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KINETICS OF THE OXIDATION OF BISULFITE ION BY OXYGEN

Thomas G. Braga and Robert E. Connick

Chemistry Department, University of California,
- and Materials and Molecular Research Division,
Lawrence Berkeley Laboratory
University of California
Berkeley, CA 94720

The chain reaction between sulfur (IV) and oxygen
has been studied in the pH region of 3.0 and 4.7
wvhere bisulfite ion, HSO3 , is the principal species.
Preliminary measurements were made with a two-phase
gas—-aqueous system. To avoid mass-transfer problems,
the remaining studies were dome on a single aqueous
phase with no gas phase present and using an oxygen
meter to follow the concentration of dissolved oxy-
gen as a function of time. Empirical rate laws

vere determined for a variety of conditiomns, in-
cluding the presence of ethanol, manganous ion and
ultra violet light. Without additives the chain
appears to be terminated by a bimolecular reaction
of chain carriers, since the rate law contains

powers of multiples of 1/2. Ethanol inhibits the
reaction by chain termination involving a single
- chain carrier. Manganous ion is a strong catalyst,
apparently through the introduction of a new pro-
pagating path as well as participation in the ini-
tiation. Ultra violet light presumably initiates

the chain. The "simplest” resolution of the rate
laws into the three components: initiation, pro-
pagation and termination is suggested. The data

do not establish the identity of the intermediates; -
other information will be necessary to fix mechanisms
of the reaction. ' '

The oxidation of bisulfite ion by oxygen:
-n z-
2HSO3 + 0, = 250, + 2H' -

is of importance in the lime/limestone processes for removing sul-
fur dioxide from stack gases of coal-burning power plants as well
as in the conversion of a2tmospheric SOz to sulfuric acid, the
principal component of acid rain. In the various Flue Gas Desul-



‘furization processes, there are advantages to be gained in accel- "
erating this oxidation in some cases and in slowing it down in

others. Thus a basic understanding of the kinetics of the re-
action 1is a desirable goal.

Since Backstrom (1,2) reported studies of the thermal and
photo-oxidation of sodium sulfite solutions, the oxidation of
S(IV) species by oxygen has been known to proceed by a chain mech-
anism. The details of the mechanism, however, are still a matter
of much controversy.

A review of the extensive literature (3,4) shows considerable
disagreement concerning the rate law and rate constants. Most of
the studies were done on sulfite solutions around pH 9. The rate
law appears to vary depending on the experimental conditions, and
no consistent law has been obtained. The rate has been reported
to be proportional to the sulfite concentratiom and independent of
the oxygen concentration (5-7) as well as proportional to both the

:sulfite and oxygen concentrations (8-10). Although some reports
(;;) distinguish between the rate laws at sulfite concentrations
less than or greater than .01 M, both expressions have been re-
ported for both ranges. Dramatic effects of many metal ions (12-
14) and organic molecules (15-16) have: been cited, however in
many cases the role of these se additives has not been determined.

The effects of impurities have been well documented, with in-
vestigators reporting that consistent results could only be ap-
proached after extensive purification (7,9), although even then
the rate may have been controlled by impurities. This sensiti-
vity is not surprising since, as a chain reaction, the process in-
volves highly reactive chain carriers.

We have chosen to attack the control of this reaction not by
exhaustive purification, which has proven to be a difficult task
owing to the large effects produced by some catalysts even in
trace amounts, but by attempting to control or define the chain
processes by the introduction of known catalysts and inhibitors.

The present studies were carried out at acidities where HSO3
418 the principal S(IV) species. The dependences of the oxidation
rate on the concentration of bisulfite, oxygen and H' were stud-
ied in the pH range of 3.0 to 4.7. The effects of ethanol, man-
ganous ion and ultraviolet radiation on the rate and above depen-
dences were investigated in order to gain information concerning
the feasibility of controlling the oxidation reaction through
their presence. '

Experimental.

Two Phase Experiments. The rate of 02 uptake by bisulfite
solutions was measured by following the change in the volume of
oxygen gas at one atmosphere pressure in a closed, thermostated
system at 25°C. The solution was violently agitated using a
Vibro Mischer (Ag. fir Chemie-Apparatebau, Zurich, Switzerland)
which vibrated a perforated plate vertically about 5 mm below the




‘surface of the liquid at 7200 rpm with ca. 2 mm amplitude. This
action forces many small gas bubbles into the solution below the
- plate and produces almost a froth above the plate. The mixing
:was further enhanced by a magnetic stirring bar operating on the
‘bottom of the vessel at its maximum speed.

Aliquots of HSO3 solution were introduced into the system by
means of a pressure equalizing buret.

Single Phase Experiments. In order to eliminate the possi-
bility of gas-liquid mass transfer control, the rate of the dis-
‘appearance of dissolved oxygen in bisulfite solutions was deter-
mined in the liquid phase in the absence of a gas phase using the
vessel shown in Figure 1. Concentrations were varied by intro-
‘ducing aliquots of the reagents through the port of the vessel
both at the beginning and sometimes during a kinetic run. The
initial oxygen concentration was usually 2.6 x 107 M but in a
“few cases was as high as 4.3 x 10”* M. The direct medsurement of
the change in the concentration of oxygen with time was achieved
by using a Yellow Springs Instrument model 57 oxygen meter and
model 5739 probe. This probe consists of a Clark-type membrane
covering a gold and AgCl electrode system. Output was recorded .
on a Leeds and Northrup Speedomax strip chart recorder.

The response time of the oxygen probe was determined by mea-
suring the response of the probe to a sudden change in oxygen con-
'centration. This was accomplished by physically transfering the
;probe from air saturated water to deoxygenated water. Analyzing
these data in terms of a two layer diffusion model (17) indicated
that a zero order rate of 0, disappearance of less than 3 x 10-°
M sec” =1 could be determined without applying any corrections due
to diffusional processes. Larger zero order rates were determined
by graphically fitting the decay to a series of plots calculated
using a mathematical treatment analogous to that of Benedek and
Heideger (17) for the oxygen probe. Rates less tham V2 x 10~5
sec™! were measurable, i.e., appreciably slower than the diffusion
control limit.

: The pH of the solution was measured with an Orion Research
model 60l1A digital meter and a Markson model 788 combination elec-
trode. :

Ultraviolet radiation was produced by a Gemeral Electric
H100A4/T bulb, with the glass outer casing removed, located ap-
‘proximately 6 cm above the upper solution. The UV light was al-
'lowed to shine into the solution through the quartz tube indicated
(Figure 1). The intensity of the light on the solution was var-
ied by masking the cross sectional area of the tube close to the
- 14ght source with a foil perforated with holes. All experiments
‘were at 25°C. . o

Results

Two Phase Experiments. Figure 2 shows typical data for the




absorption of gaseous 0z into a bisulfite solution. To maintain
PH control, an acetic acid-sodium acetate buffer (pH = 3.7 to
4.7) was used. Since the solution was prepared from oxygen de-
Pleted water, the initial rapid drop in volume of oxygen occurs
as the solution is quickly being saturated, followed by the slower
decrease in volume as the oxidation proceeds. When the data for
-the first few minutes have subtracted from them values of the
‘smoothly extrapolated remainder of the curve, it is found that the
first order rate agrees closely with the rate at which 02(g) goes
into water under the same mixing conditions (insert, Figure 2).
The rate of reaction between HSO3F and 02 is shown to be much
slower than the mass transfer rate and therefore is kinetically
controlled. This rate, on analysis, is found to be 3/2 order in
bisulfite concentration during a single experiment (Figure 3).

Rates were not reproducible between rums, varying usually 10
to 20 percent but sometimes much more. Varying the source and
purity of the water and the source of bisulfite failed to elimi-
nate the problem. However, comparison of rates between experi-
ments seemed consistent with 3/2 order for HSO3 and indicated the
rate was inverse first order in HY concentration. The oxygen de-
pendence was not tested.

Single Phase Experiments..

Buffered Solutions. Single phase experiments in 0.5 M acetic
acid-0.5 M sodium acetate buffer solutions, with HSO3T (0.0l to
0.04 M) in large excess over oxygen, gave approximately a zero
order dependence on oxygen.  The data actually indicated a some-
what less than zero order initially which gradually became zero
order as the reaction approached completion. The complete rate
law for these buffered solutions at pH 4.7 appears to be

°d|02| = Rate = k[HSO;].S/Z[OZ]O [¢))

with k = 3 x 10~° r?’ s~!. The addition of 0.2 M CuSO. increased
‘the rate by a factor of 3 for 0.016 M HSO37 in the equimolar buf-
fer. o

Buffered Solutions with MnSO, and Ethanol. A series of ex-
periments at constant [HSO3], buffer and initial [02] showed a
first order dependence of the rate on concentration of manganous
ion (Figure 4, curve A).

A series of experiments at constant [{HSO3], buffer and ini-
tial [02] gave an inverse dependence of the rate on ethanol con-
centration as shown in Figure 5 where the reciprocal of the rate,
normalized to the value at zero ethanol is plotted. For sulfite
solutions Backstrom (1) found an alcohol dependence of the form




1 '
Rate = T [Etom] | _@

The present results at low ethanol concentrations are probably
consistent with this relationship. At higher ethanol, a new re-
action path becomes observable (Figure 5). This.path is roughly
‘100 fold slower than the original path and is independent of the
ethanol concentration. Further experiments showed that the new
path had a 3/2 order dependence on oxygen and 1ncreased in rate as
the buffer concentration was increased.

Experiments were attempted with both ethanol and manganous
ion present. The results conformed to no simple rate law and
seemed only understandable if it was assumed that the manganous
ion (at <4 x 10~* M) was being complexed by an impurity in the
ethanol. Purification of the ethanol by distillation increased
the rate ca. 4 fold but did not eliminate the effect. Because of
the apparent participation of the buffer in the rate law, work on
buffered systems was discontinued.

Non-buffered Solutions. The net reaction
2 HSOF + 0, = 2 SO. + 2 HY

produces one H+ per HSO3 consumed so it is necessary to add base
to the reacting system if the pH is to be kept constant. This was
done by addition of NaHCO3 solution by means of a finely-tipped
buret inserted into the solution in the cell (Figure 1). The ad-
dition was done manually using the pH meter as an indicator of
acidity.

As in the buffered solutions, the rate was initially less
than zero order in [02]. It was discovered, however, that the
- rate increased somewhat and became zero order if the reaction was
repeated several times by introducing fresh oxygen. For this
reason, the following procedure was adopted. After an aliquot of
‘a HSO7 solution was injected into the reaction vessel, the [02]
was recorded until the oxygen was completely depleted. The solu-
tion was then re-oxygenated by bubbling 02 through it. After the
.removal of all bubbles, the time dependence of the [0:] was again
‘recorded. This procedure was continued until the rate became con-
stant. Usually two complete reactions sufficed. -

As the rate was generally zero order in [02] with HSO3 in
large excess, the constant slope of the [0;] vs. time plot made it
easy to determine the rate. Because of this circumstance and in
“order to minimize changes in the solution that could lead to ir-
reproducibility, many of the experiments on the order with re-
spect to HSO3, Mn2t, ethanol and light intensity were done by fol-
lowing the 0, disappearance long enough to establish the rate,
adding a small volume of the species whose order was being deter-
mined, following long enough to get the new rate, adding more of



the species, etc. In this way changes in the reaction solution
were kept to a minimum and hopefully irreproducibility was mini-
mized.

Figure 6, curve A, and Figure 7, curve A, show the dependen-
ce of the rate on the concentrations of bisulfite and hydrogen
ion for the oxidation where the pH was controlled by the addition
of NaHCO3. These data indicate that under the described condi-
tions, the rate is 3/2 order with respect to [HSO3] and approxi-
mately inverse 3/2 order with respect to [HY]. Also, since the
concentration of O, was observed to decrease linearly with time,
the rate is independent of [02], as in the buffered systems.

An earlier series of experiments using different distilled
water, bisulfite and sodium bicarbonate solutions gave a second
order dependence on bisulfite concentration and an inverse second
order dependence on [H']. The rate of reaction was approximately
3 fold less. Since these inconsistencies could possibly be attri-
buted to the introduction of impurities, another method of vary-
ing the [HSO3] was tried. After making a run with a given HSO73
. concentration, a small volume of ca. 2 M H20; (prepared from 307
H;02 Mallinckrodt Superoxol) was added to reduce the HSO3F con-
centration by oxidation of a part of it to SO2~. The solution
was then reoxygenated and run again, etc. These experiments gave
a 3/2 order with respect to bisulfite, thus adding support to the
first cited rate law, although, as in other cases, it was still
not possible to rule out contributions from impurities.

Non-buffered Solution with Ethanol. The effect of ethanol on
the non-buffered solutions at constant [HSO3] is shown in Figure
-8, curve A. These data indicate that the effect of ethanol under
these conditions is qualitatively the same as in the buffered so-
lutions and is described by equation 3 at low alcohol.

‘The dependence of the reaction on [HSO3] and pH in the pres-
ence of ethanol were investigated under the conditions shown in
Figure 6, curve B, and Figure 7, curve B. The reaction is shown
to be second order in [HSO7] and inverse second order in [HY].

In all cases the rate was still independent of [0:].

Non-buffered Solution with MnSO,. The effect of the addition
of Mn?+ on the non-buffered rate is shown in Figure 4, curve B,
‘where rates corrected for the rate for zero manganous concentra=-
tion are plotted. This treatment suggests that the manganous
catalyzed rate is dependent on [Mn2t+]3/2,

In the presence of manganous, the rate i1s shown to be inde-
pendent of [HSO3] (Table I) and inversely proportionmal to [HY]
(Figure 7, curve C), while still independent of [0z]. Therefore,
it appears that the rate law for the path catalyzed by Mn?* under
these conditions is of the form :




k[Ma?*1%/2 1u5031° 10,1° | )
(a*] '

Non-buffered Solutions with Ultraviolet Light. Analysis of
the photooxidation data was made with the assumption that al-
though only part of the solution was illuminated (<50%), a correc-
tion for the dark reaction could be made by subtracting the dark
rate from the observed rate.

. The rate of the oxidation under these conditions was shown to
be dependent on [HS03]%/2 (Figure 6, curve C). Also, it is in-
dependent of both [02] and pH over the pH range of 3.0 - 4.2.

Rough measurements with variable -intensity of light suggest
that the rate depends on the square root of the light intensity
(Figure 9, curve A).

Rate =

Non~-buffered Solutions with Ultraviolet Light and Ethanol. As
4n the case of the thermal oxidation, the rate expression for the
photooxidation with ethanol is initially of the form of equation
3. At higher ethanol concentrations, however, the rate is becom-
ing independent of ethanol, as was the case of the buffered solu-
tion experiments, indicating the contribution of a new pathway
(Figure 8, curve B). Under conditions where the rate was inverse-
ly proportional to the ethanol concentration, the rate was inde-
pendent of pH (3.0 - 4.2) and [02], was second order in [HSO3]
‘(Figure 6, curve D), and was proportional to the intensity of
light (Figure 9, curve B).

, Non-buffered Solutions with Ultraviolet Light and MnSO,.,.

The photooxidation rate was found to be proportional to the con-
centration of Mn?* (Figure 4, curve C), independent of [0,] and
hydrogen ion concentration, and proportional to the intensity of -
light to the 0.5 power (Figure 9, curve C). The order with re-
spect to HSO3 is somewhat greater than 0.5 but less than 1.0 (Fig-
ure 10). : )

Reproducibility. As all other investigators have found, the
rate of the reaction is not reproducible within the experimental
accuracy, even when careful precautions are takenm to use the same
chemicals and containers. No satisfactory explamation has been
~ advanced other than the presence of variable amounts of unknown
4mpurities. In our experience, experiments done under as identi-
cal conditions as possible usually gave rates within 107 of each,
but sometimes varied as much as 20%Z and infrequently more. Exper-
iments with different solutions of reagents gave greater varia-
tions, sometimes as much as several fold. Within a single run in
the one-phase system the [02] vs. time plot was quite linear,
within the experimental accuracy. The two-phase system showed
some irreproducibility in a single run. The use of ethanol as a




eliminate the irreproducibility. Therefore it is suspected that
it arises at least in part in the initiation. The experiments
‘with UV light were not sufficiently well controlled to determine
whether the reproducibility was improved.

- Discussion. The rate of a chain reaction of long chain
length may be represented symbolically by a chain initiating step
I, a chain propagating step P, and a chain terminating step T:

1

Rate = P (—%—)“ ~ 5)
where n is a small integer, usually 1 or 2. The rates of initia-
tion and. termination are equal, i.e., I = T.. The factor I/T is .
introduced to cancel from the rate law the concentration(s) of
chain carrier(s) which appear in P and T. If the termination in-
volves one chain carrier, n will be unity; 1if it involves two
chain carriers, n will be two. Analysis of rate expressions in
terms of equation 5 can help in the determination of the role of
catalysts or inhibitors in the chain process.

In the treatment of the data, the effects of Mn?t and ultra-
violet light were assumed to be separable from the processes with-
out these additives. Therefore, the rates of the catalyzed re-
action paths were determined by correcting the observed rate for
contributions from the rate without the additives. It must be
understood, however, that this assumption is exact only when the
catalyzed reaction is independent of the non-catalyzed reaction
or when the catalyst only affects one process (i.e., initiation
or propagation) additively while the other processes are unchang-
ed. However, the assumption yields a. first order correction if
the catalyst is involved in more than one process.

The order of the reaction with respect to a particular re-
agent was generally determined by changing the concentration
through additions of the reagent. Exceptions were HSO3 in the
two-phase experiments and O2 in the single-phase experiments,
where the order could be determined from the change in concentra-
tion during a single run. For the usual case, i.e., where reagent
was added, there was always the possibility of the presence in the
reagent of an impurity which entered into. the rate, with the con-
sequence that a false order for the reagent would be obtained.

In an attempt to guard against this possibility different sources
of each reagent were tried with no evidence of a significant ef-
fect within the general level of reproducibility of the rate, ex-
cept for the case of ethanol in the presence of Mn®* cited earli-
er. Yet the possibility that the orders might be flawed by im-
purities must be kept in mind. Accepting these assumptions in
the treatment of the data, a qualitative explamation of the re-
sults can be obtained by analyzing the rate laws for the various
conditions in terms of equation 5. A possible analysis which



utilizes the minimum number of paths is shown in Table II.

The discerning reader will notice that the alcohol depen-—
dence given in equation (3) is not that predicted from the proper
combination of the second and third rate laws of Table II. The
difference is small, however, and probably not detectable within
the reproducibility of the experiments. The inability of the an-
alysis to explain completely the bisulfite dependence shown in
rate law 7 may be due to over-simplification. A contribution of
another term in the propagation process which is proportional to
[BS03][X] ({i.e., th$ propagation term for the rate laws without
the presence of Mn?"), may not be negligible. The addition of
this term would produce a gradual increase in the order of the
rate with respect to [HSO3] from 0.5 to 1.5 with increasing
[{BSO3]. This is not unlike the effect shown im Figure 10.
~ The most serious discrepancy in Table II occurs in rate law
2 where the [H"] dependence measured is -3/2 while that predicted
is8.-1, as found in rate law 1. Unless the results are in .error,
the system is more complex than pictured.

The suggested breakdown of the rate laws im Table II into
" initiation, propagation and termination is of course not unique,
but rather the simplest interpretation for a chain mechanism.

For example, wherever an {X][X] termination was used, it could
equally well be an [X][Y] termination involving two intermediates.
The propagation term would then be the square root of the product
of two of the propagating steps - one involving [X] and the other .
‘[Y]. Further, the concentration terms in the rate law that are to
be attributed to each of the three terms is not unique, but the
choice given seems the most reasonable of the possibilities. The
selection of a termination step involving two chain carriers is
strongly suggested whenever the rate law contaims an odd multiple
‘of one half order, corresponding to n = 2, although other sources
of such orders are possible in principle. If there are no half
orders in the rate law it is likely, although not necessary, that
the termination involves only a single chain carrier.

. These results suggest the following:

Ultraviolet light appears to affect only the initiationm.
This is indicated by the change in the dependence on the intensi-
ty of 1light from 0.5 to 1.0 order upon the addition of ethanol, a
known terminator (1) which switches the termination from [X][X] to
[EtOH][X] and n from 1 to 2. ' , :

The 3/2 order in [Mn2%] suggests that manganous is involved
in both the initiation and propogation, although other explana-
tions involving more complex mechanisms and higher order terms
are possible. o ‘

In the resolution of the rate laws of Table II into their
component parts, intermediates (chain carriers) have always been
symbolized by X. The simplest interpretation would have X the
same species for all of the rate laws. Assuming this to be the
case, it is possible to combine the rate laws of Table II into a
single master rate law that allows comparison of a calculated
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rate with the experimental rate for each data set. The irrepro-
ducibility of the experiments, however, makes such a procedure
questionable. The results are generally consistent qualitatively
with such an analysis, but there is not perfect quantitative
agreement.

Of course there may be impurities involved in some Jf the
steps in Table II, and in particular it seems likely that some
impurity participates in the initiation step of the first three
rate laws.

From the analysis of the rate laws in Table II one can write
plausible mechanisms for the reaction, but always more than one.
The chain initiation reaction is in no case defined by the rate
law, and the chain carriers cannot be uniquely fixed from the
rate law. Therefore no attempt will be made to give mechanisms
until further information is available to limit the possibilities.
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Table I
Dependence of Rate on [HSO3] with [Mn?%] = 9.14 x 107° M.

o [HSO3] x 10® Rate(observed) Rate(without Mn2+) Rate(with Mn“")

M x 10" M sec™® x 10° M sec™' x 107 M sec !
3,47 1.50  0.85 1.41
 4.65 148 L.30 L3S

8.47 195 450 . 1.50

8.96 ~1.95 5,70 o 1.38
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Table II

Possible Interpretation of the Rate Laws

Conditions

Buffered

solutions Rate

Non-buffered
solutions Rate

Non-buffered
solutions
with ethanol

Rate

Noh—buffered

RS
solutions ate
with MnSO,

Non-buffered Rate

solutions
With UV”ligh;

Non-buffered
solutions Rate
with UV light

.and ethanol

Non-buffered
solutions Rate
with OV light
aid MnSO.

Rate Law
' I
. [85031%/%[0,]° P
14 T
1
. 1850313/2[0,]° P
(aty3/2 T
I
« [HS03]? [0,1° P
(8712 [EtoH] T
I
« Mn2*13/2(15071°[0,1° P
(8h T
I
=1, /% [(85031°/2 [0,]° @
T
1
I, (8031 [02]° P
[EtOH] T
I
= 1, 1/2(Ma"](85031°-* [0, 1°

hv
T

Analysis

tesos1(ut1™?
(BSO3](X]
{x][X]

(mso3)["17?
[HSO3]([X] |

IX1IXY

raso3](a*)™?
[ESO31([X]
[EtOH][X]

Ma2*y(a) "2
[Ma?) [X]
[x][X]

Ihv[HSO;]
(HS031(X]
[X1[x]
Iy [359?1
[BSO3][X]

[EtOH][X]
Iy [HSO3]
M2 t1x]

[x1{x1.
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Figure 1
 Reaction vessel used for single phase experiments.
Figure 2
| Typical gas volume_daﬁa for the absorption of gaseous 02,

- into a bisulfite solution. Sodium acetate-acetic acid buffer at

0.5 M; initial,[HSOE] = 0.012 M;'[OZ] = 1,23 x,lO-.3 M. Insert

0_—..02 absorption into HZ-O’ g-initial O2 absorption into HSOE
solution.
Figure 3

| Plot ind;cating 3/2 order dependenge of rate on [BSOS] for

the reaction: .HSOE + O2 in 0.5 M acetic acid-sodium acetate

buffer. Initial [HSO;] = 0.012 ; [0,] = 1.23 x 103 M.

-Figure 4

_Effect of Mn2+ on the rate of oxidation of 8503 Curve A:

>'0;25ﬂﬁ;acet;c acid - 0.25 M sodium acetate buffer, 0.02 M 3503’

4 7 1

1.8 x 10”* M 0,, rate without Ma’" (R ) = 9.6 x 107’ Ms™'. Line

of slope 1.0 indicated. Curve B: 9.0 x 1073

8

M uso;, pH 4.2,

R =5.70 x 10~
[+]
2

Ms :. Line of slope 1.5 indicated. Curve C:

1.04 x 1072 M HSO;, pH 3.00, R_ = 2.40 x 1077 Ms~}. Line of

slope 1.0 indicated.
Pigure 5 |

Effect of ethanol on the rate of the oxidafion of 350; in a
0.25-M acetic acid-0.25 sodium acetate buffer. [HSOE] = 0.02 M;
"[0‘2] -1.8 x 107 M. Rate without ethanol (R)) = 8.7 x ;0'7 Mo

-1
s .
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Figure 6
Dependence of the rate of oxidation on [Hso;]. Curve A - O:

pH 4.2, line of slope 3/2 indicated. Curve B: pH 4.2, 1.28 x

-3

10 ° M EtOH, line of slope 2.0 indicated. Curve C - 3 : pH 3.90,

line of slope 1.5 indicated. Dark reaction negligible. Curve D:

" pH 3.90, 5.84 x 10”2 M EtOH, line of slope 2.0 indicated. Dark

reaction negligible.
Figure 7

Dependence on pH of the rate of oxidation of HSO3

Curve A: 8.7 x 10-3 M HSOE, line for [H+]-1°5 dependence indica-
ted. Curve B: 6.94 x 107> M HSO3, 2.51 x 107> M EtOH, line for
[H"']-'2 dependence indicated. Curve C: 8.47 x 1073 M Hso;,

8.80 x 10.6 M Mn2+. line for [H".']-1 dependence indicated. Ordi-
nate is rate minus rate without Mn2+ éRo) where R° = 2.8 x 10-14-
a*] -3/2, ' '

Figure 8

Effect gf ethanol on the réte of oxidation of HSOE.V Curve

2

A: 3.76 x 107% M HSOS, pH 4.2, line of slope 1.0 indicated.

Rate without ethanol (R)) = 4.65 x 1077 M s7L. curve B: 1.97 x

1072 M SO, pH 3.90, line of slope 1.0 indicated, R = 8.7 x

1077 M s7L.

Figure 9
Dependence of the rate of photooxidation of BSOS on the in-

2

'tensity of ultraviolet light. CurvevA: 3.20x 10 ° M HSOE, pH

3.90, line of slope 0.5 indicated. Dark reaction negligible.
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3 2 y HSO.

3’
without ethanol (Ro) = 2,0 x 10-6 M s-l, line of slope 1.0 indi-

Curve B: 5.84 x 10 ° M EtOH, 4.36 x 10 pH 3.90, rate

cated. Dark reaction negligible. \Ordinaﬁe is 107 (1/R - 1/R°)-1.

2

 Curve C: 6.7 x 10”0 M Mn?*, 1.00 x 10™

M Hso;, pH 3.00, dark
rate = 2.83 x 10-7 MVQ-;, siope of 0.5 indicated. Ordinate 1is
107 (rate ; dark rate). | | |
Figure 10

Dependence on [HSOE] of the rate of photoéxidation in the

2+

presence of Mn [Mn2+] = 6.7 x 10-6 M; pH = 3.00. Slope is

equal to 0.8.
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