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Kinetics and Mechanism of the Oxidation of [Fe(CN)s]*~ to [Fe(CN)s]*~,
Induced by the Reaction between Cu?* and I~ in Aqueous Solution.
Oxidation Reaction by a Radical Anion I,
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The hexacyanoferrate(Il) ion ([Fe(CN)g]*™) was rapidly oxidized to [Fe(CN)s]*~ by aradical anion, I, ~*, which was
formed by a reaction between the copper(Il) ion and the iodide ion. The oxidation reaction was accelerated by increasing
the pH. Under the conditions of lower pH’s, the [Fe(CN)s]>~ acted as a retarder to the oxidation reaction. The mechanisms
for such reactions are discussed in terms of accounting for the obtained results.

A trace amount of metal ion, such as copper(Il), plays an
important role in catalytic cycles of a number of redox re-
actions. Our recent studies’? have indicated that, when a
copper(Il) solution in 1073—10"> M (M = moldm™3) was
mixed with an iodide solution of 0.10 M, after a rapid for-
mation of iodine (and/or triiodide), the iodine concentration
remained constant without precipitations of Cul. After such
an iodine formation had occurred, when an oxidizing reagent
such as Cr'! or VV was added into the reacted mixture, the
iodine concentration began to increase, indicating the refor-
mation of I (and/or Is™) by a catalytic redox cycle of Cu-
(I)/Cu(I), and the formed iodine-concentration reached the
stoichiometric concentration for the added oxidizing reagent
(see the following equations with (2) and (3) in Fig. 1) :

21 +2VY = L+2vY N

317 +Ce = 1.5L+C™ B)?

On the contrary, when the [Fe(CN)s]>~ ion was added
into the same mixture, the iodine-formation behavior was
extremely different from the cases in any other oxidants,
indicating a slight decrease of I3~ in the case of the rela-
tively lower concentrations of the added [Fe(CN)s]*—, and
that much smaller formations of I;~ than the added [Fe-
(CN)s]*>~ concentration were found in the case of the rel-
atively higher concentrations of [Fe(CN)s]*~ (refer to (4a)
and (4b) in Fig. 1). Further, it appeared that there are, in plots
of [I3 ™ Tformea VS- £, some fluctuations, like oscillating reac-
tions, after adding [Fe(CN)g]>~ (see (4a) and (4b) in Fig. 1).
Instead, the addition of [Fe(CN)¢]*~ led to a stoichiometric
decrease in the iodine concentration along with a stoichio-
metric increase in [Fe(CN)g]®~ under suitable conditions of
pH (see (5) in Fig. 1). This is very novel and interesting for
a discussion of the mechanisms to account for the obtained
results, which would contain a new catalytic cycle due to the
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Fig. 1. Profile of the copper(I)-catalyzed reactions.

Curve (1) indicates the case of the I3~ formation by the
reaction between 0.10 M I™ and 6.0x10~% M Cu®* at pH
3.5 but (4b). Curves (2), (3), (4a), and (5) indicate the
cases that 5.0x107% M of VY, Cr"!, [Fe(CN)s]*~, or [Fe-
(CN)s]*~ was added at 30 min into the reacted solution
of (1), respectively, and the curve (4b), the case that [Fe-
(CN)61*™ of 2.0x 107> M was added at pH 1.9.
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Cu" and Cu! ions with I=/I;~.
- Experimental

Chemicals. Potassium hexacyanoferrate(Il) (Ky[Fe-
(CN)s]-3H,0), potassium hexacyanoferrate(Ill) (K3[Fe(CN)s]),
copper(Il) sulfate (CuSO4-5H,0), potassium iodide (KI), iodine
(I2), and the other chemicals were of guaranteed grade from Wako
Pure Chemical Industries, Ltd.

Procedure. The reaction was started by mixing an iodide
solution into a copper(Il) solution without or with [Fe(CN)s]*~
or [Fe(CN)s]>~; in some runs the ferrate solution was added at
various times after having mixed an iodide solution with the copper-
(I) solution. The formed (or reduced) I~ concentrations were
determined by measuring the absorbance of I3~ at 350 nm using a
Shimadzu UV-150-02 spectrophotometer. The temperature of the
reaction solution was controlled to (25.0 +0.1) °C. The dissolved
oxygen was removed by bubbling N»-gas through the solution;
after starting the reaction, N»-gas was continuously supplied to the
solution surface during the reaction. Aliquot solutions were taken
out at appropriate time intervals in order to measure the absorbance
of the formed I3 ™.

The iodine and triiodide in the presence of the iodide ion are in
the following equilibrium:

(K =ki/ko=7.1x10°M ",
k=56x10°M"'s7'1* (O

L+1 <:>I3-

Thus, the concentrations of I3~ were actually equivalent to those
of I under the conditions of large excess of I”. The molar ab-
sorption coefficient of I;~ was 3.8x10* and 2.5x10* M~'cm™!
at 288 and 350 nm, respectively,” and thus, the absorbance of I;~
at 350 nm was used to follow kinetic runs and to measure the
formed (or decreased) I; ™ concentrations, where the molar absorp-
tion coefficients at 350 nm for [Fe(CN)s]*~ and [Fe(CN)s >~ were
1.6x 10% and 3.3x10>* M~'cm™!, respectively, which are much
smaller than 2.5x10* M~ cm™! for I; ~. Therefore, the obtained
absorbance at 350 nm could be assumed as that for the I;~ species.
The maximum absorption wavelength for [Fe(CN)s]>~ was 420 nm
(€120 =1.0x 10> M~" cm 1), and the absorption at 420 nm for [Fe-
(CN)s1*~ was negligible. Thus, the [Fe(CN)s]>~ concentrations in
Table 1 and Fig. 6, inset were determined by using the following
equation:

Oxidation Reactions by a Radical I, ™", Induced by the Cu'/I” Reaction

Ago = {&[[Fe(CN) "1+ &l 1},

where A4y indicates the absorbance at 420 nm observed by using
I=1 cm for the photo-cell length; & (=1.0x10° M~'cm™") and
& (=3.0x10° M~ ! cm™") mean the molar absorption coefficients
at 420 nm for [Fe(CN )6]3 ~ and Iz, respectively.

D)

Results

Oxidation Reactions by [Fe(CN)¢]*~. When [Fe-
(CN)s]*~ was added into a solution containing I3~ formed
by the reaction between Cu?* and I~ the I;~ concentration
decreased slightly and then remained almost constant under
the conditions of the relatively low concentrations of [Fe-
(CN)6]*>~, and began to increase rapidly and then gradually
under the conditions of the relatively higher concentrations of
[Fe(CN)s]*~. In any case, some fluctuations, like oscillations
in the plots, were observed (see plots after 30 min in Figs. 2
and 5A). On the other hand, when [Fe(CN)g]*~ together
with Cu?* was added into the I~ solution, the I;~ formation
occurred rapidly once and then became rather constant at
almost the same time as in the case without adding [Fe-
(CN)]*~ (compare @ to the other plots at <20 min in
Fig. 2). In the case without adding copper(Il) ion, the [Fe-
(CN)6I*~ oxidized I~ to iodine at a much slower rate than
in the case of having added Cu?* (compare inset to the plots
at # < 20 min in Fig. 2 in which there is a rapid formation of
Is~ during = 0—2 min). This indicates that the Cul, which
was formed by the reaction between I~ and Cu?*, was rapidly
oxidized to Cul* by [Fe(CN)g]>~ (refer to Eq. 8), and that the
redox cycle of Cul/Cul* accelerated the oxidation reaction
of I~ by [Fe(CN)s]>~. It is to be noted that the plots (O)
in Fig. 2, which are less the concentrations of the added
[Fe(CN)s]*~, were much larger than A at # <20 min, and
were slightly larger than (or almost equivalent to) A at > 30
min, indicating that the formation rate of I; ~ by [Fe(CN)g]>~
competes with its reduction rate by [Fe(CN)¢]*~.

Oxidation Reactions of [Fe(CN)¢]*~ to [Fe(CN)¢]*~.
When [Fe(CN)¢]*~ instead of [Fe(CN)g]>~ in Fig. 2 was
used, the I3~ concentration greatly decreased, and then be-

Table 1. Stoichiometry®

t/min [13_]decreased/10_6 M [[FC(CN)6]3_]fonned/10_6 M [[FC(CN)6]37]formed/[I3_]decreased
31.5 4.90 9.60 1.9¢
32.0 5.10 10.1 1.9¢
32.5 5.18 10.4 2.0
33.0 5.24 104 1.9
335 5.26 10.4 1.9
34.0 5.26 10.5 2.00
34.5 5.26 105 2.00
35.0 5.26 10.5 2.00
37.0 5.26 10.5 2.00
40.0 5.26 10.5 2.00
45.0 5.20 10.4 2.00
50.0 5.26 10.2 2.00
60.0 5.26 10.5 2.00
Av.2.0

a) 1.05x10~5 M [Fe(CN)g]*~ was added to the reacted mixture at 30.0 min after a CuSOy solution (2.0x 1073
M) was mixed with 0.10 M KI solution under conditions of pH 4.0, N;-saturated, and 25 °C.
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Fig. 2. Reactions with [Fe(CN)s1*~ at25.0 °C, pH 1.9 (0.010
M H,S0,), and N,-sat.
Plots of @ indicate results in the reaction between 0.10 M 1™
and 2.0x107° M Cu**. [Fe(CN)s]>~ was mixed at £ =0 or
30 min with the reacted solution in the plots @. Plots O, A,
O, x, A, and B indicate [[Fe(CN)61*~ Jadaea/10™> M = 1.0,
1.2,1.4,1.6, 1.8, and 2.0, respectively, and the insert figure,
the I;~ formation by the oxidation of I~ by [Fe(CN)6]*~
without adding the copper(Il) ion.

came constant at about 20 min after adding the Fe(IT) complex
ion (Fig. 3A). The decreased concentrations of I3~ at £ 2 50
min in Fig. 3A were proportional to those of the added [Fe-
(CN)6I*~ (see Fig. 3A). Further, as can be seen from Table 1,
the decreased concentrations of I3~ were half of the formed
ones of [Fe(CN)s]*~, indicating the stoichiometric equation
of I; ™ +2[Fe(CN)g]*~— 31~ + 2[Fe(CN)¢]*~, which corre-
sponds to the backward reaction in Eq. 10. On the other
hand, in the case of no addition of copper(Il), [Fe(CN)g]*~
reduced I;~ to I™ at a much slower rate than that in the pres-
ence of the copper(Il) ion (compare A to B in Fig. 3). This
indicates that the oxidation reaction of [Fe(CN)g]*~ by I3~
was catalytically accelerated by the redox cycle of Cul*/Cul.

Effect of the Added Copper(Il) Concentrations.  As
can be seen from Fig. 4, when the concentrations of the added
copper(Il) decreased, the rates for not only the formation of
I3~ before adding [Fe(CN)g]*~, but also its decomposition
after having added [Fe(CN)g]*~, decreased greatly, and the
initial rate (Vi = A[Is~Ji/Ar) of the I3~ decomposition after
having added [Fe(CN)g]*~ was proportional to the I3~ con-

Bull. Chem. Soc. Jpn., 72, No. 6 (1999) 1295

5
¥ %2 v v g ¥
4 L1282 90
®
3 e *
N
2 F e ? ";‘ A
[
2 .. B
)
<
~ 0 1. 1 [} 1
L_*ms 00000 ©
- 4_5 ¥¥ ¥ ¥ ¥
0000 0 o m] o jm]
30 A A A A A
i oo O O ©
2— 3 ENE x
A > | B S X
bt QAAAAAA o PN A
0 L '....., L] [ P
0 20 40 60 80
t /min

Fig. 3. Reactions with [Fe(CN)s]*~ at25.0 °C, pH 3.5 (0.050
M CH3;COOH-0.0050 M CH3COONa), and N;-sat.
A: Plots O indicate the I3~ formation by the reaction of
Cu®* (1.2x107° M) with I™ (0.10 M). [Fe(CN)s]*~ was
added at = 30 min to a reacted solution of Cu®* with I~
(i.e., the plots O), where [[Fe(CN)s]*~ Jadaea/ 1076 M = 0.50,
1.0, 2.0, 3.0, 5.0, 6.0, 8.0, and 10 for the plots V, @, [, A,
<, M, A, and @, respectively.
B: [Fe(CN)s]*~ was added into a solution of I; ~ (5.0x 10™°
M L, with 0.10 M KI) in the absence of the copper(Il) ion.
All other conditions with symbols are the same as those in
A.

centrations at the time of having added it (see Fig. 4, inset).

Effect of pH. Figure 5A indicates that the rate in the
catalayzed reaction with [Fe(CN)g]*>~ increased along with
decreasing pH. On the contrary, the rate in a catalyzed re-
action with [Fe(CN)s]*~ decreased with decreasing pH, and
did not reach the stoichiometric concentration (see Fig. 5B).
Further, as can be seen from plots M and A in the lower pH’s
(Fig. 5B), the I3~ concentrations decreased once and then
began to increase slightly, indicating the existence of a com-
petitive reaction in the reduction and formation reactions of
;™.

Evidence of Oxidation of [Fe(CN)s]*~ by I,™".  As
can be seen from Fig. 6, when [Fe(CN)]*~ was added into
a HNO; solution containing O, with 17, in which it has been
known® to produce I3~ via the preformation of I, ™" by the
reaction 2, "2 I3 7+ 17 (Eq. 4), I~ formation for the initial
periods at <3 min was greatly retarded by [Fe(CN)g]*~,
and then began to increase at the same rate as in the case
of having added [Fe(CN)g]>~. This indicates that almost
all of the added [Fe(CN)g]*~ was rapidly oxidized during
+ <3 min to [Fe(CN)s]>~ by I~ which was produced by
the reaction between HNO, and I~ together with O,.

Since the oxidation reactions of the oxalate ion by I,~"
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Fig. 4. Effect of the copper(l) concentrations. Plots @,

O, B, [, and A indicate the added copper(ll) concen-
trations of 1.8x107°, 1.5x107°, 1.1x107°, 7.3x107%,
and 3.5x107% M, respectively. Inset is the plot of V;
(=A[I;"1i/Atat t 230 min) vs. [I3~ ];=30. The other con-
ditions are 5.0x107% M [Fe(CN)s]*~, pH 4.0 (0.050 M
CH3;COOH-0.010 M CH3COONa), Ny-sat., and 25 °C.

have been known,” the retardation effect upon the oxalate
addition on the I3~ formation in the HNO,/I™ reaction sys-
tem is also presented together with the retardation effect by
[Fe(CN)g]*~ in Fig. 6. Comparing the retardation effects by
[Fe(CN)s]*~ and oxalate in Fig. 6, the former was over 10°-
fold more effective than the latter. Further, we confirmed
the oxidation reaction by I, ™" through determining the [Fe-
(CN)¢]>~ concentration (see Table 1 and inset in Fig. 6). As
can be seen from Fig. 6, inset, all of the added [Fe(CN)s]*~
became [Fe(CN)s]’~ at £ <3 min; the decrease in the con-
centration of [Fe(CN)g]*~ after about 4 min is thought to be
due to the reduction of [Fe(CN)g]>~ by I~ (compare plots @
with A in Fig. 6, inset). Similarly, as in Fig. 6, Table 1 in-
dicates the oxidation of [Fe(CN)s1*~ to [Fe(CN)g]*>~ by the
anion radical I, ™, which is present in the Cu?*/T™ mixture.
It is to be noted that the [Fe(CN)¢]>~ once formed did not
decrease, as shown in Table 1, being different from the case
in Fig. 6, and that such a behavior as that in the case of Ta-
ble 1 is related to the reaction mechanism, being composed
of several competing reactions, including the Cul/Cul”* cycle
(v.i).

Retardation Effect by Radical Scavengers. It is

Oxidation Reactions by a Radical I,™", Induced by the Cul'/I™ Reaction
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Fig. 5. pH Effects. Plots @ indicate the Is~ formation by
the reaction of Cu®* (2.0x107° M) with I~ (0.10 M) under
conditions of N»-saturated at 25.0 °C.

A: pH effect of the case that 2.0x 107> M [Fe(CN)s]*~ was
added at 30 min into the reacted solution in the plots @,
where pH was 1.9, 2.4, 3.0, and 3.8 for the plots B, A, A,
and O, respectively.

B: pH effect of the case that 1.0x 1073 M [Fe(CN)6]*~ was
added at 30 min into the reacted solution in the plots @,
where the pH values were 1.9, 2.4, and 4.0 for the plots l,
A, and O, respectively.

known that aminocarboxylates containing EDTA™® as well
as oxalate® can be easily oxidized by the radical I, ~". Thus,
we added either acrylonitrile, acrylamide, oxalate, or EDTA
as a radical scavenger into the reacted solution of Cu®* with
I~, and found that any one of these led to a large decrease of
I3~ (see Fig. 7). Both results shown in Figs. 6 and 7 mean
the presence of I, ™" in an equilibrium state, such as Eq. 5.
The strength order in the retardation effect, i.e., the reac-
tion rate of I, ™" with retarders was [Fe(CN)g]*~ > oxalate
from Fig. 6, and [Fe(CN)g]*~ > EDTA > oxalate > acryl-
amide > acrylonitrile from Fig. 7.



M. Kimura et al.

=
©
© 10f A4 _oeee
~ “A e,
— A,
& ° AA
5T o
=z
&)
10-' ]‘; o] dﬁ—uz_\ﬁsz_\ﬁruuik
S oo 25 5 4
7 t/ min
.
8T A
s o
R .
© &1
o o
et
~ p
i A
o
= o)
= 4t . o
AA o o
i - ]
ASO hd
2r 0
& e
i ..0
%00’
0 t } } +
0 5 10 15 20
t/ min

Fig. 6. Evidence of the oxidation reaction of [Fe(CN)s]*~
to [Fe(CN)s]*~ by L, ™".
The plots O indicate the case that NaNQO, (1.0x 107° M)
was added into a KI solution (0.10 M) under conditions
of the air-saturated at pH 4.0 (0.050 M CH;COOH-0.010
M CH3COONa) and 25 °C. Plots A&, @, and [ indicate
that 1.0x 10™> M [Fe(CN)s]*~, 1.0x 107> M [Fe(CN)s]*~,
or 0.010 M C;,04>~ together with NaNO, was mixed with
the KI solution under the same conditions as those in plots
O. The plots A in inset indicate the case that 1.0x107°
M [Fe(CN)g]*~ with 0.10 M KCl1 was mixed with NaNO,
(1.0x1073 M) under the same conditions as those in the
other plots.

Discussion

Figures 2 and 3 indicate that both reactions [Fe(CN)s]>~
with I~ and [Fe(CN)¢]*~ with I; ™ are greatly accelerated by
the catalytic redox cycle of Cu'/Cu!, and thus we can assume
the following mechanism of reaction:

Cu®* +1~ = Cul’ D)
Cul'+I" 2 Cul+I- K =9.1x10" @7
I+ 2L~ K3 =1.0x10*M™! 3P
2L LT+ ke=46x100M 'sT! (@)

Cul + T~ 2Cul"+ L™ +I" )

[Fe(CN)sI*~ +21 &2 [Fe(CN)(*" +L, ™"
Ke=3.0x10""M"" (6)

Bull. Chem. Soc. Jpn., 72, No. 6 (1999) 1297
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The plots @ indicate the I3~ formation by the reaction be-
tween Cu** (2.0x107> M) and I” (0.10 M) under condi-
tions of N,-saturated at pH 3.8 (0.05 M CH;COOH-0.01 M
CH3;COONa) and 25 °C. Plots 0, A\, O, A, and B indicate
the cases that 1.6x 107> M of acrylonitrile, acrylamide, ox-
atate, EDTA, or [Fe(CN)s]*~ was, respectively, added at 30
min to the reacted solution indicated by the plots @.

[Fe(CN), '~ +L ™ 2 [Fe(CN),]* +L, K/ =17x10* (7)

[Fe(CN)g I~ + Cul — [Fe(CN),]*™ +Cul’ 8)

The equilibrium constants, K¢ and K7, were estimated from
the E° values in Egs. 13, 16, and 17. The plots using @ in
Figs. 2, 3A, 5, and 7 are due to reactions (1)—(4), indicating
an overall reaction of

2Cu* +51 = 2Cul+15". )

Reaction (9) is the same as 2Cu?* +4I~ = 2Cul+I, plus
I+ I~ & 137 inreaction (C). The overall reaction (10) corre-
sponding to the plots after 30 min in both Figs. 2 and 3A can
be derived from either (2) + (3) + (4) + (5) + (6) + (7) + (C)
or 2(2) +2(3) + (4) + 2(8):

317 +2[Fe(CN) I~ 2 I3~ +2[Fe(CN),]* . (10)

Either occurrence in directions of the reversible reaction
(10), i.e., either {(2) + (3) + (@) + (5) + (6) + (7) + (C)} or
{2(2) + 2(3) + (4) + 2(8) } is dependent on not only the con-
centrations of [Fe(CN)¢]?~ and [Fe(CN)¢]*~, but also on
the pH in the reacting solutions. These consequences are
revealed in Figs. 2, 3, and 5. If reactions (2), (3), (4), and
(8) could occur predominantly, a quantitative increase of Iz~
should be observed in accordance with the forward reaction
in Eq. 10. Such a tendency was found to exist in the rapid
formation of I3~ at £ 2 min in Fig. 2. However, such a be-
havior was not found at all in the plots after 30 min, at which
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time [Fe(CN)g]>~ was added (see Fig. 2); on the contrary, a
quantitative decrease in I3~ was found in the case of having
added [Fe(CN)g]*~ at 30 min (see Fig. 3A), indicating that
the backward reaction rates in Egs. 6 and 7 were much faster
than their forward ones, and occurred together with all re-
actions of Eq. 2 to Eq. 7, and that the backward reaction in
Eq. 10 occurred predominantly. Accordingly, in the case of
having added [Fe(CN)g]*>~ at 30 min, as given in Figs. 2 and
SA, reactions (2)—(7), after the occurrence of reaction (8),
could operate to form Iy~ through competing with each other
in the directions of the reversible reaction (10). Although the

oxidation of I~ by [Fe(CN)g]>~, i.e., the forward reaction in -

Eq. 6 was found in the case of the HNO,/I™ system in Fig. 6,
such an oxidation reaction was not observed in the Cu?*/I~
system given in Table 1 and the plots at t = 40 min in Figs. 2
and 5A. This also indicates that the backward reaction in
Eq. 10 occurred dominantly in a whole reaction being com-
posed of Eqgs. 2, 3,4, 5, 6,7, and 8, and that the rate in Eq. 8
is much faster than that in the forward reaction of Eq. 6. It
is noted herein that reaction (10) is essentially the same as
Eq. 11, which can be derived from (6)+(7). Therefore, reac-
tions (10) and (11) are thermodynamically one-sided to the
left-hand side. It is also noted that Eqs. 10 and 11 are made
up under any conditions in the presence and/or absence of
Eq. 8, and that reaction (8) competes with both of the for-
ward reactions in Egs. 5 and 6, where there is probably a
relationship of ks > kg, judging from 0.54 V in Eq. 14 and
0.36 Vin Eq. 17. Consequently, a kinetic behavior due to the
constitution of Eq. 10 through reactions (2) to (4) with (8)
was observed only under two conditions; ¢ < 2 min in Fig. 2,
in which reaction (5) could scarecely occur; also, when [Fe-
(CN)g]*~ was added to the reacted mixture of Cu®* with [,
the reaction (8) was apparently so negligible as to be seen in
plots at > 40 min in Figs. 2 and 5A.

21" +2[Fe(CN), I’ & I + 2[Fe(CN)4]*~
K =KsK7=51x10"M~'(11)

All of the reactions written above are possible to occur
from considering the following redox potentials:

Cu®™ +1 +e” 2 Cul E°=086V (12)'?
L™ +e” 2 217 E°= 104V (13"

L™ +2 & 37 E°=054V (149
L+2" & 21 E° =054V (15"

L+e 2L E°=011V (16"
[Fe(CN)s*~ +e~ 22 [Fe(CN)4]*~ E°=036V (17)"°0

Judging from the values of Kg and K7, which were esti-
mated by the above E° values, it is expected that the rate in
the backward reaction of Eq. 6 is much faster than that in the
forward one of Eq. 7. The value of k_g can be evaluated to be
2.0x10° M~ ! s~! by the relationship Ks = k¢/k_g, in which
ks =6.1x1073 M~25s~! at pH 7.13 and 25 °C (Ref. 14).
The fast occurrence of the backward reaction in Eq. 6, i.e.,

Oxidation Reactions by a Radical I,”", Induced by the Cu'/I™ Reaction

the oxidation reaction of [Fe(CN)g]*~ by I, ™", was verified
by Figs. 6 and 7, and the slowness of the forward reaction
in Eq. 6 was verified by Fig. 2, inset. Accordingly, the re-
versible reaction (10) in the case of the Cul/Cul* catalysis
could be extremely one-sided to the left-hand side. These are
accounted for by the results shown in Figs. 2 and 3A. The
quantitative decrease of I;~ due to the added [Fe(CN)g]*~
(Table 1 and Fig. 3A) indicates that the forward reactions in
both Eqgs. 6 and 7 are negligible, or much slower, than their
backward rates under the conditions of relatively large pH’s.
However, under the conditions of lower pH’s, the I3~ con-
centration decreased once, and then began to increase (see
Fig. 5B), indicating that the rates of the forward reactions in
Egs. 6 and 7 are comparable to their backward ones under
such conditions.

It is noted that the presence of the reversible reaction (5)
plays an important role in making a catalytic reaction for
reation (10), and that reaction (5) essentially comprises re-
actions (2), (3), and (4). The concentrations of Cul* and
I,7" in the equilibrium states of reactions (1) to (5) should
be extremely low, because the Cul species is much more sta-
ble than the Cul* species, and the reactions (2) and (5) are
extremely one-sided to the right- and left-hand side, respec-
tively.

The steady states’ concentration for the I, ™" species in
Egs. 2, 3, 4, and 5 at the time to add [Fe(CN)g]*~ can be
derived as [, "1 = (ks/ k4)1/ 2([CuI][I3‘])1/ 2 where [Cul] =
2[I5~], and is thus dependent on the formed I3~ concentra-
tions with values of k4 and ks. After the addition of [Fe-
(CN)g]*~, the radical anion I, ~* decreased due to the occur-
rence of the backward reaction in Eq. 6 together with reaction
(5), being followed by the rate equation of —d[I,"]/ds=
—d[I371/dt = 2'/%k_g(ks /ks)'/*[13~ ][[Fe(CN)s]*~].  This
relationship was verified by Fig. 4, in which the plots of
Vi (= All371i/Af) vs. [I37],=30 were rectilinear under the
conditions of a constant concentration of [Fe(CN)g]*~ with
changing the added concentrations of Cu?* (see Fig. 4, inset).

The quantitative decrease of I3~ due to the added [Fe-
(CN)s]*~ (Table 1 and Fig. 3A) indicates that the forward
reaction in Eqs. 7 and 8 are negligible, and that the backward
reaction in Eq. 6 is much faster than the forward reaction
in Eq. 7, i.e., k_¢>> k7. Further, the plots in all curves
in Fig. 3A remained constant at ca. 60 min, showing the
backward reaction rate in Eq. 6 as well as the forward reaction
rate in Eq. 5 must be rapid. Because the value of E° in
Eq. 14 is larger than that in Eq. 17, the relationship ks >> kg
is probable under conditions given in Table 1 and Fig. 3A.

Effect of the pH.  Although the reaction of Cu®** with
I~ was not at all affected by the pH at the range 1.9—4.3,
the catalyzed reaction after having added [Fe(CN)g1>~ and
[Fe(CN)g]*~ was greatly affected by the pH values of the
reacting solution. Namely, the Is~ formation reaction by [Fe-
(CN)g]*>~ was accelerated upon decreasing the pH (Fig. SA);
on the contrary, its decrease by [Fe(CN)g]*~ was retarded
upon decreasing the pH (Fig. 5B). This is accounted for by
the redox-potential increase in Eq. 17, which is caused by
the much greater protonation for [Fe(CN)g]*~ than that for
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[Fe(CN)¢]*~ (see Egs. 18 and 19 with the relationship of
K3 > Ky9).”

[Fe(CN)¢]'™ +H' 2 H[Fe(CN)]’~ Kis=2.0x10°M~" (18)

[Fe(CN)6]’~ + H* 2 H[Fe(CN)]*~ Ko< 10M™' 19)

Accordingly, the forward reaction rates in Egs. 6, 7, and
8 would be accelerated with decreasing pH, and on the con-
trary, their backward ones would be retarded. These consid-
erations are in agreement with the results obtained given in
Fig. 5.

In the case of the lower pH in Fig. 5B, the decrease in the

I;~ concentrations was not necessarily stoichiometric against
the added [Fe(CN)¢]*~ concentrations (see plots A and W
in Fig. 5B), and the I;~ concentrations began to gradually
increase after they decreased once. This indicates that there
are competing reactions in Egs. 6, 7, and 8, and that the
reversible reaction in Eq. 10 operates as an overall reaction.

Oscillation Reaction: The forward reaction rate in
Eqgs. 6, 7, and 8 competes with the backward ones in Egs. 6
and 7. The increase of I3~ is due to reactions (2), (3),
(4), and (8), and its decrease is due to other reactions of
Egs. 2, 3, and 5 together with the backward reactions in
Eqs. 6 and 7. Namely, there are not only some com-
petitive reactions, but also two different paths in order to
constitute an overall reaction (10). The obvious compe-
tition for the formation and reduction of I3~, being due
to either directions’ occurrence in the reversible reaction
(10), i.e., either {2+ B)+ @ +(5)+ (6) + (7) + (C)} or
{2(2) +2(3) + (4) + 2(8)}, could be seen among the plots O,
A, and O in Fig. 2; the lowest concentration of the added
[Fe(CN)s]>~, i.e., the plots indicated by O are much larger
than those by A at # < 20min, and are only slightly larger or
almost equivalent at ¢ > 30min, and the plots indicated by
O are much larger than those by A. Such a competitive-
reaction situation might have led to fluctuation plots like an
oscillating reaction at # 2 30 min in Figs. 2 and 5A.

On the Ton-Pair between Cu?* and [Fe(CN)¢]*~ or [Fe-
(CN)s]*~. Whenasolution of K3[Fe(CN)s] = 2.0x10~*M
or K4[Fe(CN)s] = 5.0x 107> M was mixed with 4.0x 10~*
M CuSO4, a white or brown turbidity (sediment) was
found in the solution, respectively. However, no precip-
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itations were found under the conditions of 0.10 M KI,
CuSO; (3.5x1075—2.0x107> M), and [Fe(CN)]*~/3~
(5.0x1077—2.0x 107> M) in this work. Since about 80%
copper(Il) ion in the present study becomes Cul with a large
stability (refer to Eq. 2), it should be unfavorable for making
the ion-pair between Cu?* and [Fe(CN)¢]*~/>~. Accord-
ingly, the ion-pair species’ formation must be negligible.
However, a slight and rapid decrease in I3~ at the initial
stage of the [Fe(CN)g]*~ addition at 30 min in Figs. 2 and 5A
might arise from a slight formation of {Cuy**-[Fe(CN)s1*~},
which could induce an occurrence of all reverse reactions in
Egs. 1, 2, and 3 with the forward reaction in Eq. 5.
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