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The rate equation for the oxidation of Ti(H,0)s’* by iodine was found to be —d[I,]/dr = (k,K,/([H*] + K))[Ti(IID)]{L,]
+ (k,K,/([H*] + K)[Ti(IID][1;7]. For the conditions [H*] = 0.0036-0.20 M, I = 1.0 M (LiCl), and ¢ = 25 °C, k,

=353x10>M"

range pH 0.5-8.0, and [I"] = 0.004 M, is —

l.0OMand:¢ =

s, k, =6.9M1s!and K, = 3.2 X 10~ M. For the reaction of TIEDTA™ with I,, the rate law in the
12 total/dt = ((k EDTA + kEDTA KEDTA[H+ 1)/(1 + k EDTA[H+] 1))
[TIMEDTA ] [Iy]uas With kEPTA = 2.5 X 10° M 57/, KEDTA
25 °C. In the region pH <2.5 where rate is 1nsen51t1ve to pH changes klEDTA(Iz) and k,EPTA(I;) were

—13>(105M1 Land k,FPTA = 1.1 X 107 M at I =

obtained as 8.5 X 10* M1 57! and 2.6 X 102 M~! 57!, respectively, at / = 1.0 M and ¢ = 25 °C. The reactions are supposed
to proceed by univalent electron-transfer steps involving I,™ as the transient intermediate species. The most likely mechanism
consistent with the kinetic data is an outer-sphere electron-transfer mechanism.

Introduction

Kinetic investigations of redox reactions of Ti(H,0)¢* as
reductant have aroused considerable interest in the last few
years. Rate studies of reactions of this ion with ammine
complexes of Co(II)* and Ru(III),'*'? aguometal ions,'>!*
and aqueous solutions of chlorine!® have been reported. About
25 years ago, Winstein and Johnson published their findings
on the rate of oxidation of this ion by aqueous iodine.!® Their
results were consistent with the rate equation (1). Their

—d[l] _ 1d[Ti(ID] _ & ([TE]0] - kT[]
= —— = + +
de 2 de [H*] [H*]
Ky [Ti(IIT))
[H']

investigations were confined to fairly high concentrations of
acid, [H*] = 0.1 M, and iodide, and the Ti(III) concentrations
were varied only fourfold. Apart from their inability to explain
the third term in the rate equation (i.e., the iodine-independent
term), recent reports on aquotitanium(III) reactions show that
a more complex acid dependence than they observed is a
common feature of Ti**(aq) reactions, and the form of de-
pendence they reported is only valid at high acid concentra-
tions. In addition to our continuing interest in halogen redox
reaction mechanism, we have reinvestigated the kinetics of the
oxidation of aquotitanium(III) ion by iodine and triiodide over
a wider range of reactant concentrations. We also extended
the studies to include the kinetics of the reduction of iodine
and triiodide by TIEDTA™ over a fairly wide pH range.

Experimental Section

Reactant solutions, i.e., Ti3*(aq), TiIEDTA", and I, were prepared
and analyzed as previously reported.'»!13 Lithium chloride, sodium
acetate, and hydrochloric acid were all BDH (A.R. grade) and were
used without further purification. CF;SO;Li was prepared from the
reaction of Li,CO; with trifluoromethanesulfonic acid and analyzed
as previously described.!?

Our recent observations'? on aquotitanium(IIT) solutions suggest
that the tendency of such solutions to form oxo-bridged polynuclear
species, particularly at low acid concentration, is inhibited by chloride
ions. Therefore, the kinetic studies were conducted in a chioride
medium, except during the investigation of the effect of chloride ion
when trifluoromethanesulfonate ions replaced the chloride ions. Rate
measurements were made on a Unicam SP1750 spectrophotometer
for the slow reactions and the Durrum-Gibson stopped-flow spec-
trophotometer for the faster reactions. The temperature of the reaction
was maintained at 25.0 £ 0.1 °C by circulating thermostated water
from a bath through the cell compartments of the spectrophotometers.
The progress of the reaction was monitored by following absorbance
changes due to iodine at A 468 nm, the isosbestic point for I and I~
All rate measurements were made under pseudo-first-order conditions
with titanium(III) concentration at least in 20-fold excess over that

of total iodine. Ionic strength was kept constant at 1.0 M with LiCl
or CF,SO,Li.
Results

Oxidation of Aquotitanium(III) Yon (Ti**(aq)) by Iodine.
Under pseudo-first-order conditions (Ti(III) in excess), plots
of log (A4, — A.) vs. time (A4, and A. being the absorbances
of iodine at time ¢ and the end of reaction, respectively) were
linear to more than 90% reaction, From the slopes of linear
plots, the pseudo-first-order rate constant k4 was determined
for different initial concentrations of Ti(III). For [I,]1 (total
iodine) = (1.0-2.5) X 107* M, [I"] = 4.0 X 107 M, [HY] =
0.10 M, and [Ti(IID)] = (0.2-6.0) X 1073 M a plot of log kgpe
vs. log [Ti(III)], was linear and has a slope of 1.01 + 0.04.
The linearity of the pseudo-first-order plot and the slope of
unity obtained in the latter plot confirm that the reaction,
under the above specified conditions, is strictly first order in
Ti(III) and first order in iodine. Thus, at constant iodide and
hydrogen ion concentrations, the rate equation for the reaction
is

1 d[Ti(III)] d[I ]
S — o = KT Ll: @)
ko = kobsd/[Tl(III)]

In a solution containing I, and I, a very fast!® equilibrium

(eq 3) is set up. Previous rate studies'® of iodine reactions have
Ky

L+ =1y

K- =748 M1 2 (3)

shown that I, and I,™ are reduced at different rates by the same
reductant. Thus, k, was determined at different iodide con-
centrations at a constant [H*] and for [I"] varying from 0.004
10 0.10 M. In this range of iodide concentrations, &, decreases
as [I"] increases, which implies that I;” reacts more slowly than
I,. In order to resolve k, into the rate constants for iodine and
trilodide, we assume eq 4 and S to be the activation paths for

Ti(I11) + I2 (actlvated complex)* (4)

Ti(III) + 15 — (activated complex)* 5

the reaction of I, and Iy~ with Ti(III). From eq 3-5, eq 6 is
kol + K- [I]) = ky, + kipKo (1] (6)

derived. A plot of the left-hand side of eq 6 vs. [I7] should
be linear with the intercept and slope being ki, and ki -K,-,
respectively. Such a plot, which is typical for all the acid
concentrations investigated in this work is shown in Figure 1
for three different acid concentrations. k;, and k- were de-
termined from least mean squares computation of the intercept
and the slope of such a plot, respectively, for 16 different acid
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Figure 1. Effect of iodide at different acid concentrations on the
Ti**(aq) + I, reaction, shown by a plot of ky(1 + Ki-(I7]) vs. [H*]:
@, [H*] = 0.009 M; O, [H*] = 0.0144 M; 4, [H*] = 0.10 M.

Table I. Rate Constants for Ti(III) + I, Ia; reactions®

10°[H*], 1072y, k1,
M M1t Mt g!
3.6 1.81 6.8
54 1.53 6.7
7.2 1.42 5.0
9.0 1.39 2.2
10.8 1.12 2.4
14.4 0.89 1.3
15.0 0.85 1.2
15.8 0.57 1.4
26.4 0.52 0.70
30.0 034 0.67
50.0 0.32 0.46
60.0 0.29 0.39
80.0 0.21 0.23
100.0 0.18 0.21
150.0 0.09 0.14
200.0 0.84 0.12

@ kI2 and kp_- are linear least mean squares analyses of plots of
ko(l +kp -[I'Dvs. [I7]. 1=1.0 M(LiCD), =25 °C, [TidID] =
(2.0-200.0) X 107* M, {I,]17=(1.04.0) X 107* M, [I"] =
0.004-0.16 M.

concentrations in the range [H*] = 0.0036-0.2 M. The results
are presented in Table I. Plots of k1, or k-~ vs. [H*] are
linear (Figure 2) with finite intercepts, and therefore, the rate
constants vary with [H*] according to eq 7. Values of a and

1
fy, = e 7
"7 g, + by [HY] - ()
: ,
S 7b
" a, + bz[H+] (70)

b obtained from least mean squares analysis of the data are
a; = (1.90 £ 0.09) X 103 M s
by = (6.24 £ 0.01) X 107 s
a, = (1.46 £0.12) X 10! M s
by =438 £ 485

From eq 2 to 7, the rate equation for the reaction under our
experimental conditions is

dil]r _ 1d[TidID] _ [TidID][L] +

e~ 2 de a, + b [H]

[TidID][I;7]
a, + by[H")]
/ ()

Inorganic Chemistry, Vol. 18, No. 12, 1979 3603

.5 |
- 28
1'0 2‘O.l
s
noia}'L
IR
Q.5
i
0.0 0.1 (o))

[, m

Figure 2. Effect of acid on the rate constants for the Ti*(aq) + I,
I reactions, shown by a plot of ky,™ or k! vs. [H*]: O, k,7; @,
k-
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Figure 3. Effect of iodide on the rate constant for the TIEDTA™ +

I, reaction, shown by a plot of kEPTA(1 + ki (I]) vs. (I} (/ = 1.0
M, ¢t = 25 °C).

At high acid eq 8 is essentially the same as eq 1 without the
iodine-independent term.

At [H*]'= 0.10 M and constant [I"], k, was determined
for [CI"] = 0.10,0.4,0.7,and 1.0 M and I = 1.0 M- (LiCl +
CF,SO;Li). The values of &, obtained were within 5% of each
other and showed no systematic variation with [CI"]. Thus,
as in many other Ti(III) reactions, a chloride medium is

. “innocent” for the rate studies conducted in this work.

Oxidation of TIEDTA". This reaction was also found to be
first order in [Ti(IIT)] and also first order in [I,]. As in the
reactions of the aquo ion, the second-order rate constant k,EPTA
decreases as [I7] increases at a constant pH. From the plots
of kEPTA(1 + Ky -[I']) vs. [I7], at pH 1.0 (Figure 3), the
following values of kEPTA; and AEPTA - were obtained:

KEPTA = (8.52 £ 0.28) X 10° M~ 7
KEDTA = (2.63 £ 0.21) X 10?2 M 7!

kEPTA was determined as a function of pH in the range pH
0.5-8.0 and at [I"] = 4.0 X 107> M. It was found, as shown
in Table II, that the dependence of the rate constant on pH
is biphasic. Below pH 2.5, the rate is independent of pH, but
above this pH, k,FPTA increases with pH. A similar behavior
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Table II. Rate Constants for the TIEDTA™ + [, Reaction
as a Function of pH?

10—3/€EDTA’ 10~BkEDTA,
pH M g! pH Mt gm!
0.15 2.3 4.85 4.5
0.75 2.3 4.95 4.9
1.70 2.9 5.13 5.3
2.25 2.5 5.46 6.9
2.80 3.0 5.56 7.3
3.43 3.2 5.83 12
3.95 3.6 6.15 61
4.30 39 6.80 51
4.40 4.1 7.40 96
4,58 4.13 7.45 130
¢ [TiEDTA™] = (2.0-8.0) X 107® M; {I Jp =(1.0-2.0) x 107%
M; 7= 1.0 M (LiCl + CH,COONa); ¢ =25 °C.

has also been observed for the oxidation of TIEDTA™ by some
cobalt(III)-ammine complexes.!” The results were fitted into
the expression given by eq 9 by using nonlinear least mean
+ [H*]
k FDTA = pT A (9)
1+ r[HT]!

squares®® with (1/k,;EPTA)? weighting and p fixed?! at 2500,
the mean value of k,“PTA at pH 2.5, The computed estimates
of the parameters obtained are

g =143 x102s7! r=1070 X 107 M

By substituting the values of these parameters in eq 9, we
calculated %,FPTA for different pH values, and the results
plotted as k,FPTA vs, pH are presented in Figure 4. For
comparison purposes, the experimental data points are also
shown in the plot.

At pH 0.75 and I = 1.0 M, k,FPT* was determined for
acetate concentrations, 0.05, 0.10, 0.15, and 0.2 M, and it was
found that k,FPTA is independent of acetate.

Discussion

In the reaction of the aquo ion, our results differ from those
of Winstein and Johnson in three respects, viz., (i) our rate
equation (eq 8) contains no iodine-independent term, (ii) the
acid dependence equation is more complex than theirs, but
approximates to theirs at high acid, and (iii) the rate constants
ky, and ky,- obtained in this work are higher than values that
could be obtained from their data.?

In order to ascertain that these differences are not due to
impurities, we measured, for comparison purposes, the rate
constant for the Ti** + Ru(NH,),** reaction. The results were
[Ru(NH;)¢*] = 1.34 X 1073 M, [TP?*] = 1.25 X 107 M, [H*)
=02M,r=25°C,I=10M,and k =090 M5!, This
rate constant is in excellent agreement with 0.855 M~ i s!at
[H*] = 0.206 M obtained by Davies and Earley under s1m11ar
experimental conditions.!?

We prefer to accept our data on the Ti(H,0)¢** + I, re-
actions because (a) our investigations were carried out over
a wider range of reactant and acid concentrations (Ti(III) was
for over a 22-fold variation in titanium(IIl) concentrations),
(b) our work was carried out in the acid range 0.0036-0.2 M
while Winstein’s was for only 0.10-0.50 M, and (¢) k;, and
ky- were determined in Winstein’s work for only three dlffcrent
acid concentrations and at very high concentrations of iodide.?
Since, at such high iodide concentrations (0.1-0.5 M), the
iodine is present predominantly as 17, k;,- determined from
such data is likely to have a greater error than k- determined
from the data at the iodide concentrations employed in our
studies. A similar disagreement has been reported between
earlier rate constants reported for the Ti**(aq) + Co-
(NH;);CIi*" reaction® and the results of more recent inves-
tigations.?
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Figure 4. Effect of pH on the rate constant for the TIEDTA™ + I,
reaction, shown by a plot of k,FPTA vs. pH. The solid line represents
the calculated values of k,FPTA according to eq 9 while the points
represented by @ are the experimentally determined values of k,EPT4,

In the oxidation of Ti**(aq) by iodine, the form of the rate
equation (eq 8) implies two kinetic components, one involving
a bimolecular reaction between Ti(IIT) and I, and the other
a reaction between Ti(IlI) and I;”. In both cases, as in many
other reactions of aquotitanium(III), the Ti(III) is partitioned
between a kinetically inactive acidic form (having an acidity
constant of K,) and an active basic form (this accounting for
the observed H* dependence). Thus, the important net ac-
tivation processes for the reactions are

K,
Ti3+(aq) - TiOH?* + H* (10)
TiIOH>™ + 12 (activated complex)* (11)
TiOH?* + 1;” — (activated complex)* (12)

From the above, the rate equation (13) can be readily derived.

_dITIdID] kK [TIID] (1] 4
- d¢  [HY] +K,
kKT
[H*] + K,

Since eq 8 and 13 are identical, a;, = 1/k;, b) = 1/k,K,, a,
= 1/k,, and b, = 1 /k,K,. From these the values of k and K,
computed are k; = 5.3 X 10 M 7!, K, (from a, and b)) =
3.0 X 103 M, k, = 6.9 M5!, and K, (from a, and b,) =
3.3 X 10 M, and the mean value of X, is 3.2 X 107 M, The
mean value estimated for K, in this work is in very good
agreement with 3.5 X 1073 M similarly obtained by Orhanovic’
for outer-sphere reactions of Ti*"(aq) ion with cobalt(III)
complexes.” Other workers have-also fitted their data with
1.6 X 107% and 4.6 X 107* M for outer-sphere reactions,>*
involving Ti3*(aq) as the reductant. The experimental value
of K, as determined? by independent workers, although not
under identical conditions, put its value in the range (1.6-6.9)
X 1073 M. However, the kinetically and experimentally derived
values are much lower than the 0.01-0.16 M often obtained
for reactions in which a binuclear intermediate, i.c., an in-
ner-sphere mechanism, is involved'? in Ti3*(aq) redox reac-
tions.

In the oxidation of TIEDTA™ by I,, the biphasic nature of
the acid dependence replicates the acid dependence of the
half-wave potential as reported by Pecsok and Maverick.?® The
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interpretation they gave their results was that below pH 2.5
the Ti(IV) species exists as TIEDTA, while above pH 2.5 it
exists as TIO(EDTA)?". Thus, as in the oxidation of Ti**(aq)
to TiO?*, a prior hydrolysis of TIEDTA™ to TIOH(EDTA)*
must precede the electron-transfer step in the oxidation of
TiEDTA™ above pH 2.5. Therefore, it follows that in the
oxidation of TIEDTA™ by I,, the net activation processes in
the pH range investigated in this work are

KEPTA
TiEDTA- + H,0 —=— HOTiIiEDTA? + H* (14)
k‘EDTA
TiEDTA™ + I, —— (activated complex)* (15)

EDTA
kTR gy

HOTIiEDTA?* + I, (activated complex)* (16)
Equations 14 to 16 lead to the rate equation
d[Iz] klEDTA + kEDTAOHKaEDTA[H+]—1

dr 1+ KaEDTA[H+]_1

{[TI(ID} L]}
(17)

and hence
k,EDTA 4 KEDTA g EDTA[[[+]-1

EDTA —
ks - | + K,EDTA[H*}! (18)

Since eq 9 and eq 18 are identical, it follows that kEPTA =
2.5 %X 10° M1 sl kEPTA L = 1.3 X 10° M~ 7!, and K,BPTA
= 1.1 X 1077 M. The magnitude of K,EPTA is in close
agreement with 1.5 X 10”7 M obtained!” from the kinetics data
for the oxidation of TIEDTA™ by CO(NH;)¢**.

In the oxidation of either Ti**(aq) or TIEDTA™ by I, or I,
it is assumed that, as in most of the reactions of halogens with
reducing ions,'>!® the electron transfer proceeds by way of
univalent changes, and the immediate product of the rate-
determining bimolecular electron-transfer steps is the dihalogen
radical ion, I,™. Our results in this work show the subsequent
reactions of this transient species add no complications to the
rate behavior of the systems being investigated.

As regards whether the reactions of interest proceed by
either the inner- or the outer-sphere mechanism, the only
convincing kinetic evidence for the outer-sphere mechaism is
in the magnitude of the rate constant for the oxidation of
TiEDTA™ by I, above pH 2.5. The rate constant obtained for
this reaction is much higher (about 100-fold) than the sub-
stitution-controlled electron-transfer rates in the inner-sphere
reactions!” of TiEDTA~ with Co(INH;)sSCN?* or Co-
(NH;)N;?*, By comparison with available results on the
choice of mechanism by aquotitanium(III), two Jess convincing
pieces of evidence seem to support an outer-sphere mechanism
for reactions reported in this work. These are (i) the fact that
inner-sphere reactions of Ti**(aq) with metal complexes are
accompanied by more complex acid dependence behavior!?
than can be explained by merely invoking hydrolysis of the
aquotitanium(IIT) and (ii) that inner-sphere reactions of
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Ti**(aq) have only been established for complexes where the
“lead-in” ligands are typically Pearson’s hard bases, whereas
complexes with relatively soft bases like iodide react by the
outer-sphere mechanism.’
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