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INTRODUCTION

The reactions and uses of perchloric acld as a strong
oxidizing agent in concentrated solutions are well known
(1,2,3,4). However, in dilute solutions it appears to act
only as an acld, the perchlorate ion being relatively un-
reactive, Because of this unreactivity of the perchlorate
ion in dilute solutions perchlorates are used considerably,
for example, as a means of malintaining constant ionic strength
in solutiong, in electromotive force studlies, or, in general,
under conditions where an inert lon is required. Also, per-
chlorate ion does not form complexes in aqueous solutlons
and so perchlorate salts are used to study the formation of
complex ions such as c¢hlorides and sulfates by means of
electromotive force measurements, Investigations of thié
nature give an insight into the manner in which ions are
coordinated in solutions. This further aids in explainlng
the mechanisms by which reactions take place in aqueous medla.

Perhaps less well known are the reactions in which
perchlorate lon is reduced in dilute sclutions. Sjollema
(5) reduced perchlorate with ferrcus hydroxide and Tommasi
(6) reportedly reduced it with nypcsulfurous acid. Rothmund
(7) demonstrated that the salte of trivalent titanium as well
as the salts of the lower oxidation states of vanadium and

molybdenum were oxldized with considerable speed by perchloric



acid in dilute aqueous solutions, The lower salts of tungsten
and chromium also react but extremely slowly.

Since perchlorate ions are quite stable and do not tend
to form complexes in agueous solutions, the question arises
as to the mechanism of electron transfer during the course
of the reduction process. In order for an oxidatlion-reduction
reaction to take place there must be, of course, some means
by whieh an electron may transfer from one reactant to the
other. In general, this transfer wmay occur by two different
processes: 1) direct transfer of electron upon collision
' of the two reactants, and 2) transfer of electron after the
formation of coordinated complex ions as an intermediate.

The former process takes place as a result of a direct
cellision of the reactants. The second is the result of an
electrostatic attraction between ionic species to form a
coordinated complex which may react to yield the end products.

If the process takes place by a direct collision of the
reactants, then they must possess sufficlent energy to cause
an interaction of their atomic orbitals allowing an electron
tranasfer to take place. The nature of this reaction would
require falrly bigh energles, those normslly found in the
gas phase at elevated temperatures where the reacting species
would possess the required energy.

For reactions at lower temperatures, such as reactions

carried out in the ligquid phase, the reasctant molecules would
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not possess a high enocugh energy to react upon collision,
Consequently, a more reasonable explanation must be found,
one which requires an intermedlate with & lower activation
energy 8o that the reactants can scale the potential hump
which exists between reactants and products. The forma-
tion of a coordinstion complex between oxidant and reductant
has been proposed., The formation of this complex lowers
the activatlion energy of the reacting species so that a
reaction may take yla@a,»

Considerable evidence supporting the theory that
coordination complexes enter into oxidation reactions may
be found in the literature. Manchot and Haunschild (8)
and Manchot and Pflaum (9) were earlier proponents of this
theory. More recent data are given by Duke (10) and Duke
and Bremer (11). A review of the more recent work done on
this theory may be found in Bremer's Doctoral thesis (12).

S8ince perchlorate ion does not tend to form complex
ions, undoubtedly due to its stable configuration, the
mechanism by which T1{III) and cza#* do react in dilute solu~
tiong becomes of interest. The reacting species are
undoubtedly some complexes of Ti({III) as Ti({O0H)** or Tiﬂlx*3“*,
the latter since the reaction is carried out in €1~ solu-
tions. Bredig and Michel (13) studied the chemical kinetics
of perchloric acid and its salts in aquecus solutions of

hydrochloric and aulfuria acidas,. The reaction of interest



in this work which they studied was that of the oxlidation
of Ti(II1) with perchlorate ion in hydrochloric acid-water
solutions, They found the kinetics of the reduction of
perchlorate ion to be first order in Ti(III) and the rate
to be independent of the initial concentration of Ti(IIl).
They reported also that increasing the hydrochloric acid
concentration increases the rate, especially at high con-
centrations, 1i.,e., those of the order of 4-6M, They did
not point out that under these conditions both the H* and
Cl™ concentrations are belng increased and that probably
both of these do have an effect on the rate. The per-
chlorate dependence was studied using both HC1lOy and
Mg(C10y)p indieating that the rate is propertional to the
perchlorate concentration whether as HC10y or Mg(C10y)s.
However, their data show that the rate is considerably
greater when HC10, is used, thereby indicating that the H*
does play a role in the resction kinetics, They do point
out later that the dependence of acid is cowmplex, the
regction being less influenced at lower concentrations and
increasing to approximately first order. This 1s one phase
of the problem that requires more study. A simple dependence
of acid as well as the other lons is not in accord with the

stolchiometry of the reaction,

ﬁﬁunww + THCL + HC1Oy —a BTICl, + 4HZ0,
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Actually, though, this is quite frequently the case, where
the actual kinetics of a reaction consists of a series of
lower order resctions which make up the over-all process.

One of the mechanisms of the reaction proposed by
Bredig and Michel {13) requires that a direct combination
of T1(III) and €10,  takes place to form a complex as an
intermediate step which would then react to give Ti(IV).
This seems unlikely since direct complexes of perchlorate
ion are very rare and probably the Ti(III) 1s in sclution
as a complex as mentioned above., Another possible explana-
tion proposed is that in which Ti1(III) is oxidized in a slow
step to Ti(V), whereupon the Ti(V) immediately reacts with
another T1(III). The C10;~ is reduced to Cl- by a stepwise
process. However, this requires the presence of 2H' and
also the probability of a quadra-molecular reaction which
is highly improbable. A third explanation offered 1s the
reaction between Ti(III) and Cl0,~ to first form an oxygen
compound of hexavalent chloride and Ti{IV). This gives a
formula for a hypothetical acid Eaﬁlﬁ# analogous to manganic
acid, However, the H* dependence does not enter into this
mechanism and from the data given it must be considered.

In reviewing these maghaniamﬁ the possibility of a
complex of Ti(IXI) and C1” existing or of a hydrolysis product
of T1(III), T1(OH)*2, have not been considered, These would
indeed seem to not only exist in solutions of this kind but
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also seem to play an important part in counsidering a kinetic
mechanism for this reaction, With the preceding considera~
tions in mind, the work cowprising this thesls was under-
taken, It was hoped that in the course of this investiga-
tion a sultable mechanism for the reduction of perchlorate

ion in dilute agueous sclutions could be postulated.
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EXPERIMENTAL

Inorganic Materials

The titanium wetal powder used to prepare the titanium(III)
chloride solutions was obtained from ﬁetal‘ﬂyﬂrides, Inc,,
Beverly, Massachusetts, Previous attempis were made to study
the kinetics of this reaction using solutions of T1613 made
with Ti metal obtained from the Chicago Apparatus Company,
Chicago, Illinois. Inconsistent results were obtained and
the reaction did not appear to elther go to completion or
to be first order in Ti(III) as shown by Bredig and Michel
(13). Both samples of the Ti metal were analyzed spectro-
graphically. That from the Chicago Apparatus Company was
found to contain a rather high percentage of irom, i.e.,
greater than 1%. The T1 powder cobtained from Metal Hydrides,
Inc. had less than 0.01%, MacKenzie and Tomwpkine (14)
reported in their study of the auto-oxidation of TiCly solu-
tions that Fe*? does interfere. Thus, all solutions of
T1613 were made from Ti metsal powder from the Metal Hydrides,
inc, '

Ferrcus ammonium sulfate used was Baker and Adamson
Company, Reagent Grade, obtained from General Chemical
Division of the Allled Chemical and Dye Corporation and was
not purified further.
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Ceric ammonium sulfate was obtained from the G,
Frederick Swith Company, Columbus; Ohlo.

Sodium chloride and sodium hydroxide were Baker
Analygzed, Reagent Grade, manufactured by the J. T. Baker
Chemical Company.

All acids used were the products of the Baker and

Adamson Company.
Preparation of Solutions

Titanium(III) chloride solutions were made by dissolv-
ing Ti metal powder in approximstely 6N HCl., The reaction
wag carried out at room temperature under an atmosphere of
nitrogen to prevent oxidation of the Ti(III) by atmospheric
oxygen, The solutions were approximately 0.3N and were
standardized as described below, After the reaction was
completed (usually 4-6 hours) the solution was filtered and
then stored under nitrogen., The nitrogen was passed through
a 0.1N vanadyl sulfate trap to remove any residual oxygen.
The concentration of Ti{III) underwent no appreciable change
over a period of three wmonths.

Solutions of Ticls were standardized according to Method
I as outlined in the Assoclation of Official Agricultural
Chemists, "Methods of Analysis" (15).

The total chloride concentration was determined by the
nitrobenzene modification of the Volhard method for soluble
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chlorides, It was necessary to first oxidize the py+3 by
pipetting a sample into an excess of ceric sulfate solution
to prevent the Ti*3 from reducing the Ag®.

The hydrogen ion concentration was determined by two
different methods., The first of these and the one used was
to let 1t be equal to the difference between the total
chloride and the titanium concentration. The second method
was to first dllute the concentrated solution down by
pipetting five milliliters into a 100 milliliter flask and
making up to the mark with water, Then to ten milliliters
of this was added an excess of standard NaOH solution, The
precipitate formed was flltered off and then the excess base
titrated with standard alkall. The two methods agreed with-
in 1%,

Sodium perchlorate solutions were mede by neutralizing
72% perchloric acid with sodium hydroxide pellets and then
diluting to the desired concentration. The solution was
standardized by passing it through a column of acid exchange
resin and then titrating the acid produced with standard
alkali using phenolphthalein as indicator,

Sodium chloride soclutions were wade by dissolving a
weighed quantity of the salt into a volumetric flask and
diluting to volume,

Both the HCl and HC10y, solutions used were standardized
wlth standard alkali using phenolphthalein as indicator,
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Ferrous ammonium sulfate was dissolved 1in approximate-
ly 0.05N HESQg and also stored under nitragéu to prevent |
oxidation by atmospheric oxygen.

Ceric ammonium sulfate solutions were prepared by
dissolving the required amount of the salt in nine normal
3239%‘ |

A solution of Ce(IV) in 9N Hy80, was used as a quench-
ing medium. Five wl sawmples of the reaction mixture were
pipetted into excess Ce(IV) at known intervals of time.

The excess Ce(IV) was titrated with standard Fe(II)., The
amount of Ce(IV) used is equivalent to the amount of Ti(III)

present at the time the sample was taken.
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DISCUBSSICN

The Pseudo-Rate Constant

A plot of the natural logarithm of the milliliters of
Ce*® used up versus time ylelded excellent straight lines
for all determinations. In most all cases the values plotted
were averages of two or more determinations.

The over-all rate expression for the disappearance of

total Ti*3 can be written thus,

U T

dt

Lo

= k/Tpy*37 F(HY)P(C1™)P(C10,7) (1)

where k 1s the specific rate constant for the reaction and
F represents some function of concentrations as yet to be
determined. For any one run the concentration of H* remains
constant and if the Cl0,~ and €1~ concentrations are large

compared to the @1*3, then this expression simplifies to

4/ Tqy*3/ ~
R AL L (2)

In this equation k' represents a pseudo first order

rate constant and is the slope of a plot of In/ Ty *3/ vs.

time, Thus, by varying the starting concentrations of HY,

€17, and C10,", the rate dependence of each lon can be
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studied and in this way the nature of the functlion P is
determined, From this it may be possible to propose a

mechanism by which this reaction takes place.
Rate Determinations

All determinations were carried out in a distilled
water bath using a mercury thermoregulator to control the
temperature to +0,05°C. Except for specisl determinations
to be considered later the majority of runs was made at

40°C. At this temperature the reaction went to completion

L

e

in about qggkggggf-giving ample time for taking samples.

At 60°C the reaction was complete in about ten minutes.

—

The reactions were carried out in a 100 milliliter
volumetric flask with an extra calibration wark at 96
milliliters.

The NaCl, NaClOy, HC10,, and HCl, necessary to make up
a solution of the desired concentrations were added to the
100 milliliter flask and diluted to the 96 milliliter mark.
The flask and contents were then placed into a water bath
for 15-30 minutes and allowed to come to temperature., Four
milliliters of TiClg solution were added, the solution
shaken thoroughly, and the timer started. At various
intervals of time, depending upon the speed of reaction,
five milliliter samples were taken and pipetted into an

excess of quenching solution, The time of quenching was
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taken as that time the meniscus passed a certain mark on
the plpette, about the halfway mark.

The quenching solutlion was a 0.01N solution of cerie
ammonium sulfate approximately 9N in ﬁﬁﬁﬁg, It was found
necegsary to adjust the acidity of thie solution to the
most optimum conditions., If the pH were too high then basic
salts of cerium precipitated, whereas if the acld concentra-
tion was too high then NaCl precipitated, and tended to
" obscure the end point. A concentration of about 9N H,SO,
was found to give the best results. Ten milliliters of the
Ce(IV) solution were used and the excess was titrated with
0.,01N ferrous ammonium sulfate using ferroin as the indlca-
tor. For these concentrations the indicator blank is quite
high and a large error was anticipated but by using a constant
volume of indlcator good consistent results were obtalned.
Indicator blank corrections were not made since the errors
involved were well within the over-all errors in the rate
determinations,

The exact concentrations of the Ce(IV) and Pe(II) solu-
tions were not known, only their titre. The volume of
Pe(Il) needed to titrate the excess of Ce(IV) after quench-
ing was converted to an equivalent amount of Ce{IV) which
in turn is converted to an equivalent amount of wi(IIX)

present at the time the sample was taken. Thus, when a run
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was completed a plot of 1n(Ce/IV/ used up) versus time

was made for the first order plot.
The Hydrogen Ion Dependence

Since it was not too clear as to the role that the HY
played in this reaction from the data of Bredig and Michel
(13) it was decided to first study this effect. Runs were
made at a chloride concentration equal to 2.0M, C10; = 0,5M,
74+3 = 0,015, Data were also collected at three tempera~
tures, 30°C, 40°C, and 50°C, to study the effect of tempera-
ture on the rate constants. The data are shown in Tables 1,
2, and 3, and are plotted in Figures 1, 2, and 3, respective-~
1y.

A plot of the pseudo constant k' vs, /H*/ yielded a
straight line for temperatures of 30° and 30°C. The best
straight line was determined by the Method of Least Squares.

Thus, k' may be written,

H
where ka and klﬁ are the rate constants. The values of
kﬁa and klﬁ were obtalned from the graphs, kgﬁ being the y
intercept and klﬂ being the slope of the straight line.

This equation then represents the function F(H) in the
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Table 1. Hydrogen Ion Dependence 39%. Variation of
pseudo first order rate constants with / H*

[T1*37 = 0,015M [T1-7 = 2,0M [B10477 = 0,5M

L

Vi 4 kx103 A7 K 'x10°

0.23 8.37 1.2 10.24
0.40 8.75 1.4 10.82
0.60 8.05 1.6 11.47
0.80 9.72 1.8 12,00
1.0 9.97 2.0 12,47
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Table 2, Hydrogen Ion Dependence &&66. Variation of
pseudo first order rate constants with /RY/,

[T1*37 = 0,015M [B177 = 2.0 (€10, 77 = 0.5M

A7 k'x10° /a7 Kk1x10°
0.40 2,84 1.4 3.60
0.60 3.01 1.6 3.77

1.0 3.29 2.0 4,17
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Table 3, Hydrogen Ion Dependence 56%‘ Variation of
pseudo first order rate constants with M/,

[T1*37 = 0.,015M f0177 = 2.0M /C10,"7 = 0.5M

[B*7 k'x10° /A7 K 'x10°

0.23 8.95 1.2 11.22
0.40 9.43 1.4 11.78
0#60 gi% lcé 12«53
0.80 10.16 1.8 13.52

1.0 10.52 2.0 14,45
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original rate equation and the rate expression takes the

form,

LT py+d/

dat

td

= (kaa’é xlﬁga§7)x(§1*)?(azea”jngTifg7,(4)

Above 40°C the H* dependence is no longer linear and at

50°C the function assumee the form, | <
k' = £ k, /A7 + wo /AY7C, (5)
Koy * k1, AT + kg TS |
The valuesg of k k and k, obtained from the graphs of
oy’ e’ 209 Ky

Figures 1, 2, and 3 are given in Table 4,
The significance of the constants k@ﬂ and klg may be

explained in the following way. The reaction proceeds by
two independent paths, one which 1s hydrogen ion dependent
and the other which is hydrogen loun independent. Thus, RQH
represents the rate constant for the reaction if no H' were
present in the solution, or it is the rate constant for s

reaction uncatalyzed by H*, Theavkxa is the rate constant

for the H' dependent reaction.
These constants vary with temperature so that the
activation energles and entropy changes for these effects

can be calculated, The following equations were used,
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Table 4, Hydrogen Ion Dependence. Variation of rate
constants with temperature.

. Op 102 2 v w1

t c: k%m klﬁxl kagxm
30 0.7840.05" 0,2340.02 —
h“ 2 &939 &2 Qy&lt@ Q% vy

*,
Errors based on an estimated mwaximum error of about 7% in
determining the pseudo rate constants.
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K Kﬁ = Boltzmann's Constant

AF = -2,3 RT 108 wemm
. Kg T/h  n = Planck's Constant

AR' = 2,3 R-Y2 108 %2 _ e
To-T1 Ky

-AF  + AR
Ag = .
T

Using the data shown in Table 4 these quantities were
caleculated and are shown in Table 5,

The fact that the resction proceeds both hydrogen ion
catalyzed and hydrogen ion uncatalyzed indicates that there
must be at least two titanium complexes which can form a
coordinated complex with perchlorate ion and will react to
give the final products, These complexes could be Ti(OH)**
and T1C1**, as well as a hydrated complex. Since the
reaction is hydrogen ion catalyzed one might expect the

following equilibrium to exist,
T1(OH)** + HY === T1*3 + H,0.

However, if this were the case then it should be posaible
to determine an equilibrium conastant for this reaction and
it should show up in the rate equation., It can ﬁe seen that
this 1s not the case; consequently, this equilibrium does

not exist, or, at least it does not enter into the kinetics
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Table 5. Rate Constants and Thermcdynamic ﬂunctiﬁna for
the Hydrogen Ion Dependence.

ﬁﬁ‘m“.? ,
. - >
—— = (kg + 0, B TeaoF
Uncatalyzed reaction 3@”@ 40°
k’%x 1@3 Q » T&i’@ * 5 2 ’ “'920 ,,ﬁ
# 5 p” 4
41?313 = 20.740.1 kgal
AR = 21,3+12% keal
A8" = 21,3450% e.u.
Catalyzed reactien 30% 40%
Ity %102 0.2350.02  0.8140.06

-4
313 21.320.1 keal

AR = 24.,248% keal
A‘S# . 9&2?‘35@% [ % ¥
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of this reaction. Thisz would then lead to the supposition
that either the TiC1** or the hydrated Ti*3 is one of the

reacting specles.
The next phase of the problem then was to study the

effect of chloride ion on this resction.
The Chloride Ion Dependence

Although chloride ion is one of the products of this
reaction and might not be considered as having too great an
effect on the rate since the reaction goes to completion,
one would nevertheless expect it ¢o play en important role
in the reaction kinetlcs due to the formation of chloride
complexes of Ti*3, |

If one assumes the following to be the rate expression,

défr@1*§7

dat

-

= Ky /T1%37 + T1c1tY7 + x 1€1,%7 + ...,
lcléﬁ £ kggllg 7 301ZT o/
(6)

then the total titanium in solution both complexed and non-

eamplaxadkwill be given by,
LT3/ = 3137 + [TICL*T + MCL, 7 + vow o (T)
Now for the complexes formed, we way write,
T4*3 + 01" == mic1**,

TICL** + C1™ ====> TiClp*, ete,
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Bquilibrium constants for these equillbria may also be

written,
K, = Zfiﬁlfﬁ7 R K, = éﬁiclgf:7 s ete,
[T¥37 /0077 | a7 7

Then, [F1e1*?7 = K, /Mi*37/0177,
and [F1e1,7 = legéﬁlfzzzﬁi:7a, ete.

Substituting in the axgragaian for total titanium, equation

Ts
ZﬁT§1y37 T [T1*37 + K1é§1f§72§;:7 + K1KQZ§if§Z£§;:7g Y e e
from which |

AL S |
1o (/017 + KK O« L L
The rate law expression then becomes,
4/ Tp 3/ klmfr %3 + k2 K OL T Tgy*3/
dt 1+ K3/C177 +

[M*37 = : (8)

+ k%l xlxagly[fmﬁy SN

Kllcgﬁljg .
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or,

dt.

Ky + xmaw K\ /C1T7 + xwmw ﬁwmmmmwnw&é gm#
8& Mgu.w mqﬂ.ﬁé.% = . \\

c1
1+ K /B177 + KK /B172 + L.,
(9)

The expression in the brackets is the pseudo first order
rate constant, k', the values of which can be obtalned from
the plots of 1n/Ty.+3/ V8. time, If the expression is
simplified to the following,

Cl ;
1+ K3 /0177

thereby disregarding for the time belng the higher coumplexes,

#H ¥ Kwﬁw Nﬂ&dﬂ“ﬁ

K! R (10)

#

one obtains an equation with three unknowns: mwy the
equilibrium constant for the formation of the complex, and

the rate gonstants wwap and xmnw. By taking three values

of k' vs, C1™, three equations can be set up and the unknowns

Ky, ke
1oy’ *2g,

» and Ky, determined, The theory can be checked
by comparing the experimentally determined dats with that

calculated using the newly determined constants xwaw xma
21, 1,

and mﬂw, .
The chloride dependence of the reaction was studied at

four different values of HY concentration and at two
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temperatures. In this way it was possible to determine not
only the effects of chloride ion at various H* but also the
temperature dependence as well.

The data obtained are shown in Tables 6, 7, 8, and 9,
and are plotted in Figures 4, 5, 6, 7, respectively. These
data show quite clearly the decrease in rate ﬁpmn incress-
ing the Cl~ concentration. This is in contrast to the data
of Bredig and Michel (13) who found an increase in rate
upon increasing the HCl concentration. Although these runs
were at lower C1” than those of Bredig and Michel (13),
determinations made at higher concentrations, 1.e., 4M, showed
no increase in rate. It would seem that increasing the HC1
concentration should produce a decrease in rate since the
decreage due to Cl™ is far greater than the increase produced
by H*,

For all four determinations the theory was tested by

first calculating the constants klcl’ ky , and Ky, from

Cl
the data obtained, using equation 10, These are shown in
Table 10, Then the constants were substlituted back into
equation 10 for k', and for given values of C17, the corres-
ponding values of k' were calculated. The theoretical and
observed values so obtained are compared in Table 11. It
can be seen that agreement with theory is excellent for c1-
concentrations less than about two molar, Beyond this con-

centration higher Cl1™ complexes of Ti*3 must become more
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Table 6. Chloride Ion Dependence &@°ﬁ, Variation of
pseudo first order constants with /T1-7.

[T1*37 = 0.015M [H!7 = 0.22M f610,77 = 0.5M

£r7 k'x10° 17 KIx10-
0.24 3.87 1.6 2.58
0.40 347 1,8 2.59
0.60 3.24 2.0 2.51
0.80 3.02 2.4 2.53
1.0 2.85 2.6 2,47
1.2 2.7k 3.0 2.52

1.4 2.63
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Table 7. Chloride Ion Dependence 40°¢, Variation o
pseudo first order rate constant with [33.“‘ .

[T1*37 = 0.015M M7 = 0.5M [010,~7 = 0.5M

o7 k1x10° [o7 ie1x10°
0.2% 3,13 1.6 2.80
0.40 3.75 1.8 2.75
0.60 3.47 2.0 2.72
0.80 3,26 2.4 2.67
1.0 3.10 2.6 2.64
1.2 2.9 3.0 2.65

1.4 2.87
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Table 8. Chloride Ion Dependence 40°C. Variation of
peeudo first order rate constants with /C177.

[T1%37 = 0.015M [H*7 = 0.75M [B104"7 = 0.5M

7 k%102 [o127 k12107
0.26 4,50 1.8 2.99
0.40 4,23 2.0 2.98
0.60 3,81 2.2 2.99
0.80 3.60 2.4 2.97
1.0 3.32 2.6 2.93
1.2 3.26 2.8 2.99
1.4 3.13 3.0 3.05

1.6 3,05




32

Table 9, Chloride Ion Dependence 40°C. Variation of
pseudo first order rate constants with /C177.

[M1*37 = 0,015 M7 = 1.0M [£10,77 = 0.5M

[ K 'x10° o7 K'x10°
0.51 4.31 1.6 3.36
0.60 4,02 1.8 3.29
0.80 3,88 2.0 3.18
1.0 3.67 2.4 3.18
1.2 3.53 2.6 3,14

1.% 344 3.0 3.11
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Table 10, Chloride Ion Dependence #0°C. Variation of rate
and equilibrium constants with ’[&"; .

[T1*37 = 0,015M /810,77 = 0.5M

A " o2 . w10®

/B7 ky 5, %10 kgq,X10 9
0.22 %Qséxaﬁﬁ 199?3@&3 ﬂ;?&z@»k
0,50  5.1340.5 2.1240.2  2,1240.4

1.0 §¢99ﬁe¢6 %4563@03 3;11360&
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evident and consequently the pseudo first order rate con-
stant expression can no longer be simplified in the wanner
indicated above for the lower concentrations of Cl°,

The calculated values of the equilibrium constant in
Table 10 appear to be in good agreement, within experimental

error (+7%). The increasing values of k301 and kacl for

increasing H* show that the chloride complexes become wmore
evident at higher H*, |

Because the reaction is retarded considerably due
to increasing Cl™, there must be a series of equilibria of

the form shown previously, i.e.,

7143 + €1~ s TA01*Y
TIC1** + C1° === mcna“”
mcla* + 01" TiClg, ete.

At lower concentrations the complexes ﬁ@aﬁ likely present
are T1C1** and Ticlz*, along with small concentrations of
the others.

The chloride dependence was also run at 50°C to
determine the effect of increased temperature on the rate
and equllibrium constants., The data obtained are shown in
Tables 12, 13, 1%, and 15, and are plotted in Figures 8, 9,
10, and 11l. The constants for these determinations were

calculated and are shown in Table 16,
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Table 12, Chloride Ion Dependence 50°C, Variation of_
pseudo first order rate constants with /C177.

[T1*37 « 0.015M /M*7 = 0.23M [B10,77 = 0,5M

87 k'x10° BT k*x10°
0.24 12.38 1.8 8.72
0.40 11.32 2.0 8.21
0.60 10.55 2.2 . 8.2
0.80 9.84 2.4 8.08
1.0 9.34 2.6 8.25
1.2 9.02 2.8 8.29
1.4 8.72 3.0 8.17

1.6 8.58
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Table 13. Chloride Ion Dependence 50°C, Variation of_
pseudo first order rate constants with /C177.

[T1*%7 = 0.015M [£10,"7 = 0.5M [H¢7 = 0,5M

7 k*x10% Vi:1W kx10°
0.24 13.83 1.2 9.77
0.4 10.61 1.4 9.66
0.6 11,72 1.8 9.33
0.8 11.03 2.0 8.88

1.0 10,28




12

Table 14, Chloride Ion Dependence 50°C, Variation of

pseudo first order rate constants with /C177,

[T1*37 = 0,015 f€10,”7 = 0.58 /HY/ = 0.75M

&7 Kk *x10% 87 K 'x10°
0.40 13.25 1.4 9.83
0.60 12.06 1.6 9.62
10.80 11.11 1.8 9.58

1.0 10.40 2.0 9.12
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Table 15. Chloride Ion Dependence ﬁﬁqﬂq Yariation of
pseudo first order rate constants with /C177.

[A1777 = 0,015% [£10,77 = 0.54 /A7 = 1.0M

[o17 k2102 [T k'x10°

0.51 13.00 1.4 10.45
0.6 12,42 1.6 10.17
0.8 11.72 1.8 10,17
1.0 11.22 2,0 10,03
1.2 10.72

Table 16, Chloride lon Dependence 50°C. Variation of
rate constants with Lﬂg .

Va4 kg, ¥10% kg, *10% Ky

0.23 17,0441 6.6540.5 2.8340.2
0.50 17.5321 7.1520,5 2.2540.2
0.75 18,4831 7.2440,5 2.4640.2
1.0 18,7641 7.9040.5 2.3840,2
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The thermodynamic functions for the chloride dependence
of the reaction were caloulated using the same equations as
for the H* dependence, In this case the effect of tempera-
ture on the equilibrium constant for the formation of chloride
complex was determined and so the thermodynamic functions
for this equlilibrium could also be calculated, The results
obtained are shown in Table 17. The quantity k; can be
interpreted as the rate constant for the reaction at zero
chloride concentration. Consequently, similar to that
found for the H* dependence,; there is a phase of the reac-
tion which proceeds 1nﬁepaaﬁ&nt1y of the C1°. This seems
to indicate that the hydrated Ti*3 is the most important
reacting species.

In considering the over-all rate expression for this

reaction the function F(Cl”) was found to be,
. + I K ‘1“"'
klm k%l 1&5.?
1+ K7

for €1~ concentrations less than two molar, Thus, the

- original rate law expression, eguation 1, may be written,

- Mz éﬁo + k ay klgl * kﬁsl K’}.E}u:y
at E M~ 1+K/M7



k9

Table 17. Chloride Ion Dependence, Rate constants and
thermodynamic functions for the chloride ion
dependence.,

10% 50%
5113§G.3 17:5:1

4Fj)5 * 20.240.1 koal
AE = 24,0413% keal
28" = 12.1450% e.u.
2,1250.2  7.1540.5

w -
433313 = 30&?3@%1 keal

AR’ = 23.8414% keal
48 = 9.9!50% e.u.
30°¢ 50°¢

Kiawmge

A‘ & p o +1 s
?313 17 830 1 keal

AH = 23664508 cal.
A8 = ~&9‘3ziﬁﬁﬁ'¢‘u;
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This leaves the perchlorate ion funetion to be deter-

mined.
The Perchlorate Ion Dependence

The results of Bredig and Michel (13) showing a linear
dependence for perchlorate ion were confirmed in a study
of the effects of varying the perchlorate ion concentration.
This was found to be true only at concentrations less than
one molar, however. Above this value the rate becomes
higher than first order.,

In most kinetlc studies it is desirable to carry out
reactions elther at low lonic strength where the effects of
other jons on the rate are negliglble, or at some high
value which does not change appreciably during the course
of a determination. The latter praaaaa is more applicable
in an investigstion such as this since the lonic strength
tends to change as the concentrations of the various react-
ing ions are changed. Since perchlorates are used gquite
frequently to maintain constant lonic strength and since
perchlorate ion is one of the reactants, one is confronted
with a variable which cannot be controlled, |

These determinations were carried out at NaCl = 2.0M
so that at low /C10,”7 the ionic strength was maintained
at sbout two. However, at higher perchlorate the lonic

strength 1s no longer constant but varies with increasing
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Zﬁl@a:7, It was at these high C10,” concentrations that
the C10,” dependence deviated from first order, Conse-
quently, this effect may be attributed to the changing
ionic strength, rather than a change in the kinetics of
the reaction,

The data obtained are shown in Tables 18, 19, 20,
and 21, and are plotted in Figures 12 through 15. The
determinations were made at three differeunt hydrogen ion
concentrations to observe the effect of increasing H* on
the perchlorate ion dependence., The slopes of these curves
are shown in Table 22. The rate of reaction increases
with H* as was expected,

At low perchlorate ion the pseudo first order rate
constant varies directly with the perchlorate ilon concentra-

tion, and may be written as,

| k! = xlcw&”[dmgjg (11)

The function F(C10,”) is then written as ;clm%ﬂ/ﬁmqj.

The possibility of the presence of any Ti{III)-
perchlorate ion complexes was investigated. Runs were made
varying the perchlorate concentration up to 6M, These
determinations were carried out at 20°C, since ﬁh@ rate of
reaction 1s too fast at such high cla&” concentrations to
be followed by the techniques described earlier. The

reaction was found to be first order in Ti*3 over the whole
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Table 18. Perchlorate lon Dependence 40°C, Variation o
pseudo first order rate constants with /C10y~/.

/F1*37 = 0.,015M M*7 = 0.22M fC177 = 2.0M

L£roy7 k?xxag L1077  k'x10?
0.02 0.0927 0.40 1.97
0,04 0.234 0.60 2.96
0.06 0.283 0.80 4.02
0.08 0.380 1.0 5.18
0.0 0.485 1.1 5.71

0.20 0.935 1.2 6.45
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peeudo first order rate constants with

[11°37 = 0.015M [B17 = 0,234 [B17 = 2.0M

Table 19, Perchlorate Ion Dependence 30°¢, ?ar1a§%§§ 0

£107  xwof [510,77  x'x10°
0.10 0.493 0.90 4,85
0.20 0.717 1.0 5,56
0.30 1.57 1.2 6.90
0.40 2,03 1.4 8.35
0,50 2.61 1.6 9.77
0.60 3.17 1.8 11.35
0.70 3.69 2.0 13.45
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Table 20, Perchlorate Ion Dependence 40°C, Variation of
pseudo first order rate constant with /C10y77.

[11%7 = 0.015M /BY7 = 0.50M [B177 = 2.0M

(510,77 Kk 'x10° [£10,"7  xk'x10°
0.10 0.564 0.91 5,30
0,20 1.06 1.0 5.69

10,30 1.62 1.2 7.31
0.40 2.12 1.4 8.91
0.50 2.84 1.6 10,00
0.60 3.20 1.8 11.93
0.70 3.9% 2.0 13.71

0.80 4,51
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range indicating that no such complexes exist. The data for
these rung are shown in Table 23 and are plotted in Figure
16, At a concentration greater than 2M the C10y~ dependence
is no longer linear,

It was first thought that the deviation from linearity
was due perhaps to the increasiang lonic strength. Haﬁever,
the results seem to indicate an effect much larger than
would be expected solely on the basis of increasing ilonic
strength. Rather, the large increase in rate is thought to
be caused by a decrease in the activity of the solvent water
at such high perchlorate ion concentrations. Robinson and
Baker (16) studied the vapor pressures of HC1l0y-H,0 solutions
reporting thelr data ag the activity of water at various
Kﬂlﬁg gconcentrations, The water activity decreases from
0.96 at 1M HC1lOy to 0.63 at 6M. At ten molar it is only
0.32. On the other hand the activity coefficients of HCLOy
increase from 2,08 to 4,75 at 4M and 6M respectively. This,
then, leads to a reasonable @xplénat&on for the large increase

in rate at high HC10, concentrations,
| The complete rate expression for.the reaction between
71*+3 and Cl04" may be written as the following,

. k, k p w,
& T g+ 1a 2., Kj/C1
..Mﬂ &0 + ky 3:7‘ Cl + v Qlk "'7
at #oH 1+ 5 /617
(10, [Ty +37»

k
l610,-
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Table 22, Perchlorate Ion Dependence. Variation of per-
chlorate ion dependence with [ﬁa .

[F1*37 = 0,0154 [B17 = 2.0M
& Kk xlﬁg
AT loagy-tt
0.23 5,2640.04
0,50 5.5620.04
1.0 6.3540.04

Table 23. Perchlorate Ion Dependence 20°C, Variation of
pseudo first order rate constants with /C10,77/.

[F1*37 = 0.015M M7 = 0.23M 0177 = 0.24M

010,77 Kk 1x10% 810,77 k1x10°
0.25 0.252 3.5 3.08
0.50 0.472 4.0 k.33
1.0 0.804 4,5 5.57
1.5 1.05 5.0 7.7
2.0 1.56 5.5 9.37
2.5 2.01 6.0 11,67

3.0 2.60
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or, combining constants,
o[Tu*y 1+ kg KoL + k3BT + iy Ky /AT /017
at 1+ X, /C177
LAYTLT givdf (12)

R

The Rate Constants and the Thermodynamic PFunction

The rate constants kl’ Ko, k3, and k;, in the rate equa-
tion

,Mﬂw?nﬁ*%aﬁwv%m?*%%&%%7
at 1+ K1£§$:7
Z§1Q4;7ZTW"T1MS7

can be determined and since the rate of reaction was studied

at two temperatures it is possible to calculate the activa~
tion energles for this reactlion. For the reactions at con-

stant €10,  the pseudo first order rate constant will be

given by,
[c104~7 1+ 5 /017

For any one run the 43;7 remains constant and this expression
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becomes,
K ky '+ k! Kléﬁlj
= »
££10,77 1+ K/C177
where,
ky! = kg + kgAY, and (14)
kp! = kg + kA7, (15)

A plot of k' and ky' vs. /H!7 should yleld two straight
lines the first having a slope of ks and y-intercept of Kl’
the second having a slope of k) and a y-intercept of kg.

In each case an average value of Ky was used. The values

of the various constants at 40°C are summarized in Table 24,
Using & value of Ky = 2,18, k' and kp' vs. /E'7 are plotted

in Figure 17. The constants ky, kp, k3, and k,, obtained

from the plots were found to be, ky = 8.78x1072, k, = 3.57x1072,
k3 = 3.46x1072, and k), = 1.36x1072,

These constants can also be determined by consldering
the pseudo first order rate expression at constant /C1°7 and
[L10,77. Under these conditions,

k'(1 + K1)

£Lr0,77

= k" + k"LHY T, (16)
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Tabla 24, Hydrogen Ion Dependence %0°C. Variation of
rate constants with /HY/.

[T1437 = 0,015M /010,77 = 0.5M Ky = 2.18

2

BT i, w02 kaalxza@ ky 'x10°  kp'x102
0.22 4:86 1.97 9.72 3.94
0.50 5.13 2.12 10.26 4,24

1.0 5.99 2.56 11.98 5.12
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FIG. 17 HYDROGEN ION DEPENDENCE. 40°C
A - k/VERSUS [H']
B — ki, VERSUS [H']
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wheve,

k" =k + ky Ky/C177, (18)
and

kp" = k3 + ky K;/C177. (19)

By plotting k' vs. /H'7 at various /177 a series of
straight lines are obtained which have slopes of kp"/C10,77

' (1 + Kif) |
and intercepte of k;"/€10,77 , Por the reaction at 40°C

(1 + Kl'}‘

the dsta obtalned are shown in Table 25 and are plotted in
Figure 18. The values of k;" and k," as a function of [T17/
are given in Table 26 and are plotted in Figure 19. The

constants ky, kp, k3, end ky, for this method were found to
be, ky = 8.99x1072, ky = 3.61x1072, k3 = 3,34x1072, and ky =
1.37x1&¢2. These agree very well with those caleculated above.
The average of these values is then, k; = (8,.89+0,1)x10-2,
kg = (3.59£0.1)x1072, kg = (3.4040.1)x10-2, and kj = (1.3640.1)
x10"2, The errors shown are the standard deviations of the
average values,

The same series of calculations was carried out for
the reaction at 50°C, The variation of the rate constants

as a function of the hydrogen ion which were obtained from
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Table 25. Chloride Ion Dependence 40°C, Variatic
pseudo first order rate agawga with ..M

at various /H*/.
01077 = 0.5M /T1777 = 0.015M

BT BTag BT T3 BT

0.30  3.70 3.98 5.39 573
0.45  3.40 3.68 4.05 4,36
0.60  3.24 3.46 3.81 4.08
0.75  3.06 3.30 3.61 3.88

0.90 2.93 3.07 3.43 3.74
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k' x 102

l ] | | I l I | 1

0O Ol 02 03 04 05 06 07 08 09 0

[H*]
FIG.I18 PSEUDO FIRST ORDER RATE CONSTANTS
VERSUS [H*] AT VARIOUS [CI"] 40°cC.

A- [CI"]= 0.30M
B- [ClI"]= 0.45M
C- [CI']= 0.60M
D- [cr]=0.75M
E- [cI']= 0.90M
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Table 26, Chloride Ion Dependence 40°C. Variation of
rate constants ky" and kp" with /C17/.

[11*37 = 6.015M 610,77 = 0.5M

£z Iy "x102 i, "x102

0.30 11.31 k.31
0,45 12,42 4,84
0.60 13.91 4.98
0.75 14,90 5.5k

0.90 16.10 5.92
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6
5
4
3| | B
l | l | | | | | | |
-0 ol 02 03 04 05 06 07 08 09 1O
[cr]

FIG.19 CHLORIDE ION DEPENDENCE 40°C
VARIATION OF RATE CONSTANTS k' AND k2" WITH

[cr]
A - k" VERSUs [CI]

B - k, VERSUS [CIT]
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the chloride ion dependence curves are summarized in Table

27, and are plotted in PFigure 20, The rate constants
determined in this way are, k; = 33,14x1072, k, = 12,95x1072,
k3 = #,41x1072, and k, = 2.33x1072, Por the pseudo rate
constant expression at constant C1™ the values of the pseudo
rate constant as a function of /M'7 and (U177 are shown in
Table 28, These are plotted in Figure 2), The constants

k1" and ko" as a function of /C177 at 50°C are shown in

Table 29 and are plotted in Pigure 22, The rate constants
determined from this graph are k; = 34,12x1072, kg ® 13,90x1072,
ky = 4,4%0x10"2, and k, = 1.80x10"2, The average values of
the rate constants obtained for both 40°C and 50°C are
summarized in Table 30, The activation energies and entroples
for the rate determining steps were caleculated and are shown

in Table 31.
The Temperature Dependence

The Arrhenius activation energy for this reaction was
determined by studylng the effects of temperature on the
reduction of Cl0,~ by Ti*3, This assumes that the activation
energy is constant over the temperature range chosen. The
data obtailned are shown in Table 32 and are plotted in
Figure 23,

The Arrhenius equation 1s given by,

gink | Ea . yhere E, = activation energy.

at RT?
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Table 27, Hydrogen Ion Dependence 50°C,  Variation of
rate constants with JH*/.

[T1*37 = 0.015M 810,77 = 0.5M K; = 2,48

-

BT 6 x10%  kpgx10? kg'x10? iy x0®

gy
0.23 17.04 6.65 34,08 13.30
0.50 17.53 T:15 35.06 14,30
0.75 18.48 7.24 36.96 14,48

1.0 18,76 7.90 37.52 15.80




Th

B

O 01 02 03 04 05 06 07 08 09 1ILO

[H']

FIG. 20 HYDROGEN ION DEPENDENCE 50°C.
A - k' VERSUS [H*]
B~ kp VERSUS [H*]
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Table 28, Chloride Ion Dependence 50°C. Variation of
pseudo first order rate constants with /C1 7
at various /HY/.

[T3*37 = 0.015M [010,°7 = 0.5M

(817 [A$7=0.234 [H170.504 /[H17=0,75M [H*7=1.0M

k'x102  k'x102  k'x0?  kx0®

0.30 12.28 13.35 | 13;?9 14,23
0.45 11,08 12.49 12.83 13.25
0.60 10.45 | 11,72 12.0% 12,44
0.75 9.97 11.10 11.32 11.82

0.90 9.58 10.59 10,74 11.36
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| l | l | l I | 1 I

O Ol 02 03 04 05 06 07 0.8 0.9 1.0
| [Ht]

FIG.2I PSEUDO FIRST ORDER RATE CONSTANTS

VERSUS [Ht] AT vaRIOUS [cI'] 50°¢C

A-[cI'] = 030M
B - [cI] = 0.45M

C- [CI] = 0.60M
D- [€CI'] =075 M
E- [CI"] =090M
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Table 29. Chloride Dependenge 50°C. Variation of k;"
and ky" with /0177, ~

[T1*37 = 0.015M [T10,77 = 0,54
Vi3 W4 N Kk, "x10° k ,"x10%
0.30 43.3 6.28
0.45 49.7 6.27
0.60 54,7 7.23
0.75 59.7 7.55
0.90 64.9 7.24
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75

X 102

k

4 l I l I | | l I | |

O Ol 02 03 04 05 06 07 08 09 10
[cr]
FIG.22 CHLORIDE ION DEPENDENCE 50°C
VARIATION OF RATE CONSTANTS k' AND k, WITH
Lcr]
) A - k" VERSUS [CI]

B - k, VERSUS [cI7]



Table 30, Rate Constants as a Function of Temperature.
[F1437 = 0.0154 [£10,°7 = 0.5M

£ kgx10®  kpx10®  k3x10?  kx10? K

40°C  8.8940.9" 3.5940.4 3.4040.3 1,3640.2 2.18+0.2

50°C 33,643 13.441.3 4.4140.4 2.0440,2 2.4840.2

L
E§x§§; for rate conastants are based on an estimated error
o . &
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Table 31, Activation Energles am& Entmpma for the Rate
ﬁatammmg &t@pa k0°¢ to 50°C

30*C 50°C
kyXx10° 8.89+0.9 33.633
3;13 19.9+41 keal

AR* 26.1215% keal

A8° 20,8+50% e.u.

%102 3.5910.4 13,441
Ay, 20.420.1 keal

AR 25.9+14% keal

48" 17.6450% e.u.

kyx10% 3.4040.3 4.4140. 4
A 1@3‘13 20.4+0.1 keal

AW 5.8450% keal

48" ~46,5+50% e.u.

kyx102 1.3640.2 2.0440,2
AP35 21,040.1 keal

ag® 9.7+50% keal

a8” -36.2+50% e.u.

K, 2,1840.2 2.4820.2
- AF313 17.840.1 keal

AH 2366150% cal.

48 -49,3+100% e.u,
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Table 32. Temperature Dependence. Varlation of pseudo
first order rate constant with tewperature.

g{? = 0,015M /H?7 = 0.5M /010,77 = 0.5M

= 2.0M
t % k'x10% 1a k! %x 103
40.0 2.66 ~3.628 3.193




k'X 10

2.6

2.4

2.0

1.8

08

0.6

20 30 40 50 60
TEMPERATURE °C
FIG.23.TEMPERATURE DEPENDENCE FIRST ORDER
RATE CONSTANTS VERSUS TEMPERATURE [Ti*3]
=0.015M [CIOz] =0.5M [CI~] = 2.0M [H*]= 0.5M
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Integration of this equation yields,
in k z-m§§n + constant. (20)

If this is the form of the temperature dependence on the
rate, then a plot of 1n k vs. % should give a straight line

with a negative slope %& » The data are shown plotted in

Figure 24 which is, by inspection, a straight line plot.
The slope was found to be -11,750 which gives a value of
the activation energy of 23.340.1 keal,

Proposed Mechanism

According to Frost and Pearson (17, p.2)

A wechanism of a reaction is understood to mean

all the individual collisional or other element-

ary processes involving molecules (atoms, radicals,

and ions, included) which take place simultan-

eously or consecutively in producing the observed

over-all reaction.
Included in this definition may be the idea of the concept
of the stereochemical pilcture of the reaction process. A
' kinetic mechanism 1s really a theory to explain the facts,
which in turn are obtained by experimental procedures. Like
all theories they are subject to modification as new and
perhaps more pertinent data are cobtained., As stated above
a theory is proposed to explain the facts and 1s not
necessarily all conclusive. One might very well say, that

any relationship of the proposed theory to the actual



-5 | l | |

300 3.10 3.20 3.30
-JT—-x 103
FIG24 TEMPERATURE DEPENDENCE FIRST ORDER RATE
CONSTANTS VERSUS RECIPROCAL ABSOLUTE

TEMPERATURE T:*3] 0.015M [C103] = 0.5M
=2.0M [HY - 0.5M
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of the rate at high ﬁ* and this was not observed experi-
mentally. Consequently, Ti(OH)** complexes do not appear
to enter into the reaction kinetics. This leaves then ;
for the reacting species, the hydrated Ti*3 and the chloride
complex TiC1**. Thus, one mway write for the over-all rate
of disappearance of total titanium,

Ak

A

= k) /M1*37/210,77 + kp/FAC1YE7 /010,77 + ky/TA*37

dt
L1077 + v M TL0TMAT7.  (20)

The total titanium in solution both complexed and uncomplexed

is given by,

LT qy37 = [F1¥37 + [T101%27.
The equilibrium constant for the formation of TiC1** may be
written from,
11*3 + €17 == me1*?,
Moty
M7 oT

Thus,

ity = K1/T3*37 /0177 and the total titanium
is |
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Lo+ = 8037 « 6 MYT/T = (17 /M7

and

, ‘fﬁ’§§*37 : A?ﬁez*i? z KyéﬁiZZéﬁ*m;ﬁﬁ{
1+ Ky /0177 1+ K /017

Substituting in the rate expression, eguation 20,

ﬁ;{*B 7 =

Sy || BT s, ROTLOOTL g,

1

at 1+ 0177 Py
’ LIV T [T pyay/
3 1+ Ky TLT
K\ LBV T [010, 7 (7 [T g 437 (21)
k;; . B
‘ 1+ x14§x37

or, simplified,

) dl?r%if37; kx’* ky K3/ 0077 + ka/HI7 + 1y &/ 7/B7
dt 1+ K@éﬁlﬁ7

LBr0y 7Ty +3/ - (22)

Equation 22 1s the same as the rate expression found from

experiment.
The following equations may be considered as a mechanlism

for the reduction of Ti*3 by €10y~ 4n dilute solutions:
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11*3 4 €10,” s T2O% » 6103
T4%3 4+ €107 + H* — s T1(0H)*3 4 clo,
TCL** + C104" ——s T10™* (or Ti0C1%) + ClO,

T4*3 + €10~ + H* ———» P1(0H)*3 (or T10HCI') + C10,.

The reaction is thought to proceed by the formation of
2 coordinated complex the disproportionation of which 1s

the rate determining step:

ri01** + c10,” gégg'gﬁbmplex; 28% products.

Since the reaction involves an eight electron transfer,
further reduction of 0103 must proceed by a series of rapld

steps involving a one electron transfer.
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most favorable mechanisms appear to be those which involve
perchlorate ion reacting with hydrated Ti*3 and the complex
TiC1*t,

The following kinetic mechanisms have been proposed:
T1*3 + C10,” === [Gomplex] s C105 + T10"",

T4%3 + €10, + B* === [Somplex/ — €103 + T1(0H)*3,

-

7112 + €10, === [Gomplex/ — €10, - T10"" + €1
(or T10C1Y),

T4C1*2 + €10, + H* === /Gomplex/——» C10; + Ti(0H)*3 + €1~
(or TioHC1Y).

In each case the rate determining step 1s the disproportiona~
tion of the coordinated complex., The radical 6103 reacts
further in a series of rapld one electron transfer reactions

to the final product, €17,
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