In the first runs made with the hexammine-cobaltiec
ion it was impossible to reproduce the results because of
an induction period of varying length during which there
was no apparent reaction, This was felt to be due to the
presence of dissolved oxygen in the strongly basic so-
lutions, which would be capable of reoxidizing the co=-
baltous form to the cobaltics This proved to be quite
serious in mixtures of low tin content. Because of the
impracticality of sweeping out oxygen from a basic,
strongly ammoniacal solution, the following method was
deviseds All components of the run except stannite were
placed in a test tube and to them one mle of an approxie-
mately 2 M solution of HaQSQB wasg added. The test tube was
then stoppered and allowed to stand over night. When the
run was made, the proper volume of stannite was added with
a fast flowing graduated pipette, the contents of the test
tube poured rapidly into a cuvette for determination by
spectrophotometrie absorption, and the top of the solution
covered with a half cms. of white mineral oil. This kept
out air, oxygen and had the additional advantgge of de=-
ereasing the loss of ammonia from the sgolutlon, a factor
which would otherwise have caused considerable cooling.

For analysis, a Coleman Model 1% Spectrophotometer

was useds. The spectra of the wvarious cobaltic complexes
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and their reduction products were origicaslly deteruined
on a Cary Reecording Spectrophotometer. It was found that
the ecobaltie ammines had little absorption in the red
reglony while the blue reduction products absorbed
strongly around €30mp, This was the wave length used
for all analyses, dlhe optieal density of the reaction
mixture against a solution of the cobaltiec amnine at the
initial concentration wes determined at ten times ranging
in interval from 50 « 200 seconds. The final extinetion
of each run was found several minutes after completion of
the reaction and taken as a measure of the molar ex-
tinction of the product.

All mixtures were imersed in a water bath held at
25 £ 0,2°C before the runs. Between determinations during
the rung the curettes were kept in the wster bathe

The Reduction of the Hexammine « Cobaltic Ion
and the Behavior of Stannite Ion

Even when the precautions outlined above were wken,
the oxyvgen interference at low tin concentrationsg was
serious. lence all reaction mixtures contained an excess
of stannite.
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It was first found that the rate was independent of
cobalt concentration. At high stunnite, a simple plot of
optical density vs., time ylelded stralght lines. 4 varie
ation of initial cobalt concentration also did not affect
the rate of production of the cobaltous ammine.

The behavior upon variation of hydroxide concentration

was next investipgated. The results are listed in Table 9.

Table 9

The Effect of Varying Hydroxide Concentration

[05"] R wE/Ey,, per min, x10° R/[057] % dev. from

BYE.
C.561 1.89 3437 = )
Cs713 2.9 3.22 - 3.0
1.4% 458 335 - (49
1.89 6433 334 - 0.6
233 7677 3.32 0.0

Avg. 3.32

[@o(ﬂﬁg)é**f] z 0,00351 [Fmou] = 6.8
[Hsno,™ ] = 0,0156 [Wa,804]= 0.18

To maintaln the lonic strengthy 5 Me ﬁaﬁcﬁ was uzeds In
basie solution, nitrate will not oxlidize stannite. In the

earlier investigatione with the pentammine complex, sodium
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chloride, perchlorate and sulfate were all used to control
ionle strength with substantially the same resultss Repro-
dueibility is more dlfficult with the pentammine complex,
however, In the table, all concentratione are gilven in
moles / liters The quantity B was found by plotting the
extinetions E vs. the time and minutes and then dividing
the slope by the final extinction, E max. The result

wee then multiplied by a factor of 10° to obtain R, The
conecentrations of hydroxide are not simply those due to
HaOH solution added because there was a large contribution
from base in the stannite solutlon useds In the stannite
solution, it was figured that three hydroxides were con-
suned by eseh stannous lon present in the original mixture.
If this assumption were incorreet, that is, if the equiw
1ibrium constant for a resction of the type

HENOZ 4 O™ w Sn0y 4 Hy0

were at all significant, a marked drift would appear in
the values R/[0H"] reported, %he results show that the
reaction is first order in hydroxide, but that there 1s
no large amount of tin in the form of Sn0, even in so=
lutions of 2 M. base. %Shis suggests that gtannous acid
might not be dlbasic.

Hext the effect of varying chloride ion concentration

was studied. This wag done for two reasons. First,
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small amounts of ehloride were present at all times be=
cause the cobalt and tin solutions were originally pree
pared from the chlorides, and it had to be shown that
chloride did not influence the reaction. The chloride
salts were used as a matter of convenlence, The pere
chlorsses were originally tried for the pentammine -
¢obaltie reduction with the same general results, but
gtannite solutions were found harder to prepare from
stannous perehlorates Second, chloride ion satisfies our
condition of oxidizability, and since it so effectively
catalyzes the ferric stannous reaction, it might be ex-
pected to &a 80 in the cobalt case. We shall use the
results to test our condition that the anlon should be
able to form a bond with the oxidizing agents Tle re-
sults are eollected in Table 104 In this series of runs,
all factors except chloride conecentration were held conw
stant and the variation in ehloride compenssted by adding
ﬁa%03 when necessarys The concentrations of chloride rew-
ported are in error by & small resldual factor due to the
use of the chloride salts but which 18 of the magnitude
of 107 moles per liters. The over-all variation is then
by about a factor of 1$%¢ Although there 13 a slight
inerease in rate at high chlorides, the over-all change
in rate is within experimental error., We conclude that

ehloride does not catalyze the reaction and offer as the
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reason the following. Chloride will not displace ammonias
from either the hexammine or pentammine complexes at any
rate fast enough to be significant,

Table 10

The Effeet of Varylng Chloride Concentration

[€1"] R = E/Ep,y per min. xi0° # devs from
| EVEs

04000 2,88 - 1.7

Celt55 266 - 24

04519 2.92 - 0.3

1.36 3.07 4 bole

Avga®= 2.93
[Cotuity)***] = 0.00350 [¥e,50,]= 0018
[18n0,” | = 0.0150 [, 0] = 6.8

[o57] = 0,913

The behwavior upon varying the stannite concentration,
was next investigated, Although 1t was assumed ailfirat
that the dependence would be first order, the situation
was found to be more complicated. It was not possible to
get reproducible results except in a medium range of tin

concentrations, The reasons are that at low valueg, the
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induction period mentioned before interfered seriously; at
high concentrations precipitates formed. These were pre-
sumably cobaltous ammine stannites. The results are listed
in Table 11. |

Table 11

The Effect of Varying Stannite Concentration

(#sno5] So x 103 B So x 10° B So x 107 % dev.
= B (experimental) (caleculated)

0.00975 4,08 3.98 4,29 - 7.2
0.0104 4,85 509 4,53 + 12,4
0.0195 3.50 6.83 747 - 8.6
0.0208 3.62 7.53 7.83 - 3.8
0.0390 3.30 12.87 12.37 + 4.0
0.0416 2488 11.98 12,96 - 7.6
0.0623 2.92 18,20 17.20 + 5.8
0.0975 2,10 20,48 22,74 - 9.9
0.1039 2,61 27.12 23,74 + 14,3
[co uey)3**] = 0.00307 (ou~] =1.62

[ i, 0] = 4.8 [¥a,80,] = 0.17
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Because of the preeipitation the final extinctions varied
somewhat, It was assumed that they should all be equael and
the value for one of the lover tin conecentrations which was
faelrly clear was talken as correct. The quantity of So re-
ported in the table is the initial slope of a plot of
logyy (2b = x) vs. (¢) in minutes. Here 2b refers to the
extinetion whieh would be obtained 1f an amount of hexammine
cobaltic ion equivalent to the number of moles of stannite
initially added were completely reduced in the volume of
solution used, That isy b is the concentration of initial
tin in terms of extinction units. The quantity (x) is the
running extinction found at time (t)e An examination of
So shows thet it is not constant. In addition to the ere
ratic fluctuations due to poor reproducibility, there is
an over-all decrease by an approximate factor of two as the
tin is increased tenfold. The order is not strietly first.
The results may be axplainad by assuming that stannite
ion, whose formula we take to be HSnO,”, can dimerize.
This 1s not unlikely, since some now hold the view that the
basie forms of amphoterle hydroxlides such as stennous acid
are not trua solutions but eolloids which have been pep-
tized by the base®’, The fact that kinetic data can be
obtained in the case of stannite 1& an argument against
this extreme view, but possible polymerization is not to be

overlocked,
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We shall write down the simple equilibrium

e " = e
e ﬁﬁaﬁa Sna 3 * HQG

If we let B equal the total tin, the concentration of

monomer is given by

[&i&nﬁ}a'] &

where XK is the equilibrium constant for the dimerlzation

148BK mla//hﬁ (13)

reactions To simplify the equatlions for the kinetics we
shall let (m) stand for the eoneentration of monomer

:&mwg"’
jons Then the rate expression is

and (e) stend for the concentration of hydroxide

% 2 2ken (i’-&)

Here (x) will stand for the concentration of cobaltous

complex lon formed.
‘ q] at where q = Zelmeme)  (15)

—fas" [ Box
oy 5&. [&% +q ¢ pj dt where p = kex(2my -B) (2B-x)

in [g%]* kem_t/B & / pdt + /th. (16)

Fow both (p) and {q) venish as (t) approaches zero, and

henee the integrals vanlish 4o the limit.
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This Justifies the use of a logaritimic plot and initial
slopes, even though the reaction is not first order in the
total tin concentrations Actuslly the deviation from
linearity of & plot of log 44 (Zbex) ves time 1s so smell
that it can hardly be detected. Now from (13) and (16)

we have that

2,303 S0 = ke (V1 + 8KB - 1) /4BK (17)

Using equation (17) for any two values of So and B we

may write

(18)

By choosing values from the beginning end end of Table 11,
fur which there ie about a tenfold variation in B, a value
of K » 17 may be obtaineds Thiz is the easiest done by
inserting values in triale-and-error fashion rather than by
solving a4 guartier It also turns out that the expression
is not very sensitive to the value of X and 50 no more
than one significant figure should be set down. Although
the exact value iz doubtful, K 1s large enough to show
appreciable dimerization if we assume it to be the cause of
the cbserved order.

To find (k) we rearrange (17) to read

BSo & (V14 8BK «1) ke/ 4 x 2.303K. (19)
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Kow if BS, from Table 1l is plotted vs. the quantity in
parentheses, the slope 1s equal to ke/br x 24303 K

(Figure 2). The value of the slope is 8.3 x 1077 which
gives a value of k equal to 7.9 x 1073 min,~t [ow~] -1,

From the values of (k) and K found, the quantity BS,
was oalculated for each run and listed with the experiw
mental value in Table 1l. The poor reproducibility can
also be inferred from the erratie nature of the graph in
Figure 2. Scme of the deviastions are as much as 14 per
cent, but with the correction for K they are no longer
systematic.

At one time, it was felt that the wide variations
were due to heterogeneous effects. The reaction was there-
fore run in the presence of some broken glass tubing and
alsoy, in a length of "tygon" tubing which ought to be
without surface as far as this resction is concerned.
There was no systematie variation in the rates and it was
concluded that no substantial portion could reaet via the
surface, Hevertheless all runs were mcde in the same
cuvette for purposes of comparison, and the cuvette was
washed after eaeh run with a neutral detergents In the
middle range of stannite where the hydroxide depenience
was investigated, the reproducibility is well within
ordinarily expected error.
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Figure 2 Determination of the Product kK
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The amvonia dependence was next investigated, mostly
with the pentammine complex (see below)s In the case of
the hexammline the effect is very slight. At first it was
thought that ssmonis either complexed with stannite or
formed undissociated salts which were inactive., This was
because increasing ammonium hydroxide coneentration caused
an apparent decrease in rate. lewever, most of this effeet
eould be explained by slight variations in the molar exw
tinetion of the product. Sinee the ammonia concentration
can be changed only about twofold without rumnning into
serious difficulty, and since the variation in rate was
only a fraction of this, no conclusions could be drawn.
liowever it does seem that the sddition of ammonia to
stannite solutions contributes somewhat to their stability.

The Reduction of the Hydroxypentammine-Cobaltie Ion

We now turn to an investigation of the behavior of
pentamine-~cobaltie lon. In the highly basie solutions used,
the complex was in the hydroxy~ rather than aquopentammine
form. The sulfate and perehlorate were prepared slong the
lines of the procedure dezeridbed in “Inorganic Syntheses" 28
for bromo-pentammine-~cobaltibromide. The oxidation vwas
carried out with hydrogen peroxide., The salt was never
peparated from its solution but was used in its impure state.
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In the preparation of solutions for rate runs, it was
found impossible to deoxygenate by the sulfite methode Due
to the instability of the hydroxypentammine-cobaltic lon
in basle solutions, the runs had to be started as soon as
the cobalt complex was added. ZThe induction period observed
in the hexammine case was absent anyway, perhaps becuase
oxygen might not go readily attack the pentammine.

It was first noted that all rates were independent of
ecobaltic concentration as before, Next an attempt was made
to determine the dependence on hydroxide lon coneentration.
Surprisingly enough 1t was not found to be simple first
order as before. The results are summarized in Table 12.

The walues 8o reported are slopes of the sort deseribed
previously. The tin econcentrations gilven are total stannite
concentrations and not those of the monomer. The first
thing to be noted 1z that within the large limits of experi-
mental error present there is no special effect due to using
elther the chloride or sulfate as an addendum and that there
is no grest ioniec strength effects Second, 1t is plain
that the hydroxide ion order lies somewhere between zero
and first.

Now if we had not known from the previous experiments
that there is no large consumption of stannite in a more
highly hydroxylated form than HEnO, , we might have tried
to £t the present data by using an equilibrium constant,
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Table 12
The Effect of Verying iHydroxide Concentration

[Cotiiiiy) 0] = 0,00550 in all runs

(4) Chloride used to control ionie strength
600> ] = 0.011k

2
fos~]  1.05 1149 1e9k 2.8 3473
Sox10° 2,44 2,63 2469 3.32 o2
K'x108 7436 7492 £410 10,02 12,60

(H) Bulfate usgd to control ionie strength
[B€n0,," [ & 0,0150

[ox-] 1.49 La9k 2.39 2,84
Sox103 2,41 2453 2,88 4o Ot
% 'x103 7457 7495 9,05 12,70

{(C) Ho control used
[Hen0,~] & 0,0145

o] 1,05 1.49 1e9% 2,84 3.73
8ox102  2.59 2,66 2.55 3.77 384

Instead we suppose that there exist two parallel paths of
reaction in this case and set about finding the rate cone
stantse Yo begin, we calculate a guantity k' defined as

K' = 4BK x 2,303 So / (Vit8E K =1) (20)

which is the same as the (k) used before except that the
hydroxide concentration has not been divided into 1t. HNext
we plot k' ve, [0H™ ] for the chloride and sulfate oases
(Figure 3)yand attempt to draw a straight line through the
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Figure 3 Determination of the Base Dependence for the
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polnts, ﬁiaregar&ing the two higher valuess In spite of
the insensitivity of the method we find a2 rough value of
the intercept i= 5.?;x'1@3 and a value for the slope
J=lshx 10”3, e frecly accept the fact that these
velues may be in error by as much as 100%. Now the strange
thing is that 1f there were a reasction zero order in hye
droxide lon whose effect were superimposed on the first
order reaction, we should find that the value of J was

that of the former k ® 7.9 x 10”3, Instead it 1s much less.
Due to the generally poor guality of the data, we shall not
attenpt any conclusions based on the absolute values Obe
tained. What is more remarkable here is that there should
exist a path zero order in hydroxide econcentration at all,
gince all rate determining steps are apparently dependent
on stannite and not on eobalt, If a path now exists which
was not possible in the hexarmine case, it must be due to
the presence of the hydroxyl group on the cobalt. An ine-
trigulng possibility is that the rescting complexes (not
the activated ecomplexes) involve active hydrogen, To show
how this might happen we write the following equationst

HOBNO™ & OH™ == £n0," ¢ HH (slow)
HOBRO™ s  HERO,™ (slow)

(it )ham“:mm;* sn0, > sducts (fast)
(Niiz)5 COOH 4 4SnO; = products (fast)




62

ince the whole of this anomalous behavior could be
laid to some spurious effect, such as the failure to
deoxygenate the solutions, we leave this phase of the
problem to consider anion eatalysis.

We stated before that the aquo~ (or hydroxye)
pentammine complex is unstable in basie solutions. If
allowed to stand 2k hours or more, the brown hydroxide
is precipitated, even in highly ammoniacal solutions.

Long before this oceurs, marked changes take place. These
changes are not readily found spectroscopically because

it seemg that more highly hydroxylated cobaltic ammines
have much similar spectra. Thig effect is {llustrated in
the curves shown in Pigure 4. The middle curve was ob=
tained in the usual manner, the cobalt being added last
to start the reaction. It showy a falrly uniform slope
in the beginnings The top curve was obtained by allowing
the c¢obalt pentammine to stand in the basie solution for
one hour at 25 before starting the run. During this time
there was little detectable change in its spectrums The
lower curve was made in the reverse manner by allowing the
tin to stand, This shows that the effeet is not due to
absorption of oxygen by the solvent from the air, or any
similar ecause.

The top curve in fact will give falrly good first order
plots for cobalts This shows two things. First, more
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highly hydroxylated ecobalt complexes are capable of pare
ticipating in a rate determining reaction. Second, thisg
reaction must be with the ordinary stannite in solution,
or murt not be dependent on any "active" form of tin (II).
The investigations were not continued because the kinetic
analysis is too complex. It involves both paraliel and
consecutive reactions of comparable rate, Because of the
low reproducibility of the dats, approximation methods are
of doubtful validity when used to test for the wvarious
steps involved.

Gualitatively, the above behavior verifies the predictions
made, What 1s worthy of note is that more than one hydroxyl
group must be present in the nueleus for any reaction via
the new pathe This is conmparable to the ferrie halide
cases, in which 1t aprears that the reduction never pro=
¢eeds unless two, or more likely, three halide ions are
presents In the cchalt-stannite case it is perfectly clear
that we cannot blame the effect on any charge repulsion
argument, sinee any anion inserted in the cobalt nucleus
lowers its eh&rga'anﬁ (except for the possible reversing
tendency of the ionic strength effect) decreases the proba-
bility of collision with stannite ion.

A comparison of the products of reduction in the cases
of the hemammine and pentammine is interesting. The abe

sorption spectra appeared almost identlcal. ilowever, 1if
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after a partial reduction a solutlion of the hexammine was
vigorously shaken in air, the original orange color was
restored. If very small amounts of dilute hydrogen perw
oxide were added to the sgolution of the reduced pentammines
eomplex, the original color was produced. lydrogen pere
oxide added to a hexammine solution which had been reduced
gave a brown colored solutlion of peroxides rather than the
original orange, but no trace of the hydroxypentammine -
cobaltic ion. It was concluded that the nuclear structure
of the complexes was not disturbed by reduction and that
the products in the two cases were different despite the
similarity of thelr spectra.

The Catalytic Effect of Cyanide Ion

We will now qualitatively describe some experiments
more in line with the original course of investigation.
First, it was found that cyanide ion acts as a specific
catalyst for the reduections Ho other anion of the series
SCN™y OH™y C1™ or BEr™ was found to de this except G~ in the
sensge deseribed sbove. The cranide catalyzed reaction is
much more rapid and hord to follows ©On the basis of our
theory the resson is obvious - cyandde ilon is the only one
capable of a rapid displacement of ammonia in these come
plexes. In addition, 1t 1s “"oxidizable". The difficulty
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of accurate kinetic analysis is agaln due to the fact that
parallel reaction paths are involved and that the products
are markedly dependent on the amount of cyanide added.
8mall amounts give the usual product. Larger amounts give
successively green, brown and red colored solutions.

W S

Supposedly these are due to Co(GN)6 and polynuclear
cyanidess The compound K,Co Go(cﬂ)é is deseribed as green.
Somewhat strange 1s the fact that, when excess cyanide 1is
added, the product is yellow rather than red. Also, when
stannite 1s added to a solution of potassium hexacyano-
cobaltate (III), there is no noticable change at first.

Then gradually a deeper yellow color is produced, The red

AT -

(3
any clrcumstances. When more cyanide is added to this

color of the supposed Co(CN ion is never formed under
solution, the color becomes pale againe. When the solution
is heated, the color of the deeper yellow solution becomes
pale, but returns again upon coolings

O0ffhand, we might explain the results by saying that
no reaction has taken place wlith the hexacyano complex
because of an adverse free energy change. Latlimer's book3°
gives the necessary information, except that the half-cell
reactlions of interest are of the type which must be calcu~-
lated indirectlye. ‘
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With some reservations, then, we write down the following:

H29 + OH™ & HSnOa = 8n(0H)6 + 2e
EBO = 0&96

e + Co(CN) ™™™ = Co(CN), "™~
E° = - 0.83

The reaction could be pushed to completlon then only by
abnormal base concentrations. Even if the potentials are
adverse, we must explaln why the red hexacyanocobaltate
(IT) ion is formed in the cases where cyanide is added to
the amnmine reduction systems. To do this we must assume
that less than six eyanides are present in the complexes
at the time of thelr reduction. After the reduction, more
cyanide can enter to form the red complex, and we must supe-
pose that the oxidation of stannite 1s "irreversible"; that
is, the form of stannate produced cannot oxidize the hexa-
cyanocobaltate (II) ion. Upon addition of excess cyanide,
the tin (IV) speciles is complexed and now falls into our
category of oxldant -~ oxidizable anlon systems. This is
because of the fact that CN” is more oxidizable than OH,
The tin (IV) can now oxidize the cobaltous species to
yellow hexacyanocobaltate (III) ion.

Finally, we are in a position to examine the equi-
valence principle of Shaffer-Remick, Let us call on
Latimer3C for the following half-cell potentialss
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Fe(CN) =77 = Fe(CN) """ + e
% & «0,356
Ca(Nﬁg)é*** +es CQ(ﬁﬁﬁ)ﬁ**
% 0,1

#denice the equilibrium constant for the reaction
m(cmé*m + %(HiﬁB)éw* = Fa(ﬁ?%)é"“"‘ + Co(ﬁHB)é**

is (very roughly) 5 x 10“5. To this we add the faet that
stannite reduces ferricyanide ion instantly. This in itself
is hard to explain after Shaffer and Remicke The equilibrium
above is not so far to the left that ferrocyanide could not
act as a catalyst in the reduction of hexammine cobaltle

ion.

Ferrooyanide ion and hexammine cobaltic ion form a pree
elpitate whieh iz orange in ¢olor. It is not changed when
acted upon by stannite ion, only the supernstent solution
being slowly turned blue. VWhen ferrocyanide 1s added to the
pentammine solutions, the rate of reduction by stannite is
not inerecased very significantly. Usually the rates appear
equal. At other times there seems to be & slight increase
which could be due to small amounts of XKCN present in the
ferrocyanide as an impurity. Interestingly enough, there
is a change in color when ferrocyanide is added to basic
solutions of the pentammine which may not be additive,
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indicating some sort of interaction. This may be of the
kind deseribed by Davidson 31 in his studles of the chloride
complexes.

Due to the smell value of the equilibrium constant
caleulated above, and the uncertainty in its valuey we can
reach no final conelusion concerning the question of equie
valence, The principle is one which may be useful in the
future.

We will save the discussion of the results of electron
exchange experiments on some cobalt complexes for the
section followings.
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A COMPARISBON WITH THE RESULTS OF OTHER WORK

The availability of many radiocactive metals in recent
years has led to numerous so-talled exchange experiments.
Many examples have been collected in a short review paper
by Rona32, 1In these experiments, a solution of some metal
with added radiocactive tracer in a particular oxidatlon
state and complex form is miwxed with another solution of
the same metal in a different form. The reaction usually
intended 1s the one involving interchange of the two iso-
topes. The chemical free energy ls almost zero for this
reaction, but due to a positive entropy of mixing, the real

F is always negative, However, the interchange is often
not the reaction which oceurs, If the complexes involved
are stable, exchange of oxidation state may take place wlthe
out destruction of the complexes. The reactants and products
are‘then unsymmetric. The only reactions which need concern
us are those in which reduction occurs.

Lewis33 has reported that the interchange between co=-
baltous and cobaltic hexammines 1s extremely slow. It is
also slow for the ethylene~diammine complexes, although
somewhat faster than is the case of the ammines., What is
significant 1s that the heat of reaction in the case of the
ammines is higher than the calculated repulsion energy.

Somewhat harder to explain is the rather rapid cross reaction
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between the cobaltous ethylenedismnmine and the cobaltle
hexammine, Apparently the half-life for the concentrations
used 1 about five mimutes, The largest free energy decrease
oceurs for this palr of reactants. The reaction is still far

from instantaneous, On the other hand Thampﬁonau

reported
complete exchsnge between ferro~ and ferricyanide within the
time of separation. This 1s to be expected, and is simply
another example where charge repulsion is too weak an effect
to be important., Cobble and Aﬁam%auBg have repeated the
experiment with the zame result. In passing 1t i:s noted
that the c¢yanide lons are not disturbed in such reactions.
Adsmson, Welker and Vbiﬁﬁaﬁ have shown that there 1s no
interchange between cyanide lon in solution and the eyanide
complexes of iron (II), 4ron (III) and cobalt (III).

The other experiments of Thompson with the iron eyanide
complexes and ferric and ferrous ion were not designed to
test interchange of oxldation state alone and are not pertie
nent to our subject.

Somewhat harder to interpret are the results of exe
ehanges between ferric and ferrous lon and thallie and
thellous lons Although there hss been some controversy over
the ferrie~ferrous case, the latest report of Betts et al.3?
indicate that interchange is very fagt in 3N Hclﬁk and in
the absence of chloride ion, iHowever 1t 1s not certain

that hydroxylated ferric ions are not responsible for the
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reactions. The mumber of anions necessary may be less than
three in this one-to-one exechange of state where no high
enargy intermedistes are required. fh& interchange of
thaliic and thallous ion goes by & path which is third
order in chloride ion for higher ehloride concentrations,
It also appears that there is a path independent of chloride.
Dodson et a1~33 have indicated that inceressing escidity de-
ereases the rate of reactione. Since the acidity constants
for thalliec ion are not known, it is possible here that
hydroxylated couplexes are responsibles These authors also
revort sinmilary results for the cerioc-cerous exchange.

The presence of oxidizable anions i1z thug able to ex-
plain a number of apparently anomslous effects in radioe-
active exchange experiments. The explanation alone 1is
probably not adecuate for the whole body of reactions bee
tween metal ions in solutions The original example of
Ehaffer « the fallure of cerie lon to oxidize thallous ion -
54111 seems to hang on the high energy of any possible
thallium (IXI) ion which might be neededs Another odd
exauple is the failure of titaneous ehloride to reduce
mercurie ion, with or without excess chloride ion., This
may be due to the high energy of a possible single mercurous
ion intermediate.

For those reactions which do require oxidizable anions,

the problems which next suggest themselves are these.
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What are the geometriec requirements of the activeted comwe
plexes? That is, how many anions are actually required
and much bonding 1s there to the oxidizing and redueing
metals? These questions have been partially answered.
Puture information will probably come from the great
variety of the stable complexes of iron, c¢obalt and

nickel.
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