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The kinetics of reactions of trithionate and tetrathionate via different reaction pathways were studied in near-neutral solutions.
In the case of trithionate, the predominant degradation reaction is hydrolysis to thiosulfate and sulfate. The pseudofirst-order
rate constant is independent of pH and measured to be (6.2 & 0.2) x 107" s~ for the pH range of 55—10.5. With
tetrathionate, the reaction in both neutral and alkaline solutions occurs via a thiosulfate catalyzed rearrangement reaction to
trithionate and pentathionate followed by their further reactions. The data suggest that when thiosulfate is completely absent,
this first step will not occur, and in the presence of thiosulfate, the rate of the first step is independent of pH in the pH range
6—8. The secondary reactions include the hydrolysis of trithionate and the further rearrangement and degradation of
pentathionate. This mechanism explains the dominant reaction products for both neutral and alkaline solutions. In the
presence of thiosulfate and at near-neutral pH, the rearrangement reactions dominate over the degradation reactions and
exhibit second-order kinetics, with the rate constants in the pH range of 6—8 determined to be (4.24 + 0.26) and (1.89
0.18) x 10~*M~" s~ for tetra- and pentathionates, respectively. At extremely low thiosulfate concentrations, the main
secondary reaction is the hydrolysis of trithionate at pH < 7, and at pH > 7, the degradation of pentathionate.

1. Introduction

The leaching of gold using a thiosulfate solution as an
alternative to the well-known cyanidation process has been an
active area of research in the last 30 years following the work by
Berezowsky and Sefton.! The conventional thiosulfate process,
carried out under alkaline conditions, employs a copper salt
(usually cupric sulfate) as the oxidant and ammonia (usually as
ammonium thiosulfate) to stabilize the copper. Numerous
studies have been conducted on the thiosulfate—copper—
ammonia process, and a number of reviews are available.>?
One of the major problems of the process is the rapid oxidation
of thiosulfate by the copper(Il). This not only causes serious
losses of thiosulfate but also generates polythionates which are
detrimental to the subsequent gold recovery process with ion
exchange resins.*> In addition, there has been increasing con-
cerns about the use of ammonia for environmental reasons.
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More recently an alternative thiosulfate leaching process
under neutral or slightly acidic conditions has been reported.®’
A small amount of thiourea is used as a catalyst for the oxida-
tion of gold in thiosulfate solutions in the absence of ammonia
and copper. A ferric complex with EDTA (FeEDTA) or oxa-
late (Fe-Ox) can be used as the oxidant.® Both FeEDTA and
Fe-Ox have been shown to have a low reactivity with thiosulfate
in homogeneous solutions, and promising leach performances
have been obtained with oxide gold ores.*® However, sulfide
minerals, such as pyrite, have been found to catalyze the oxida-
tion of thiosulfate under the leaching conditions.”!® Thiosulfate
is oxidized rapidly to tetrathionate, which then rearranges to
generate tri-, penta-, and hexathionates. The rearrangement
reactions are known to be catalyzed by thiosulfate.'' Unlike the
alkaline conditions for the thiosulfate—copper—ammonia pro-
cess where the higher polythionates are not stable, all the poly-
thionates can accumulate to reasonably high concentrations
under the neutral conditions used for the thiosulfate—thiourea
process.” Since the adsorption of polythionates on the resins
becomes stronger as the sulfur chain increases,'” a good
understanding of the chemistry and reaction kinetics of the
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thiosulfate/polythionates system is critical for the control of the
leaching and the recovery of gold.

The chemistry of sulfoxy anions, including the reactions of
thiosulfate and polythionates, has been extensively studied, and
the early works are well documented in some comprehensive
reviews.''3 A very important mechanism in the sulfur chem-
istry is the bimolecular nucleophilic displacement reaction
(Sn2), which is also involved in the rearrangement of various
polythionates.''* However, kinetic data of these reactions are
incomplete for near-neutral conditions. This is probably because
of the complexity of the reaction systems. First, there exists
multiple reaction pathways, and therefore, the exact mecha-
nisms are ambiguous. Second, the mechanisms may change
during the reactions, as a result of changes in reaction conditions
(e.g., changes in pH). Third, the reactions often generate com-
plex mixtures of metastable sulfur species which are difficult to
separate and analyze. In more recent years, nevertheless, effec-
tive methods and procedures for prompt analysis of complex
sulfur compounds have been developed using high-performance
liquid chromatography (HPLC).'>'> This has made kinetic
measurements much more convenient. In this work, an attempt
was made to study the kinetics of the rearrangement and
degradation reactions of tri- and tetrathionates over a range
of pH values with the focus on near-neutral solutions.

2. Experimental Section

The analysis for thiosulfate (S,O5>) and polythionates
(S,0¢>", x = 3—6) with HPLC was based on the method of
Jeffrey and Brunt.'? A Waters 2695 HPLC separation module
was used in conjunction with a Dionex IonPac AS16 ion ex-
change column equipped with an TonPac AG16 guard column.
The mobile phase was a solution of sodium perchlorate (0.075—
0.2 M). In most cases a concentration of 0.125 M was initially
used, with which species up to SsO¢>~ could be well resolved and
eluted within 12 min. Then the eluant concentration was in-
creased to 0.2 M to reduce the retention time of S¢O¢> . The
separated anions were detected using UV with a Waters 2996
Photodiode Array detector. All the species were quantified at a
wavelength of 214 nm except S;06>, which was quantified at
192 nm. Higher polythionates with x = 7 were not detected in
this study. A sample chromatogram is shown in Figure 1a.

Sulfate (SO4>7) and sulfite (SO5>7) were analyzed through
an IonPac AS17-C column and AG17-C guard column using
a Waters 432 conductivity detector. The eluant was NaOH
solution containing acetonitrile; initially the eluent contained a
low concentration of NaOH to effect the separation of sulfite
and sulfate, which was followed by a step in the NaOH concen-
tration to enable the rapid elution of thiosulfate. This method
has been described in detail by Breuer et al.'® and was found to
be effective in the elution and separation of SO4>~, SO;>~, and
S,05>~ but not S,06> . Therefore all S,O4> species were ad-
sorbed onto the guard column at the commencement of the
injection, which was then taken offline automatically using a
switching valve. During the analysis stage, the guard column
was back-flushed using 0.1 M NaOH to remove the adsorbed
polythionates prior to the next injection. A sample chromato-
gram is shown in Figure 1b. The accuracy in the sulfate analysis
using this technique was within ca. + 0.01 mM.
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Figure 1. HPLC chromatograms for the analysis of (a) mixture of
thiosulfate and polythionates using a UV detector and (b) mixture of
sulfate, sulfite, and thiosulfate using a conductivity detector.

The experiments were conducted in the sample vials of
HPLC, where injections for analysis were made automatically at
the set times. Whenever necessary, two sets of HPLC systems
were used to run both columns at the same time for the same
reaction solution. The eluant flow rate was 1 mL min~'. The
ambient temperature was 22—23 °C. The reaction solutions were
buffered with CH;COOH/CH;COO™ (pH 4—5), H,PO, /
HPO,>~ (pH 5—8), B4O,>~ (pH 9), and HCO; /CO5*~ (pH
10—10.5). These chemicals were found not to interfere with
the analysis.

All solutions were prepared with either analytical grade or
synthesized chemicals and Millipore water. Tri-, penta-, and
hexathionate were prepared using the method of Kelly and
Wood."” The purity of the synthesized tri-, penta-, and hexa-
thionate was checked using two methods: (a) For pentathionate
and hexathionate, the reaction with excess sulfite to generate
trithionate and thiosulfate, with quantification of the generated
thiosulfate; and (b) the reaction of trithionate with sulfide to
generate thiosulfate. The purity was also checked by determin-
ing the concentration of the main impurity species.

3. Results and Discussion

3.1. Reaction Pathways and Kinetic Considerations.
The rearrangement of polythionates refers to the follow-
ing general disproportionation reaction:'®!?

2S,06>" — S,—106" " +S,4106> " (x>3) (1)

Trithionate does not rearrange according to this reaction
since dithionate (S,O4° ) cannot be formed from the
interactions of polythionates.!" Reaction 1 is strongly
catalyzed by thiosulfate, and an established mechanism
is one involving Sy2 reactions:"'

+

. —S.,10¢°~ +805>7  (x=3)
OH™
(2)

The direction at which reaction 2 occurs depends on the
pH and the relative nucleophilicity of the sulfoxy intermedi-
ates (HSO5*~ < S$,05%~ < SO5%). Given pK,» = 6.91 for

S.06” ™ +5,03%"

(17) Kelly, D. P.; Wood, A. P. Methods Enzymol. 1994, 243, 475-501.
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(19) Takano, B; Watanuki, K. Talanta 1988, 35, 847-854.
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HSO;~, % it is generally understood that at pH < 7 the reac-
tion is driven to the right by S,05>~ (S-chain lengthening),
and at pH > 7 the reaction is driven to the left (S-chain
shortening) by SO;*.'

Reaction 2 explains the rearrangement reactions of poly-
thionates shown in reaction 1. For example, the mechanism
shown in reactions 3 and 4 below explains the overall reac-
tion of tetrathionate, reaction 5, in which thiosulfate serves
as a catalyst:

S406>7 +S,05>7 — S504> +S0;2~ (3)
S4062_ + 5032_ - S3O62_ +SzO32_ 4)
284067 — $304*” 4 S504>~ (5)

A similar reaction mechanism applies for the thiosul-
fate catalyzed rearrangement of pentathionate. However,
reactions leading to the formation of higher polythionates
(S,0¢> ", x > 6) are not considered because they were not
detected under the conditions of this study, though poly-
thionates with up to 20 sulfur atoms have been reported in
strong acid solutions.'®!?

Some early work has been done to measure the kinetics of
the individual steps involved in the rearrangement reactions.
For example, Foss and Kringlebotn®' determined the sec-
ond-order rate constant of reaction 3 in phosphate buffered
solutions by using formaldehyde as a sulfite scavenger and by
assuming further reactions between the higher polythionates
generated and the thiosulfate having the same rate constant.
Fava and Bresadola®® attempted to study the kinetics of
thiosulfate catalyzed rearrangement of tetrathionate in a
neutral solution based on the following mechanism:

ka _ _

S40¢>” +5,03% 7 == 8504~ + SO5? (6)
kh

S4O627 +SO327 1‘(3’830(,27 + 820327 (7)

A rate equation was established for the disappearance of
S,0¢”~ by applying steady-state approximation to SO5>

dSy _ 2kakCSZS2
dr koS4 + kpSs

(8)

Here, k,, ki, and k. are the rate constants of the respective
elementary steps, whereas S, is the concentration of thiosul-
fate or polythionate with x indicating the number of sulfur
atoms. At the beginning, when S is exceedingly small, eq 8
becomes

dsS,
—(— = 2k, 84S 9
( dt >10 2 ( )

Therefore k, could be determined from the initial rate.
While analytical solutions for ki, and k. were not possible,
the authors obtained the ratio of ky,/k. by assuming that the
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Figure 2. Rearrangement of tetrathionate under similar conditions of
Fava and Bresadola:** 36 mM S,05°", 21 mM $,05°", 0.2 M SO,*",
50 °C, pH 7.12 buffered with 0.1 M KH,PO,/K,HPO,.

further reaction of SsOs°  was negligible. However, this
last assumption was found to be invalid. An experiment by
Fava and Bresadola® was repeated in this work. As shown in
Figure 2, under the strong conditions used (high S,05>~ and
elevated temperature), S¢Os>~ was detected shortly after the
reaction started and significant deviations between Ss and S’
were observed. This is believed to be mainly due to the re-
arrangement of SsO¢”~ to give S,05°~ and S¢O¢” . In addi-
tion, there was a steady increase in S,, which was attributed
by Fava and Bresadola®* to the hydrolysis of S04 via reac-
tion 10. If these reactions had not occurred, then S5 and S5
would have stayed equal during the experiment according to
the stoichiometry of reaction 5:

$306>” +H,0 — $,0:*7 +804°7 +2HT  (10)

More recently, Varga et al.”® determined the values of
ka, ky, and k. in alkaline solutions (pH 9.2—12.2) along
with the rate constants associated with the alkaline
degradation of tetrathionate. However, the overall stoi-
chiometry of the reaction is different in near-neutral
solutions, and so the kinetics may change, particularly
around pH 7 since the formation of HSO;  may affect
the rate of the rearrangement.'® The kinetic data ob-
tained in alkaline solutions then cannot be used directly
to neutral solutions without experimental proof. There-
fore, one of the objectives of this work is to investigate
the kinetics of the rearrangement reaction in near-
neutral solutions. While it is possible to use numerical
methods to calculate the k values for each of the elemen-
tary steps from the concentrations of various species
measured, a different approach was adopted in the
current study. Overall reactions, such as reaction 5,
instead of individual steps were considered in the kinetic
treatments. Such treatments lead to the rate constants
for overall reactions which meet the needs of estimating
and controlling polythionate concentrations during the
leaching processes.

The difficulty in the kinetic measurements in near-
neutral solutions is that the reaction pathways are not
clear. Apart from the rearrangement, other reactions
of the polythionates may also occur at the same time.
The stability of polythionates has been studied by a number

(23) Varga, D.; Hovath, A. K. Inorg. Chem. 2007, 46, 7654-7661.
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of researchers.'”**72° One type of reaction is the oxidation
to sulfate. It was found that all polythionates were quite
resistant to oxidation in acidic solutions at room tempera-
ture in the presence of a moderately strong oxidant,
Fe**,1%27 though the oxidation could occur at 70 °C.%®
Druschel et al.*® claimed that the oxidation required both
Fe’* and oxygen to generate appreciable sulfate, and the
rate was three orders of magnitude slower at 25 °C than at
70 °C. Since the current work was done at normal tempera-
ture and in the absence of Fe*", the oxidation of polythio-
nates was therefore not cons1dered.

It is known that trithionate degrades to thiosulfate and
sulfite in strongly alkaline solutions:'?

2830627 +60H ™ — $,03%7 +4S05%~ +3H,0 (11)

In neutral to weakly alkaline solutions, however, it is
generally accepted that the hydrolysis reaction 10 is the
main pathway for the degradation of trithionate.?® This is
consistent with the observation in this work that equal
molarities of S,05>~ and S;04>~ were detected along with
a drop in pH, which will be discussed in Section 3.2.

For tetrathionate, the hydrolysis reaction is not well-
defined. Although a similar pathway to reaction 10 is possi-
ble for tetrathionate and higher polythionates,***’ i.e.:

8:06°~ +H,0 — S, 105~ +804°~ +2H"  (12)
it is unlikely since S,_;05”>" is not stable in aqueous solu-
tions."! To explain the degradatlon of tetrathionate in
acid solutions, Meyer and Ospina®* proposed a mechamsm
which 1nvolved the rearrangement reaction 5 to form S3O6
and SsO¢>", followed by the hydrolysis of S;04°
reaction 10. In alkaline solutions, the following l”edCtIOIlS
are known for the degradation of polythionates,''*2” and
higher polythionates tend to degrade more rapidly than
tetrathionate:*

+28;04>" +3H,0
(13)

48,06>" +60H ™~ — 55,05°~

285077 +60H ™ — 55,05 +3H,0  (14)

S¢02~ — S502” +58 (15)

The kinetics of tetrathionate degradation in alkaline solu-
tions has been studied by a number of researchers,*"* all
confirming that the predominant pathway is reaction 13.
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Figure 3. Formation of SO, and $,05>~ during the degradation of
tetrathionate (5 mM) at a different pH buffered with H,PO, /HPO4>~
(total 35 mM) in the absence of initial thiosulfate.

The work by Varga et al.>* shows slight contributions from
the following stoichiometry:

48,04~ +100H~ — 78,052~ +2S04>~ + 5H,0
(16)

28,062~ +60H~ — 38,032~ +2S05%>~ +3H,0

(17)

but these reactions can be obtained by combining reaction 13
with that of 10 or 11 and so do not represent different path-
ways parallel to 13. The lowest pH used to study reaction 13
was 9.2.% However, it is considered that the reaction is
possible in near-neutral solutions but at much slower rates.
The kinetics of reaction 14 have been studied by Chritiansen
et al.,* indicating that the reaction can occur at pH 7.

Therefore, in near-neutral solutions, the degradation of
tetrathionate is complex without an obvious predominant
pathway. To examine the reaction pathways, experiments
were conducted in buffered solutions in the pH range of 6—8,
to follow the degradation products. Over 85 h only S;04°,
Ss0¢” ., S,04> ", and SO, were detected as significant prod-
ucts (Figure 3). The formation of S;04> and S5O is
believed to be due to the rearrangement reaction 5. The slight
increase in SO,>~ from the initial level (as an impurity in
tetrathionate) may be attributed to the hydrolysis of S3O6
(reaction 10), as proposed by Meyer and Ospina.>* How-
ever, reaction 10 alone cannot explain the apparently faster
increase in S,05°. The extra S,05>~ is presumably formed
through the degradation of SsO4~ via reaction 14, which
generates more thiosulfate by stoichiometry. Therefore, the
overall pathways for the degradation of tetrathionate may
well be described as a rearrangement reaction followed by
the degradation of both primary products.

It should be noted that reactions 5 and 14 can be combined
to give the overall reaction 13. As will be shown in Section
3.3, the hydrolysis of trithionate may be ignored under
certain conditions. In this case, rearrangement reaction 5
and degradation reaction 13 may be used to best describe the
reaction of tetrathionate. Obviously, reactions 5 and 13 are

(33) Christiansen, J. A.; Drost-Hansen, W.; Nielsen, A. Acta Chem.
Scand. 1952, 6, 333-340.
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Figure 4. Hydrolysis of trithionate (4.4 mM) at pH 6.5 buffered with
H,PO, /HPO,>” (total 35 mM).

not parallel, but the former is included in the latter. Details of
these reactions are discussed in Section 3.3.

Finally, degradation of polythionates involving the
formation of elemental sulfur has been frequently ob-
served.'”***” However, this occurs almost always when
the solution is made highly acidic, which involves com-
plex changes in reaction pathways and is beyond the
scope of this work. The formation of sulfur in neutral to
alkaline solutions is possible through reaction 15 when
S¢O6>~ reaches a high concentration, but this is not the
case of the current study. In fact, no elemental sulfur was
observed in the current study.

Based on these considerations, the current study only
deals with the rearrangement and degradation of tri- and
tetrathionates in buffered near-neutral solutions.

3.2. Trithionate Hydrolysis. As discussed in Section
3.1, trithionate degrades mainly through hydrolysis (see
reaction 10). The kinetics of this reaction have been
studied quite extensively.?®*!3*35 However, the depen-
dence of the kinetics on pH, which is of obvious interest as
the reaction generates protons, has not been convincingly
established. Much of the early work was conducted at
elevated temperatures and either in a limited pH range or
without proper pH control. Therefore, this work aims at
investigating the kinetics at room temperature as a func-
tion of pH over a wider pH range. The possible changes in
side reactions are also discussed.

Some typical results of trithionate hydrolysis are shown
in Figure 4. It can be seen from Figure 4a that less than
10% of the S;04> is reacted in 45 h and that S, increases
approximately linearly as S3 remains relatively constant
(zero order). This conforms to the conclusion that the
reaction is first order with respect to both trithionate and
water.?’ The precisions for the measurements of Sy are
not as good as for S, because the relative changes in S5 are
small compared to the errors of the measurements. A
trace amount of $;04°~ is present initially as an impurity
of the trithionate (Figure 4b). The concentration is little
changed for about 20 h before it starts to increase slowly. This
change is more pronounced at lower pH but diminishes

(34) Hofman-Bang, N. Acta Chem. Scand. 1950, 4, 1005-1013.
(35) Kurtenacker, A.; Mutschin, A.; Stastny, F. Z. Anorg. Allgem. Chem.
1935, 224, 399-419.

Table 1. Pseudofirst-Order Rate Constant for the Hydrolysis of Trithionate

1072 (s7h
pH S3.0 (mM) from S,05>~ from SO4>~
5.5¢ 4.63 6.44 +0.19
6.5 4.36 6.39 £+ 0.07
7.5 451 6.53 & 0.05
9.0 4.94 6.06 +0.11
10.5¢ 4.94 6.50 & 0.15
5.5¢ 8.42 5.81 +0.14
5.5¢ 9.61 5.8140.13
5.5¢ 3.42 5.94 4+ 0.28
5.5¢ 4.49 6.39 & 0.45 6.44 & 0.45
6.5 4.46 5.83 +0.09 6.17 +0.56
7.5¢ 4.52 5.97 £ 0.30 6.00 & 0.39

“35 mM H,PO, /HPO,>", run for 45 h. ®35 mM B,4O,>", run for
24 h. €35 mM HCO; /COs>", run for 22 h. Y50 mM CH;COOH/
CH;COO™, run for 12 h.

at pH 9. It is belleved that S404° is formed by
S;06> reacting with S,05%~ generated from the hydro-
lysis, the reaction being suppressed at increased pH
because the product, S40¢>~, becomes unstable. Simi-
larly, the presence of SsO4>, presumably as a result of the
rearrangement of S,04>, is detectable only at the lower
pH but not at pH = 9. Nevertheless, these side reactions
are negligible within the period of the experiments.
The pseudofirst-order rate equation for reaction 10 is

_dS;

v = kiBs; (18)

where k1" is the rate constant with the subscript 1 being
for first order and su erscript H3 for trithionate hydro-
lysis. To determine kt3, the S, data are used instead of S5
data which are more scattered. Given S; = Spatt =0
and S, — S5 = S30 — S;at ¢, the integrated rate equation
can be obtained as

S30—S,+S
In 22072200 s, (19)
S3,0
A linear plot of lnL(S3 0~ S2+ 82.0)/S3,0] vs t is shown in

Figure 4c, and k}" is determined from the slope.

Figure 4d shows the results of a separate experiment
under the same conditions, where both concentrations of
S,05*" and SO,*~ were measured. Despite the initial
difference (as impurities of the trithionate), both concen-
trations increase at the same rate, confirming the stoichi-
ometry shown in reaction 10 Using an equation similar to
eq 19, the rate constant, kl can also be determined from
the measurements of SO, concentrations.

The values of the pseudofirst-order rate constant so
obtained at various initial S5 and pH values are presented
in Table 1. As can be seen, k| is essentially independent of
pH in a wide range 5.5—10.5 in spite of different buffers used.
An average of the rate constant is obtained to be (6.2 £ 0.2) x
1077 s~!, which corresponds to a half-life time (7, »)
of 13 days at room temperature. ThlS result com];)ares well
with those obtained by Naito et al.?? (6.12 x 10~ s~ ") and
Hofman-Bang** (7.66x 10~ s~ ') from sodium acetate solu-
tions after a suitable conversion from a biomolecular rate
constant to a pseudofirst-order rate constant as well as a
temperature correction to 25 °C using the reported activation
energy. The slightly higher value of Hofman-Bang may be



10278 Inorganic Chemistry, Vol. 49, No. 22, 2010

attributed to the high ionic strength used (0.1 M potassium
trithionate and 0.5 M sodium acetate). Similarly, a slightly
smaller number (4.3 x 10~ s~ ") calculated from the work by
Rolia and Chakrabarti®' may be explained by the low ionic
strength used (zmMs of trithionate only).

Naito et al.>” reported that the degradation of trithio-
nate was accelerated in the presence of thiosulfate in a
sodium acetate solution, which was attributed to the
S,05%7—8;04° " reaction to form tetrathionate (the forward
reaction of 2 for trithionate). According to Naito et al.,*” the
second-order rate constant for the hydrolysis, k., and that
for the S,05> —S;04> reaction, k,, both increase as the
temperature changes from 40 to 80 °C, but the latter
increases less rapidly. From the data provided, it is esti-
mated that the ratio ky, x [H,O]/k,is 7.5 at 80 °C, suggesting
that the rates of the two reactions are comparable when the
concentration ratio S3/S- is about 7.5. At 25 °C, the ratio
changes to 40 indicating the S,0;> —S;04>  reaction is
more competitive at lower temperatures. In the current
work the effect of this side reaction can be seen from Figure 4
but not as significant as expected from the above calcula-
tion, indicating the kinetic measurements for the hydrolysis
reaction are not interfered by the side reaction in the given
time scale. In terms of the overall degradation of trithionate,
however, the S,05>~ —S;0,> reaction may become predom-
inant when high concentrations of thiosulfate are present,
like in the case of thiosulfate leaching.

The effect of thiosulfate on the overall rate of trithio-
nate degradation has also been studied by Rolia and
Chakrabarti®' at 70—85 °C. The authors confirmed the
observation by Naito et al.”” at pH 5.5—8, but at pH 11, the
rate becomes independent of thiosulfate. This agrees with
the current observation that the S,05> —S;04> reaction is
suppressed at pH > 9. A more likely side reaction at high pH
is the alkaline degradation of trithionate as shown in
reaction 11,7 as indicated by the slightly higher concentra-
tion of SO,>~ than that of S,0;”>~ as the reaction products.
The extra SO4°~ is presumably from the oxidation of SO5>~
generated from reaction 11. Accordingly, the activation
energy of 91.7 kJ mol ™' obtained at the high ]pH is also
slightly different from the value of 87.0 kJ mol™ " measured
at lower pH by Naito et al.*

It is therefore reasonable to conclude from the above
discussion that the hydrolysis remains the predominant
pathway for the degradation of trithionate over a wide
range of conditions (pH 5.5—11 and temperature 25—85 °C)
until a high level of thiosulfate relative to trithionate is
reached. The side reactions are not to significantly change
the stoichiometry shown in reaction 10. This is consistent
with the measurements by Kurtenacker et al.*® that the
rate of overall trithionate degradation is largely constant
over pH 2.2 —12 at 50 °C.

3.3. Tetrathionate Degradation without Initial Thiosul-
fate. It was expected that the rearrangement of tetrathio-
nate (reaction 5) would be slow in the absence of initial
thiosulfate and that the degradation (reaction 13) would
also be slow in neutral solutions. The objective of this
section was to obtain an estimation of the relative rates
of both reactions. Figure 5 shows ty}z)ical concentration
profiles of S,04%7, S;04 7, and SsO4> measured as the
major products during tetrathionate degradation. As can
be seen, the reactions are indeed very slow with less than
1% of the initial S40¢° reacted in 60 h (Figure 5a). As a
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Figure 5. Concentration profiles for the degradation of tetrathionate
(5 mM) in the absence of initial thiosulfate at pH 7.0 buffered with
H,PO, /HPO,>" (total 35 mM).

Table 2. Formation Rates of Various Products during Tetrathionate Degrada-
tion in the Absence of Initial Thiosulfate under Different Conditions

108dSy/dr - 108dS,/dr - 108dSs/dr 10% dSy/de
pH Sa0 (mM s ) (mM s (mM s ) (mM s
47 4.93 0.90 0.73 1.4 1.6
6 3.48 0.68 1.1 1.4 1.8
6" 5.02 1.8 5.1 2.6 4.6
6 6.96 3.7 2.2 3.1 4.0
6" 9.86 7.4 8.9 8.2 12
6"  14.5 18 12 19 24
6 17.7 26 6.3 29 31
74 3.54 2.7 5.7 2.6 49
7 4.97 4.5 8.2 4.0 7.3
7° 7.26 10 16 7.6 14
7° 9.71 15 21 13 21
7" 149 35 31 29 41
7179 48 32 46 59
8b 3.79 22 50 6.8 27
87 4.96 33 65 13 39
8 179 219 225 131 221
9 5.04 275 638 27 283

935 mM H,PO, /HPO,*", run for 60 h. ® 35 mM H,PO, /HPO,>",
run for 46 h. 35 mM B,O,>~, run for 24 h.

result, approximately linear increases in S5, S3, and S5
are observed at pH < 9 (Figure 5b—d). The slopes of the
straight lines obtained under different conditions are
presented in Table 2. No SsO4°~ was detected at pH > 9
due to its rapid degradation. Accordingly the increases in
S,05% and S;04> are no longer linear but, instead, show
first-order behavior. This is discussed later.

Based on the discussions in Section 3.1, tetrathionate
degrades through rearrangement to tri- and pentathio-
nate followed by their degradations. It can be seen from
Table 2 that S; and S5 increase at about the same rate at
pH 6—7 indicating that, following the rearrangement, the
degradations of S;06> and SsO4>~ occur at comparable
rates. However, at pH < 6, it seems that d.S5/d¢ is somewhat
smaller than dSs/dz, but the trend is reversed at pH > 7.
With increasing pH the degradation of SsO¢”~ is acceler-
ated, as indicated by the increasing differences between d.S;/
drand dSs/dz. This is in contrast to the hydrolysis of S304°
which is unaffected by pH in the investigated range. If the
hydrolysis of S;0¢> is ignored, then all the thiosulfate
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is attributed to the degradation of SsO¢>, and from the
stoichiometry of reaction 14, S5’ = S5+ (2/5)S,, where S5’ is
the total concentration of SsO4> generated from tetrathio-
nate rearrangement (reaction 5). Table 2 shows that d.Ss'/dz
matches well with dSs/ds at the higher pH values 8§—9,
suggesting that the degradation of SsO¢> is dominant
compared to S30° hydrolysis at the higher pH.

Table 2 also shows the complications of thiosulfate
which catalyzes the rearrangement reaction. As can be seen,
dSs/dz (or dS5'/dr) increases at higher Sy (due to increasing
initial S, as an impurity) and higher pH (due to increasing
dS,/dr as a result of SsOg>~ degradation). However, this
does not change the general linear relationships, as shown in
Figure 5, because of the generally low levels of S,.

To simplify the kinetic treatment, the hydrolysis of
S;04> is ignored, and so the degradation is described
with reactions 5 and 13 in Section 3.1. As has been pointed
out, reaction 5 is the first step in the overall reaction 13.
Under conditions where the rearrangement is faster than
the subsequent degradation, SsO4>~ is accumulated, and
the two reactions may be treated separately. Conversely,
when the degradation of SsO¢°~ is faster (e.g., high pH),
only one overall reaction, that is reaction 13, is evident
stoichiometrically.

According to eq 9, rearrangement reaction 5 is possibly
first order with respect to Sy. Since S30¢°> hydrolysis is
ignored, the reaction rate can be expressed by the appear-
ance of S304”. Similarly, the rate of tetrathionate degrada-
tion (reaction 13) can be expressed by the appearance of
S,0,%" assuming pseudofirst-order kinetics at constant pH.
Therefore:

dS4 dS3
— =22 = kS m kS (20)
4dS,
D = g? = kll)4S4 ~ kllj4S4,0 (21)

where k}* and kP* denote first-order rate constants for the
rearrangement and degradation of tetrathionate respec-
tively, whereas rp is the rate of degradation (reaction 13).
As dS,/dr is approximately constant at pH < 9, k** and
kP* can be estimated as

kR~ 2(dS5/dt)/Su,0 (22)

kP* = (4/5)(dS,/d1)/S4.0 (23)

AtpH > 9, all SsO4>~ formed is rapidly degraded, and
first-order changes in S,— S, were observed (Figure 6). It is
evident from Figure 6 that the formation of S,0+°~ and
S;04 conforms strictly to the stoichiometry of reaction 13
with the total sulfur balanced very well to the reacted
S40¢>". Under these circumstances, therefore, —dS,/dt =
rp, and kY* = kPt = Ky, i

ds,
-2 IS 24
dt 14 (24)
Integrate this equation and given Sy = S40—2(S3—S3,0) =
Sa0—4/5(S> — S») atany time ¢, then k; can be determined
from the data of S, or S3. The first-order rate constants so
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Figure 6. First-order behavior of the degradation of tetrathionate
(5 mM) at pH 10.5 buffered with HCO;~/CO5>~ (total 50 mM).

Table 3. First-Order Rate Constants for Tetrathionate Rearrangement and
Degradation in the Absence of Initial Thiosulfate under Various Conditions

S (av) 108 kR4 108 kR4 10* kR4S,
pH Sa0 (mM) s s M™'sTh
4 4.93 0.0036 0.37 0.12 10
6 3.48 0.0082 0.39 0.25 4.8
6 5.02 0.013 0.72 0.81 5.6
6 6.96 0.014 1.1 0.25 7.4
6 9.86 0.026 1.5 0.72 5.8
6 14.5 0.044 2.6 0.68 5.8
6 17.7 0.042 29 0.28 7.1
7 3.54 0.017 1.5 1.3 9.1
7 497 0.023 1.9 1.3 8.2
7 7.26 0.028 2.8 1.8 10
7 9.71 0.035 3.1 1.8 8.9
7 14.5 0.053 4.8 1.7 9.0
7 17.9 0.078 5.4 1.4 7.0
8 3.79 0.051 12 11 23
8 4.96 0.083 14 11 16
8 17.9 0.28 25 10 8.9
9 5.04 0.26 114 101 44
10 4.97 0.63 978 997 155
10.5 491 1.5 2622 2658 180

obtained along with those determined from eqs 22 and 23
for pH < 9 are presented in Table 3.

From Table 3 it seems that the rearrangement rate
constant, k}*, increases with both initial S4,0 and pH.
However, this may be attributed solely to the increase
in thiosulfate. With increasing Sy, the initial thiosul-
fate concentration increases as an impurity; while with
increasing pH, thiosulfate is generated more rapidly as
a result of accelerated degradation of SsO4> . Figure 7
shows the dependence of k}* on the average thiosulfate
concentration over each experiment. It is demon-
strated that k* increases linearly with the average S,
regardless of pH, up to pH 7. The same can be seen
from the rate constants normalized to unity thiosulfate
concentration (kR}?%/S,, Table 3), which are reasonably
constant up to pH 7. At higher pH, the S, changes
too rapidly (initial and final values differ by at least
more than an order of magnitude), and so the average
value cannot be used as an estimation of thiosulfate
concentration.

Figure 7 also shows that the straight line can be extra-
polated to pass very close to the origin, indicating that the
rearrangement reaction may not proceed in the absence
of thiosulfate. This result suggests that the thiosulfate cata-
lyzed SN2 reactions 6 and 7 may be the only mechanism
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Figure 7. Dependence of the first-order rate constant of tetrathionate
rearrangement on the average thiosulfate concentration.

4
2 -
by
™~
[=2]
o
01 i
m]
m]
-2 T T T
4 6 8 10

pH

Figure 8. First-order dependence of tetrathionate hydrolysis on hydro-
xide ion.

for tetrathionate rearrangement. Nevertheless, thiosulfate
is almost always present in the solutions containing poly-
thionates, either as an impurity or as being generated from
other reactions. Therefore the rearrangement reaction can
be initiated, and then it may become autocatalytic as more
thiosulfate is generated.

For reaction 13, it is evident from Table 3 that AP% is
independent of S, ,, particularly at higher pH, con-
firming the hydrolysis is first order with respect to
tetrathionate. The dependence of kP* on pH is shown
in Figure 8. At pH > 7 a linear relationship between
log kP*and pH is obtained with a slope 0f 0.97, suggest-
ing that the degradation reaction is also first order
with respect to the OH ™ ion. Similar results have been
reported in previous studies in strongly alkaline solu-
tions. 23132 At pH < 7, however, kP* becomes less
dependent on the pH indicating a change in the reac-
tion mechanism. As kP is estimated from the forma-
tion of thiosulfate, this result suggests that, at the lower
pH values, the formation of thiosulfate is increasingly
dominated by trithionate hydrolysis (reaction 10), which
is pH independent. Such a result seems to support the
mechanism proposed by Meyer and Ospina®* for the
degradation of tetrathionate in acidic solutions, which
involves the rearrangement followed by trithionate
hydrolysis.
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Figure 9. Rearrangement of tetrathionate (8.5 mM) in the presence of
10 mM initial thiosulfate at pH 6.0 buffered with H,PO,~ /HPO4>~ (total
20 mM).

Rolia and Chakrabarti®' observed that reaction 13 is
catalyzed by initial thiosulfate in alkaline solutions. This
may be explained by the fact that, in alkaline solutions,
the rate of reaction 13 is limited by the first step in the
mechanism, namely the tetrathionate rearrangement,
which is catalyzed by thiosulfate. At near-neutral pH
(<8), the data in Table 3 clearly demonstrate that k7% is
not affected by S, if the pH is fixed. This is because the
degradation of SsO4>~ following the rearrangement is
rate limiting at near-neutral pH, which is not catalyzed
by thiosulfate.

3.4. Tetrathionate Rearrangement in the Presence of
Thiosulfate. As has been shown, A}* and kP* have the
same order of magnitude at near-neutral pH in the
absence of initial thiosulfate. The former increases with
S, but the latter does not. It is therefore expected that,
when §; is sufficiently high, the catalyzed rearrange-
ment will be dominant, and the hydrolysis reactions of
tri- and tetrathionates may be ignored provided the pH
isnot too high, e.g., pH <9. Thisisindeed the case from
Figure 9. The concentration of S404>~ decreases much
more rapidly in the presence of 10 mM initial thiosulfate
than without, with S304>~ and SsO4>~ as the main prod-
ucts. The thiosulfate concentration remains constant
due to the fact that the thiosulfate generated from sub-
sequent degradation reactions is very small compared
to the initial concentration (Figure 9a and b). On the
other hand, however, the further rearrangement of pen-
tathionate becomes significant as S¢0¢>~ is detected at
reasonable concentrations (Figure 9c). For simplifica-
tion, the reaction between S;04° and S,0;°~, accord-
ing to raction 2, is not considered, but this should not
affect the determination of the rate constants using the
method described below. The following reactions are
considered as the main pathways in the kinetic measure-
ments, reactions 5 and 25:

2850627 - S40627 +S60627 (25)

Reaction 25 has a similar mechanism to reaction 5, and
so it is reasonable to assume first-order kinetics with
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respect to Ss. Therefore the following rate equations can
be written:

dsS, 1
- = k}“‘&;—zk}“& (26)
dss 1
T Ek{*“&—k}“Ss (27)
dSs 1 gs
—_— = — 2
dr 2k1 Ss (28)

where the superscript R5 denotes rearrangement of
Ss06” . A simplified approach is used to determine the
rate constants k%% and kX°. First, at the initial stage of
reaction where S5 is very small, eq 26 approximates to

_ (954 _ R4

This is evident from Figure 9b that the measured S; and S;
are the same at this stage. Therefore k[ can be determined by
plotting In(S4/S4 ) vs ¢, using the Sy — ¢ data of the first 3 h
(Figure 9d). Second, k}*° can be calculated from eq 28:

kY = 2(dSe/dt)/Ss (30)

where dSe/d¢is calculated for any time 7 from a &)olynomial fit
of the Sg — ¢ data (Figure 9c). The values of k. so obtained

8
¢
61 0 2nd
A A 3rd
o
¢ 4th

Figure 10. Calculated rate constant for pentathionate rearrangement at
different times using different orders of polynomial fit to S — # data (from
the same data as shown in Figure 9).
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at different times are approximately constant, except for the
first few points where S5 — 0, and S is so small that accurate
measurements are often difficult (Figure 10). The slight
decline in the later stage is probably due to the degradation
of S¢0¢”~ according to reaction 15, though the formation of
elemental sulfur is not apparent. Such a reaction reduces the
rate of the increase in Sg. In addition, Figure 10 shows that
the results of kI are irrespective of the orders of the
polynomial fit between 2 and 4.

The values of k}* and kR° (average excluding the first
few points) obtained at various conditions are presented in
Table 4. As can be seen, k* and &R are quite similar under
all conditions investigated. Such results are not unexpected
because the mechanisms for both rearrangement reactions
are the same. In fact, in the study of the kinetics of reaction 3,
Foss and Kringlebotn®' assumed the same rate constant for
the reaction between thiosulfate and all polythionates (except
S;04°7). At constant pH and thiosulfate concentration,
Table 4 shows that k** is largely independent of the initial
tetrathionate concentration, confirming first-order kinetics
with respect to tetrathionate. The same reaction order is also
expected for the pentathionate rearrangement.

It is evident from Table 4 that both AR* and AR} are
largely independent of pH in the range 6—8. According to
Moses et al,'* pH 7 is the turning point for S-chain
lengthening or shortening (reaction 2), as the more nucleo-
philic intermediate SO5”~ is converted to the less nucleo-
philic HSO5 . However, this change does not seem to affect
the kinetics of the overall rearrangement reactions.

Table 4 also shows the rate constants normalized to
unity thiosulfate concentration. As demonstrated, the
normalized rate constants k5*/S, and k¥°/S, are approxi-
mately constant irrespective of S5, suggesting first-order
kinetics with respect to thiosulfate. As can be seen, the
data of k}%/S, in Table 4 agree quite well with those
shown in Table 3 for the same pH range despite the
different methods used. Therefore, the rearrangement
reactions 5 and 25 are of the second order with the
complete rate equations as:

— (dSy/dt) = kR4s,8, (31)

— (dSs/dr) = kRS, (32)

where k8 =k}4/S,, and kX° =kR5/S, when S, is constant.
Average values of kX% and k%> are obtained from Table 4

Table 4. Rate Constants for Thiosulfate Catalysed Rearrangement of Tetra- And Pentathionates under Various Conditions

pH“ S, (mM) S4.0 (mM) 100 kR4 (s7h 10° kR3 (s71) 10* K]S, M~ 's™h 10* K7s,(M~ s
6.0 2.04 5.07 0.811 0.511 3.98 2.50
6.0 5.03 5.14 2.06 1.08 4.10 2.15
6.0 9.95 2.03 4.64 2.10 4.66 2.11
6.0 9.97 3.46 3.44 1.98 3.46 1.99
6.0 10.1 5.02 4.28 1.94 4.22 1.92
6.0 10.1 7.22 4.83 1.76 4.80 1.74
6.0 9.87 8.48 3.69 1.85 3.74 1.87
6.0 9.99 991 3.69 1.84 3.70 1.84
6.0 14.9 491 6.11 2.28 4.09 1.53
6.0 15.0 5.04 7.17 222 4.79 1.48
6.0 19.9 5.05 8.94 2.66 4.50 1.34
7.0 10.1 4.98 4.17 2.04 4.13 2.02
8.0 10.1 4.95 4.97 2.09 4.92 2.07

“Buffered with 20 mM total H,PO,” /HPO,>", and all experiments run for 14—18 h.
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to be (4.24 + 0.26) x 107*M ' s " and (1.89 £ 0.18) x
107* M~ ! 57!, respectively, for pH 6—8. To compare
with the results from the literature, it is established from
eqs 9 and 29 that kX*=2k,. Based on this, the kx* value is
found to agree well with the k, value obtained by Foss
and Kringlebotn®' (1.3x107° M ~'s™")at 25 °C in neutral
solution and by Varga et al.?®> (1.94x 10> M~ s7!) at
25 °C and pH 9.2—12.2. It therefore appears that the
kinetics for tetrathionate rearrangement in near-neutral
solutions may be the same as in alkaline solutions, despite
possible formation of HSO5 .

4. Conclusions

The predominant reaction in the initial stage of the
degradation of trithionate in the pH range 5.5—10.5 is the
hydrolysis reaction 10. In this range the pseudofirst-order
rate constant is determined to be (6.2 £ 0.2) x 1077 s !,
which is independent of pH.

The rearrangement of tetrathionate (and pentathionate)
displays second-order kinetics with respect to the polythio-
nate and thiosulfate. The data suggest that the reaction is
only initiated by thiosulfate through a bimolecular Sy2
displacement reaction and may not proceed without thiosul-
fate. The second-order rate constants for the rearrangement
of tetra-and pentathionates in the pH range 6—8 are (4.24 +
0.26) x 10 *and (1.89 £0.18) x 107* M~ 's™ !, respectively,
and are independent of pH.

Zhang and Jeffrey

The reaction of tetrathionate in the initial stage takes place
through the rearrangement to trithionate and pentathionate
followed by their subsequent degradations, including hydro-
lysis of trithionate and further rearrangement and degrada-
tion of pentathionate. In the presence of thiosulfate and at
near-neutral pH, the rearrangement of pentathionate dom-
inates over the degradation reaction. At extremely low
thiosulfate concentrations, the main secondary reaction is
the hydrolysis of trithionate at pH < 7, but at pH > 7, it s
the degradation of pentathionate. In alkaline solutions, the
rearrangement and the degradation of pentathionate are
combined, and hence it approximates a single reaction. This
mechanism explains the observed dominant reaction prod-
ucts in both neutral and alkaline solutions.

The degradation reaction of tetrathionate, 13, is indepen-
dent of thiosulfate in the neutral pH range. It has been
previously suggested that reaction 13 is catalyzed by initial
thiosulfate in alkaline solutions. However this is explained by
the fact that, in alkaline solutions, the rate of reaction 13 is
limited by the first step in the mechanism, namely the tetra-
thionate rearrangement, which is catalyzed by thiosulfate.

Acknowledgment. The support of the Parker CRC for
Integrated Hydrometallurgy Solutions (established
and supported under the Australian Government’s
Cooperative Research Centres Program) is gratefully
acknowledged.



