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CHAPTER I
INTRODUCTION
The object of the work reported in this dissertation
is the mechanistic study of the oxidation of sulfur(IV) in
acidic aqueous solutions.

Iron(III) perchlorate was used

as the oxidant, but the reaction was carried out in a chloride medium.

Thus, the dominant iron(III) species was a

monochloroiron(III) complex

even though iron(III) was

originally added as the perchlorate salt.

The term,

iron (III), is used to designate the reactive iron complex
where the iron is in the +3 oxidation state.
was found to be catalyzed by copper(II).

The reaction

Copper(II)-

catalyzed reactions of hydrated iron(III) and sulfur(IV)
2 3
have been previously studied, '

as have uncatalyzed reac-

tions of iron(III) and sulfur(IV).2'^"1^

The possible

products of the reaction are sulfate and dithionate ions.2~7
Under most conditions, both reactions 1 and 2 occur to give
a mixture of dithionate and sulfate in solutions containing
no catalysts and where a labile one-equivalent oxidizing
agent is used. 2' 5—7
> SO^" + 2 Fe(II) + 2H"^ (1)

2 Fe(III) + SO3" + H2O
2 Fe(III) + 2S0|"

•

2 Fe(II) + S2OI"

(2)

Dithionate is thermodynamically unstable with respect to

. 1 1

disproportionation,
9—
^2^6 "^ ^2°

as shown in equation 3.
2—
•^ ^2^^3 "^ ^^4

^° " ^'^^ volts

(3)

However, aqueous solutions of dithionate salts do not decompose even when they are boiled for days in an open con12
tamer.

An aqueous solution ccntaining dithionate must

be heated several hours at 150-180 C in a closed tube before complete decomposition occurs.

At room temperatures

dithionate is even stable with respect to oxidation by
most oxidants. 12
When sulfite is allowed to react with a twoequivalent oxidizing agent or an inert one-equivalent
oxidizing agent, the exclusive product is sulfate, as
shown by the example in equation 4. ' '
*- 2I~ + S0^~ + 2H'^

I2 + S03~ + H2O

(4)

The stoichiometry of oxidation of sulfur(IV) to sulfate by
an oxidant undergoing a net one-electron change may be
.-

-, •

^ •

rationalized m

4-

^

^ ^

^

'

13,16,17

terms of one of four mechanisms.

The first two mechanisms involve a one-step formation of a
ternary complex '
or an initial disproportionation of
1
6
oxidant
and are not consistent with the kinetic data
available for these systems. ^ ' "^^ •'-^~-^^'•'"^'•^^ Oxidation of
sulfur(IV) to sulfur(VI) in a two-electron step is a third
mechanism.

In this mechanism the reduced oxidant reacts

in a one-electron step with fresh oxidant to give the final

product.

However, this mechanism does not account for

copper(II) catalysis 2 '3 or inhibition by reduced
oxidant. ' '

A final mechanism involving two one1c

electron oxidations

is consistent with kinetic observa-

tions and is generally accepted.2/4,13-15,18-20

j ^ accounts

for dithionate production through formation of a sulfur(V)
species which then dimerizes to form dithionate before the
9 6 7
second one-electron oxidation occurs. ' '
Some workers
have theorized that the sulfur(V) species that is formed
may be coordinated to a metal ionl"^""l^'1^ instead of being
a free radical in an aqueous solution as others have implied. 2' ^' '* 1°' 20, 21

Both spectrophotometric and esr evi-

dence have been presented that free sulfur(V) radicals
22-27
exist in aqueous solutions.
However, esr work has
also shown that coordination does occur between other radi28—31
cals and metal ions.
Radical scavengers such as hydroquinone and
copper(II) have been found to catalyze the iron(III)2 3 32
sulfur(IV) reaction. ' '
Such catalysts were found to
2 32
increase the amount of sulfate formed. '
This was also
found to be true in the work reported herein where a
copper(II) catalyst was employed in studying the iron(III)sulfur(IV) reaction.
2 3
been disputed. '

The mechanism for this catalysis has
3

Kuz'minykh and Bomshtein

postulated the

mechanism given in equations 5 and 6 for the copper (II)catalyzed iron(III)-sulfur(IV) reaction.

2Cu(II) + H^O + S 0 ^ ~
^
2
3 •<
1^-1

2Cu(I) + S 0 ^ " + 2H"^
4

(5)

Cu(I) + Fe(III) ^^^^ » Cu(II) + Fe(II)

(6)

The copper(II)-sulfur(IV) reaction in this mechanism was
postulated to occur at a much larger rate than the iron(III)3
sulfur(IV) reaction.
The rate-determining step in this
3
mechanism was believed to be the one shown in equation 5.
2
Higginson and Marshall,

however, proposed a completely

different mechanism, as shown in equations 7-11, to account
for their observations in the copper(II)-catalyzed iron(III)sulfur(IV) reaction.
ko
Fe(III) + S(IV) - ^
> Fe(II) + S (V)
k_2

S(V) + S(V)

^3

(7)
•'

2> S20g

(8)

" ^

Fe(III) + S(V)

• Fe(II) + SO.
^c:

Cu(II) + S(V)

(9)

2-

2 _ ^ C u ( I ) + SO^

Cu(I) + Fe(III) ^^^^ > Cu(II) + Fe(II)

(10)
(11)

Both mechanisms can account for the formation of
sulfate as the exclusive product in the copper(II)-catalyzed
iron(III)-sulfur(IV) reaction.

In contrast to the data

gathered by Kuz'minykh and Bomshtein however, Higginson

and Marshall observed no significant reaction between
2
copper (II) and sulfur(IV).
The latter mechanism with
slight modifications has been generally accepted by others
who have also studied the kinetics and mechanisms of the
iron(III)-sulfur(IV) reaction. '
While solutions of sulfur dioxide in water are commonly considered to contain sulfurous acid, H2SO3, the
actual species is a gas hydrate.

The structure is believed

to involve SO2 molecules fitted into a clathrate structure
containing forty-six molecules of water arranged to form
six medium cages and two small cages.

The approximate

formula for a concentrated solution of "sulfurous acid" is
S02'7H20, indicating that all eight cages are not completely
filled.

While solutions of sulfur dioxide are gas hydrates,
2-

bisulfite, HSO^, and sulfite, SO

, salts are well known.

Aqueous sulfur dioxide solutions are gas hydrates, but
these solutions behave like other weak acids.

That is, an

aqueous solution containing one mole of sulfur dioxide will
be exactly neutralized by two equivalents of base.

While

no definite assessment of the reactive sulfur(IV) species
in this study could be stated from the data presented herein, it seems unlikely that aqueous sulfur dioxide itself
is the reactive sulfur (IV) species.

HoweVv;r, evidence to

be presented later implies that bisulfite or sulfite is the
sulfur(IV) species undergoing oxidation.

The work reported here was performed in an effort
to gather accurate kinetic information about the iron(III)sulfur(IV) reaction.

Previous workers have studied the

kinetics of this reaction by withdrawing aliquots from the
reaction mixture at desired intervals, quenching the reaction in the aliquot, and analyzing for the amount of
iron(II) produced.^'^'1^

Iron(III) or other interfering

ions were complexed or removed before the analysis was performed.

Of course, each step in this procedure could in-

troduce an error into the analysis.

The data presented

herein were obtained by using a spectrophotometric method
for observing the kinetics of the reaction.

An instan-

taneous, accurate measurement of the concentration of
iron(III) species was obtained with this method and a concomitant increased accuracy of kinetic data was also observed.
Conditions employed by other workers studying the
iron(III)-sulfur(IV) sometimes involved narrow concentra2 4 10
4
tion ranges. ' '

Karraker

used a large excess of

iron(III) in all of his iron(III)-sulfur(IV) experiments
to prevent dithionate formation. Such a requirement re-2
stricted the range of iron(III) concentration from 4 x 10
—2
4
to 9 x 10 M.
Karraker's analytical procedure also re-3
stricted the sulfur(IV) concentration range from 2 x 10
-3
to 6 X 10
M.
Neither Higginson and Marshall nor Pollard,
10
et al., varied hydrogen ion concentration in their studies

of the iron(III)-sulfur(IV) reaction.

The qualitative ef-

fect of excess iron(II) by these workers was noted, but
2 10
quantitative results were not studied. '
These papers
were not intended to be complete kinetic studies, and the
work described is more precisely termed a stoichiometric
study.

However, the work presented in this dissertation

is a comprehensive kinetic study of the iron(III)sulfur(IV) reaction, and complements the data previously
obtained by other researchers.

This information will be

valuable to those persons interested in the oxidationreduction chemistry of aqueous iron species, sulfur(IV) and
sulfur(V) .
Another objective of this study was to gain knowledge about sulfur(V) radicals.

Information concerning the

formation and reaction of sulfur(V) radicals in this system could easily help in understanding other reactions
involving the oxidation of sulfur(IV) solutions.

However,

the existence of sulfur(V) radicals was not confirmed in
this work, although a mechanism involving such radicals
generally seems to be the most widely accepted. ' ' '

'

A third objective of this work was to learn whether
sulfur(IV) is coordinated to the oxidizing iron(III) and
if so, whether such coordination generally precedes oxidationreduction.

Complexation of iron(III) and sulfur(IV) has

4 8
been previously observed,' but other researchers have denied the formation of significant amounts of an

8
2 6 7
iron(III)-sulfur (IV) complex. ' '

Unfortunately, no in-

formation gathered in the course of this work could be interpreted unambiguously for or against such complex formation.

CHAPTER II
EXPERIMENTAL
Reagents
The water used in all solutions was redistilled
from laboratory distilled water in a Corning AG-lb allPyrex still and stored in a polyethylene storage tank.
Hydrated iron(III) perchlorate was prepared by adding concentrated perchloric acid (Baker Analyzed Reagent)
to an aqueous solution of iron(III) chloride (Baker and
Adamson reagent).

The solution was heated strongly to drive

off hydrogen chloride vapors.

When chloride was no longer

found in this solution, as shown by testing with silver
nitrate, the solution was filtered and subsequently recrystallized from dilute perchloric acid.

The doubly-

recrystallized hydrated iron(III) perchlorate was then
dissolved in water.

The resulting solution contained

roughly equimolar quantities of hydrated iron(III) perchlorate and perchloric acid.

Analysis of iron(III) per-

chlorate solutions consisted of placing a 100-ml sample of
this acidic iron(III) perchlorate solution in a screw-neck
bottle and adding dry amalgamated zinc.

A rubber disk was

placed on the bottle along with a one-holed plastic cap.
The bottle was then purged with nitrogen which had been
bubbled through a chromium(II) solution to remove oxidizing
impurities and then through a safety bottle.
9

Purging was

10
performed by inserting two hypodermic needles into the
rubber disk; one needle was connected to the nitrogen source
and the other needle was left open to the air.

While the

sealed bottles were being purged, they were occasionally
removed from the nitrogen source and shaken to displace any
oxygen that may have been dissolved in the solution.

The

de-oxygenated solution was then shaken for twenty-four
hours or until iron(III) could no longer be detected, as
determined by testing with potassium thiocyanate.

The

solution thus obtained was analyzed by titration to a colorless endpoint with cerium(IV) in the presence of sulfuric
acid and ferroin, using a procedure previously described.
Dry amalgamated zinc was prepared by adding 1 M
hydrochloric acid to 5g of granular zinc (Baker Analyzed
Reagent - 50 mesh) in order to remove any oxide layer that
may have formed on the zinc.

The clean zinc was then

placed in water along with one or two drops of mercury.
The mixture was vigorously stirred for ten seconds, and the
amalgamated zinc thus prepared was filtered and washed
with water and then acetone.

Air was pulled through the

filter for an additional fifteen minutes.
The acidity of the iron(III) perchlorate solution
was determined by allowing an aliquot of the solution to
percolate through an ion-exchange column containing
Bio-Rad 50W-X8 (50-100 mesh) cation-exchange resin (Analytical Grade) in the hydrogen ion form.

The acidity of the

11
eluate was determined by titration with sodium hydroxide.
For each iron(III) ion in the original solution, three
hydrogen ions were eluted.

By subtracting

the acidity

due to the iron(III) from the acidity of the eluate, the
acidity of the original solution was found.
The resin used in all ion-exchange work was cleaned
in the following manner.
1.

In a separatory funnel the resin was rinsed

with 3 M hydrochloric acid to remove iron impurities.
2.

After washing with water, the resin was put in

the sodium form with 1 M sodium hydroxide.
3.

To the slightly basic mixture, 30 per cent hydro-

gen peroxide was added, and the mixture allowed to sit overnight.
4.

After rinsing with water, the resin was placed

in a col\imn and 3 M hydrochloric acid allowed to percolate
through it.
5.

The resin was then rinsed with water until

chloride could no longer be detected in the eluate, as
determined by testing with silver nitrate.

The column was

then ready for use.
Sodium hydroxide solutions were prepared by dissolving solid sodium hydroxide in a small quantity of
water followed by filtering of the sodium hydroxide solution.

This solution was then diluted to the appropriate

volume.

12
Air-free aqueous sulfur dioxide solutions were prepared by distillation of sulfur dioxide (Matheson Gas
Products) from a cylinder of liquid sulfur dioxide into
sealed bottles containing de-oxygenated water.

The sealed

bottles containing water alone were de-oxygenated in a
manner described earlier in this chapter.

During the addi-

tion of sulfur dioxide, the sealed bottles were shaken
vigorously to dissolve the added gas.

The sulfur dioxide

solutions thus prepared were analyzed iodometrically by
placing an aliquot of the unknown sulfur dioxide solution
in a known quantity of potassium iodate solution which
contained potassium iodate as a primary standard and excess
potassium iodide.

The mixture was immediately acidified

with concentrated sulfuric acid and titrated with a standard thiosulfate solution until the yellow color of iodine
35
had almost disappeared.

At this time, a 1 per cent-by-

weight starch solution, prepared by dissolving soluble
starch (Baker Analyzed Reagent) in boiling water, was added.
The titration was then continued to a colorless endpoint.
Since the original number of equivalents in the potassium
iodate-potassium iodide solution was known, it was therefore possible to determine the number of equivalents of
sulfur dioxide that were originally present in the aliquot
measured.
Sodium thiosulfate solutions were prepared by dissolving sodium thiosulfate in water, adding one ml of

13
chloroform and diluting to one liter of solution.

The solu-

tion was then standardized against a potassium iodatepotassium iodide solution in a manner similar to that outlined above.
Sodium chloride was prepared by allowing an aqueous
solution of reagent grade sodium carbonate (Fisher Certified Reagent) to react with concentrated hydrochloric acid
(Matheson, Coleman and Bell, A.C.S. Reagent).

On evapora-

tion of the solution, sodium chloride precipitated and was
filtered off.

The sodium chloride was recrystallized twice

again and then dissolved to give a slightly acidic aqueous
solution which was then neutralized with 6 N sodium hydroxide.
The concentration of this stock solution was determined by
passing an aliquot through an ion-exchange column containing
Bio-Rad 50W-X8 cation-exchange resin (50-100 mesh) in the
hydrogen ion forro and then titrating the eluate with a standard sodium hydroxide solution.
The copper(II) chloride solutions used in the experiments described were prepared by dissolving doublyrecrystallized CuCl2*2H20 (Baker and Adamson Reagent) in
water.

The solutions thus obtained were analyzed in a man-

ner similar to that used in the analysis of sodium chloride
solutions.
All acids used were prepared by appropriate dilutions of reagent acids.

14
Solutions containing dithionate were analyzed by a
method developed and performed by D. W. Carlyle.

The

method involved the initial oxidation of an aliquot of the
reaction mixture with excess hydrogen peroxide.

In this
2

step any sulfur(IV) was quantitatively oxidized to sulfate.
Any excess hydrogen peroxide was then reduced in the next
step by the addition of excess iron(II) sulfate.

The re-

sulting solution was passed through a cation-exchange column
where the resin was in the hydrogen ion form.

The eluate

was heated in a boiling water bath for three hours in the
presence of excess chromium(VI) and 1.08 M sulfuric acid.
After allowing the solution to cool, the absorbance of
chromium(VI) was measured at 348 nm, where the extinction
coefficient is a maximum for acidic chromium(VI) solutions.
Equation 12 was then used to relate the amount of dichromate
consumed to the original dithionate concentration.
2H^0'*" + Cr^O^"" + 3S^0^~
3
2 7
2 6

• 6S0 ~ + 2Cr"^'*' + 3H_0
4
2

(12)

Iron(II) solutions were prepared by reducing
iron(III) perchlorate with amalgamated zinc, and were analyzed by a procedure similar to that used for iron(III)
solutions.
Copper(I) solutions were prepared in a sealed bottle
by dissolving CuCl2*2H 0 in 6 N hydrochloric acid and subsequently adding copper turnings.

The solution, which be-

came very dark green and then dark brown in color after

15
several minutes, was stirred for four days.

After each

day of stirring the solution was filtered off and placed
in a screw-neck bottle containing fresh copper turnings.
A rubber disk was then placed on the opening of the bottle
and the bottle was capped and purged with nitrogen.

When

the solution was colorless, the concentration of copper(I)
present was measured by withdrawing an aliquot via syringe
and adding it to a solution containing 3 N hydrochloric
acid.

The resulting solution was immediately titrated with

an analyzed cerium(IV) solution using ferroin as an indicator.

The end point was indicated by a change in the color

of the solution from light red to green.
Kinetic Experiments
All reagents except aqueous sulfur dioxide solutions were added to a two-necked ten-centimeter spectrophotometer cell which was then sealed with rubber serum
caps.

The rubber serum caps were wired onto the spectro-

photometer cell to keep them on when a positive pressure
existed in the cell.
Reaction solutions were de-oxygenated by passing
nitrogen in one end of the cell and allowing the gas to
exit at the other end of the cell.

The solution and cell

were brought to reaction temperature, which in all cases
was 25.0 C, by immersion of the entire cell in a thermostated water bath.

De-oxygenation and thermostating were

16
always done for a minimum of twenty minutes each.
was then transferred to a specially-designed, brass

The cell
cell

jacket positioned in the cell compartment of a Beckman ACTA
V double-beam recording spectrophotometer.

The inside sur-

face of the jacket was V-shaped so the cell was in contact
with the jacket in two places. Water from the constant
temperature bath circulated around the outer compartment
of the brass cell jacket.

The contact between the cell

jacket reaction vessel was sufficient to maintain temperature uniformity.

Experiments using a calibrated thermometer

indicated that the temperature of the water in the reaction
cell remained constant to within 0.05 C over periods in excess of one hour while the bath itself remained constant
to within 0.02^C, as measured by a calorimetric thermometer
calibrated in 0.01*^0 divisions.

The required amount of

sulfur(IV), also at 25.0 C, was measured in a calibrated
1-ml or 5-ml syringe and added to the reaction mixture
through the rubber serum cap.

Pinch clamps were placed on

both serum caps after the addition.

The solution was then

mixed and a recording made of absorbance versus time at a
particular fixed wavelength.
Quantities of iron(II) were added during de-oxygenation via syringe, while all other reagents except sulfur(IV)
were measured into the cell by means of a 10-ml burette.
Maximum molar absorptivities of the iron(III) species
present in reaction mixtures are as follows:

17
Fe

, X = 240 nm,

€ = 2400 M " cm"l.

€ = 4200 M"" cm"""-; FeCl^"^, X = 335 nm,
The kinetics of the iron(III)-sulfur(IV)

reaction were followed by observing the change in absorbance
at 400-490 nm where the absorbance measured was proportional
to iron(III) concentration.

Iron(II), sulfate, dithionate,

sulfur(IV) and copper(II) each show no absorption bands in
the region of 400-490 nm where the kinetics of the iron(III)sulfur(IV) reaction were studied.

Wavelengths longer than

335 nm were used in this study for the following reasons:
(1)

sulfur(IV) begins to absorb strongly at wavelengths less

than 33 5 nm and this absorptivity would not permit accurate
measurements of iron(III) spectrophotometrically; (2)

to

keep the total absorbance change in the range of 0.5-1.0.
The wavelength for each experiment was chosen to give an
initial absorbance of 0.8-1.0 for the reaction mixture.
The initial absorbances and absorbance changes were chosen
for reasons of convenience and precision associated with
the type of spectrophotometer used in the study.

The ab-

sorbance change due to a decrease in iron(III) concentration was a maximum for that iron(III) concentration when
the experiment involved a large excess of sulfur(IV) over
iron(III).

When the absorbance change was 0.5-1.0, precise

pseudo-first-order rate constants were easily measured.
In the range of 400-490 nm extinction coefficients
3+
for Fe(H20)

2+
and Fe(H20)c-Cl
were determined and the

18
values for these extinction coefficients are given in
3+
Table 1. The relative amounts of Fe(H^O)
and
^ 6
2+
-1
Fe(H20)^Cl
were calculated using the value of 2.9 M
for
^FeCl ^^^ 1 ^ HCIO^) where Qp p.. is defined by equation 13.
O
^
^FeCl

[FeCl^"*"]

,.3^
^^-^^

[Fe^-^] [C1-]

1
This constant was evaluated by Woods, et_ a]^. , using electromotive force, spectrophotometric and calorimetric measurements.
At 700 nm where the kinetics of the copper(II)sulfur(IV) reaction were measured, the only absorbing
species are copper(II) complexes.

The apparent extinction

coefficient for copper(II) in 1 M chloride at this wavelength is 8.34 M~ cm"" .
Complexation Measurements
Absorbances of copper(I)-sulfur(IV) solutions were
measured either on a Cary Model 17 recording spectrophotometer or on a Beckman ACTA V recording spectrophotometer,
The spectrophotometer cells were sealed with rubber serum
caps and were de-oxygenated by bubbling with nitrogen and
thermostated before addition of copper(I) or sulfur(IV).
A known quantity of copper(I) was introduced into the cell
after de-oxygenation via a 1-ml or 5-ml calibrated syringe
and increments of sulfur(IV) were added in a similar manner.
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TABLE 1
EXTINCTION COEFFICIENTS OF Fe (H 0) ^"^ AND Fe (H2O) ^Cl "*"
AT WAVELENGTHS OF INTEREST AT 25°C
(Fe (H2O) l'^)
nm

M~lcm"l

(Fe (H2O) 5CI2+)
M"lcm~l

400

1.5

266

410

1.1

158

420

0.7

94

430

0.5

54

440

0.4

35

450

0.4

460

0.3

470

0.3

5.6

480

0.3

2.9

490

0.2

1.6

• .
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An apparent extinction coefficient was measured at
340 nm for all copper(I) complexes using solutions containing both 0.1 and 1.0 M hydrochloric acid.

Solutions were

de-oxygenated and thermostated prior to making any spectral
measurements.

CHAPTER III
RESULTS
Kinetic Results of the Iron(III)-Sulfur(IV)
Reaction in a Chloride Medium
General Procedure
In studying the effects of different reagents on
the iron(III)-sulfur(IV) reaction in a chloride medium using copper(II) as a catalyst, one reactant was varied over
a wide concentration range while the concentrations of the
other components were held constant.

By using this tech-

nique the rate of disappearance of iron(III) was found to
be a function of the concentrations of iron(III), iron(II),
sulfur(IV) and hydrogen ion.

The rate law in equation 14

was obtained from the data presented in this chapter.
-d[Fe(III)] _ 4.25 x 10"^ M sec""l [Fe(III] [S(IV)]
dt

[H+]

^^x

(1 + 16 M"l [Fe(Il)])

The following sections describe in detail the kinetic experiments that were performed in order to establish the
above rate law.
Effect of Varying Copper(II)
Concentration
The effect of copper(II) concentration on the
iron(III)-sulfur(IV) reaction was studied by varying the
copper(II) concentration from 5 x 10
21

to 10"^ M.

The

22
results of this change are shown in Table 2 where k^-j^g^ is
is the pseudo-first-order rate constant defined by equation
15.
-dfFe (111)1 =^^^^^

Rabinowitch and Stockmayer

[pe(,,,„

(,3)

have studied the association

of iron(III) with chloride and found that both Fe(H O ) ^
and Fe(H20)

5

CI

2+

obey Beer's Law when the iron(III) con-

centration is less than 0.05 M.

In all kinetic experiments

reported in this dissertation initial iron(III) concentrations were less than or equal to 0.01 M and Beer's Law was
therefore valid.

Since iron(III) was the only absorbing

species at the wavelengths used in studying the iron(III)sulfur(IV) reaction, equation 15 is also valid.

The quan-

tity, ko]3sd' was obtained from experimental data and equation 16 where t-, /^ was taken to be the time, in seconds,
required for half of the iron(III) to react.
V
^obsd

_
-

0.693
T——
^1/2

/^fi^
^1^^

As previously mentioned, the wavelength for each experiment
was chosen to give an initial absorbance of 0.8-1.0.

A

typical first-order plot of the data, as shown in Figure 1,
consisted of log-,Q (absorbance. - absorbance^^) plotted
versus reaction time (absorbance

represents the absorb-

ance at specific reaction times and absorbanceoo

represents
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TABLE 2
VALUES OF THE OBSERVED PSEUDO-FIRST-ORDER RATE CONSTANT
IN SOLUTIONS OF VARYING COPPER(II) CONCENTRATION
AT 0.01 M Fe(III), 0.1 M S(IV), IONIC STRENGTHS
OF 1.0-1.1 AND 25.0°C
[Cu(II)]

[H+]

^ o b s d ^ 10"^
sec"l

Experiment

M X 10"^

M

1^

0.5

1.01

3.6

2a

1.0

1.01

3.6

3^

2.0

1.01

3.6

4^

10.0

0.99

3.5

Cu (II) added as copper(II) perchlorate.
^Cu(II) added as copper(II) chloride.
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1.0 __

in

•p

8 0.1

_

I

4
6
time (minutes)

8

Fig. 1.—A typical plot of A - A Q O versus reaction time in the presence of copper(II) using
conditions given in Table 3.

25
the absorbance at infinite reaction time.)
of each reaction, t.^/2.

The half time

was taken from the plot and then

related to the observed pseudo-first-order rate constant
by equation 16.
The data in Table 2 show that within the concentration range studied, variations in copper(II) concentration
do not affect the rate of the iron(III)-sulfur(IV) reaction.
However, the copper(II)-catalyzed reaction proceeded at a
larger rate than the uncatalyzed reaction.

These observa-

tions must mean that the rate will depend on copper(II)
concentration over some range. This range is below
-4
5 X 10
M and no experimental work was done to find the
region where changes in copper(II) concentration affect the
reaction rate. Using a chloride medium, 3 x 10-5 M iron(III)
-2

-2

perchlorate, 9 x 10
M hydrogen ion, 9 x 10
M sulfur(IV)
and an ionic strength of 0.90, an experimental pseudo-firstorder rate constant of 1.07 x 10-2 sec -1 was observed.
The rate constant for a copper(II)-catalyzed reaction using
the same conditions as described above and determined from
-2
Figure 6 and equation 14 was 4.7 x 10

-1
sec

.

These values

for the uncatalyzed and catalyzed reactions indicate that
copper (II) has an accelerating effect on the iron(III)sulfur(IV) reaction.

However, uncatalyzed reactions be-

tween iron(III) and sulfur(IV) often gave erratic results.
For example, when the acidity was low, as in the above
example, a pseudo-first-order dependence with respect to
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iron(III) was observed.

However, higher acidities often

gave results that indicated an order with respect to iron
of between one and two.

At times, identical experiments

even gave conflicting data and it was for reasons such as
these that a copper(II) catalyst was used.
Typical experiments performed with and without
copper(II) are described by conditions listed in Table 3
and the graphical results of these experiments are shown
in Figures 1 and 2.

The data in these figures show that

copper (II) acts as a catalyst, but it will also be shown
later that copper(II) itself reacts with sulfur(IV), although at a much smaller rate than iron(III).
Effect of Varying Sulfur(IV)
Concentration
Using constant iron(III), copper(II), hydrogen ion
concentrations, ionic strengths of 1.0-1.1, and varying
sulfur(IV) concentrations, the order with respect to
sulfur(IV) was established by following the change in
iron(III) concentration spectrophotometrically.

The rate

constants that were observed in various experiments were
recorded and plotted versus sulfur(IV) concentration on
log-log paper.

The conditions used for these experiments

are given in Table 4 and a first-order dependence with respect to sulfur(IV) was established from Figure 3.

The

dependence on sulfur(IV) can be seen by lines, drawn through
the data points, having slopes of one.

The lines in Figure
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TABLE 3
EFFECT OF COPPER(II) ON THE IRON(III)-SULFUR(IV) REACTION
IONIC STRENGTH = 1 . 0
TEMPERATURE = 25°C
[Cu(ll)]
M X 10

Figure 1
Figure 2

1.0

[Fe(III)]^
M X 102

[H+]

[S(IV)]

M

M

1.0

0.25

0.1

0,0027

0.004

0.0017
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0.5
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CO

(0

8 0.1

-

I

0.05 _
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20

30
time (minutes)

40
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Fig. 2.—A plot of A-Aoo versus reaction time
in the absence of copper(II) using conditions
given in Table 3.
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TABLE 4^
VARIATION OF THE OBSERVED RATE CONSTANT WITH
RESPECT TO SULFUR(IV) CONCENTRATION AT
0.01 M Cu(Il), 0.01 M Fe(III), AND 25°C
[H+]
Experiment

M

[S(IV)]
M

1^

0.25

0.01

2

0.25

3

^obsd
in4
sec -1 X 10

,
b
^calcd
sec" X 10

7

7

0.025

24

17

0.25

0.10

90

70

4

0.25

0.20

130

140

5^

0.50

0.01

1.7

1.7

6^

0.50

0.015

2.5

2.5

7^

0.50

0.025

4.0

4.2

8^

0.50

0.05

9

8

9

0.50

0.10

26

17

10

1.0

0.026

0.9

1.1

11

1.0

0.10

3.5

4.2

12

1.0

0.20

9

8

13

1.0

0.40

23

17

^The average deviation for the data in this table is
16 per cent.
Calculated using Equation 14 (See text).
^These experiments were done using 0.001 M Cu(II) and
0.001 M Fe(III).
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0.1
[S(IV)] , M

1.0

Fig. 3.—Plots of ko]-,sd versus sulfur (IV) concentration using data presented in Table 4.
O , A and D represent 0.25, 0.50 and 1.0 M H"*",
respectively.

31
3 were drawn in accordance with a computer least-squares
37
fit
to all data and assuming a first-order dependence
with respect to sulfur(IV).
The sulfur(IV) concentration present in aqueous
sulfur dioxide solutions is a sum of the concentrations of
sulfur dioxide and bisulfite ions as expressed mathematically in equation 17.
[S(IV)]

=

[S02]^g

+ [HSO3]

(17)

Effect of Varying Hydrogen
Ion Concentration
To establish the order of the rate law with respect
to hydrogen ion concentration, the effect of varying hydrogen ion concentration on the rate of disappearance of
iron(III) was observed.

This was accomplished by using

constant copper(II), sulfur(IV), iron(III) concentrations,
ionic strengths of 1.0-1.1 and a range of 3.6 x 10

to

1.0 M hydrogen ion concentration as shown in Table 5.
Values of the bisulfite ion concentration or the hydrogen
ion contribution resulting from sulfur dioxide solutions
can be calculated using the following equation:
H2O + SO2 = H"*" + HSO3

(18)

Using potentiometric titrations and a glass electrode, an
equilibrium constant, Q^Q , of 0.043 was measured by
38
Frydman, et^ al. ,
for equation 18 in a perchlorate
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TABLE 5^
VARIATION OF THE OBSERVED RATE CONSTANT WITH
RESPECT TO HYDROGEN ION CONCENTRATION AT
0.01 M Cu(II), 0.01 M Fe(III) , IONIC
STRENGTHS OF 1.0-1.1 AND 25°C
[H+]
Experiment
1^
2^
3^
4<^
5

6<a
-3
7^
8
9
10
11
12
13
14
15
16
17
18

M
0.036
0.25
0.50
0.05
0.07
0.10
0.15
0.25
0.50
1.0
0.14
0.25
0.50
1.0
0.15
0.25
0.50
1.0

[S(IV)]
M
0.01
0.01
0.01
0.025
0.025
0.025
0.025
0.025
0.025
0.026
0.10
0.10
0.10
0.10
0.20
0.20
0.20
0.20

^obsd
sec"l X 10^
34
0.7
0.17
33
20
12
4.7
2.4
0.40
0.09
25
9
2.6
0.35
36
13
3.1
0.9

^calcd
sec"l X 10^
33
0.7
0.17
42
22
11
4.7
1.7
0.42
0.11
22
7
1.7
0.42
34
14
3.2
0.8

The average deviation for the data in this table is
13 per cent.
Calculated using Equation 14 (See text).
^[Cu(II)] = [Fedll)]^ = 5 X 10""^ M
^[Cu(II)] = [Fe(III)]^ = 10"^ M
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Fig. 4.—Plots of kQ^-^g^j versus hydrogen ion concentration using data presented in Table 5.
X, O / A and D represent 0.01, 0.02 5, 0.1 and 0.2
M S(IV), respectively.
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o
medium at 25.0 C and an.ionic strength of 1.00.

However,

an equilibrium constant for equation 18 has not yet been
evaluated in a chloride medium at an ionic strength of 1.00,
and the value of 0.043 M was used for QgQ

in calculating

the hydrogen ion contribution from aqueous sulfur dioxide
solutions to the total acidity of reaction mixtures under
study.

A similar approximation seems to be valid in other

situations.

For instance, in systems involving carbonate,

a change in medium makes only a slight difference in the
equilibrium constant, Q H C O O ' where

^HC03

=

-^
[H+] [C02-]

•

(19)

9 -1
38
Values for QHCO-2 ^^^ 3.72 x 10 M
in 1 M NaClO
and
2.74 X 10

M"l in 1 M NaCl.-^^

Although the conditions

present in this study are much different from those used
in the above example, a value of Q for equation 18 is
necessary and a value determined in perchlorate was deemed
sufficiently accurate to be used in this study.
QgQ

Using

as 0.043 M, calculations show that the hydrogen ion

concentration added by equation 18 is a small fraction of
the total hydrogen ion concentration in all experiments
except for those at the lowest hydrogen ion concentration
and highest sulfur(IV) concentration.

However, due to the

uncertainty in the acidity, no experiments involving smaller

35
hydrogen ion concentrations than those listed in Table 5
were attempted.

From the data listed in Table 5 a plot on

log-log paper of kQ^^g^j versus [H"^] , as shown in Figure 4,
was drawn.

As shown by the lines having slopes of minus

two drawn through the points in Figure 4, an inverse
second-order dependence with respect to hydrogen ion concentration was established.
Effect of Varying Iron(II)
Concentration;
Iron(II) showed a retarding effect on the rate of
the iron(III) reaction with sulfur(IV).
iron(II) concentration from 10"

By varying the

to 2 x 10

M while using

constant initial concentrations of iron(III), copper(II),
sulfur(IV) and hydrogen ion, the effect of iron(III) on the
iron(III)-sulfur (IV) reaction was shown.

The conditions

used in these experiments are shown in Table 6.
data in Table 6 a plot of ^[S (IV) ]
^obsdf^^
drawn, as shown in Figure 5.
as 0.00425 M"
42.

Using the

versus [Fe(II)] was

The quantity a was evaluated

sec and its evaluation is discussed on page

The plot in Figure 5 is reasonable if the rate law is

of the form shown in equation 20.
-d[Fe(III)]
dt

^

x[S(IV)][Fe(III)]
[H+] 2(y+z[Fe(II)]

(20)

-d[Fe(III)]
dt

^

^[S(IV)][Fe(III)]
:;
;
[H+]2(i+| [Fe(II)])

^21)

or
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Fig. 5.—Plot of

a[S(IV)]

versus iron(II)

'obsd [H+]
concentration using data presented in Table 6
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This type of rate law is entirely consistent with the data
already presented.

That is, it includes first-order de-

pendences on iron(III) and sulfur(IV) concentrations and
also an inverse second-order dependence on hydrogen ion
concentration.

Let — = a and — = b.
y
y
easily obtained from equation 21.
-d[Fe(III)]

^

Then equation 22 is

a[S(IV)][Fe(III)]

^^

(22)

[H+]2(i+b[Fe(II)])

The rate of disappearance of iron(III) can be expressed by
equation 15.
-^l^^^^^^)^
dt

=

k
[Fe(III)]
O'^s^

(15)

Comparison of equations 22 and 15 then gives an expression
for k^T,^ which is seen in equation 23.
k
^obsd

=
2

,^^.
^ ^

a[S(IV)]
[H+] (H-b[Fe(II)]

or
^^S(IV)]

=

1 + b[Fe(II)]

(24)

^obsdfK"^]
The quantity a was evaluated as 0.00425 M sec
discussed further on page 42.

and is

Equation 24 justifies the

plot in Figure 5 and the linearity of the plot implies a
denominator term in the rate law of the type, (1 + b[Fe(II)])
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Overall Rate Law
Summarizing the data from the previous tables and
figures then gives a rate law of the form shown in equation
22.
-d[Fe(III)1
dt

=

a[S(IV)][Fe(III)]
[H+]2(l4-b[Fe(II)] )

(22)

Under conditions where no iron(II) is added initially,
the maximum amount of iron(II) formed during the reaction
is 0.01 M and the effect of concentrations of this magnitude on the rate is small.

This assumption is supported

by Figure 5 and also the fact that pseudo-first-order behavior was observed in all experiments.
With this knowledge the (1+b[Fe(II)]) term in equation 15 may be neglected and the rate law becomes:

where
l^obsd

=

^LSUVII

(25)

[H+]2
A plot of k^,

-, versus fS (IV)] ^^ ^-^^ absence of added

CDS a

fH^l

iron(II) is shown in Figure 6 where the points plotted were
obtained from Table 7.
cedure,

Using a least-squares computer pro-

the best straight line was calculated.

The data

points in Table 7 were weighted as / 1 \ ~2 since k^-j^^^
^obsd
was deemed less accurate than the corresponding concentration
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TABLE 7^
COMPILATION OF ALL DATA USING 0.01 M Fe(III)
o
'
'o
0.01 M Cu(ll), 25 C AND IN THE ABSENCE
OF ADDED Fe(II)
Data
Point
1^
2
3
4d
5
6^
7
8^
9
10
11
12^
13^
14d
15^
16
17
18
19
20
21

[H+]
M
0.036
0.05
0.07
0.10
0.10
0.15
0.16
0.25
0.25
0.25
0.25
0.50
0.50
0.50
0.50
0.50
0.52
1.0
1.0
1.0
1.0

[S(IV)]

[S(IV)]

M

[H-*-]^

0.01
0.025
0.025
0.025
0.0025
0.025
0.20
0.01
0.025
0.10
0.20
0.01
0.025
0.015
0.05
0.10
0.20
0.026
0.10
0.20
0.40

^obsd
sec"! X 10

7.7

10.0
5.1
2.5
0.25
1.1
8.9
• 0.16
0.40
1.6
3.2
0.04
0.10
0.06
0.20
0.40
0.75
0.026
0.10
0.20
0.40

34
33
20
12
2.2
4.7
36
0.7
2.4
9
13
0.17
0.40
0.25
0.8
2.6
3.1
0.09
0.35
0.9
2.3

^calcd
sec-lx 10-^
33
42
22
11
1.1
4.7
38
0.7
1.7
7
14
0.17
0.42
0.26
0.8
1.7
3.2
0.11
0.42
0.8
1.7

^The average deviation for the data in this table is
13 per cent.
Calculated using Equation 14 (See text).
C[Cu(II)] = [Fedll)]^ = 5 X 10"^ M
^[Cu(II)] = [Fedll)]^ = lO"-^ M
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[S(IV)]
[H+]2

using
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values.

In one calculation the intercept on the (^Q^^g^j) ""^

axis was allowed to vary while in another the intercept was
fixed at zero.

Using a fixed intercept of zero, the slope
_3
of the line was found to be 4.25 x 10
with a standard
deviation of 0.19 x 10"^.

In another calculation the in-

tercept was calculated to be -1.88 x 10"^ with a standard
—5
deviation of 1.74 x 10 , or essentially zero, giving a
slope of 4.39 x 10"-^ and a standard deviation of 0.23 x 10""^
Equation 25 predicts a value of zero as an intercept and
this was shown to be a probable value by the above data.
The slope of the line in Figure 6 using an intercept of
zero is also the value of a in equation 25.
Taking into account the iron (II) dependence, k^-j-^g^
becomes:
k„.,.

=

a[S(IY)J

(23)

or
^obsd

[H+]^(l+b[Fe(II)])
a[S(IV)]

(26)

or
a[S(IV)3
^obsd [H+]2

=

l+b[Fe(II)].

Using the data in Table 6 a plot of

(24)

^
II 2 ^^^^us
^obsdf^^

[Fe(II)] as shown in Figure 5 can be drawn which then gives
the value of b when a fixed intercept of 1.0 is used.

The

value of b was found to be 16 with a standard deviation of

43
4 using this method.

With this value of b and from con-

sideration of all other data, the rate law given in equation 14 can be written.
-d[Fe(III)]

^

4.25 x lO"*^ M sec'l [Fe (III) ] [s(iv)]

^^

[H+]^ (1+16 M"l[Fe(II)]
Stoichiometry of the Iron(III)Sulfur(IV) Reaction

Oxidations of sulfur(IV) solutions give either dithionate, sulfate, or a mixture of dithionate and sulfate,
as products depending on the oxidizing reagent involved in
2
the reaction.
The possible stoichiometries of the iron(III)sulfur(IV) reaction are given in equations 27 and 28.
2Fe(III) + 2S(IV)

• ^2^6" "^ 2Fe(II)

(27)

2Fe(III) + S(IV)

2• SO^ + 2Fe(II)

(28)

A knowledge of the precise quantities of sulfate
or dithionate produced then gives an indication of the
stoichiometry of the reaction.

That is, if the only prod-

uct found was dithionate, it could be assumed that the reaction followed only the pathway given in equation 27.
Analyses for dithionate were performed in a manner previously described and the results are given in Table 8.
These results indicate that the stoichiometry is predominantly of the type in equation 28, where sulfate is the

(^^^
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TABLE 8
RESULTS OF DITHIONATE ANALYSES OF REACTION
SOLUTIONS AT 0.01 M Cu(II), 0.01 M Fe(III),
IONIC STRENGTHS OF 1.0-1.1, AND 25.0°C
[S(IV)]
M

[H+]
M

^^2^6"^
Produced
M X 10"^

0. .01

0.067

0.4 ± 0.2

0. .01

1.0

0.45 1 0.2

0, .2

0.12

0.5 1 0.5

0. .2

1.0

1.0 t

0.5
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major product.
Kinetic Results of the Copper(II)-Sulfur(IV)
Reaction in a Chloride Medium
General Procedure
As pointed out in an earlier section, copper(II)
under certain conditions acts as a catalyst in the
iron(III)-sulfur(IV) reaction.

However, in the absence of

iron(III) and under proper conditions, copper(II) itself
reacts directly with sulfur(IV).

A study of the copper(II)-

sulfur(IV) reaction was undertaken to determine whether
the kinetics of the iron(III)-sulfur(IV) reaction were appreciably affected by the copper(II)-sulfur(IV) reaction.
It was found that the specific reaction of copper(II) with
sulfur (IV) was so slow as to be insignificant when the
kinetics of the iron(III)-sulfur(IV) reaction were measured.
Following the entire copper(II)-sulfur(IV) reaction was
impractical due to the slowness of the reaction and for this
reason initial rates were studied using the following technique.
The change in copper(II) concentration was followed
at 700 nm where the apparent extinction coefficient for
copper(II) in 1 M chloride is 8.34 M

cm" . There are

four possible chlorocopper(II) complexes, but the fractionof copper(II) that is present as any one particular chlorocopper (II) complex in the reaction solution is always the
same in 1.0 M chloride.

A combination of controls on the
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Beckman ACTA V spectrophotometer enabled the full scale
chart deflection to be 0.1 absorbance unit while the total
absorbance of the reaction mixture was roughly 1.0.

With

the aid of this expanded scale and a knowledge of the absorbance due to copper(II), it was possible to determine
the rate of disappearance of copper(II).

For example, by

following the rate of absorbance change in experiment 9 in
Table 10, an initial slope with a decrease of 0.0195 absorbance units per seven minutes was observed.

The original

reaction solution contained 0.01 M copper(II) which gave a
total absorbance change of 0.861 absorbance units.

The

rate of disappearance of copper(II) was then obtained using
the expression in equation 29.
•d[Cu(II)]
dt

_

0.0195 abs. units
7 inches

^

1.2 inches
60 sec.
(29)

X 0.01 M Cu(ll)
0.861 abs. units

^ 7^0 ^ 10-7 ^ g^^-l

Effect of Varying Copper(II)
Concentration
By varying the copper(II) concentration from
5 X 10"

to 2 X 10~2 M while holding ionic strength, sul-

fur (IV) concentration and acidity constant as shown in
Table 9, an order with respect to copper(II) was established
Figure 7 shows the data in a graphical form with a line having a slope of one drawn through the points.

Such a line

appears to fit the data well with only slight deviation.
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TABLE 9
CHANGE IN THE RATE OF DISAPPEARANCE OF COPPER(II)
IN THE COPPER(II)-SULFUR(IV) REACTION VARYING
COPPER(II) CONCENTRATIONS AT 0.1 M H^,
0.1 M S(IV) AND 25°C
[CU(II)]

-d[Cu(II)]
dt
'
M sec"l X lO"^

^obsd a
M"l sec"l x 10^

0.5

0.68

1.4

1

2.7

2.7

2.5

5.4

2.2

M X 10^

5

11

2.3

10

39

3.9

20

36

1.8

^Using -d[Cu(II)] ^ y,^^^^
dt

[Cu(II)] [S(IV)]
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Fig. 7.—Plot of initial copper (II) concentration versus the rate of disappearance
of copper(II) using data presented in Table
9.
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This result indicates that the rate law consists of a term
that is first order in copper(II), although the chlorocopper (II) species involved in the activated complex is not
known.
Effect of Varying Acidity
To study the effect of hydrogen ion concentration
on the reaction, the concentrations of copper(II), sulfur(IV)
along with the ionic strength were held constant.

The

hydrogen ion concentration was varied from 4.2 x 10"^ to
9.7 X 10" M with the concentrations of the other components
being shown in Table 10.

The data are plotted in Figure 8.

A lack of precision is indicated in Figure 8 and the measurement of initial slopes is the most probable reason for
inaccuracy because during the first few minutes of a relatively fast reaction the rate of absorbance decrease changes
considerably.

A measurement of the rate of absorbance

change was made as soon as possible after positioning the
cell in the cell compartment of the spectrophotometer.
Typical absorbance measurements were usually started at
1-1.5 minutes of reaction time.

The data in Figure 8 sug-

gest three possible interpretations.

Firstly, the best

straight line through the points may have a slope of negative two, and the imprecise data caused the scatter about
this line.

Secondly, the best straight line may have a

slope of approximately -1.8. Thirdly, the best line that
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TABLE 10
EFFECT OF ACIDITY ON THE Cu(II)-S(IV) REACTION USING
0.01 M C U ( I I ) Q , 0.1 M S(IV), IONIC STRENGTHS OF 1.0
AND A TEMPERATURE OF 25.0^0

Experiment

M

M sec~l ^ 10

1

0.042

56

2

0.067

91

3

0.095

61

4

0.10

39

5

0.15

39

6

0.20

24

7

0.25

21

8

0.30

14

9

0.40

7.0

10

0.50

6.0

11

0.65

4.1

12

0.80

2.5

13

0.97

3.1
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Table 10.
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can be drawn through the points may be a curve.

These three

possibilities will be discussed in a later section.
Effect of Varying Sulfur(IV)
Concentration
By using constant copper(II) and hydrogen ion concentrations along with ionic strengths of 1.0 and varying
sulfur(IV) concentrations, the effect of sulfur(IV) on the
reaction was studied.

The conditions used in this series

of experiments are shown in Table 11 with the data being
plotted in Figure 9.

From the line having a slope of one

drawn through the data points, a first-order dependence on
sulfur(IV) was established.
ing the value of QgQ

Again the assumptions concern-

in chloride media,

as stated in the

section concerning the iron(III)-sulfur(IV) reaction, were
used and QsOn ^^^ set at 0.043 M.

This value was again

used in determining both the bisulfite and hydrogen ion
contribution from aqueous sulfur dioxide solutions.
Effect of Added Copper(I)
Using constant concentrations of copper(II),
sulfur(IV) and hydrogen ion along with an ionic strength
of 1.0 and varying copper(I) concentrations, observations
concerning the effect of copper(I) were recorded.

The con-

ditions involved in these experiments are described in
Table 12. Although the data presented in Table 12 appear
anomalous, a repeat of the experiments described yielded
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TABLE 11
EFFECT OF VARYING SULFUR(IV) ON THE RATE OF ABSORBANCE
CHANGE IN THE COPPER(II)-SULFUR(IV) REACTION AT
0.01 M Cu(II), 0.2 M H"^, IONIC STRENGTHS EQUAL
TO 1.0 AND TEMPERATURES OF 2 5.0°C

-

[S(IV)]

Experiment

M X 10^

-d[Cu(Il)]
dt
M sec~l

^obsd

X 10^

s e c " l X 10^

1

2.5

4.4

1.8

2

5

9.9

2.0

3

10

24

2.4

4

20

33

1.6

nJsina -d[Cu(II)]

dt

= 3C ^ - u . _^ [ s d v l l

[ C u d 1)1
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Fig. 9.—Plot of the rate of disappearance of copper(II) versus sulfur(IV)
concentration using data presented in
Table 11.
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TABLE 12
EFFECT OF COPPER(I) ON THE COPPER(II)-SULFUR(IV)
REACTION IN A CHLORIDE MEDIUM USING 0.97 M H+,
0.01 M Cu(II), 0.1 M S(IV) AND 25°C
[Cu(I)]
3
Experiment

M x 10

1
2

•

-d[Cu(II)]
dt
_i
7
M sec
x 10
3.1

5.7

0.4

3

10

0.1

4

28

0.8
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similar results.

However, a comparison of the results of

either experiment 2, 3 or 4 in Table 12 with that seen in
experiment 1 shows that copper(I) has a definite retarding
effect on the reaction.

Because the results of Table 12

were unexpected, explanation for the behavior exhibited
was sought.
Complexation of Copper(I)
with Sulfur(IV)
Spectra of de-oxygenated copper(I) and copper(II)
chloride solutions in the absence of sulfur(IV) were measured in the region of 340-700 nm.

After introducing a

quantity of sulfur(IV) into the above solutions, the spectra
were again mieasured and the changes noted.

The spectrum

of copper(II) was unchanged, but the copper(I) spectrum
changed notably in the region 340-400 nm.

A compilation of

absorbance changes when increments of sulfur(IV) were added
is shown in Table 13 with the corresponding graphical presentation in Figure 10.
at 340 nm,

The apparent extinction coefficient

^ app, in Table 13 was found using the follow-

ing equation:
^app

=

(^ - ^o^
(10 cm) [Cu(I)]

(30)

The points in Figure 10 involving approximately 0.01 M
copper(I) were obtained using a different copper(I) solution than those involving either 0.005 M or 0.02 M copper(I)
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TABLE 13
RESULTS OF THE ADDITION OF SULFUR(IV) TO A
SOLUTION CONTAINING COPPER(I) AT 340 nm,
1.0 M H"^ AND IN A CHLORIDE MEDIUM
•

M X 10^

Total
volume
of
reaction
mixture
ml

A-Ao

0.35
0.60
0.80
1.00
1.25

0.94
1.60
2.25
2.62
3.25

26.7
26.9
27.1
27.3
27.6

0.207
0.317
0.410
0.400
0.522

4.09
6.33
8.20
8.10
10.7

4.8
4.8^
4.7
4.7^
« ^a
9.9

1.50
1.50
2.00
2.40 ,
0.10

3.83
3.83
5.03
5.95
0.26

28.1
28.0
28.5
28.9
27.2

0.611
0.569
0.717
0.845
0.098

12.6
11.8
15.1
18.1
0.99

9.9
9.9
9.8
9.8
9.8

0.20
0.30
0.40
0.50
0.60

0.52
0.78
1.04
1.30
1.55

27.3
27.4
27.5
27.6
27.7

0.158
0.220
0.280
0.340
0.399

1.59
2.23
2.84
3.47
4.09

9.7^
a
9.9
9.9
9.9
9.8

0.70
0.80
0.90
1.00
1.10

1.80
2.11
2.36
2.62
2.87

27.8
27.2
27.3
27.4
27.5

0.454
0.529
0.565
0.621
0.680

4.67
5.32
5.70
6.29
6.91

9.8
9.8
9.7
9.7
20.9^^

1.20
1.30
1.40
1.50
0.25

3.12
3.36
3.61
3.87
0.68

27.6
27.7
27.8
27.9
26.6

0.735
0.795
0.852
0.903
0.415

7.50
8.14
8.76
9.31
1.99

20.7
20.5
20.3^
20.1
20.0

0.50
0.75
1.00
1.25
1.50

1.34
1.99
2.63
3.25
3.87

26.8
27.0
27.3
27.6
27.8

0.699
0.984
1.226
1.477
1.713

3.38
4.80
6.04
7.35
8.56

M x 10"^

Total
volume
of 0.717 M
S(IV)
added
ml

5.1
5.0
5.0
4.9
• 4.9

[Cu(I)]

[S(IV)]

^app
M""-^cm~-^
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Table 13 (continued)
Total
volume
of 0.717 M
S(IV)
added
ml

M X 10^

Total
volume
of
reaction
mixture
ml

A-A^

M~''"cm"

0.10
0.20
0.30
0.40
0.50

0.26
0.52
0.78
1.04
1.30

27.2
27.3
27.4
27.5
27.6

0.069
0.123
0.179
0.231
0.283

0.69
1.24
1.81
2.35
2.89

9.8
9.7
9.7
10.0
9.9

0.60
0.70
0.80
0.90
1.00

1.55
1.80
2.06
2.37
2.62

27.7
27.8
27.9
27.2
27.3

0.336
0.391
0.441
0.517
0.568

3.44
4.02
4.55
5.20
5.73

9.9
9.8
9.8
9.8
9.7

1.10
1.20
1.30
1.40
1.50

2.88
3.13
3.38
3.62
3.87

27.4
27.5
27.6
27.7
27.8

0.620
0.673
0.724
0.776
0.822

6.28
6.84
7.39
7.95
8.45

9.7

1.60

4.11

27.9

0.869

8.96

[Cu(I)]
M X 10"^
9.9^
9.9
9.9
9.8
9.8

[S(IV)]

^app

^The following values were obtained using a new initial
reaction solution and in some cases a different spectrophotometer cell.
^The following experiments were perfoniied using an acidity
of 0.1 M.
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Fig. 10.—Plots of the apparent extinction coefficient of
copper(I) versus sulfur(IV) concentration using data presented in
Table 13.
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CHAPTER IV
INTERPRETATION AND DISCUSSION
The Copper(II)-Catalyzed Iron(III)Sulfur(IV) Reaction
In the study of the copper(II)-catalyzed iron(III)sulfur(IV) reaction in a chloride medium, it is important
to note the species of importance initially present in the
reaction mixtures.

As previously mentioned, iron(III) was

added as iron(III) perchlorate in an aqueous solution containing perchloric acid. Iron(III), which predominantly
3+
exists as Fe{B.^O) ^ in perchloric acid, forms chloro^ 5
iron(III) complexes in media where chloride is present.
The association of iron(III) and chloride has been studied
fwe^ri 2+

—1

and a QpeCl' where QFeCl ~

^
/ of 2.9 M
has
[Fe3+] [ci"]
1
been established by Woods, et^ aJ^.
The exact proportion
of iron(III) and monochloroiron(III) species present in a
chloride medium can be calculated using the above value of
QfeClNo sulfur(IV) species absorb at wavelengths greater
than 400 nm.

The most important sulfur(IV) species present

in the experiments were SO^
and HSO". Aqueous sulfur
^(aq)
3
dioxide has a broad absorption band with a maximum at
280 nm,
while the bisulfite ion exhibits an absorption
maximum at approximately 190 nm.

25

Another sulfur(IV)

species present in aqueous sulfur dioxide solutions is the
60

61
2species, S2O3 .

This ion exhibits an absorption maximum

at 255-258 nm,'^l'^2 ^/ith a molar absorptivity of 143,^^
but the concentration of this ion in all solutions and reaction mixtures studied here was very small.
ro

for QS2O5' ^^ere Qg Q C ^

The value

r\di —1

^ ^ > l^as been measured and
[HSO3]2

found to have the value of 7 x 10~

M~l.

However, a later

measurement of Qo n yielded a value of 2.0 M'l.**^
^2^5
Copper(II) in a chloride medium does not exhibit
any absorption in the region 400-490 nm which is the region where all kinetic experiments were performed.

There-

fore, any absorption exhibited in the region of 400-490 nm
was due to iron(III) and its concentration was followed
spectrophotometrically without the interference of other
ions present in the reaction mixture.
The reaction of hydrated iron(III) with sulfur(IV)
has been studied by earlier workers using a variety of
techniques for the measurement of the rate of the reaction. 2—10 These measurements have been carried out in
sulfate and perchlorate media.

A common method for mea-

suring kinetics is to withdraw aliquots of the reaction
mixture and analyze for the desired constituents.

For

example, iron(II) in a sulfate medium was analyzed in reaction mixtures containing iron(II), iron(III) and sulfur(IV)
by first complexing the iron(III) with ammonium fluoride.2
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This p r e v e n t s any f u r t h e r i r o n ( I I I ) - s u l f u r ( I V )
from o c c u r r i n g .

reaction

I r o n ( I I ) i s then complexed by 1,10-

2
phenanthroline

to give the highly colored tris(l,10-

phenanthroline)iron(II) complex.

The absorbance of the

sample thus prepared was then measured.

Tris(l,10-

phenanthroline)iron(II) exhibits an absorption maximum at
510 nm with an extinction coefficient of 11,000""'^ and
sample absorbances were measured at this wavelength.

Con-

centrations of iron (II) were then calculated from Beer's
Law.
4
Karraker, who studied the hydrated iron(III)sulfur(IV) reaction in a perchlorate medium, also followed
the kinetics of the reaction by analyzing for iron(II).
He first acidified samples withdrawn from the reaction
mixture and then purged the samples with a stream of nitrogen for ten minutes to remove aqueous sulfur dioxide.
Iron(II) was then titrated with cerium(IV) using
tris(1,10-phenanthroline)iron(II) as an indicator.

The

acidity of the solution was made high enough so that there
was essentially no reaction between iron(III) and sulfur(IV)
while the sample was being purged.
Chromatographic studies on the hydrated iron(III)
and sulfur(IV) reaction in a sulfate medium have been performed by Nickless and co-workers.

The reaction was

followed by withdrawing samples and again analyzing for
iron(II).

Using anion-exchange techniques, iron(II) was
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first eluted using 4 M hydrochloric acid and then iron(II)
was eluted using 0.5 M hydrochloric acid.'^'^"'^^

Iron was

then determined colorimetrically at 700 nm with
2-nitroso-l-naphthol-4-sulfonic acid."^^
Polarographic techniques have also been used to
follow the kinetics of sulfur(IV) oxidations.

For example,

the hexacyanoferrate(III) reaction with sulfur(IV) has
14
been studied by Veprek-Siska and Wagnerova.

The concen-

tration of sulfur(IV) was determined by the height of the
sulfur (IV) wave.

Half wave potentials for hexacyano-

ferrate(III) and sulfur(IV) are -0.1 and -0.42 volts versus
SCE, respectively, and the difference in these potentials
was large enough to quantitatively determine both components.

It was this study that first established that no

dithionate was formed in this reaction.
The complexation and aquation reaction of sulfur(IV)
and iron(III) has been followed spectrophotometrically
Q
using stopped-flow techniques in a perchlorate medium.
Spectrophotometric methods were also used in this study
of the oxidation-reduction reaction of iron(III) and
sulfur(IV) because an instantaneous, accurate measurement
of the concentration of iron(III) species was obtained.
A concomitant accuracy in kinetic measurements was also
observed.
The confirmation of an iron(III)-sulfur(IV) complex in this study came from the fact that when sulfur(IV)
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was added to iron(III) solutions, an absorbance was observed that was higher than the sum of the absorbances of
the separate components.

Iron(III)-sulfur(IV) complexes

with one to three sulfur(IV) ions bound to each iron(III)
have been observed by several authors^"^'^^ and the
oxidation-reduction reaction occurring between iron(III)
and sulfur(IV) has been observed for all these complexes
except for trisulfitoferrate(III) which appears reasonably
stable.

The monochloroiron(III) complex is very labile

and on reacting sulfur(IV) with this iron(III) complex
it is possible that the chloro ligand is substituted by
sulfur(IV) to form FeSot.
The manner of attachment of sulfur(IV) to iron(III)
in chloride has not been definitely ascertained in this
study or in experiments performed in other media.

Three

possibilities exist for an iron (III)-sulfur(IV) complex:
(1)

a bidentate oxygen-bonded structure (I), (2) a

monodentate oxygen-bonded structure (II), or (3)
bonded structure (III).

a sulfur-

These structures are illustrated

in Figure 11.
The species Fe(S0-5) "
three has never been found.
3-

where n is greater than

However, the complex
48

Fe (80,^)3 has been found and characterized.

This fact

would appear to support the bidentate oxygen-bonded structure because the inner coordination sphere of iron(III)
could accommodate no more than three sulfur(IV) species if
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(ffl)
Figure 11. Possible Structures
for an Iron(III)-Sulfur(IV) Complex.
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each was bidentate.
Two other considerations appear to favor iron(III)oxygen linkage.

Empirical hard-soft acid-base concepts^

suggest an oxygen linkage as does the formation of dithionate as a product in the iron(III)-sulfur(IV) reaction.
7
Such a linkage was implied by Bassett and Henry

who sug-

gested that sulfite surrenders one electron to the iron,
and then the sulfur(V) species thus formed join together
to produce dithionate.

This can easily be seen to be a

possibility if it is assumed that the iron(II)-sulfur(V)
complex does not first dissociate before encountering a
complex of similar composition.

Such a process is illus-

trated in equations 31 and 32.

O

[FeII

Fe(III) + SO3"'

o -s.]^

(31)

I

o
O
I
II
.S - 0 - Fe

o
„ II ^
Fe

i

-O - S.

I

I

O

O

2-

o
-

s^o

+ 2 Fe2+

(32)

The most recent evidence presented favors a sulfur8
bonded iron(III)-sulfur(IV) complex.
By evaluating rate
8
constants for the reactions 33 and 34, Carlyle

was able

to show a similarity in the values obtained for k^ and k^
and other iron(III) substitutions.

67

FeOH2+ + HSO3

Fe3+ + HSO3

^7

Upper limits for k^ and k

^ [FeSO+]* + H^O

(33)

.. [FeS03H^"^]

^^^^

are 270 M •^sec"'^- and

1.5 M"lsec"l, respectively.

In general, k. values for

other iron (III) substitutions lie in the range 2 x 10"^ 3 X 10

M -'-sec -^ and k^ values are in the range
—1

—1 51-55

2.6 - 127 M -^sec -^.

Since rate constants for the

sulfite system were comparable to rate constants for other
iron(III) substitutions, a substitution reaction on
iron(III) rather than on the much more labile sulfur(IV)
p

was hypothesized.
Eigen has shown that sulfur-oxygen
bonds can be broken and formed very rapidly. 55 Therefore,
if the iron(III) complex with sulfur(IV) was oxygen bonded,
then the formation or aquation of the complex could be
very rapid, and this was not found to be the situation.

8

It must be pointed out that although the iron(III)sulfur(IV) complex may be sulfur bonded initially, rearrangement of the iron(III)-sulfur(IV) complex after
electron transfer may also occur.

That is„ after electron

transfer, the iron(II)-sulfur(V) complex could rearrange
and become an oxygen-bonded species which could then
dimerize in a manner similar to that of equation 32.
The rearrangement of CrSCN^

has been considered

and two mechanisms for its isomerization have been
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^ 56
proposed.

Intramolecular i<^omerization involving a

seven-coordinate transition state was ruled out by Haim
and Sutin in the thiocyanate situation because of the
linearity of the thiocyanate group.

However, such a

mechanism may be available for the iron(III)-sulfur(IV)
complex as illustrated below:
*

^S
[FeSO^]

Fe

'

-^ [FeOSO^]

(35)
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A second mechanism proposed by Sutin

Sft—60
and others

is the formation of an ion pair which dissociates very
slowly into a five-coordinate metal ion and some other components.

For the iron(III)-sulfur(IV) complex, such a

mechanism would consist of the steps shown in Figure 12
where Fell*SO" represents an ion pair and a sulfite radical.
In the isomerization of CrSCN '^, Sutin and Haim
point out that the yield of Cr(OH2)5Cl "^ is appreciably
less than the amount calculated from data on the competition of H^O and Cl~ for the pentacoordinate chromium(II),
Cr(0H2) 5 •^•'' In the isomerization of CrSCN "^ this fact
is interpreted to mean that the step analogous to kg is
slow.

For the sulfitoiron(III) complex, however, such

reasoning would be purely hypothetical.

If kg is small

in this system then a process of the type given in equation
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FeSO.

8

ho

F e " • OSO,

F e ^ . SO.

^

2+
Fe(H20)^-^+

'
-|

+

SO3

HjO

HgO
ki2
CI"

kll

FeOS02

•8

^13 c i -

'•

FeOH^'^SOJ

2+
Fe(H20)|"^+
SO3

^

or
FeCI+SOJ

or
Fe(H20)gCI++

Fig. 12—A mechanism for the rearrangement and
isomerization of a sulfitoiron(III) complex.

SOJ
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32 would be available for the complex, [FeOS.]"*^. If k is
0
^
not small then sulfur(V) free radicals would exist in the
reaction mixture and although sulfur(V) radicals have never
18
been detected
in the reaction of iron(III) and sulfur(IV),
these radicals have been generated and characterized in
aqueous solutions . ^"^ ' ^^"^"^ ' ^2
The possible products of sulfur(IV) oxidations are
sulfate and dithionate ions.

General reactions for each

product are given in equations 36 and 37.
M^"^ -f SO^" + H^O
3
2
2M^"^ + 2S0^""
3

• M^^"2)"^ + S0^~ + 2H"*"
4
*- S^O?"
2 6

(36)

-f 2M^~^

(37)

The stoichiometry of the reaction between hydrated iron(III)
and sulfur(IV) has been studied in various media and in
9 3
,
4-7,9,10,63
the presence ' and absence of copper (II).
Oxidations of sulfur(IV) require 1-2 moles of sulfur(IV)
2 5
per mole of iron(III) ' depending on the ratio of sulfur(IV)
to iron (III), the presence or absence of copper(II) and
acidity of the reaction mixture.
A theory was developed by Veprek-Siska, et

al.,

for predicting the product of sulfur(IV) oxidations based
on the lability or inertness of the oxidizing agent.
Inert complexes such as hexacyanoferrate(III) formed only

' ^
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sulfate as a product while labile complexes such as mono49
chloroiron(III)
gave both sulfate and dithionate as
products.

However, such a generalization has not proven

to hold in a similar system, namely one involving iron(III)
65
and hydrazine.
Hydrazine is thought to react in the fol, 66
lowing manner in the presence of iron(III).
N2H4 + Fe(III)

1^^

Fe(II) + N2H3 + H"*"

(38)

^ Fe(II) + HN=NH + if

(39)

''is
N2H3 + Fe(IIl)
^ •> r^ +-

i O2 + HN=NH
2N2H3

*• N2 + H2O

(40)

^ NH2-NH-NH-NH2

('^D

NH2-NH-NH-NH2 ^^^^ * NH3 + HN=N-NH2

(42)

HN=N-NH2 ^,^^^ " NH2-N=NH

(43)

N3H3 — ^ ^

(44)

NH3 + N^

2N2H3 — i l — HN=NH + N2H^

(45)

Both hydrazine and sulfur(IV) oxidations involve an initial
one-electron transfer and subsequent reactions of the
hydrazyl radical or sulfur(V) species.
also exist in these systems.

Other similarities

For example, hydrazine and

sulfite are oxidized by ferricyanide to give exclusively
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nitrogen and sulfate according to the following equations:
4Fe(CN)^- + N^H^

20H" + 2Fe(CN)|

+ SO^

^ 4Fe (CN) 4" + N2 + 4H'^

(46)

.. 2Fe(CN)^" + SO^" + H2O

(47)

Using hydrated iron(III) as an oxidizing agent, a competition exists between the above reactions and those given in
equations 48 and 49.
2Fe^"^ -f 2N2H4

• 2Fe^'^ + 2NH4 + N^

(48)

2Fe^'^ + 2803""

• 2Fe^'*' + 820^"

(49)

As a result, stoichiometry measurements reveal 1.1-1.35
moles of iron(III) are consumed per mole of hydrazine at
a pH of 1 while 1.2-1.7 moles of iron(III) are consumed
per mole of sulfite.
Copper(II) has been shown to have a catalytic effeet on the oxidations of sulfur(IV) ' ' '

and this effect

has been interpreted as due to the greater reactivity of
copper(II) over other oxidizing agents in oxidizing sulfur(V)
radicals.
The effect of copper(II) concentration on sulfur(IV)
oxidations apparently depends on the medium involved.

On

increasing the copper(II) concentration from 2.5 x 10

M

to 1.5 x 10"^ M while using iron(III), iron(II) and sulfur(IV)
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concentrations of 8 x 10-^ M , 2 x 10~^ M and 2 x lO'^ M ,
respectively, Higginson and Marshall^ found that the
stoichiometry of the iron (III)-sulfur (IV) reaction in sulfate changes considerably.

At the lowest copper(II) con-

centration it was found that 1.254 moles of sulfur(IV) were
consumed per mole of iron(III) while at the highest copper(II)
concentration this value was found to be 1.989.

Another

interesting point in these experiments was the accelerating effect of copper(II) on the reaction kinetics.

The

rate of disappearance of iron(III) was 2.26 x 10"^ M sec~l
at the lowest copper(II) concentration and 1.0 x 10"^ M sec~l
at the highest copper (II) concentration.

These results at

first appear to disagree with those presented in Table 2
where the copper(II) concentration was varied from
-4
-2
5 X 10

to 1.0 X 10

stant was observed.

M and no variation in the rate conHowever, it must be remembered that

two different media were used in performing these experiments and chlorocopper(II) complexes have been shown to
react much differently with free radicals than sulfato6R
copper(II) complexes,
as discussed on pages 83 and 84.
Since the kinetics of the iron(III)-sulfur(IV) reaction were erratic in the absence of copper(II), it is
of interest to examine possible reasons for deviation from
first-order behavior in this situation.

If copper(II) is

omitted from reaction mixtures involving iron(III) and
sulfur(IV), the sulfur(V) species may:

(1)

react with
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oxygen, (2)
(4)

react with the solvent, (3)

dimerize, or (5)

disproportionate,

react with another iron(III).

In the presence of oxygen, flash photolysis of
aqueous sulfite solutions is thought to proceed by the
mechanism shown in equations 50 and 51.^^'^^
SO^"
-5

^^

>

503 + O^

sol + e"
3
aq

(50)

^ SO3

(51)

The SO5 radical produced may in turn react with sulfite
to give sulfate or sulfate radicals, SOT, which eventually
^
T^ ^ •
^
25,69,70
^
^
end up as sulfate ions too,
as shown by equations
52-54.
so" + SO3""

• S0^~ + so"

(52)

»
504 + OH

2• so

-f OH

(53)

SO^ + H2O

• HSO^ + OH

(54)

The existence of sulfur(V) radicals in the iron(III)sulfur(IV) system is still not conclusively proven and
until more information concerning the existence of these
radicals in this reaction is obtained, the information
presented above is of interest, but not necessarily applicable to the situation in question.

However, all reaction

solutions were de-oxygenated before the addition of
cnlfurdV) and this should essentially remove the

I • »J

i J I • .-^

V .^^ A B

75
possibility of having oxygen as a reactant.
Reaction of sulfur(V) radicals with water does
not appear to be a significant factor in the decay of sulfur (V) radicals in aqueous solutions, 25,27 ^^^^ this

fate

of the sulfur(V) species will not be discussed further.
Disproportionation of sulfur(V) species to give
sulfate and a sulfur(IV) species is also a possible fate
for sulfur(V) radicals.

Present evidence, however, con-

cerning sulfur(V) radicals suggests that dimerization is
the most important factor in considering the decay of
25
sulfur(V) radicals in aqueous de-oxygenated solutions,
1- has been
and a rate constant of k = 5.55 x 108 M""1sec""-"
25
measured by Hayon, ^t al.,
for the dimerization of
sulfur(V) radicals.
Dimerization of sulfur(V) radicals and their further reaction with iron(III) or copper(II) accounts for
the appearance of both dithionate and sulfate as products.
A mechanism consistent with the evidence presented in
earlier sections is shown in equations 55-60.
Fe(III) + S(IV)

^18
-; " [Fe(III) - S(IV)]
^-18

[Fe(III) - S(IV)]

^19
-j
^

Fe(II) + S (V)

QFeS03 ^^^^

Q^g

(56)

^-19
Cu(II) + S(V)

^20

^ CU(I) -f S(VI)

(57)
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21
S(V) + S(V)

.

S206~

(58)

S(V) + Fe(III) -li.. Fe(II) + S(VI)

(59)

Cu(I) + Fe(III)

(60)

>

Cu(II) + Fe(II)

The iron(III)-sulfur(IV) complex in equations 55 and 56
is best represented by FeCl SO^"

where for reasons of

simplicity, coordinated water molecules are not indicated.
Due to the many equilibria that were rapidly established during the reaction, it was impossible to ascertain the precise iron(III) or sulfur(IV) species undergoing
reduction or oxidation.

For exam^jle, relevant iron (III)
1, 71
equilibria are shown in equations 61 and 62.
k.
^^'"^^ -f CI"
CI
Fe"^"^
-j—«•
k•-23
3-f

^T-

34- koA

Fe-^^^T^^

-

--'2+

Feci'"
9,

OFGCI

^^1^

Q^^^^

(62)

.

FeOH^+ -f H+

^-24
Equilibrium constants for Q p ^ ^ and Qp^Qj^ (in 1 M perchlorate) are 2.9 M""'' and 1.65 x lO""^ M at 25°C, respectively. 1**^1

Relevant sulfur(IV) equilibria are shown in

equations 18 and 63.
SO^ + H^O
2
^

^25
1 ^
TT

HSO3 + U^
-^

^-25
H-^ + CI- -. S02(^gj

^26
^=±
^-26

Q_^
SO9
^
_
.
CI .S02(^q) + H^

(18)

^0180,^^^^
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Only qualitative evidence for a weak complex, Cl"-SO
72 73
exists, '
but QgQ (in 1 M perchlorate) has been evaluated by Frydman, e^ al.,^^ as 4.3 x 10"^ M at 25°C.
The complex in equation 55 has been previously
observed, ' ' '

and as Carlyle^ has noted, the complex

may be of the form [Fe(OH) HS03]"^ or [FeS03]'^.

Either

structure is consistent with the observations presented
earlier in this dissertation.

An inverse second-order

dependence on hydrogen ion concentration can be accounted
for if equation 55 is replaced by one or both of the steps
shown in equations 64 and 65.
e-^"^ + S02(aq) -^ H2O

k.
-^•27
i — "

[FeS03]

+ 2H"^ ^21

^^^^

-27
FeOH^"*" + HSO~

^28
1^=^
k-28

[FeS03]'^ + H^O

Q28

(65)

To account for an inverse second-order dependence with respect to hydrogen ion concentration in equation 65, equations 18 and 62 must also be considered.

Then in either

equation 64 or 65, two hydrogen ions must be lost in the
formation of a [FeS03]

complex.

A rate-determining one-

electron transfer, as shown in equation 56, could occur
after this step with a subsequent fast one-electron transfer occurring when copper(II) reacts with the sulfur(V)
radical thus produced.

This mechanism also accounts for

iron(II) retardation, a first-order dependence on sulfur(IV)

78
and iron(III) and the presence of sulfate as a product all
of which were reported earlier in this dissertation.

The

small amount of dithionate formed during the reaction could
simply be due to a dimerization of sulfur (V) radicals.
Dithionate is the major product of the iron (III)-sulfur(IV)
reaction in solutions containing iron(III) sulfate in a
sulfate medium and where sulfur(IV) is in excess over
2 56
iron(III). '
From the fact that ler,s than 3 per cent
of the copper(II)-catalyzed reaction proceeds to form
dithionate, it seems reasonable to assume that:

(1)

per (II) is an efficient radical scavenger, and (2)

copsulfur(V)

is present in very small concentrations, &ince the decay
rate constant for sulfur(V) radicals is
k = 5.5 X 10

M

sec" .-^

As previously noted in Table 2,

copper(II) concentration changes in the range of 5.0 x 10"
—2
to 1.0 X 10

M had no effect on the rate of disappearance

of iron(III).

This fact seems to indicate that the steps

in equations 57 and 60 are fast and follow the ratedetermining step. Indeed, equation 60 in .a perchlorate
1
medium was found to have a rate constant o:f 1.61 x 10 5sec"-^.
The data in Figures 1 and 2 show tltiat copper (II)
possesses a greater ability than iron(III) in oxidizing
sulfur(V).

Addition of copper(II) to iron (III)-sulfur(IV)

reaction mixtures results in a pseudo-firsi:-order dependence
on iron (III) while uncatalyzed reactions sJhow a complex
dependence.
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If reaction 55 describes the fate of nearly all
the sulfur(V) radicals in an uncatalyzed iron(III)sulfur(IV) reaction, a second order dependence on iron(III)
should be observed.

However, if all of the steps in the

uncatalyzed reaction are important, the rate law would be
iT the
^T. ^
-u
of
form shown
m.

^'
rr where
^
• _-d[Fe(III)]
equation
66
R is
dt

and a steady state sulfur(V) concentration is assumed.

R=ki9QFeS03 [Fe (III) ] [S (IV) ](k22 [Fe (III) ] +k2i [S (V) ] -fk2o [Cu (II) ] )
l<:-.19[Fe(ll)]-fk2i[S(V)]-fk22[Fe(lII)]-fk2Q[Cu(II)]

(66)

In the copper(II)-catalyzed reaction the term
k2o[Cu(II)], under the conditions of this study, was found
to be much larger than k22[Fe(III)] or k2;^[S(V)].

In the

absence of iron(II) the rate law in equation 66 becomes
-d[Fe(III)] = -^l9QFeS03 [Fe (III) ] [S (IV) ]

.

.67)

dt
In the presence of added iron(II) the term
k To[Fe(II)] becomes significant and the rate law becomes
—19
-d[Fe(IIl)]

^i9^20^FeSO

[Fe(III)][S(IV)][Cu(II)]
(67a)

dt

k__^g [Fe (II) ] +k2Q [Cu (II) ]
Although the mechanism proposed here may not be

the only one that could account for the behavior described
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herein concerning catalyzed and

uncatalyzed reactions, it

is consistent with observations.
The same rate law as in equation 66 would also
obtain if disproportionation replaced equation 58 in the
previous reaction mechanism.

However, the products under

these circumstances would differ from those obtained in
the previous mechanism.
Sulfur(V) radicals in an aqueous solution exhibit
25
an absorption maximum at 255 nm.
The strong absorption
of iron(III) in this region would be prohibitive in determining the presence of SOo spectrophotometrically in
the iron(III)-sulfur(IV) reaction, even if its lifetime
were such that it could be observed in this manner.

How-

ever, using flash photolysis and pulse radiolysis, the
sulfite radical has been characterized

as:

(1)

having

a decay unaffected by pH in the range 4-10, (2) having a
8 -1
—1
decay rate constant, k = 5.55 x 10 M sec
and (3) reacting relatively slowly, k = 2 x 10
ethanol and isopropyl alcohol.

M~lsec" , with

These properties of

sulfur(V) are pertinent to the iron(III)-sulfur(II) reaction because the existence of sulfur(V) radicals has
18
. .
been questioned by at least one author.
Swmehart allowed hexacyanoferrate(III) to react with sulfur(IV) in
a 1:1 isopropyl alcohol-water mixture and with an established procedure,
radicals.

69

he tested for the presence of sulfur(V)

Sulfur(V) radicals oxidize 2-propanol to
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propanone and a yellow coloration develops if propanone is
present after the solution is treated with sodium hydroxide
and 4-hydroxy-3-methoxy-benzaldehyde in methanol.^^

Pro-

panone was found to be formed during the hexacyanoferrate (III)sulfur(IV) reaction, but sulfur(V) radicals are not necessarily indicated by this procedure.

A con^lex of the type,

[Fe(CN)5 - 803]^', may also be capable of oxidizing
isopropyl alcohol to propanone. 18
Copper(II) appears to serve as an catalyst in the
iron(III)-sulfur(IV) reaction by rapidly oxidizing sulfur(V)
species formed.

For this reason copper(II) oxidations of

other free radicals are of interest.

For example, in the

oxidation of hydrazine by iron(III) in an acidic solution,
it was found that copper(II) did not react at an appreciable rate with hydrazine nor did the presence of copper(II)
change the rate of oxidation of hydrazine fcy iron(III).
However, copper(II) greatly increased the ^relative amount
of nitrogen formed, which is the four-electron oxidation
product of hydrazine.

In contrast to the eopper(II)-

catalyzed oxidation of hydrazine, the copper (II)catalyzed iron(III)-sulfur(IV) reaction proceeds at a
larger rate in the presence of copper(II) than in its absence.

Evidence presented in the Results section gave

rate constants of 1.07 x 10"

sec~l ^nd 4.7 x 10" sec"

for an uncatalyzed and catalyzed reaction, respectively.
Except for a copper(II) catalyst, the reaction conditions
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used in obtaining the above rate constants v/ere identical.
Such a result, however, is not without precedent.

In the

hexacyanoferrate(III)-sulfur(IV) system, a ten-fold increase
in the rate of the catalyzed over the uncatalyzed reaction
occurred with the addition of 2 x 10~ M copper(II).
Previously, the catalytic influence of trace impurities
of copper (II) had been at times attributed to medium effects.

The catalytic influence of copper(II) on the hexa-

cyanoferrate(III)-sulfur(IV) reaction has been postulated 17
to be due to the replacement of one hexacyanoferrate(III)
ion in the activated complex by one copper(II) ion.

That

is, instead of a ternary complex consisting of two hexacyanoferrate (III) ions and one sulfur(IV) ion, the ternary
complex in the copper(II)-catalyzed reaction consists of
one copper(II) ion, one hexacyanoferrate(III) ion and one
sulfur(IV) ion.

A two-electron transfer may then occur

in this ternary complex.

A first-order dependence on

copper(II), hexacyanoferrate(III) and sulfur(IV) was found,
which is consistent with this reaction mechanism.

Replace-

ment of one hexacyanoferrate(III) by copper (II) reduces
the total charge of the activated complex thereby leading
to a lower potential energy.

The presence of copper(II)

also allows the triply-charged hexacyanoferrate(III) to
react more readily with the doubly-charged sulfite, or
singly-charged bisulfite.

A large electrostatic repulsion

would exist if hexacyanoferrate (III) and sulfur (I\^ were
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brought together, but these anions can approach each other
more readily in the presence of a positively-charged ion,
namely copper(II).
The catalytic effect of copper(II) in media containing chloride, bromide or thiocyanate results in a different mechanism of radical oxidation than does the use
of copper(II) in media containing sulfate or perchlorate
68
salts.
For example, the oxidation of ethyl radicals
with copper(II) chloride gives quantitative yields of
ethyl chloride.68

However, when copper(II) sulfate is

used, the predominant product is ethylene, but still other
products can be obtained depending on the medium involved.
A general mechanism to explain ligand transfer, oxidative
solvolysis, substitution or elimination has been advanced
78
by Jenkins and Kochi.
For the transfer of the ligand
on the copper (II) to the radical species the mechanismi
78
shown in equation 68 was proposed.
R. + Cullx2

^

[R. . . . X . . . CuX]

• RX + Cu-'-X

(68)

to explain other reactions an alkylcopper intermediate was
proposed.
R- + Cullx2

• RCUX2

The alkylcopper intermediate thus obtained can react in a
variety of ways.

First of all, the radical can be con-

verted into a carbonium ion with rearrangement occurring

(69)
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to form the most stable carbonium ion.

Furthermore, the

extent of rearrangement is independent of the copper(II)
halide or pseudohalide concentration, but highly dependent
on the ligand associated with the copper(II) nucleus.
This process is illustrated by the following equation
where rearrangement occurs in the complex [R"^. . .Culci"] .
[RCuCl"^]Cl"

.. [R"^. . .CulciJ

• RCl 4- Culcl

(70)

Secondly, oxidative elimination may occur and alkenes
would be formed in the situation where an alkyl radical
is involved.

Thirdly, oxidative substitution to form an

alkyl derivative from the ligand on the copper(II) may
occur.

This type of process is illustrated by the follow-

m g example.
CH3- + Cu(0Ac)2

•

CH OAc + CuloAc

(71)

Oxidative soJvolysis is still another possible fate the
radical may undergo and an example of this is given in
68
equation 72.
CH3- + H2O + CUSO4

.- CH3OH + H- + CuSO^

(72)

In oxidative solvolysis the presence of copper(II) does not
affect the fate of the radical.
The existence of sulfur(V) radicals in iron(III)sulfur(IV) reactions has never been confirmed or denied.
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although esr measurements have been made on reaction mixtures to search for the presence of the sulfur(V) radical.

Although Swinehart

obtained no definite evidence

for the existence of a radical it was seen, it was possible
that the radical was present in concentrations less than
the minimum detectable limit.
A value for QpeSO
and S(IV) are Fe
mated by Carlyle

1^ equation 55 where Fe(III)

and HSO3, respectively, has been esti8

to be less than or equal to 0.4 in a

perchlorate medium.

A rate constant for k2T in equation

58 has been previously measured by Hayon, et. al. ,25 and
the value for kj^g ^FeSO
in this study.

°^ 4.25 x 10""^ M sec"l ^^g obtained

These values will be of use to others who

study the reaction of iron(III) and sulfur(IV) for the purpose of measuring k_3^9 and k22 in equations 56 and 59, respectively.

Those interested in similar reactions involv-

ing oxidations of sulfur(IV) solutions will find the information obtained in this study useful.
The Copper(II)-Sulfur(IV) Reaction
in a Chloride Medium
The reaction of copper(II) chloride and sulfite in
an aqueous solution is an established method for the prepaQ"]

ration of copper(I) chloride.°
O

2Cu^"*" + 2C1~ + SO3" + H O

2

•• 2CuCl + SO^

—

4

+ 2H

-

(73)

In this synthesis the copper(I) chloride precipitates and
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is filtered off.

However, when studying the kinetics of

the reaction of copper(II) and sulfur(IV), any precipitate
that formed during the reaction would obscure the kinetics.
In excess chloride, however, soluble chlorocopper(I) complexes are formed and it was for this reason that reactions
were performed in the presence of excess chloride.

The

composition of any of the possible chlorocopper(I) complexes depends on the concentration of copper(I) and
chloride ions. Soluble chlorocopper(I) complexes are
23CUCI2/ CUCI3 and CUCI4 and these complexes are all
thermodynamically stable in the absence of oxygen or
82
Other oxidizing or reducing agents.
Workers investigating the copper(II)-catalyzed
iron(III)-sulfur(IV) reaction concluded that under the
conditions used in their experiments, either no detectable
2
reaction between copper (II) and sulfur (IV)

or only a very-

slight reaction involving 2.8- 4.3% of the total available
3
2
sulfur(IV) occurred.

Higginson and Marshall

employed

conditions where concentrations ranged from
4-10 X 10"^ M Fe(III), 1-10 x 10"^ M Fe(II), 0.025-15 x lO""^ M
Cu(II), 0.02 M S(IV), 0.08 M H"*", ionic strengths of 2.0 and
a temperature of 25°C.

They observed no significant re-

action between copper(II) and sulfur(IV) under these con3
ditions. Yet Kuz'minykh and Bomshtein observed what they
thought to be a rapid equilibrium being established between
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copper(II) and suirur(IV) in the absence of iron(III).
The copper (I) formed from this equilibrium was hypothesized
to react with iron(III) in a fast step to give copper(II)
and iron(II).

The reaction of copper(I) and iron(III)

has been shown '"'
to have a rate constant of
5
_i
1.61 X 10 sec , which is consistent with Kuz'minykh and
Bomshtein's theory, but the research described in an earlier
section of this paper shows that the copper(II)-sulfur(IV)
reaction is much slower than a similar reaction involving
iron(III) and sulfur(IV).

For example, using 0.01 M Cu(II)

or 0.01 M Fe(III), 0.01 M Cu (II), with the concentrations
of other reagents being the same, the rates of disappearance of copper(II) and iron(III) were 2.37 x 10"^ M sec~l
and 1.06 X 10

-4

-1
M sec -^, respectively.

If Kuz'minykh and

Bomshtein's theory were correct, the copper(II)-catalyzed
iron(III)-sulfur(IV) reaction would have a rate roughly
comparable to the copper(II)-sulfur(IV) reaction since
this equilibrium was postulated to be the rate-determining
step.

Instead, the rate-determining step of the iron(III)-

sulfur(IV) reaction in the presence of copper(II) is
probably the initial reaction of iron(III) and sulfur(IV),
as previously shown in this work.

The data presented

earlier in this work are consistent with the above hypothesis.
Bassett and Henry

7

claim that cupric sulfate and

nitrate are not reduced by sulfur(IV) in an acidic aqueous
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solution, but in an alkaline solution containing sulfite,
reduction of copper(II) to copper(I) does occur and
roughly 70 per cent of the sulfite is converted into
83
dithionate.

Copper(II) chloride, however, when allowed

to react with sulfur(IV) in an acidic solution gives sulfate as the principle product, as shown by Keller and
81
Wycoff,
and confirmed in this work.
Again a radical mechanism is apparently involved
as seen in the reactions involving organic free radicals
68
and copper(II).
When chloride is present in solutions
containing free radicals and copper(II), reactions involving chlorocopper complexes seem to predominate and give a
different mechanism from those involving solutions containing exclusively sulfate or nitrate ions.

That is, the re-

action in equation 74 seems to be followed in chloride
media.
R- + CI" + Cu(II)

.^ RCl -h C u d )

(74)

A typical radical reaction in an aqueous solution containing sulfate or nitrate and copper(II) is given in equation
75.
R- + H2O + Cu(II)

• ROH + Cu(I) -f H+

In addition, Bassett and Henry

7

(75)

also found that

dilute solutions of copper(II) gave more dithionate than
did concentrated solutions.

These results favor a mechan-

ism similar to that proposed for the iron(III) reaction
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with sulfur(IV).

That is, a mechanism of the type given

in equations 76-79 fits the observations.
:i=^

Cu(II) + SO^-

[CUSO3]

[CUSO3]

Q^^^^Q

(76)

^29
^ Cu(I) + SO3

(77)

^30
SO3 + SO3

.. 820^

(78)

k
H2O + SO3 -f Cu(II)

^^ •> Cu{l)

+ Sol~

+ 2H'^

(79)

Step 78 which produces sulfate would naturally be favored
when concentrated solutions of copper(II) are present, thus
explaining Bassett and Henry's observations.

If equation

77 is the rate-determining step in this mechanism then the
reaction should be first-order in copper(II) and firstorder in sulfur(IV).

Indeed, the experimental data indi-

cate that the reaction is first-order with respect to
copper(II) and sulfur(IV).

Data used in determining the

order with respect to hydrogen ion do not clearly indicate
an integral order at all hydrogen ion concentrations.

This

may be due to the fact that at 1.0 M H"^ the predominant
sulfur (IV) species is S09/__,\ while at lower concentrations
^ laq;
the predominant species is HSO3.

Since such a situation

exists, then a slope of -2 should be seen at high hydrogen
ion concentrations while a slope of -1 should be seen at
low hydrogen ion concentrations.

From the graph in Figure 8
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such a tendency is observed, although this hypothesis is
not definitely confirmed due to the precision of the data.
As pointed out in an earlier section, the accuracy of the
data depends on the precise measurement of the total absorbance change and the rate of change of absorbance initially.

Any errors in these quantities will cause errors

in the calculation of the rate of change of copper(II),
but it seems unlikely that such errors will be large enough
to change the trend seen in Figure 8.
V

The study of the copper(II)-sulfur(IV) reaction
has been of assistance in establishing a suitable mechanism
for the copper(II)-catalyzed iron(III)-sulfur(IV) reaction.
By showing that the copper(II)-sulfur(IV) reaction is
roughly two orders of magnitude slower than a similar reaction involving a copper(II)-catalyzed iron (III)-sulfur(IV)
reaction, it has been possible to rule out certain mechanisms, including the one postulated by Kuz'minykh and
Bomshtein" involving an initial copper(II)-sulfur(IV) reaction as the rate-determining step.
The kinetics of the copper(II)-sulfur(IV) reaction
have never been studied prior to this work and while the
results obtained here are interesting they are also a
valuable asset in analyzing and interpreting the results
of the copper(II)-catalyzed iron(III)-sulfur(IV) reaction.
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Complexation of Copper(I) with Sulfur(IV)
The reaction of copper(II) and sulfur(IV) has been
shown to give copper(I) and sulfate as products.

In solu-

tions containing excess chloride the copper (I) is present
as chlorocopper(I) complexes.79

As previously mentioned,

copper(I) definitely inhibits the oxidation-reduction reaction between copper(II) and sulfur(IV).

This result,

however, was not totally unexpected because similar results were observed in the iron(III)-sulfur (IV) reaction
when iron(II) was added.

In the copper(II) reaction with

sulfur(IV), a reversible step, as shown in equation 80,
seems probable.
Cu(II) + SO3

15=* Cu(I) + SO"

(80)

Formation of stable copper(I) complexes in systems catalyzed by copper(II) has been shown to inhifeit reactions
occurring in these systems.^^'^^

For example, in the oxi-

dation of ascorbic acid by copper (II), carbxon monoxide
inhibited the copper(II)-catalyzed reaction.

The reaction

mechanism in the absence of carbon monoxidce is shown in
equations 81-83.
ascorbate + Cu(II) -»
dehydroascorbate + 2Cu(I) + 2H:^

(81)

2Cu(l) -f 2H"^ + 1 O2

^ 2Cu(II) + H^O

(82)

2Cu(II) + H2O2

(83)

2Cu(I) + 2H'*' + O2

•
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When carbon monoxide is introduced into this system, a
stable carbonyl complex is formed with copper(I), but not
with copper(II).

Formation of this copper(I) complex pro-

hibits the regeneration of copper(II).

The inhibition of

copper(II)-catalyzed systems such as this by complexing
agents depends to a large extent on the relative ability
of the complexing agent to coordinate to either copper(II)
or copper (I).

While complexes of copper(I) are formed

during the copper(II)-catalyzed reaction of iron(III) and
sulfur(IV), such complexes are thought to have no effect
on the rates of disappearance of iron(III).

Copper(I) com-

plexes could exert an influence later in the reaction if
the complexes were so stable that they could not be oxidized
back to copper(II) by iron(III).

If such a situation did

exist, plots of log(A-Ao»), where (A-A^^ ) is proportional
to iron(III) concentration, versus reaction time would not
be linear.

Since these plots were linear, this observation

is consistent with the idea that no copper(I) complex is
formed that could not be oxidized by iron(III).

Still a

complex of copper(II) or copper(I) with some reagent present in the reaction mixture is of interest to those investigating this system.

Since a large number of experi-

ments involved a ten-fold excess of sulfur(IV) over
iron(III)# the ability of copper (I) or copper(II) to form
strong complexes may have an effect on the apparent reaction
kinetics.

For example, since most experiments were
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performed using equimolar quantities of iron(III) and copper(II), the actual excess of sulfur(IV) may have been
4only seven fold if a complex, Cu(S03)^ , formed.

Spectro-

photometric experiments were performed to determine the
existence of a copper(II) complex with sulfur(IV), and no
observable complex formed.

The existence of a copper(I)

complex, however, would have less of an effect on reaction
kinetics than a copper(II) complex since appreciable quantities of copper(I) did not form until much later in the
reaction.

In spectrophotometric experiments using copper(I)

and sulfur(IV), complex formation was observed.

This re-

sult, however, was not unexpected since other members of
R6
Group IB exhibit complex formation with sulfite.
Specifically, silver(I) forms complexes of the type AgSOZ
3_
and Ag(S03)^ . Dissociation constants for these complexes
are 4 x 10"

and 1.6 x 10" , respectively.86

potentio-

metric measurements gave these values, and similar measurements on sulfitocopper(I) complexes gave values of
1.4 X lO" , 2 X 10"^ and 4.4 x 10""^^ for CUSO3, Cu(S03) ~
5and Cu(S03) , respectively. Since these results were
obtained in a perchlorate medium, the values and even the
complexes themselves may be different in a chloride medium.
6—
Indeed a complex, Cu(S03) Cl ", has been found in a chloride
medium, and this complex has a dissociation constant of
-11
87
9.9 x 10

as determined potentiometrically.

This in-

formation is particularly interesting in the copper(II)-
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sulfur (IV) system because complexing agents when added to
a system undergoing oxidation-reduction may alter the
oxidising or reducing power of an ion, depending on which
88
oxidation state forms a stronger complex.

A redox re-

action that would normally occur can sometimes take place
in the opposite direction because of complexing agents.
For example, the reaction between iron(II) and copper(II)
will not occur in a perchlorate medium because of thermo^
.
. ,
.
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dynamic considerations.

However, m

the presence of a

large excess of ammonium thiocyanate, a reversal of the
normal situation exists and a redox reaction occurs.
Cu(Il) + Fe(II) + 7 S C N "
^ Fe(SCN)^~ + CuSCN

(80)

Rates of reaction may also depend on the ligands present
91
in solution.

The copper(I) complex with sulfur(IV) ob-

served spectrophotometrically in this work seemed to be a
very weak complex as shown by the linearity of the plot
in Figure 10, where the apparent extinction coefficient
of copper(I) was plotted versus sulfur(IV) concentration.
Even at high sulfur(IV) concentrations there was very little
deviation from Beer's Law and this was taken to mean that
in the range of copper(I) and sulfur(IV) studied, only one
complex was formed.
the values for

However, very small differences in

^app and Q's of the sulfitocopper(I) com-

plexes may exist and if this were true the plot in Figure
10 could appear to be a straight line within experimental
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error.

Since a linear plot fits the data so well, a rea-

sonable assumption for the composition of solutions containing copper(II) and sulfur(IV), under the conditions
previously described, is that only one complex was formed.
As mentioned earlier, data at both low and high sulfur (IV)
concentrations fit the assumption of a single sulfitocopper(I) complex in solution.

This implies that the com—
9—
3—
position of the complex is CUSO3, CUSO3CI , CUSO3CI2
4- , and that only a very weak complex is formed.
or CUSO3CI3
Such a complex is analogous to the one proposed by Boos,
87
et al.

Of course, a complex of slightly different com-

position may exist in solutions where the chloride concentration is different.

While quantitative results regard-

ing the dissociation constant of a sulfitocopper(I) complex could not be obtained spectrophotometrically, the
establishment of such a complex is an important aspect in
studying other reactions where copper(I) is present.

In

fact, the oxidation-reduction of copper(II) with sulfur(IV)
is an example of the importance of a sulfitocopper(I) complex.

That is, such a complex may tend to promote the

reaction between copper(II) and sulfur(IV) in a manner
similar to that described earlier in the iron(II) and
-4.
A.90
copper /T-r^
(II) situation.
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The spectrophotometric study of sulfitocopper(I)
complexes has never been undertaken before and while this
study is an interesting adjunct to the copper(II)sulfur(IV) reaction, it is also of interest as a separate
problem.

CHAPTER V

SUMMARY J\ND CONCLUSIONS

The kinetics of the copper(II)-catalyzed

iron(III)-

sulfur(IV) reaction were studied in a chloride medium at
an ionic strength of 1.0-1.1 using the following conditions:

[Fe(III)], 5 X 10"-^ to 10~2 M;

to 2 X 10"1 M;

[Fe(II)], 1 x 1 0 " ^

[S(IV)], 1 X 10"2 to 4 x 1 0 " ! M;

5 X 10""^ to 10-2 ^ .

|-j5+j ^ 3.6 X 10~2 to 1.0 M.

[Cu(II)],
Under these

conditions the following rate law was obtained:

-d[Fe(III)]
<^t

^ 4.25 x 10"-^ M sec"l
[H+]2

[Fe(III)] [S(IV)]

(1 + 16 M-1

[Fe(II)])

Determination of the order of the reaction with respect to
each component was obtained b y using a spectrophotometric
method of analysis at wavelengths of 400-490 nm where
iron(III) is the only absorbing species in the reaction
mixture.

In the presence of copper(II) a smooth p s e u d o -

first-order disappearance of iron(III) was observed while
the interpretation of uncatalyzed reactions of iron(III)
and sulfur (IV) was n o t as straightforward.

The presence

of copper(II) also tended to increase the rate of d i s appearance o f i r o n ( I I I ) .

The catalytic effect of copper(II)

is b e l i e v e d to b e due to the increased effectiveness
copper(II) over iron(III) as a scavenger for
species.
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of

sulfur(V)
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Copper(II) itself also reacts with sulfur(IV) in
1 M chloride although the rate at which reaction occurred
was roughly two orders of magnitude slower than the
copper(II)-catalyzed iron(III)-sulfur(IV) reaction using
similar conditions.

The copper(II)-sulfur(IV) reaction

was found to exhibit a first-order dependence with respect
to both copper(II) and sulfur(IV).

The hydrogen ion de-

pendence at high acidity appeared to be -2 while roughly
an inverse first-order dependence with respect to hydrogen
ion was observed at low acidities.

Copper(I) was found

to retard the reaction.
A copper(I) complex with sulfur(IV) was observed
spectrophotometrically in both 0.1 and 1.0 M chloride.
From the data obtained, the complex that formed was believed to be weak.
In this dissertation the reactions of copper
species were primarily of interest because of their relations to the copper(II)-catalyzed iron(III)-sulfur(IV)
reaction.
The work performed in this study, while providing
the most complete study of this reaction to date, will
also be useful to others investigating other aspects of
this reaction and similar reactions involving oxidationreduction of iron species, sulfur(IV) or sulfur(V).
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