




















































































































































































































































































































2. Research Strategy and Experimental Methods

To determine relative reaction rates, batch experiments were performed under pH and
temperature conditions typical of effluent ponds; details and the specific sampling
protocol are outlined in Section 2.1. The analytical advantages and protocol using
capillary electrophoresis are explained in the analytical method section. Finally, in
Section 2.3, the approach taken to analyze the kinetic data and additional simulations
done in HSC to obtain equilibrium information are explained.

2. 1 Baich Studies

In the case of the kinetic studies under batch conditions, thiosalts are known to catalyze
their own degradation reactions (Wasserlauf and Dutrizac, 1982), adding complexity to
their study. To simplify the global reaction mechanisms, each thiosalt was studied
independently; data obtained was used in the development of global reaction rates.

Three thiosalt were studied: thiosulfate, trithionate and tetrathionate. Sodium thiosulfate
penta-hydrate was purchased from Merck and potassium tetrathionate from Sigma-
Aldrich were used during the experiments. Trithionate is not commercially available and
was synthesized using a modified method from Kelly and Wood (1994). The pH of the
solutions was maintained using buffer solutions, except for pH 2, where the pH was
adjusted only with acid. For pH 2 the buffer was acetic acid: glacial acetic acid diluted to
pH 2; pH 4 used 50 mM ammonium acetate/acetic acid; pH 7 the buffer was 50 mM
ammonium dihydrogenphosphate/ ammonium hydrogenphosphate and for pH 9 a 50

mM ammonium acetate/ ammonium hydroxide buffer was used.

As previously indicated, the experimental conditions reflected the effluent
treatment/pond conditions as outlined in Table 2.
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Table 2. Experimental conditions

Variables Levels

Thiosalt Thiosulfate, Trithionate,

Tetrathionate
Temperature (°C) 4,15, 30

pH 2,4,7,9
Concentration {mg/L) 250, 500, 1000

Time 0 to 72 hours

Batch studies were conducted in the laboratory using solutions made by dissolving
accurately weighed portions of each thiosalt species in 100 mL of the appropriate acid
or buffer solution. Each of these were transferred to 250-mL volumetric flasks, sealed
with a stopper, and agitated at the temperature of study. 1.5-mL samples were taken at
specific times, filtered using a 0.2 ym nylon filter and stored until-analysis. Due to the
reactivity of some species in certain conditions, sample management in the lab was
extremely important to avoid further reaction while the sample is waiting to be analyzed
(Vongporm, 2008). The sampling protocol was as follows (Vongporm, 2008): filter
sample and immediately flash-freeze in liquid nitrogen, store at -80°C until analysis.
Prior to analysis, samples are transferred from the ultralow freezer (-80°C) to a regular
freezer (-4°C) on the day of analysis and allowed to thaw for only 10 minutes before

analysis.
2.2 Analytical Method

Analysis was done using an Agilent Capillary Electrophoresis (CE) system (Model 1602)
with UV detection. Tt capillary (Microsolv Technology Corporation) was a base fused
silica with polyimide coating, 50 pm inner diameter, 48.5 cm total length and 40 cm

effective length (length to the detection window). The background electrolyte (BGE)
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used was pyromellitic acid (chromophore), hexamethonium bromide (EOF modifier) and
Triethanolamine (for pH adjustment)and filtered with a 0.2 um nylon filter before use.
The sample was placed on a 1 mL polypropylene vial with polyurethane snap cap. The
operational procedure for the CE was: flush capillary with 0.1 M aqueous sodium
hydroxide for 15 min, followed by BGE for 10 min; sample hydrodynamically injected
with 50 mbar for 10 seconds, analysis by capillary zone electrophoresis was carried out
using an applied voltage of 30 kV with negative polarity. The capillary was contained in
a cassette that was air-cooled at 23°C. The detection wavelength for thiosulfate and

tetrathionate: 214 nm and trithionate: 194 nm.

CE has several advantages over other methods used in thiosalt analysis, for example,
analysis is rapid (5 minutes for most common thiosalts (Pobozyet al., 2002)), anion
separation efficiency is very good, operation cost are low, and analysis can be carried
out using small volumes of sample and reagents (Haddad, 1997; Motellier and
Descostes, 2001). In comparison with other techniques such as ion chromatography,
CE does only have a moderate sensitivity that can be partially overcome by the
selection of an adequate background electrolyte (BGE) and the use of indirect methods
(Padarauskaset al., 2000).

2.3 Equilibrium Analysis and Determination of reaction rates.

Reaction equilibrium analysis is a useful tool for validating trends in experimental data
or models and identifying key reactants/products for analysis. The theoretical
concentration at equilibrium for individual thiosalt species and mixtures was calculated
with the Gibbs energy minimization approach using the HSC Chemistry software V7.0
from Outotec. The simulations were done assuming one liter of solution and a dissolved
oxygen concentration of 1x10°kmol. Thiosalt reactivity is governed predominantly by pH
and presence of oxidizers, and, to a fesser extent, temperature over the range of pond
conditions studied (Vongporm, 2008). As such, in these calculations the pH of the
solution to be studied was set and the equilibrium analyzed from 4 to 30°C.

89




The reaction rate was derived using the initial rate method that is based on the principle
that the kinetic information gathered in the initial stages of the reaction should apply
until equilibrium is reached (Mortimer and Taylor, 2002). Equation 1 represents the

differential equation that follows the change in concentration with time:

AW _ e (1)

Where K is the reaction constant, n is the reaction order, C is thiosalt concentration in

mmol L™ and t is time in hrs.

Thiosalt reactivity varies with temperature, initial concentration and pH conditions.
Hence, values for the two variables (K and n) of Equation 1 should be estimated by
fitting measured data from experiments performed under different combinations of these
parameters. This fitting problem.is over-determined, and thus vastly different values of K
and n can provide equally good fits to the experimental data. To obtain a meaningful
physical result, the optimization has to be constrained to thermodynamically realistic

values.

Our approach used a two-step sequential optimization. The first step was an exhaustive
search of K and n values over a discrete range of values (n had a range between 0 and
3 and K from 0 to 1). We used an explicit Runge-Kutta approach (the RK4 method
ode45 in Matlab) to numerically solve Equation 1 for each (K,n) pair, and each set of
initial conditions and pH values. The numerical solutions of the ordinary differential
equation (ODE ),were then compared to the corresponding experimental data to see
which values of K and n provided the smallest least-square error. In the second step,
we used the Matlab constrained minimization method fmincon to refine the estimates of
K and n, beginning from the best values found in step 1. In both steps the simulations

were done only under conditions where thiosalts are reactive.
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3. Results
3.1 HSC Simulations

Equilibrium analysis provides final product distribution for a batch reaction based on a
Gibbs free energy minimization approach and the databases provided. The HSC
software provided the product distribution over the pH and temperature range of the
study. The initial concentration of specific thiosalt species was set at 1000 mg/L. In this
approach, the user must specify possible products bésed on prior knowledge of the
system, in this work it was based on previous experiments (Vongprom, 2008) and
reports from the literature. Table 3 presents the results of the simulations under reactive
conditions of each thiosalt. (Vongprom 2008), It was clear that for the time scales we
studied previously (Vongprom, 2008), thiosulfate was unreactive at pH greater than 4
and tetrathionate was not reactive at pH less than 9, as such the equilibrium analysis

was performed for thiosulfate at pH of 2 and tetrathionate at pH of 9.

The equilibrium analysis indicates the main sulfur species are hydrogen sulfide,
elemental sulfur and sulfate. Sulfate is the main product of thiosalts reactions in the
conditions; elemental sulfur is also present and its amount depends on which thiosalt is
input initially. Sulfur concentrations were 167 mg/L with thiosulfate as the initial species,
115 mg/L with tetrathionate, while trithionate produced 8 mg/L S for the equilibrium

concentration.
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Table 3 Sulfur Species at Equilibrium as result of the HSC simulation

S° (1.7%)
SO,2 (98.29%)

S° (1.7%)
SO.% (98.29%)

S° (1.7%)
SO,% (98.29%)

Reactant Product distribution at equilibrium (% of total Sulfur in the sample)
pH =2 pH =4 pH 7 pH=9
Thiosulfate Ho>S (0.01%) _ _ N
S° (29.29) Not reactive under these experimental conditions
. ° over the time interval studied of 96 hours
S04 (70.7%)
Trithionate H.>S (0.01%) H,S (0.01%) H»>S (0.01%) HoS (0.01%)

S° (1.7%)
SO,4% (98.29%)

Tetrathionate

3.2 Material Mass Balance

Not reactive under these experimental conditions

over the time interval studied

S° (20.4%)
SO (79.5%)

The material balance for sulfur and oxygen for thiosulfate, trithionate and tetrathionate is

presented on Table 4 for the results obtained in the lab at 72 h, and the resuits of the

equilibrium simulations using an initial concentration of 1000 mg/L for each of the

thiosalts.
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Table 4 Sulfur and oxygen material mass balance for the three main sulfur species.

Thiosulfate as initial thiosalt

Sulfur {mmol) Oxygen (mmol)
@0 hrs @ 72 hrs @Equilibrium | @0 hrs @ 72 hrs @Equilibrium
5,0, 17.8 3.9 26.7 5.9
S;0, 2.1 a1
oH2 |50 0.4 0.6
SO, . 2.6 1€ 25 50
S° — |, Aa 5. 0
Total 17.8 | 7 | 17.7 26.7 13.1 50
Trithionate as initial thiosalt
Sulfur (mmol) Oxygen (mmol)
@0 hrs @ 72 hrs @Equilibrium | @0 hrs @ 72 hrs @Equilibrium
S,0, - 0.7 - - 1.1 -
S,0, 15.9 12.6 31.8 25.2
oH 2 S.0q - 0.2 0.3
SO, - 0.8 15.5 3 62
S° - n/a 0.4 - - 0
Total 15.9 14.3 15.9 31.8 29.6 62
Trithionate as initial thiosalt
Sulfur {(mmol) Oxygen {mmol)
@0 hrs @ 72 hrs @Equilibrium | @0 hrs @ 72 hrs @Equilibrium
[s.0, 2.7 4 -
le n 15.9 11.8 31.8 23.5
oH 4 24vg -- 0.1 - - 0.2 -—-
SO, — 1.4 15.5 5.6 62
S° - n/a 0.4 == - 0
Total 15.9 16 15.9 31.8 333 62
S,0, 2.6 3.9 —
S,0, 15.9 11.6 31.8 23.2
oH 7 $40s - 0.3 0.4
SO, — 1.5 15.5 5.9 62
S° - n/i 0.4 --- -—- [¢]
Te e 15.9 16 15.9 31.8 33.4 62
Tetrathionate as initial thiosalt
Sulfur (mmol) Oxygen {mmol)
@0 hrs @ 72 hrs @Equilibrium | @0 hrs @ 72 hrs @Equilibrium
S,0, — 47 - 7 -
S,0, — 2.9 5.9
oH 9 S.0s 17.6 8.3 — 26.4 12.4
e — 0.2 14 0.9 56
> - n/a 3.6 --- - 0
Total 17.6 16.1 17.6 26.4 26.2 56
Trithionate as initial thiosalt
Sulfur (mmol) Oxygen {mmol)
@0 hrs @ 72 hrs @Equilibrium | @0 hrs @ 72 hrs @Equilibrium
S,0; - 1.8 - - 2.8 -
$,0, 15.9 121 - 31.8 26.8 -~
pH 9 S.06 - Goa - s 0.2 -
SO, - 1.8 15.5 - 7 62
e P! 0.4 --- 0
A P VI 15.9 -..8 36.8 62
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Most of the sulfur remains in solution in all cases except for thiosulfate at pH 2, where

the unaccounted for sulfur could be due to the precipitation of elemental sulfur,
generation of hydrogen sulfide or, under saturated conditions, sulfite (not measured in
this work). For trithionate and tetrathionate, most of the sulfur can be found in solution in
any of the forms followed in the lab. A key factor is the amount oxygen required to
achieve the concentration of the various sulfur species at equilibrium. Oxygen from the
thiosalts alone would not be enough to achieve these concentrations, where in some
cases the oxygen demand calculated from the amount of oxygen in the equilibrium
products is double the initial oxygen in the thiosalts. Thus, some oxygen must come
from that dissolved in the solution. Xu and Schoonen (1995) reported that the lack of
oxygen in solution would not affect the reaction rate of thiosulfate but only the end
products, which is supported by the kinetics results presented next.

3.3 Experimental Results

Thiosalt reactivity depends on the temperature, pH and the species present in solution
(Figure 2). In this study, the focus has been on timescales relevant to the pond and
treatment systems, therefore the longest experiment lasted 96 hours. Wasserlauf and
Dutrazic (1985) performed experiments over weeks and showed reactions continue at a

very slow rate after the first 2-3 days.

The experimental results for the transformations of the thiosalts over time and under
various conditions are summarized in Figures 3 to 5. Thiosulfate is reactive at pH 2 and
reactivity increases with temperature (Fig. 3.a). Thiosulfate concentration drops for the
first 24 hours and then the degradation slows down and remains relatively constant until
the end of the interval of interest (72 h).,. This data was used in the calculation of
activation energy for the reaction at pH 2. However, it was not possible to include a pH
parameter for the kinetic model, as thiosulfate was unreactive in the time scales in these
experiments for higher pH values. The greatest rate of change for thiosulfate
concentration occurs, somewhat predictably at 30°C. At this temperature and pH, the
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production of the other thiosalt species is also highest (Figure 3.b). Trithionate and
sulfate are the main products, with traces of tetrathionate also apparent. By 72 h the
reaction has not reached concentrations predicted by HSC equilibrium calculations, but
the change in concentration is small and within experimental error so it is hard to

visualize any significant change.

1000 & Thiosulfate reaction at different temperatures
=2, 2] =
500 ! . pH=2 ; [$,0,7],=1000 ppm
n e
800 |} * eac
&
700 " Wisc
*
E 600 || * A3ocC -
§ L]
E s00 4 &
E 400 A [ ]
: L]
300 A a L
r 3
200 A
100
o : : v
0 10 20 30 a0 50 60 70 80
time {hrs)
a)
1000 @ Thiosulfate reaction at pH=2 and 30 C; [5,0,? ],=1000 ppm
900 @ Thiosulfate
800 ® Trithionate
. .
700 A Tetrathionate
§ X Sulfate
& 600
8
(& soo 4 #*
E 400 3
*
300 -
>
200 *
100 - [ § . :
m! s x
0 )'”! > ).< F Y v & . . " A
i 0 10 20 30 40 50 60 70 80
H time (hrs)

Figure 3. Change of thiosulfate concentration with time. (a) as a function of

temperatures and (b) Change is sulfur species.
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Trithionate showed reactivity over the entire pH range, which differs from thiosulfate and
tetrathionate. The experimental data shows that trithionate reacts faster at neutral or
slightly acid conditions than at basic conditions. The activation energy was calculated
using data from other kinetic studies (Meyer and Ospina, 1982) under the same pH
conditions but at different temperatures as shown in Figure 9. Unlike thiosulfate, the

reaction of trithionate appears to continue to react past 72 h.

Trithionate reaction at different pH,

f( < Temp = 30 C, [5,0¢2'),=1000 ppm
950
» >
900 A
E * x
g ss0 .
§
% 800 n *»
g 750 $pH2 z
BpHa
700 ApH7
650 XpH9
600

0 10 20 30 40 50 &0 70 80
time {hrs)

Figure 4. Change of trithionate concentration with time as a function of pH.

Tetrathionate experiments show increases in reactivity with increased temperature
under alkaline conditions, with a large drop in concentration in experiments conducted
at 30°C. The main species present during the reaction are thiosulfate and trithionate
with traces of sulfate at pH 9. Similar to trithionate, tetrathionate reaction continues to at
least past our experimental run times.
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Tetrathionate at different Temperatures
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0 10 20 30 40 50 60 70 80 90 100
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Figure 5. Change of tetrathionate concentration with time. (a) As a function of

temperatures and (b) Concentration of sulfur species with time.

Figure 6 compares the results for the experimental data in the kinetics studies and
equilibrium simulations done in HSC software, which strictly describes the speciation at
equilibrium (infinite equilibration time). During the equilibrium simulations at all pH
values, the main final product was sulfate, however, during the timeframe of the
experiments, other sulfur species, mainly thiosalts, dominated the product composition
in solution. The HSC experiments were initiated to establish the likely composition of a
reaction mixture at equilibrium based on first principle of thermodynamics, as a rationale
for the choice of species to monitor in experimental work. Differences between
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noted, but was present at concentrations low enough that they did not trigger the H.S

monitor.
3.4 Kinetics Results

Using the initial rate method, kinetic rate expressions were developed for each
thiosaltspecies. As has been reported previously, thiosalt speciation depends on pH and
temperature conditions of the solution. A summary of the results for each thiosalt is
presented next. The reaction order was determined from the experimental data using a
van’'t Hoff plot for the experiments at each of three temperatures of interest. Using
reaction order from these results, Equation 1 was optimized using experimental data,
least squares regression and the Runge-Kutta approach, which is explained in detail by
Haireret al. (1989). The simulation was performed-only in reactive conditions and thé

results were then compared to published data.
3.4.1 Thiosulfate Results

Van't Hoff plots for thiosulfate for data at 4, 15 and 30°C are shown in Figure 7. The
plots are at pH 2.
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Thiosulfate
& Temp30C W Temp15C A Temp 4C
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Figure 7.Van't Hoff plots for thiosulfate at different temperatures.

The slope of the Van't Hoff plot is related to the reaction order. In the temperature range
of 4 to 30°C, the slope varies from 1.55 to 1.88, which is close to the reaction order of
two proposed by Xu and Schoonen (1995). The optimization was constrained between

1.55 — 2 and the results are presented in Table 5.

Table 5. Results for thiosulfate optimization for reaction order of two

Hererence pH | Temp K (x109 | n
(°C)

Current Experiment 2 |4 0.24 2

Current Experiment 2 15 1.20 2

vurrent Experiment 2 |30 3.00 2

Xu and Schoonen (1995) 29|20 2.86 ‘ z

The reaction constant increased with temperature as expected. Data from theXu and
Schoonen (1995) experiment was also included in the simulation to obtain the reaction
constant at their conditions of pH 2.9 and temperature of 20°C. The Arrhenius plot for

thiosulfate is shown in Figure 8.
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Arrhenius Plot for Thiosulfate

0
1 ¥ =.-85583.6x.+.25.121
T R? = 0.87413
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=
c
g -3
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3.38-03 3.3E-03 3.4E-03 3.4E-03 3.5E-03 3.5E-03 3.6E-03 3.6E-03 3.7E-03
1/Temperature (K}

Figure 8. Arrhenius plot for Thiosulfate

Figure 8 shows that the activation energy (E,) for thiosulfate, in a pH range of 2 to 2.9
and a temperature range 4 to 30°C, is 71.1 kJ and the Arrhenius constant is 8.7x10'°.

Substituting those values in the following equation, a parity plot is shown in Figure 9.

6[52057] ~£a (2)
——223 2 = AgeF [H*][S,05 7T
ot
&00 Pm'xtyPIm"Dmtfane
seaf 4
400]- .
§ s
z ' |
g
E v/'/
200} .
Xu and Schoonen 3935
> ExpData
W e Slope=1 b
e
. -
Q - s 1 1 —_
180 200 300 ‘ B et
Experimenta Data {ppmj

Figure 9. Parity Plot for thiosulfate
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Figure 11. Comparison between predicted values and experimental data for trithionate

atpH 2

Due to the lack of information available in the literature at different temperatures, the

Arrhenius plot for trithionate includes only data from Meyer and Ospina (1982) and

current experimental data (Figure 12). The resuits for the simulations are presented in

Figure 13.

Table 7. Data for Arrhenius plot for Trithionate

[ Autnor pH Temp (°C) | K (x10°)
Meyer and| 4 20 3.1
Ospina,

1982

Current 4 30 4.1
Experiment
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Figure 13. Parity plots for Trithionate

e study shows that trithionate plays an important role as the link between species
reactivity along the different pH conditions of the solution, especially at temperatures
around 30°C. Unlike thiosulfate, there was no sulfur or hydrogen sulfide evident during
the experiments. The species we measured were proposed by Ahern et al. (2007), with
the addition of tetrathionate as intermediate in the reaction, and should react to
generate either thiosulfate or sulfate. An important observation is that unlike thiosulfate
or tetrathionate the reaction rate for trithionate appears to be independent of pH, at

neutral to acidic conditions.
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K’bythe [OH'] concentration in mol/L.The reaction constant increased with temperature
as expected and the data from Varga and Horvath (2007) increased the pH range to
10.8. The Arrhenius plot for thiosulfate is shown in Figure 15.

Table 8. Tetrathionate optimization results

Hererence pH | Temp | K(x107%) n
Current Experiment 9 4 1.3 1
Current Experiment 9 15 1.3 1
Current Experiment 9 30 8.7 1
Varga and Horvath, [ 10.8 | 25 7.29 1
2007

Arrhenius Plot for Tetrath.ionate

k4 \?’ -

y=-6928.1x+ 29569
R2-0.82112

Reaction Constant {1/hrs)
o - N w E- w ()] ~ oo

0.00325 0.0033 0.00335 0.0034 0.00345 0.0035 0.00355 0.0036 0.00365
1/Temperature (X)

Figure 15. Arrhenius plot for tetrathionate

The activation energy for tetrathionate over a temperature range of 4 to 30°C and pH
from 9 to 10.8 is 57.6 kJ and the Arrhenius constant is 7.4x10'?. The model predictions
and experimental data are compared in Figure 16.

8[5,0¢7]

—Ea
m = Age®T [OH™1[S,057]
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Figure 16. Parity Plot for Tetrathionate

The parity plot shows that the model predictions are very close to the experimental data
up to 72 hours and Varga and Horvath (2007) data for 7 hours. The reaction rate
equation includes temperature and pH dependency. Rolia and Tan (1985) studied
tetrathionate reaction at pH 12, however, the data did not fit equation 4, indicating that
the kinetics at that pH could be different than the kinetics studied here.

3.5 Reaction pathways

Experiments show that thiosalts species will be reactive depending on pH and
temperature. For example, thiosulfate will react at acidic conditions (pH~2) while
tetrathionate will react at alkaline conditions (pH~9). Trithionate is the only species in
this study that shows reactivity among different pH values, but only at 30°C.

In the thiosulfate experiments, the species present in solution were the ones expected
according to the proposed reaction mechanisms in Table 1 except for hydrogen sulfide,
which was detected by its characteristic odor but was not quantified. Also, the
generation of elemental sulfur was not quantified but analyzed by DSC and the yellow
grains precipitated during the reaction were confirmed to be sulfur. It is possible that

sulfite (as suggested by Xu and Schoonen 1995) could be present in solution at under-
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saturated conditions of oxygen, however, this compounds was not analyzed in the lab.
The reaction pathway proposed in Figure 18 is based only on the species detected in
the lab, but they are in good agreement with that proposed by Mizoguchiet al.(1976)
and with the stable species shown in the Pourbaix diagram shown in Figure 17. The
presence of trithionate is proposed to be from tetrathionate; however, this was not

experimentally verified.

Eh (Yolts) S-H20 - System at 25.00 C
2.9 -

15

10| HZS(I}

H20 Limit

b ! i i . ol i N i : ]
-2.9

o 2 4 6 8 10 12 14 pH

Figure 17.Pourbaix Diagram for S-H,O system (Done in HSC)

According to the reactions proposed in the literature, tetrathionate is the only species
out of the three studied that does not react directly to form sulfate. Therefore, its
reaction must go to either trithionate or thiosulfate before completing its oxidation. This
condition is important, as further reactivity will depend on the solution conditions. In our
experiments, tetrathionate was only reactive at pH around 9 and the observed products
of its reaction were thiosulfate and trithionate with traces of sulfate. Equilibrium results
are complementary to the studies done in the lab, and in this case, because of
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significant amounts of thiosulfate and trithionate detected experimentally, indicate that

the experimental reactions are not at equilibrium.

Since sulfate dominates the results of the HSC equilibrium modeling, sulfate was
removed as a potential product for the reaction of tetrathionate to better reflect the
experimental results. The resulting Pourbaix diagram for the S-H,O system (Figure 18)
shows that thiosulfate is a stable species at high pH, while at low pH tetrathionate
seems to be stable. This behavior is consistent with the experimental results gathered
here as tetrathionate was only reactive at pH 9 and thiosulfate was reactive at pH 2.
Since the experimental data also includes trithionate, trithionate is likely an intermediate
during the reaction of tetrathionate at high pH. Though it seems that no sulfur or H,S
was produced in the tetrathionate experiments; they may have formed in very small
amounts, and their absence is not inconsistent with the Pourbaix diagram as reflects a
system at equilibrium, which is an unlikely state for these experiments over the time

scales of the study.

The two main products of the trithionate reaction according to our experimental data are
sulfate and thiosulfate with small amounts of tetrathionate; this is in agreement with the
reaction proposed by Ahern (2007). A key trithionate characteristic is its reactivity over
the pH range of the study, hence the final product of it oxidation will depend on the pH
of the solution. In other words, at acidic conditions, the sulfate concentrations are
expected to be higher, while in alkaline solutions, the concentration of thiosulfate will be

dominant among the products.
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Figure 18.Pourbaix Diagram for S-H,O system removing sulfate as a species in solution

As shown in Table 1, there are several different pathways proposed for thiosalt

reactions at different pH and temperature conditions. The following global reaction

equations are reported by different authors and selected as they represent most of the

species followed in the lab:

Table 9. Proposed reactions for thiosalt oxidation

Thiosalt Reaction Reference:
Trithionate S:06% + HoO 95,052 + SO+ 2H* Ahern et al. 2007
Thiosulfate 53,052 + 6H*¥2S,06% + 28° + 3H,O Mizoguchietf al. 1976

Tetrathionate

484052' + 60H 9 582032. + 283052' + 3H20

Varga and Horvath 2008
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the experimental data show are either very slow or fast in the timeframe of the

experiment.
4. Conclusions

Rate equations under different pH and temperature conditions and transformation
pathways were developed for the three main thiosalts species. For the trithionate and
tetrathionate kinetic equations, an adjustment factor that considers the proton
concentration (pH) was included. Trithionate is the only thiosalt species in this study that
was able to react under both acidic and alkaline conditions, which points to a special
role for trithionate in the oxidation pathways. Our results are consistent with
observations that thiosalt reactivity is highly dependent on temperature, but also
illustrates the importance of pH in the reactivity of these species. Thus any studies
involving thiosalts must include pH as a key factor.

From the information gathered in the experiments, simulations in HSC and reactions
previously proposed, we have proposed a few general reaction pathways in the
oxidation of thiosalts. These pathways will be helpful in thiosait management in tailing
ponds. Knowledge of the pathways combined with the kinetic equations, can be
implemented in the development of refined pond and treatment models to yield a more
detailed and accurate picture of the thiosalt transformations and fate, and to develop the
most effective and economical treatment process. Though beyond the scope of this
work, the role of reagents and catalysts used in thiosalt treatment must also be
considered in the development of robust models, particularly in light of the complexity of
thiosalts chemistry. Thiosalt speciation is highly dependent on temperature and pH; thus
any studies involving thiosalts must include both factors. Future studies will be focused
on the effect of reagents in the kinetics of the different species and their effect on the

general reaction pathway.
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Abstract

Tailing ponds management is critical both in terms of reducing the environmental impact
of mining operations and reducing cost associated with inefficient treatment/disposal.
Thiosalt species present in mining effluents, such as thiosulfate, trithionate and
tetrathionate, have been identified as precursors of acid mine drainage (AMD)
generation and the subsequent pH depression in the discharge effluent. Current
treatment technologies and pond management strategies do not consider the speciation
of thiosalts and its effects on treatment efficiency and AMD generation. Previous studies
have followed the kinetics of each individual thiosalt species, however, the interactions
between species impact these reaction pathways and hence the rates. in this study, the
reaction rates from thiosalt mixtures of thiosulfate, trithionate and tetrathionate are
analyzed under pond conditions (pH range of 2 to 9 and temperatures between 4 and
30°C). Following a decoupling approach and using equilibrium prediction as a tool, the
reaction rates for each species as well as potential global reaction pathways for the
species are proposed.

119




1. Introduction

The presence of thiosalts in effluent discharge is the result of partial oxidation of sulfide
minerals during the mining process (Rolia and Tan, 1985). Studies by Schwartz et al.
(2006) and Yaschyhyn (2006) concluded that thiosalts are not acutely toxic to species
such as rainbow trout and Daphnia Magna. Nevertheless, ecosystemscan be affected
by the potential pH depression generated by thiosalt oxidation; these sulfur
intermediates have already been identified as precursors of acid mine drainage (AMD)
(Druschellet al., 2004; Johnson, 2003).

Thiosulfate, trithionate and tetrathionate are the stable species under typical pond
conditions (Wasserlauf and Dutrizac, 1982) and the reaction rates for individual thiosalts
at specific conditions have been studied before(Ahern, Druschell, Varga, Xu).
Nevertheless, the complexity of thiosalts reactions is compounded by the variety of
different factors that affect them. For example, Wasserlauf and Dutrizac (1982)
identified the importance of thiosalt speciation and its effect on the different reactions
that could occur,and also presented the interactions that each species could have in the

mixture:

HY/OH™
STIOG— +SZO3—(_———_)STI+106_ +SO3_ (1)

Varga and Horvath (2007) and Meyer and Ospina (1982) proposed similar reactions,

however, they also noted the presence of thiosulfate as catalyst for tetrathionate
degradation at neutral pH

5,02~
25,05~ «—— S 0%~ + S;0%~ (2)
Understanding thiosalt reactivity in the pond is critical as water management and

treatment will depend on it. Past experiments in our lab (Vongporm, 2008) identified the
conditions at which each thiosalt species is reactive, as shown in Figure 1. These
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oxidation hence, reducing pH depression and reducing cost and chemical use in the

pond.

The objective of this paper is to analyze the behavior of thiosalts mixtures at various pH
values and to use the data to develop appropriate reaction rates equations for these
mixed systems. These equations, in addition to equilibrium predictions, could provide
information needed to determine global reaction pathways. To determine relative
reaction rates, batch experiments were performed under pH and temperature conditions
typical of the effluent ponds. The specific sampling protocols are outlined in the
experimental method sections. The analytical advantages and protocol using capillary
electrophoresis are explained in the analytical method section. Finally, the approach
taken to analyze the kinetic data and additional simulations done in HSC to obtain

equilibrium information are explained.

2. Research Strategy and Experimental Methods
2. 1 Batch Studies

Batch studies were conducted with the three main thiosalts species under different
éonditions of pH and temperature to development a global reaction rate. Three thiosalts
were studied: thiosulfate, trithionate and tetrathionate. Sodium thiosulfate pentahydrate
from Merck and potassium tetrathionate from Sigma-Aldrich were used during the
experiments. Trithionate is not commercially available and was synthesized using a
modified Kelly and Wood (1994) method.

The pH of the solutions was maintained using buffer solutions; pH 2 did not use a
buffer, but diluted acid, but for ease, the term “buffer” will be applied to all solutions
used to control pH. The solution at pH 2 was achieved using glacial acetic acid diluted
until the pH read with a calibrated pH meter was 2; pH 4 used 50 mM ammonium
acetate/acetic acid; pH 7 the buffer used 50 mM ammonium dihydrogenphosphate/
ammonium hydrogenphosphate and for pH 9 a 50 mM ammonium acetate/ammonium

hydroxide buffer was used. In all cases, the mixtures of acid and conjugate base to
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make the buffers were adjusted to the appropriate pH measure with a calibrated pH
meter using the appropriate acid or base for the system.

Batch study experiments (Table 1)used mixtures of thiosalt species prepared by
dissolving the selected amount(s) of thiosalt species in 100 mL of buffer solution. The
resulting solutionswere transferred to 250-mL volumetric flasks, sealed with stoppers
and agitated at the temperature of study. 1.5-mL aliquots were taken at specific times
and filtered using a 0.2 ym nylon syringe filter. The sampling protocol (after Vongporm,
2008) was as follows; filter sample and immediately freeze in liquid nitrogen and store at
-80°C unti! analysis, on the day samples are to be analyzed, frozen samples are
transferred from the ultralow freezer (-80°C) to a regular freezer (-4°C) and then only

allowed to thaw for 10 minutes before analysis.

As previously indicated, the experimental conditions reflected the effluent

treatment/pond conditions as outlined in Table 1.

Table 1. Experimental conditions

Variables Levels
Thiosalts in the Thiosulfate, Trithionate,
Mixture Tetrathionate

Temperature (°C) 30
pH 2,4,7,9

Concentration (mg/L) 500

Time 0 to 72 hours
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2.2 Analytical Method

Thiosalts were quantified using capillary electrophoresis (CE) (Agilent 1602) with UV
detection. CE was chosen over ion exchange chromatography for a number of reasons:
it is a rapid analysis method (5 minutes for most common thiosalts (Pobozy et al,
2002)), has very good anion separation efficiency, low operational cost and consumes
small sample volumes (Haddad, 1997; Motellier and Descostes, 2001). A 50 um inner
diameter base fused silica capillary (Microsolv Technology Corporation), 48.5 cm total
length and 40 cm effective length was used in all analyses. The capillary is loaded in a
cassette and the temperature of the equipment is set at 23°C during experiments. The
background electrolyte (BGE) used was waspyromellitic acid (chromophore),
hexamethonium bromide (EOF modifier) and Triethanolamine (for pH adjustment) and
fitered with a 0.2 pym nylon filter before use. The sample was placed on a 1-ml
polypropylene vial with polyurethane snap cap. The operational procedure for the CE
was to flush capillary with sodium hydroxide 1 M solution for 15 min followed byBGE for
10 min; inject samplehydrodynamically with a pressure of 50 mbar for 10 seconds;carry
out separation by applying a voltage of 30 kV in negative polarity mode. The detection
wavelengthswere 214 nm for thiosulfate and tetrathionate, 194 nm for trithionate.

2.3 Equilibrium Analysis and Determination of Reaction Rates.

Equilibrium analysis is a useful tool to identify reactants or products that could
participate in thereaction. Reaction equilibrium predictions for the thiosalts mixtures
were calculated by the Gibbs free energy minimization approach using the HSC
Chemistry software V7.0from Outotec. Thiosalts reactivity is governed by pH and
temperature for the range of pond conditions studied (Vongporm, 2008). As such, in
these calculations the pH of the solution to be studied was input accordingly and the
equilibrium position analyzed from 0 to 30°C.

Reactions rates were derived using the method from a previous study (Miranda et al.,

2012)based on the initial rate method. In the mixtures, the reactions are more complex
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and species consumed in single species experiments may be consumed and/or
generated in mixtures. To account for this, we have combined the reaction rate
equations derived from single species experiments and added an additional term to
account for additional reactions. It should be noted, this is a global reaction rate
equation and does not reflect the specific reactions occurring in the mixture but rather

species behavior in solution:

L _kier + go1cm ©
where K; is the reaction constant for the consumption and K| is the reaction constant for
the generation of thiosalt, n and m are the orders, C is thiosalt concentration and t is
time. Thiosalt reactivity varies at different temperature and pH conditions, and in this
case, the species present in the mixture. As such, values for the two variables (K and n)
of Equation 3 should be estimated by fitting measured data from experiments performed
under different combinations of these parameters. This fitting problem is over-
determined, and thus vastly different values of K and n can provide equally good fits to
the experimental data. To obtain a meaningful physical result, the optimization has to be
constrained to thermodynamically realistic values. Our approach used a two-step
sequential optimization. The first step was an exhaustive search of K and n values over
a discrete range of values (n had a range between 0 and 3 and K from 0 to 1). We used
an explicit Runge-Kutta approach (in Matlab Student Version 2011a) to numerically
solve Equation 1 for each (K,n) pair, and each set of initial conditions and pH values.
The numerical solutions of the ordinary differential equation(ODE) were then compared
to the corresponding experimental data to see which values of K and n provided the
smallest least-squares error. In the second step, we used the Matlab constrained
minimization method fmincon to refine the estimates of K and n, beginning from the best
values found in step 1. In both steps the simulations were done only under conditions

where thiosalts are reactive.

3. Resulis
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The first part of this sectionoutlines the results of the equilibrium analysis of the mixtures
followed by the experimental results. A material balance for sulfur and oxygen add
additional background information for the potential reaction pathways. In the last part,
the reaction rates for the main sulfur species are proposed. The sulfur speciesmeasured

during the analytical procedure were thiosulfate, trithionate, tetrathionate and sulfate.

3.1HSC Equilibrium Simulation

The equilibrium analysis based on Gibbs Free Energy minimization predicts final
product distribution in the sample over the range of pH and temperatures used in the
experiments. The product distribution at equilibrium provides a reference for the kinetic
studies in terms of reaction progress. The initial concentrations in the simulation were
set at 500 mg/L for each thiosalt. The simulation was run for all pH values over the
range of interest, as previous experiments have shown than at least trithionate will be
reactive over that pH range. Solution pH was maintained by adding buffer compounds in
the simulations, and in all cases the final pH was within 0.5 units of the initial pH.The
simulations were done with oxygen in excess in solution. The results of the simulation

are presented in Table 2.

Table 2 Simulation results for thiosalt mixtures.

pH 2 pH - pH7 pH O
Temp 4- Temp 4- 3°C 15°C 30°C 4°C 15°C 30°C
30°C 30°C

Thiosalt | S° 30% S° 30% HS HS HS HS HS HS'65%

Mixture' | SO4% 70% | SO42 70% | 45% 54% 63% 78% 72% H.S
H.S H.S H,S H.S H,S 35%
55% 46% 37% | 22% 28%

" 500 mg/L of each of the following thiosalts: thiosulfate, trithionate and thiosulfate
The species distribution in equilibrium for a mixture of thiosulfate, trithionate and
tetrathionate in the pH range of 2 to 4 is ~30% sulfur and ~70% sulfate. At neutral and

alkaline pH, the equilibrium products were hydrogen sulfide (H,S) and hydrosulfide (HS’
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), with distribution varying according to temperature (Table 2). Sulfate and elemental
sulfur are known products of thiosalt oxidation; hydrogen sulfide is usually found in

thiosulfate oxidation at low pH.

3.2Experimental Results

Thiosalts in solution will have multiple reaction pathways (Varga and Horvath, 2007;
Meyer and Ospina, 1982). The purpose of the experimental work was to identify the
change in reaction rate and correlate the results obtained in a previous pure species
analysis with the mixture results. Thiosalt reactivity in mixtures is expected to be similar
to the results with individual species (i.e., thiosulfate will be reactive at pH 2,
tetrathionate at pH 9 and trithionate in all the pH range). The degradation of each
thiosalt in the mixtures at different pH is shown in Figures2 to 5.

Thiosulfate is the most reactive of the thiosalts at pH 2 (Figure 2a), while trithionate and
tetrathionate concentration do not change (within analytical experimental error). In the
case of trithionate, it is likely that the degradation and accumulation rate is equal at
these conditions, as this compound does show reactivity as a pure species. For
tetrathionate, the pure species analysis showed no reactivity at pH 2, hence the change
in concentration is attributed to experimental error (Figure 2c, error margin is magnified
by the short concentration range of the figure). The sulfate concentration in solution also
increases with time as a result of the thiosalt oxidation.Druschell (2002) reported a
rearrangement of tetrathionate at low pH under very specific conditions, such as
concentration above 5000 pM and at a temperature of 25°C, in which 13% of
tetrathionate converted to trithionate in the first 90 min. However, those values are very
close to the measurement error (9%) hence it is difficult to quantify if that same behavior

is occurring in this experiments.
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Figure 2 Sulfur species concentration in the mixture at pH 2
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At pH 2, there is a small increaseof sulfate with time, while tetrathionate is seems to be

somewhat unreactive after a relatively fast decrease to a concentration between ~400
and 450 mg/L. Trithionate is either unreactive or formation and consumption rates are
approximately equal, and thiosulfate decreases fairly rapidly initially then change in

concentration then appears to level off.

The behavior of mixtures at pH 4 (Figure 3) follows the expected trend based on
previous experiments and equilibrium calculations. Thiosulfateand sulfate are generated
at pH 4, and the generation of sulfate is slightly higher than at pH 2, but it is still very low
in comparison with the sulfate concentrations predicted by the single species rate

expression.
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Figure 3.Sulfur species concentrationin the mixture at pH 4

At pH 4,therate of decrease for the trithionateconcentration in the mixture observed is
slower than analogous experiments for the pure species. Also, there isgeneration of
thiosulfate and sulfate; while tetrathionate concentrations do not change within the

experimental error of the method therefore it is difficult to determine reactivity.

At pH 7 the concentration changes are very similar topH 4 values. For example,
thiosulfate generation increases approx. 100 ppm or 1.8 mmol, while the combined
sulfur percentage in trithionate and tetrathionate decreases approximately the same
amount of mmoles. For sulfate, the increase is also in the range of 1%. This indicates
that the reactions or distribution of species likely follow a similar reaction pathway at

both conditions.
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At pH 9, tetrathionate is most reactive while trithionate is marginally reactive(Figure 5d).

As expected, there is a decrease in tetrathionate in solution (~10% of sulfur) and

anincrease(~ 15% of sulfur) in thiosulfate. An interesting trend is that trithionate remains

practically stable during the experiments (up to 72 hrs.), whereas in the single species
experiments trithionate is reactive. Thus, the apparent stability could indicate that the

generation and consumption of trithionate is in equilibrium in the mixtures (i.e., the

generation and consumption rates areequal). As in the other conditions, the generation

of sulfate is very limited.
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Figure 5.Sulfur species concentrationin the mixture at pH 9

The experimental results in the pH range of 2 to 9 shows sulfate is not a major product
in the mixtures for time scales of these experiments. At pH 2, the generation of
trithionate is likely due to thiosulfate consumption. At pH 4 and 7, the opposite occurs,
as thiosulfate is generated, likely through trithionate consumption. At pH 9, tetrathionate

degradation generates thiosulfate possibly via trithionate.

Material balances can provide additional information to elucidate the global reaction
pathways to develop the reaction rates in the mixtures. This information is presented in
the following section.

3.3 Material Balance in Solution

The balance of sulfur and oxygen can be used to develop an understanding of the
reaction pathways of sulfur, by showing how the sulfur is being distributed in the
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different species. Table 3 shows a comparison between the initial amounts of sulfur and
oxygen and the concentrations obtained in the experiments at 30°C after 72 hrs, and
from equilibrium predictions. Species such as elemental sulfur, sulfides and sulfites
were not measured in the analytical method;therefore complete closure of the sulfur
balance was not possible, especially in acidic conditions where the reaction pathways
could yield those species. Nevertheless, though sulfur was not measured directly, sulfur
precipitation was observed; so even in the absence of a complete sulifur balance, the
experimental observations were consistent with the HSC results where equilibrium
predictions indicate that elemental sulfur is an important product of the reaction of

thiosalts at acidic conditions.

In mildly acidic (pH 4) to alkaline conditions (pH 9), the sulfur mass balance is within
experimental error during the experimental runs, indicating the most of the species
present in solutions are measured in the analytical method.

In experiments at pH 2, at 72 hours thiosulfate is consumed, trithionate increased, and
tetrathionate appears to have decreased, though based on experimental error, the
decrease is not statistically relevant. This is different than HSC equilibrium predictions,
which indicate that all the sulfur should be present as either sulfate or elemental sulfur,
with elemental sulfur representing ~30% of the total sulfur. Experimentally, the total
measured sulfur had decreased, but the discrepancy in the mass balance can be
attributed to experimental error and the limit of the analysis, where some key sulfur
species, particularly sulfur, are not measured. It should be noted that solid sulfur
precipitate was observed and the characteristic odor of H2S characteristic was detected.

It is assumed that the solutions are all saturated with respect to oxygen. However, in a
study of thiosulfate in acidic conditions and under-saturated with respect to oxygen, it
was found that thiosalt oxidation will yield sulfite (SOs%) instead of sulfate { Xu and
Schoonen (1995). During our experiments, the samples were not constantly aerated,
hence it is possible that oxygen was limiting in solution and therefore; under-saturated

oxygen conditions were present. This could be the reason for the low percentage of
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sulfate as final product, in the solution as the oxygen required to fulfill the material

balance in equilibrium is higher than its original (saturated) concentration in solution.

Table 3 Sulfur and oxygen balance in thiosalts mixtures

Sulfur (mmol) Oxygen (mmol)
Equilibrium Equilibrium
@0 hrs @ 72 hrs  |Predictions | @0 hrs @ 72 hrs  |Predictions
$,0; 8.9 4.7 - 134 7
S50 7.8 84 - 15.6 16.8 ---
. 7 13.4 _
M2 [S:Os 89 7 3 11.5
5O, 05 17.6 2 70.2
s° n/a 7.7 0
Total 25.6 213 253 424 373 70.2
5,0, 8.9 104 13.4 15.6
5,05 7.8 6.5 15.6 13.1
oHa  [3:0s 89 7.5 13.4 112
50, 0.7 17.6 2.8 70.2
5° n/a 7.7 0
Total 25.6 25.1 25.3 42.4 42.7 70.2
5,0, 8.9 105 134 15.8
SN 7R A4 15 A 17 R
oH7 5,Uq 8.9 1.2 13.4 1.5
H,S n/a 11.7 3.2 0
HS n/a 13.5 0
Total 25.6 241 25.2 42.4 42.6 0
5,05 89 13 13.4 19.5
5,06 7.8 75 15.6 14.9
oH 9 S0, 8.9 6.7 - 134 10.1 -
H,S n/a 18.2 --- 31 0
HS n/a 7 0
Total 25.6 27.2 25.2 474 47.6 0

The material balance for pH 4 for both sulfur and oxygen does close, though it is
possible that other species are present in trace quantities. Thiosulfate is generated at
these conditions. Single species experiments did not show reactivity and it is likely the
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decreasing trithionate leads to the production of thiosulfate. The sulfate also increases

marginally.

The trend and results for the sulfur and oxygen material balance at pH 7 are very similar
to pH 4. This suggests that the reactions and pathways could be similar at both
conditions. Also worth noting is that trithionate is the main species reacting at those

conditions.

The pure species studies at pH 9 show conditions favour the generation of thiosulfate,
and the consumption of tetrathionate, trithionate and oxygen. The amount of sulfur in
solution increases marginally though there is no external source of sulfur in solution; this
is likely due to measurement error. Despite the differences in numbers, the trends
observed at pH 9 are as expected. Thiosulfate is generated as a result of the
degradation of tetrathionate, on par with previous results. In the case of trithionate, its
concentrationremains almost constant during the experiment despite its demonstrated
reactivity under these conditions in single species experiments.This could be the result
of the equality between its generation via tetrathionate decomposition and its

consumption to form thiosulfate and sulfate.

With the information gathered in the material balance, the equilibrium simulations and
the experimental results, global reaction pathways are proposed for thiosalts in mixtures
as a function of pH, which are presented in Figure 6. Hydrogen sulfide is cautiously
proposed as a terminal pathway at acidic pH, based on the fact that it wasdetected but
not quantifiedduring studies of thiosulfate solutions. At neutral and alkaline conditions,
hydrogen sulfide was not detected.
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pH 2 pH 4 and pH 7

pHY

Figure 6.Global reaction pathways for thiosalts in mixtures based on experimental

results.

There are a few key points that should be reiterated here. Tetrathionate is stable in the
acidic and neutral (pH 2, 4 and 7)pathways. The only species reactive over the entire
pH rangeis trithionate. Equilibrium simulations yield sulfur and sulfate as the final
products in acidic and mildly acidic conditions, while hydrogen sulfide and bisulfide are
produced in alkaline and neutral conditions. Only sulfate is an oxidized species,
whereas the others (sulfur and sulfides) are the reduced sulfur forms. The proposed
reaction pathways are important for reaction analysis as previous studies for pure
species provide information about the decrease of pure species and the generation of
products. The combination of those equations applied to the mixtures using a
decoupling approachshould provide enough information to model the mixtures at
different conditions.
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3.4Reaction Rate Analysis

To calculate the reaction rates for the mixture, the experimental data was optimized
using the procedure explained in section 2.3; in the optimization we included the pure

species term proposed by Miranda-Trevino et al., 2012.

Reaction order analyses were conducted prior to the simulation using Van't Hoff’s plots
(Appendix A.5) to provide supporting information of the data.Overall, it can be
concluded that thiosulfate will likely follow a first order, second order consumption
reaction;trithionate and tetrathionate reactions will follow first order and sulfate
generationwill follow a zero-order reaction. The reaction constants at all pH conditions
are calculated at 30°C as the change in concentration in the mixtures at lower

temperatures were small and close to experimental error.

From the pure species analysis under acidic conditions (pH 2), thiosulfate and
trithionate are reactive and produce sulfate. This is confirmed in the results of the
mixture experimental data, though the degradation of thiosulfate is slower than as a
pure species. With trithionate the generation and reaction rates are likely to be equal or
nearly equal as the change in concentration over the time period is not statistically
significant, being within the experimental error for trithionate. Using the pathway
proposed in Figure 7, the kinetic analysis is as follows:
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Figure 8.Plots comparing simulation and experimental results mixture at pH 2

The modeling for thiosulfate in solution yieldedresults in agreement with the
concentrations measured in the experiments.The soundness of the fit between the
model and the experiments is illustrated particularly well for thiosulfate, where the
concentration change is much slower when in a mixture of thiosalts.A more extensive
analysis of the reaction mechanisms in solution is required to understand the reason
why the reaction rate for thiosulfate in mixture is around 80% slower than as a pure

species.

The behavior of the mixtures at pH 4 and 7 is fairly consistent, and the reaction rates

obtained for all of the sulfur species are very close. A key characteristic of these
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The plots show good agreement between the experimental and predicted values. One

reason for the goodness of the fit is the lack of dispersion on the experimental data.

Also, there are no “cycles” (i.e. thiosulfate reacting to trithionate and vice-versa) present

at these conditions, hence the complications are minimal.

The equations proposed for pH 7 are very similar to pH 4 as shown in equations 7 and

8.
d[S,052] sl ) ’
.d—t3 = 2_7x10 371'[5203 2] ’
d[S,0:? 1 ! ° ‘
[ 20¢ 1_ —4.1x107° - [5;05°] + 1.9x107° ~[53057] o

The plots comparing experimental and predicted data are shown in Figure 11.
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pH 9

Figure 12. Thiosalts reaction pathways at pH 9

Equations 9 and 10 show the reaction rates of the different sulfur species at pH 9, while

Figure 13 compares the simulated and experimental data comparison (pure species

results are zero as thiosulfate was not reactive at pH 9).

d[S;057] NS (9)
T = 5.5x10 E[SZO?’ ]
d[S406_2] -3 -2 -3 -2 (10)
—a —7.9x10 M R [S405%1 +3.4x10 M h [S405°]
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The generation of thiosulfatein alkaline conditions is higher than thatfor neutral and
mildly acidic conditions. This means that thiosulfate generation through the tetrathionate
pathway is higher than via ftrithionate; nevertheless the model underestimates
thiosulfate concentration. The material balances do show an excess in total sulfur in the
solution at 72 hrs (compared to the starting mass balance), so it is likely that there is an
error in the estimation of thiosulfate in the lab data, giving higher concentrations than
are present in solution. In the case of trithionate, the change in concentration is within
the analytical error, which indicates that there is limited activity at these conditions or

that there is equilibrium between the generation and degradation reaction rates.

Tetrathionate predicted values show good agreement with the experimental values. As
in the previous examples, the reaction rate is slower than as a pure species. A more in-
depth study outside the scope of this paper is required to understand the reasons of the
difference in rates in species and species.

Despite the challenges faced in the study of thiosalt mixtures, it is possible to provide a
mathematical model that can be used to predict the behavior of the three major sulfur

species at 30°C and in a pH range of 2 to 9.

4. Conclusions

The development of the reaction rate equations for thiosalt mixture at different pH
conditions was possible for the thiosalt species. The equations proposed show good
agreement with e data gathered in the lab and provide useful information regarding
the potential global reaction pathways in mixtures. Similar to studies done with pure
sulfur species, the equilibrium products for thiosalt reaction mixtures under temperature
conditions of the pond are elemental sulfur and sulfate in acidic/mildly acidic conditions
and sulfides (hydrogen sulfide and bisulfide) under neutral and alkaline conditions. For
all cases, the reaction rates were slower in mixtures than as pure species; this could be

the result of cyclic reaction pathways.
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The modeling of mixtures is challenging, however, by applying the decoupling approach
with the selection of reference species at the different pH conditions, it was possible to

propose reaction rates that agreed with data collected in the lab for all the main species.

Using equilibrium analyses and the material mass balances, it was possible to provide
global reaction pathways for thiosalts in a mixture. The pathways can be classified into
three groups: acidic (pH 2), mildly acidic and neutral (pH 4 and 7) and alkaline (pH 9).
At acidic conditions, the key sulfur species is thiosulfatewith a contribution from
trithionate. At pH 4 and 7, trithionate is the dominant species reacting, while at alkaline
condition tetrathionate is most reactive.The presence of hydrogen sulfide was noted by
odor in experiments and therefore additional analysis is required to determine
thereaction mechanism. This is important, as hydrogen sulfide is toxic and would

provide valuable insight into the overall pathway.

In terms of the material mass balance, conditions that show sulfur precipitates from the
solution during the experimental runs were at pH 2. The presence of elemental sulfur
and hydrogen sulfide was qualitatively observed. However, some of the difference in
sulfur concentration at low pH could be due to the presence of sulfite, which was not
quantified, or due to the presence of other suifur species not measured in the lab.The
difference in the oxygen concentration required to achieve the complete oxidation of the
sulfur mixture is another issue that requires further analysis to determine the origin of

that oxygen and the potential routes in case of under-saturated conditions.

As noted in the reactions rates, the reactivity of each thiosalt species will depend on the
pH of the solution, with thiosulfate reacting at acidic pH, tetrathionate in alkaline
conditions and trithionate reacting in the whole pH range. It is also important to note that
thiosalt behavior is different in a solution with thiosalt mixtures than as a pure species,
usually yielding slower reaction rates in mixtures. The reaction moc¢ s proposed for the
thiosalt mixtures provide a starting point in the environmental risk assessment and the

evaluation of treatment technologies.
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Appendices

A.1Pure Species Reaction Rates

pH Initial Sulfur | Reaction Rates
Species
2 S,05 d[S,0352] -2 -212
—T—Z.6X10 mM*h[SZO3 ]
d[S;05?] _,mM
d—t =1.2x10 h
d[s0;2] mM
= 1. 0_2_
It 1.0x1 A
S306~ 72
30 d8205 7] _ ¢ q0-sTM
dt h
d[S;0;? 1
——[Z—t"—] = 3.2x10—3H (5077
d[S0;2] _,mM
T = 9.5x10 T
4 S306° d[S,052 M
e 52051 _ ) gyq0-2TM
dt h
d[S,0:? 1
——[—;t"’—] = 4.2x107° - [53057]
d[S0;2] _,mM
at = 2.0x10 .
7 S304~ 72
3o di820571 _ 4 gyq0-2TM
dt h
d[S;0;? 1
—% = 4.1x10‘3-’; [S5072]
d[S0;2] _,mM
_ it = 2.1x10 —h—
9 e als,052 M
46 12—3] = 2_7X10—2m_
dt h
d[S;072] mM
—=2 0 = 11x1072—
dt X107 =
d[s,0;? 1
—[—;té—] = 7.9x107° 2 [5,057]
d[s0;?] _,mM
dt = 1.9x10 '—h—
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S306°

d[s,05?]
dt
d[S;05?%]
dt
d[S0;?%]
dt

= —1.9x1073

mM
=1.1x10"%2 —
* n

mM = h

mM
= 2.4x107%—

h

[S3057]

A.2 Parity Plots
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Parity plots for sulfur species in mixture at pH 4
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Parity plots for sulfur species in mixture at pH 9

A.3 Data from pure species experiments

r Initial Temperature | Thiosulphate | Trithionate | Tetrathionate | Sulphate
Thiosalt |Concentration | Rxn Time pH {°C) (ppm) {ppm) {ppm) (ppm)
Trithionate 1000 0 2 30 0 1000 0 10
Trithionate 1000 6 2 30 8 930 2 16
Trithionate 1000 24 2 30 22 917 5 35
Trithionate 1000 48 2 30 35 864 10 57
Trithionate 1000 72 2 30 40 806 10 72
Hmonate 1000 0 4 30 0 1000 0 0
Trithionate 1000 6 4 30 13 977 0 18
Trithionate 1000 24 4 30 58 903 2 53
Trithionate 1000 48 4 30 101 806 4 99
Trithionate 1000 72 4 30 149 752 7 135
Trithionate 1000 0 7 30 3 1000 0 0
Trithionate 1000 6 7 30 19 965 1 9
Trithionate 1000 24 7 30 59 898 3 53
Trithionate 1000 30 7 30 74 886 3
T-#-ipnate 1000 48 7 30 12 825 7 101
rmonate 1000 72 7 30 147 743 16 142
Trithionate 1000 0 9 30 14 1000 5 0
Trithionate *100 7 " 30 A 984 1 23
Trithionate 1000 2 v 30 a0 962 3 58
Trithionate 1000 48 9 30 76 926 3 108
Trithiong*~ 1000 72 8 30 103 858 8 168
Tnitial Temperature | Thiosulphate ] Trithionate | letrathionate | Sulphate |
Thiosalt Concentration | Rxn Time pH (C) (ppm) (ppm) (ppm) (ppm)
Tetrathionate 1000 0 9 30 6 6 1000 0
Tetrathionate 1000 8 9 30 59 25 909 0
Tetrathionate 1000 24 9 30 99 76 788 0
Tetrathionate Lo 30 9 30 117 88 764 0
Tetra*="-~~'e 1uuu 48 9 30 166 131 707 8
Tetravuunaie 1000 72 g 30 229 178 599 14
Tetrathionate 1000 96 g 30 262 188 463 21
Tt Temperature | Thiosalphate | Triihionate | letrathionate | Sulphate |
Thiosalt Concentration | Rxn Time pH (°C) {ppm) (ppm) (ppm) (ppm)
Thiosulphate 1000 0 2 30{1000 1 5 0
Thiosulphate 1000 1 2 30(752 7 2 0
Thiosulphate 1000 3 2 30507 28 1 0
Thiosulphate 1000 6 2 30385 45 1 0
Thiosulphate 1000 9 2 301330 56 1 20
Thiosulphate 1000 24 2 30|262 96 2 41
Thiosulphate 17 48 2 30|244 125 13 56
Ti~sulphate Tuvu 72 2 30|220 131 23 59
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A.4 Mixture Data from Experiments

pH2 Temp 30C
time (hrs) |Thio (ppm) |Tri{ppm) |Tetra (ppm) |Sulfate (ppm)
0 500 500 500 0
9 355 577 431 ]
24 277 574 436 11
30 285 572 397 14
48 242 523 452 38
72 261 537 429 47
pH4 Temp 30 C
time (hrs) [Thio (ppm) |Tri{ppm) |[Tetra (ppm} |Sulfate (ppm)
o 500 500 500 0
6 507 505 470 9]
24 530 483 450 24
i 30 539 482 437
48 552 454 430 54
72 584 419 419 68
pH7 Temp 30C
) (ppm) |Tri (ppm) Tetra (ppm} |Sulfate (ppm}
V) 500 500 500 0
6 528 511 479
24 571 502 445 30
30 542 472 430
48 578 455 423 60
72 590 409 402 76
pH 9 Temp 30 C
time (hrs) |Thio {ppm) {Tri (ppm} |Tetra (ppm) |Sulfate (ppm)
o) 500 500 500 0
7 563 483 503
551 485 441 29
616 497 423
662 510 395 51
1 12y 728 477 377 74

]
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A.5 Van't Hoff Plots
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Abstract

The generation of acid mine drainage from thiosalt oxidation is a concern in the mining
industry. In previous studies, reaction rate equationswere developed for different pH
and temperature conditions and relatively simple mixtures to model the oxidation of the
main thiosalt species, namely thiosulfate, trithionate and tetrathionate. However, mining
waters are chemically complex, and the presence of treatment chemicals and other
compounds can also impact thiosalt reactivity. Current industry practices rely on the use
of either strong oxidant agents, such as hydrogen peroxide with a ferric catalyst, or
natural degradation for thiosalt treatment, however, the efficacy of these treatment
methods are typically based on simple mass balances, total thiosalts, and assumptions
with respect to reaction rates. There has been little study of the actual reaction rates
and the impact of treatment reagents on individual thiosalt species. The current paper
presents a brief summary of thiosalt reactions with ferric sulfate, copper complexes and
hydrogen peroxide and the results of preliminary experiments studying the reactions of
thiosulfate and trithionate with hydrogen peroxide. Equilibrium calculations for
thiosulfate, trithionate, tetrathionate and the mixture of the three thiosalts at
temperatures ranging between 4 and 30°C and pH between 2 and 9 are presented.
Finally, a path forward in the study of thiosalts with treatment reagents is discussed.
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1. Introduction

Thiosalts are partially oxidized sulfur minerals generated in the mining and processing

of ores, (Wasserlauf and Dutrizac, 1982; Schippers et al., 1996; Sasaki et al,, 1995;
Paschka and Dzombak, 2004; Johnson, 2003). The stable species under typical tailing
pond conditions are thiosulfate (S;04%), trithionate (S30¢%) and tetrathionate (S40¢2)
(Wasserlauf and Dutrizac, 1982). Thiosalts are generated in the processing of sulfide
ores, especially those involving pyrite and pyrrhotite ores, which are the most common
sulfide minerals in mining operations (Moses et al., 1987). The oxidation of residual
sulfide ores in the mine residue and ore in dumps has been identified as one of the key
precursors of acid mine drainage (AMD), which can lead to environmental problems
such as acidification of receiving waters and metal leaching (Druschel et al., 2004;
Johnson, 2003; Tiwary, 2001). During the sulfide oxidation process, thiosalts play an
important role in the generation of protons that decrease the pH of the watersheds.
Studies from Schwartz et al. (2006) and Yaschyhyn (2006) regarding thiosalt toxicity
support the industry consensus that the main environmental concern from these species
is pH depression. Concentrations of thiosalts in typical effluent from sulfide mineral
mines can result in a pH depression as low as 2 (Rolia and Tan, 1985), high sulfate
concentrations and high metal loading, especially iron (Tiwary, 2001).

The use of catalysts or reagents for thiosalt oxidation in the pond is extremely important
to accelerate their reaction rates. Pyrite participate in thiosulfate formation but also
enhances thiosulfate oxidation by promoting the interaction of the thiosalt with oxygen
on its surface, yielding tetrathionate as the main product (Borda et al., 2004;
Brimblecome, 2005; Druschel et al., 2004; Garcia et al.., 2005; Johnson, 2003; Xu and
Schoonen, 1995, Rimstidt and Vaughan, 2003):

FeS,+ H" + 3H,0° S,04% + Fe?* + 7H* (1)
82032- + 0.502+ 2H+9 84062_ + 2H20 (2)
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Reaction 1 shows that pyrite degradation produce thiosulfate, however, at acidic pH,
thiosulfate will undergo further oxidation to tetrathionate with pyrite acting as catalyst to
the reaction. (Druschell et al. 2003b; Xu and Schoonen, 1995). The formation rate of
tetrathionate in e presence of pyrite between pH of 2.2 and 6.9 has been described in

the following way (Xu and Schoonen, 1995):
Rs,072 = K[FeS,][S,05°]" (1)

Where the reaction order is between 0 and 1, depending on the thiosulfate/pyrite ratio,
and the reaction constant is on average 6x10® Mm®sec™. In the absence of catalysts,
tetrathionate will be stable in acidic and neutral solutions (Xu and Schoonen, 1995) or

with very limited reactivity in mixtures (Miranda-Trevino et al., 2012a).

Like pyrite, Fe* will also act as a catalyst for thiosulfate reaction yielding tetrathionate
as a product in acidic environments according to the following reaction (Druschell et al.,
2003a):

282032‘ + 2Fe3+—) 2FeSQO3+9 84052_ + 2F62+ (3)

Under certain conditions, trithionate can also be catalyzed by Fe®* in the presence of
oxygen according to the following reaction (Druschell et al., 2003a):

83052. + F83+ + 20> 82032- + SO4Z-+ Fe2+ (4)
Druschell et al. (2003a) reported an initial reaction rate of 2x107 mol L's™ at a
temperature of 35°C and pH of 1.5. A similar reaction is proposed for tetrathionate,
however, Druschell et al. (2003a) also concluded that oxygen is a better oxidant than

Fe®* for tetrathionate:

48,06% + 3Fe* + 2.750; + 4.5H,0 > 4S0,% + 3Fe® + 9H* (5)
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Table 1. Rate constants for thiosulfate degradation in the presence of copper
(modified from Chanda and Rempel, 1987)

Temp (°C) Catalyst
CusS CuzS
Rate Constant, k x 102 min™
ki ko ki ko
- 40 _2.36 0.4 2.99 0.95
50 5.1 0.86 5.01 1.8
60 11.34 2.04 9.1 3.7

Chanda and Rempel (1987) also suggested that the oxidation of tetrathionate at alkaline
conditions would go through trithionate to sulfate; however, it is unclear if copper
species have a catalytic effect on the reaction rate.

A common chemical used in the thiosalt treatment i hydrogen peroxide (Dinardo and
Sally, 1998). Previous studies show that trithionate reactivity with hydrogen peroxide is
limited but it can be improved with the addition of iron(lll) to generate the Fenton
reagent (Druschell et al., 2003b). This technology has been adopted in recent years as
the preferred method to treat thiosalts, despite the cost involved in the use of H,O,
(Kuyucak, 2006). Similarly, hydrogen peroxide does not effectively enhance the
oxidation rate of tetrathionate either (Druschell et al. 2003b) but hydroxyl radicals, do
promote the oxidation, outlined by the following half reactions:

S406° + 10H,0 > 4S04 + 14e"+ 20H" (6)
OH' + 1e" + H*>H.0 (7)

Druschell et al. (2003b) proposed an intermediate for the reaction of the form HS;0,4™.
This oxidation reaction can be considered to be second-order rate constant and a
reaction constant of the order of 108. The reaction pathway proposed is shown in Figure
2.
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+ OH*
s07 . m% s 4as0l
+ O
+ 34052-
H,0, + Fe?* OH* + OH + Fe®
+Fe®

Figure 2..Reaction pathway for tetrathionate in the presence of Fe® at low pH (Modified
from Druschell, 2003b)

In the case of alkaline environments, Voslar et al. (2006) identified thiosulfate as a key

intermediate in tetrathionate oxidation by hydrogen peroxide according to the following

reactions:
S406% + 2H:05 + 40H > $,05% + 45042 + SO5% + 4H,0 (8)
S406% + SO5% > S04 + S306~ (9)
And a reaction rate of:
98] _ _1 5x1072(M25)~2[S,0521[H,0,][0H"] (3)

dt

The behavior and reaction kinetics for thiosalts in solutions without the presence of
catalyst have been studied before (Miranda-Trevino et al 2012b). However, it is
important to identify the effects that reagents present in the pond could present in the
reaction rates under the typical temperature and pH ranges of tailing ponds in order to
develop better water treatment and management options for mining sites. This paper
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presents an equilibrium analysis for thiosalts in the presence of selected reagents, as
well as a comparison of preliminary data for some reagents with published data. The
objective is to provide background information for further thiosalt studies (either as pure
species or mixtures) in the presence of reagents such as pyrite, iron, copper or

hydrogen peroxide.

2. Materials and Methods
2.1 Batch Studies

Thiosalts were mixed in solution following the procedure developed by Miranda-Trevino
et al. (2012b). Three thiosalts were studied: thiosulfate, trithionate and tetrathionate.
Sodium thiosulphate pentahydrate from Merck and potassium tetrathionate from Sigma-
Aldrich were used during the experiments. Trithionate is not commercially available and
was synthesized using a modified Kelly and Wood (1994) method. The pH of the
solutions was maintained using buffer solutions. For pH 2 dilute acetic acid: glacial
acetic acid diluted until the pH reached 2; the pH 4 buffer used 50 mM ammonium
acetate/acetic acid; the pH 7 buffer used 50 mM ammonium dihydrogenphosphate/
ammonium hydrogenphosphate and for the buffer at pH 9 a 50 mM ammonium acetate/
ammonium hydroxide was used. The conditions of the experiments are presented in
Table 2.

Table 2 Experimental conditions

Variables Levels

Thiosalt Thiosulfate, Trithionate, Tetrathionate
Temperature (°C) 4, 15, 30

pH 2,4,7,9

Concentration (ppm) 250, 500, 1000

Time 0 to 72 hours

Reagent (mole rat10H202 (3.5)

with thiosalt)
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Batch studies were conducted in the lab using accurately weight amounts of selected
thiosalt species dissolved in 100 mL of buffer solution. The contents were transferred to
a 250 mL Erlenmeyer flask, sealed with a stopper and agitated at the temperature of
study. 1.5-mL aliquots were taken at specific times and filtered using a 0.2 ym nylon
filter. The sampling protocol was as follows: filter sample and immediately flash freeze
in liquid nitrogen and store at -80 °C until analysis, samples are transferred from the
ultralow freezer (-80 °C) to a regular freezer (-4 °C) on the day of analysis and allowed

to thaw for 10 minutes only before analysis.

2.2 Analytical Method

Analysis was done using capillary electrophoresis (CE) (Agilent 1602) with UV
detection. A 50 um inner diameter base fused-silica capillary (Microsolv Technology
Corporation), 48.5 cm total length and 40 cm effective length was used in all analyses.
The capillary was loaded in a cassette and the temperature of the equipment was set at
23°C during experiments. The background electrolyte (BGE) used was was pyromellitic
acid (chromophore), hexamethonium bromide (EOF modifier) and Triethanolamine (for
pH adjustment) and filtered with a 0.2 um nylon filter before use. A portion of the sample
was placed in a 1-mL polypropylene vial with polyurethane snap cap. The operational
procedure for the CE was: flush capillary with 1 M aqueous sodium hydroxide for 15
min, BGE for 10 min, then inject sample hydrodynamically at a pressure of 50 mbar for
10 seconds, carryout separation (capillary zone electrophoresis) at a voltage of 30 kV in
negative mode. The capillary was contained in temperature-controlled compartment set
at 23°C. The detection wavelengths were 214 nm for thiosulfate and tetrathionate, and

194 nm for trithionate.
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2.3 Equilibrium Analysis and Determination of Reaction Rates

Equilibrium simulations and reaction-rate determination were done following the same
procedure developed by Miranda-Trevino et al. (2012b). The equilibrium concentrations
for thiosalts in the presence of oxidation reagents were calculated with the Gibbs free
energy minimization approach using the HSC Chemistry software V7.0. The simulations
were done assuming 1 L of solution and a dissolved oxygen concentration of 1x102 M.
Thiosalts reactivity is governed predominantly by pH and the presence of oxidizers and
to a lesser extent temperature for the range of pond conditions studied (Vongporm,
2008). As such, in these calculations the pH of the solution to be studied was set and
the equilibrium analyzed from 4 to 30°C.

3. Resulis
3.1 Equilibrium Calculations

Equilibrium predicted for thiosalts mixtures and pure species at pH 2 and 4 in the
presence of selected reagents are presented in Table 3. Similar to the studies done
with pure species; the end products of the calculations can be divided in two groups;
acidic or mildly acidic, and neutral or basic. In acidic and mildly acidic conditions (pH 2
and 4), the degradation of thiosalts yields sulfate and elemental sulfur, while neutral and
alkaline conditions (pH 7 and 9) yield a mixture of hydrogen sulfide (H.S) and its ions.
Thiosalts oxidation decreases the pH of the solution due to the generation of hydrogen
ions; for the simulations done at pH 7 and 9, the pH in the simulation was maintained
using buffer compounds; these compounds do not participate in the oxidation of
thiosalts. Sulfate and elemental sulfur are expected to form, however, the presence of
hydrogen sulfide at alkaline conditions is rarely reported as a sulfur species quantified

or detected.
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Table 3. Equilibrium Calculation resuits for single thiosalt species
and mixtures

Equilibrium Results as %total sulfur in solution
Temperature Range: 4 to 30 °C
pH range: 2to 4
Reagent in | Thiosalt S0~ s°
Solution (% Sulfur) (% Sulfur)
ryrite (1x10°mol) | Thiosulfate | 72 28
CuSO4 (1x10°mol) | Trithionate | 98 2
FeSO4 (1x10°mol) | Tetrathionate | 80 20
Thiosalt mix | 69 o 30
H.0O» Thiosulfate | 100 0
(50% concentration) | Trithionate 100 0
| Teuathionate | 100 0
Thiosan Mix | 75 25

As shown in Table 3, in the temperature range studied and under acidic conditions, the
end products of thiosalt oxidations are the same: sulfate and elemental sulfur, and their
concentrations do not vary with temperature or pH. Nevertheless, the type of reagent
present in the simulation does have an impact on the percentage distribution between

sulfate and elemental sulfur as a result of different reaction pathways.

On the other hand, simulations done at neutral an alkaline conditions show that the
temperature has an effect in the final concentration of sulfur species. In alkaline
conditions, the products obtained in the simulation are hydrogen sulfide and
bisulfide.The percentage of sulfur as hydrogen sulfide and bisulfide (HS’) varies
according to the temperature from 35% at 4°C to 55% at 30 °C S for hydrogen sulfide at
pH 7 to 65% to 75% at pH 9 at the same temperatures. It is notable that the speciation
represented by the percentages was dependent on temperature and pH rather than the
reagent or thiosalt(s) present in solution. Under acidic conditions, the key factors for the
different percentages of sulfur are the type of reagent and the specific thiosalt, though in
all instances the mixed systems lead to lower rates of conversion to sulfate than the
pure thiosalts for each oxidation treatment, possibly due to interactions between thiosalt

species during their oxidation.
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3.2 Thiosalt Oxidation by Hydrogen Peroxide

Preliminary experimental results for the oxidation of thiosulfate and trithionate with
hydrogen peroxide show that the reactions are likely pH dependent. The results
obtained for thiosulfate show that the reaction rate at pH 4 is higher than the reaction
rates at pH 2, 7 and 9 (Figure 3). After only 9 minutes of reaction, most of the thiosulfate
was converted to tetrathionate at 30°C. This result is unexpected as thiosulfate was not
reactive at pH 4 as a pure species. Tetrathionate can be synthesized from thiosulfate in
the presence of oxidizing agents such as iodine, especially at low temperatures hence,
the reaction pathway is possible. Equilibrium predictions predict that elemental sulfur is
an end product of thiosulfate oxidation, but it was not detected in these experiments.
However, these experiments were very short (9 minutes) and sulfur formation could
occur with longer experimental runs. There is also reactivity at neutral and alkaline pH,
which was not observed in the pure species experiments, though both reaction rates are
slower than the analogous pure species reaction rates at pH 2. Under alkaline
conditions, tetrathionate will undergo oxidation, however without oxidizing reagents,
oxidation occurs on a relatively long time scale; thus it follows that longer experiments
using the oxidant would yield sulfate as an end product. Further studies should confirm
and provided additional information regarding this behavior.
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Thiosulfate Concentration with Hydrogen Peroxide
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Figure 3. Change in concentration of thiosulfate in the presence of hydrogen peroxide

with varied pH

The difference in how the reactions progress with and without hydrogen peroxide is
significant. The reaction as pure species takes approximately 6 hours to reach ~60%
completion at pH 2 and 30°C, while with the addition of H,O; the reaction progress is
~80% complete in the first 9 minutes. The differences in the products are also
noteworthy. Elemental sulfur and hydrogen sulfide are not detected during thiosulfate
oxidation with hydrogen peroxide, and sulfate is the main product.

The reaction pathway for thiosulfate oxidation is also affected by the pH of the solution.
As shown in Figure 3, the thiosulfate concentration is close to zero after 9 minutes at pH
4, which is lower than the concentration at pH 2. This is unexpected as the pure species

studies showed reactivity at pH 2 but not at pH 4. Future studies should include not only
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the change of thiosulfate in the presence of hydrogen peroxide but also the products for
the oxidation. Sulfur species reaction pathways vary with pH, which could explain the
faster reaction rate. Also the oxidation efficiency of hydrogen peroxide at different pH

should be evaluated as it could affect the reaction rates.

Preliminary tests for trithionate show that, unlike pure species, the reaction rate of
trithionate with hydrogen peroxide is pH dependent (Figure 4). Acidic conditions had
slower reaction rates than neutral or alkaline conditions. Results from pure species
show that at pH 2 and 4 and 30°C the reaction progress is only 20% complete, which is
within the experimental error of trithionate detection. This shows that the effect of the
oxidizing reagent on trithionate oxidation is minimal, as has also been suggested by
Druschell (2003b).

At neutral and alkaline conditions, hydrogen peroxide does accelerate the trithionate
reaction rate to 50 to 60% consumption of trithionate; without the reagent at those same
conditions the consumption is only 30%. Comparing the reactivity of thiosulfate and
trithionate, the former is more reactive than the latter with hydrogen peroxide at acidic
and alkaline conditions. The main product of oxidation of trithionate was tetrathionate,
which is one of the key products of the oxidation as a pure species. The other product in
the pure species oxidation of trithionate reaction is thiosulfate, but it is likely that the

presence of H,O, quickly oxidizes thiosulfate to sulfate.
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Trithionate with Hydrogen Peroxide
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Figure 4. Change in concentration for trithionate in the presence of hydrogen peroxide

at different pH

The marked difference in reaction rate emphasizes the need to determine thiosalt
speciation during treatment, as the efficiency will depend on the predominant species in
solution. Longer experimental runs are required to determine if elemental sulfur is
precipitated at acidic conditions, as will be needed for characterization of the other
products predicted from the equilibrium calculations.

Equilibrium calculations suggest that bisulfide or sulfide species would be the end
product of thiosalt oxidation in neutral and alkaline conditions. The experimental runs for
the preliminary tests with hydrogen peroxide were too short to detect the presence of
H,S, bisulfide or sulfide.. However, it is expected that as with the mixtures of thiosalts
studied without oxidants for times of 72 hours, species such as sulfate and thiosulfate

will accumulateover the longer reaction times. Though time restrictions meant that
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hydrogen peroxide and tetrathionate experiments were not possible during the course of
this research, a comparison of the results from Voslar et al. (2006) with the results of
tetrathionate degradation at pH 9 and 30°C without oxidants shows that decomposition
of tetrathionate is extremely fast in the presence of hydrogen peroxide in alkaline media
(Figure 5). In contrast, in experiments without hydrogen peroxide no significant change
in tetrathionate concentration was measurable over the duration of the Voslar et al.
experiment. The products proposed by Voslar et al. (2006) during the oxidation with
hydrogen peroxides are the same as those obtained from the pure species experiments,
namely sulfate, trithionate and thiosulfate. However, further studies are required to
comparison to what Voslar et al. (2006) proposed, as the generation of sulfate in the lab
is minimal in comparison to they one proposed. Nevertheless, the presence of peroxide
accelerates the same products in both of these systems could indicate that the reaction

pathway is the same.

Finally, Table 4 shows the products of thiosalt oxidation in the presence of various
reagents proposed by different authors. In general terms, sulfate and tetrathionate will
be main products under acidic conditions, while thiosulfate, sulfate and trithionate will be
produced under alkaline conditions. Equilibrium calculations provide a reference in
terms of the end products for thiosalt oxidation. Under acidic conditions, the equilibrium
composition seems to be in agreement with what it is obtained in the lab, as sulfate is
one of the main species detected and elemental sulfur could be form under reaction
pathways already known. The situation is different for neutral and alkaline solutions
where the pathway for the formation of hydrogen sulfide is unknown and not likely to
occur during the conditions of the experiments or in the pond due to time constraints.
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Table 4 Thiosalt products reported by different studies for different reagents and conditions

1niosalt Reagent | Conaiuons Products | Reference
i niosulfate H>O05 <pH5 S406° 1UU% Voslar et al.
2006
FeS, Acidic pH S406° 100% | Xu and
Schoonen 18 |
CuS O, saturated SO4%via S.0s° | 100% | Chanda  and |
CuS; Rempel 1987
Trithionate OH’ Acidic pH SO~ 100% Druschell 2003b
Tetrathionate | OH’ Acidic pH SO~ 100% | Druschell 2003b
H20: Alkaline pH 504~ 25% voslar et al
S205% 50% 2006
S306% 25%
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4. Conclusions

Thiosalt reactivity in the presence of different catalysts or reagents can vary according
to the species and conditions of the pond or solution. This paper presents an overview
of initial studies on the oxidation of individual thiosalts with selected reagents for
enhanced oxidation that provides the background information required for further
studies in the area. During the studies, it has been shown that these reagents affect
reaction progress and rate, usually by accelerating oxidation process. In some cases,
such as with tetrathionate in alkaline conditions, the product distributions are similar to
the ones obtained in pure species studies, but in others, the reagents promote oxidation
to sulfate, which is present but not abundant in the pure species studies.

The effect of different reagents on specific species requires more attention in future
studies. For example, Druschell (2003b) studied the reaction of tetrathionate and
trithionate with the hydroxyl radical (OH") and concluded that the reaction was too fast to
follow with traditional analytical methods. Thiosulfate was not included in their
experimentshowever; further studies should include it to determine its reaction rate in
the presence of hydroxyl radical, especially in alkaline solutions, as those are the
traditional operational conditions for thicsalt treatment (Fedath, 2010). Deserving further
attention are conditions in which the reagent does not enhance oxidation of thiosalts
species, as seen for trithionate and tetrathionate under acidic conditions in the presence
of hydrogen peroxide (Druschell, 2003b).

Pyrite plays an important role in the oxidation of thiosulfate; however, further studies
should include the reactions of trithionate with this mineral at different pH conditions,
particularly since this species is the only sulfur species able to react over a wide range

of pH.

Copper (between 30- 60°C) and iron act as catalysts to enhance the oxidation of
thiosalts by hydrogen peroxide. The challenge for both metals is to study their effects at
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different pH environments for the three major species (individually and in mixtures) to

understand the interactions and potential reaction pathways.

An important catalyst in thiosalt oxidation not discussed here are bacteria. A brief
summary of the key types and their effects on thiosalts can be found in Miranda-Trevino
et al. (2012a). A key aspect for studies going forward is the interaction of
microorganisms with trithionate and the potential pathways and products under different
conditions. One of the key challenges while working with microorganisms is that the
bacteria adapt to different environmental conditions, so the most useful data for any
given system (receiving waters, etc.) will use bacteria isolated from that system and this
should be considered when devising the study.

Finally, the end product of these studies should be the reaction rates for the different

thiosalts species under different conditions; this will be key to improving the modeling of

treatment options and environmental risk assessmel studies.
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Summary

Thiosalts have been identified as key precursor in the generation of acid mine
drainage. The research work presented in this thesis aims to provide a better
understanding of the reaction rates of the three main thiosalt species (thiosulfate,
trithionate and tetrathionate) under different conditions of temperature and pH
and in the presence of different catalysts; develop a model to predict thiosalt
behavior in the ponds and evaluate thiosalt treatments and environmental risks
associated with the compounds.

The research has been divided into four parts: The first objective was to present
an in-depth review of the information published about thiosalts, with an emphasis
on analytical tools, kinetic studies and a brief overview of the treatment options
available. The resulting paper in addition to be the first of its kind in the last 25
years, provided the background for the next stages of the research. A key for the
review paper was to evaluate the temperature and pH conditions from previous
studies to determine whetherthe typical pond conditions had been extensively
studied before. The result of this evaluation was that there was a significant gap
in terms of thiosalt kinetic studies at the conditions proposed for the research,
which represent the most likely conditions found in the pond.

After establishing the theoretical background and summarizing relevant thiosalt
information in the first chapter, the second goal was to carry out the studies to
develop an understanding of the reaction rates for the individuals thiosalts
(thiosulfate, trithionate and tetrathionate) over a temperature range of 4-30°C and
pH of 2 to 9. The studies were performed with the pure species under controlled
conditions in the lab. Key contributions resulting from the work here included:
identification the reactive conditions for each thiosalts; establishment of the
relevance of thiosalt speciation in the study and calculation of reaction rates for
each of the thiosalts as a function of temperature and pH.
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Due to the complexity of the study, the gathel g and analysis of kinetic data
were key components of the research. The system used was a batch reactor with
set conditions of temperature, pH, type of thiosalt and concentration. An specific
reaction constant (k) and reaction order (n) could be obtained for each set of
data, but the challenge was to be able to find a reaction constant (as a function of
temperature) and order that could be used across the different conditions for
each thiosalt. Therefore, the optimization routine used in the research consisted
on two-steps sequence. The first part obtained the kinetic information (k and n)
for each set of data and the second step optimized those values for the whole
range of data for the specific species. Since the experiments were conducted in
buffer solutions, it was possible to extract the hydrogen ions concentration from
the reaction constant. In addition, an Arrhenius plot provided k as a function of
temperature. This approach yielded the possibility to present reaction rates as

function of temperature and pH.

For mixtures, the optimization approach was the same; however, the conceptual
model involved the decoupling of reactions in solution. By decoupling the
reactions, it was possible to use the reaction rates obtained by the pure species
and added them as a term in the mixture equation. Since the reaction constant
and order is already know for the pure species rate, the system maintains only
two unknowns (k and n of the decoupling section).

After studying the behavior of the single thiosalt species in solution, the effort
involved the study of the behavior of thiosalt mixtures under the same conditions.
This is a logical step in the progression of the research as thiosalt generation in
the mining process and in tailing ponds is most likely to result in a mixture rather
than a single species, hence the importance of understanding how it will react.
One of the objectives in this part of the research was to apply a decoupling
approach to the mixture reaction rates with the information provided by the pure

species studies.
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The thiosalt mixture experiments were conducted at different temperatures and

pH, however the reaction rates presented are specific of the pH and
temperatures conditions where they were calculated. In other words, additional
studies will need to be conducted to calculate the reaction rates of mixtures as a
function of temperature and pH. This work provided useful information on the
interaction between the different species to propose the global reaction

pathways.

After studying the reaction rates for thiosalt under controlled conditions as a pure
species and in mixture, the next step is to expand the studies in the presence of
reagents. The first chapter of the thesis presents an overview of reagents and
their effects on specific thiosalt species. However, there is the need to expand on
the work of those previous studies in terms of pH and temperature conditions,
reagents and thiosalt specvies present. The final section of the thesis presents
preliminary results of thiosalt studies in the presence of selected reagents and
analyzes the gaps present in the current work. The results presented in section
four could be used as starting point for future thiosalt research with reagents. The
work presented here provides valuable information regarding the behavior of
thiosulfate, trithionate and tetrathionate in solutions, proposes reaction rates as
function of temperature and pH and provides with global reaction pathways for

each of the species at different conditions.

Pyrite is a known precursor of thiosalts and the behavior of thiosulfate in its
presence has been documented before (Xu and Schoonen, 1995). However, due
to the process conditions, other thiosalt species such as trithionate and
tetrathionate could be dissolved in solution, hence, it will be important to

understand their behavior and reaction pathways in the presence of pyrite.
Thiosalt treatment with hydrogen peroxide and ferric sulfate is a common

practice in the mining industry. Preliminary test show that the efficiency of this
treatment could depend on the predominant thiosalt species present in solution
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as well as the temperature and pH conditions. Future studies should provide
more insight regarding the reaction rates of singles species at typical treatment
conditions and also the behavior of thiosalt mixtures in those same conditions.

Trithionate is a species that should be studied in more detail. The studies done in
the current research shows that it is the only species that is reactive in both
acidic and alkaline conditions and the reaction rate is independent of pH.
Understanding the reaction pathways and its behavior in the presence of

reagents such as hydrogen peroxide and microorganisms is important.

One of the key challenges in the mining industry is the sulfur management. The
results presented indicates that the various oxidation states and interactions
between species could have a negative effect on the process efficiency, but also

could generate problems such as scaling and acid mine drainage.

Insight into the behavior and reaction rates of the main thiosalt species will help
in closing the sulfur balance in the mining process. Once it is understood how the
sulfur is changing along the process, it will be possible to improve the efficiency
of the treatment and minimize negative effects of sulfur compounds on the

environment.
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Tetrathionate
Initial Concentration 500
pH Temperature (°C) Rxn Time [Thiosulphate (ppm) | Trithionate {ppm) | Tetrathionate (ppm) |Sulphate (ppm)
0 0 [} 500 0
24 0 2 501 0
48 0 [ 503 [)]
4 72 0 8 488 0
0 [1] - 500
24 [4] = 499
30 0 2 505
48 0 3 519
15 72 [ 3 523
0 0 2 500
6 0 3 493
24 0 3 505
30 0 3 4396
48 0 2 503
2 30 72 0 2 503
0 0 0 500
24 0 [1] 496
48 0 [ 501
4 72 0 0 501
0 0 3 500
24 0 2 495
30 0 3 511
48 0 2 506
15 72 0 2 508
0 1 3 500
24 2 1 435
48 3 1 505
L 30 72 ) i} —Ja92 ]
0 0 0 500 0
24 0 0 502 0
48 )] [}] 491 0
4 72 0 0 491 0
0 2 4 500
6 1 2 501
24 0 2 499
30 0 4 497
48 3 2 507
15 72 1 519
0 o] 500 0
6 0 v 501
24 [4] e 500 [
30 0 504
48 3 498 0
7 30 72 2 476 0
0 4 o 500 [¢]
6 6 6 491
24 13 9 469 0
48 19 11 459 0
4 72 22 11 458 0
0 0 2 500 0
3.5 4 3 487
7 6 3 505
24 17 6 485 0
48 20 10 462 0
15 72 24 14 459 [
0 3 4 500 0
6 34 16 429
24 57 40 381 4]
48 82 69 330 0
72 104 86 281 8
L - 30 96 125 104 243 11
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Thiosalt Trithionate
Initial Concentration 250
pH Temperature (°C) Rxn Time | Thiosulphate (ppm) | Trithionate (ppm) | Tetrathionate (ppm) | Sulphate (ppm)
0 0 250 0
24 0 254 9]
30 2 248 Q
48 2 249 0
4 72 3 248 0
[¢] 0 250 1
6 0 248 0
24 2 245 1
30 2 249 0
48 3 243 1
15 72 4 245 1 0
0 0 250 1
6 0 247 1 10
24 8 244 2 19
48 11 233 1 23
2 30 72 12 209 0 1)
[} 0 250 0 0
24 0 250 0
30 0 246 0 0
48 3 244 0 9]
4 72 2 244 0 0
0 1] 250 0
6 0 243 0 0
24 3 236 4]
30 3 232 0 0
48 5 239 1 15
5 72 [ 229 0 0
0 0 250 1
6 3 245 1 13
24 13 222 0 24
48 23 203 1 37
4 30 72 36 189 0
0 0 250 4]
24 0 248 [¢]
48 [\ 248 0
4 72 0 243 0 0
0 0 250 a
6 0 250 a 0
24 3 242 0
30 4 241 Q 0
48 5 242 0 0
15 72 8 231 0 0
G 0 250 0
6 4 245 0 10
24 15 237 1
30 19 222 1 26
48 43 ar 1 1
- 30 72 38 1L, -
0 0 250 Q
24 [} 254 0
48 2 254 [¢]
4 72 2 257 0 8.73
0 0 250 0 8.75
3.5 [} 248 1] 8.73
7 0 248 [1] 8.74
24 0 "~ 259 0 8.72
30 5 256 1] 8.71
48 7 256 ] 8.72
15 72 8 251 0 0
0 [1] 250 1
7 4 243 5 12
24 13 238 2 29
48 20 234 4 - 42
9 30 72 16

200




........ t Trithionate
al Concentration 500
pH Temperature (°C) Rxn Time [ Thiosulphate {ppm) | Trithionate (pprn) | Tetrathionate {(ppm) [Sulphate (ppm)
[¢] 0 500 0
6 0 506 0
48 0 504 [4
4 (72 3 502 1 0
0 0 500 1 8
24 0 501 2
30 4 502 4 10
48 - 472 4 18
15 72 . 480 1 1]
[1] 0 500 0
6 4 4380 1 11
24 13 468 3 26
48 17 435 4 36
2 30 72 19 419 0 14
0 0 500 0 11
24 0 491 0 8
48 2 496 [1] 12
4 72 3 490 6 0
0 0 500 7 1]
24 4 500 8
30 5 491 3
48 8 495 3 15
15 72 13 485 1
0 0 500 B
6 7 481 R 27
24 24 453 1
30 29 436 2 48
48 45 406 4 74
4 30 72 67 379 Q
0 0 500 0
24 0 500 0
48 1 500 0
4 72 3 4394 0 0
10 0 500 0
6 0 494 1 1]
24 5 504 1 0
48 10 483 2 14
15 72 14 471 0
0 0 500 1
6 8 4391 2 28
24 31 481 2
30 39 476 3 50
48 56 410 [} 71
- 30 72 79 371 4] 0
0 0 T - )
24 0 )
48 0 )
4 72 0 - -
0 0 500 0
3.5 0 508 0
7 0 507 [¢]
24 5 528 0
48 1 510 0
- 72 15 506 0 1]
0 0 500 2
7 6 490 [ 0
24 23 494 7
30 27 486 7 55
30 472 6 88
9 30 34 442 0 0

201



Thiosalt Trithionate
tnitial Concentration 1000
)y’ Temperature (°C) Rxn Time | Thiosulphate (ppm) | Trithionate (pprn) [ Tetrathionate (ppm) | Sulphate (ppm)
e ) 0 0 1000 1 0
24 1 997 1
30 1 999 1 11
48 2 9395 0 12
4 72 4 989 0 0
[} 0 1000 1 11
24 6 990 . 13
48 11 986 . 21
15 72 3 965 0 10
0 J 1000 2 16
6 8 930 5 35
24 22 917 10 57
48 35 864 10 72
2 30 72 40 806 0 0
0 0 1000 1 10
24 2 1010 1
30 3 1008 [¢] 13
48 4 970 [¢] 22
72 6 991 0 0
0 0 1000 0 14
24 10 998 1 17
48 19 983 2 21
15 72 29 955 0 [i]
0 0 1000 0 18
6 13 97 2 53
24 58 9. 4 99
48 101 806 7 135
4 30 72 149 752 0 0
0 0 1000 1 0
24 2 975 1
3 3 993 2 0
3 4 1004 1 0
4 72 7 990 [¢] [4]
0 0 1000 2
6 4 997 1 i ]
24 10 950 1 3
48 20 943 2 24
15 72 31 924 [+ [4]
0 3 1000 1 9
6 19 965 3 53
24 59 898 3
30 74 886 7 101
48 112 825 16 142
- 30 - 147 743 1 0
- 1 1000 0
6 2 995 0 0
25 1 990 0
30 1 988 [+ 12
48 3 966 0 18
4 72 4 964 [ [}]
0 2 1000 [4 16
24 1 986 4 21
48 21 937 2 32 ]
- 72 30 953 5 0
0 14 1000 1 23
7 17 984 3 58
24 45 962 3 108
48 76 926 8 168
9 30 72 103 858 0 0
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L | Thiosullate
[nitial Concentration | 250
pH = erature (°C) Rxn Time [Thiosuiphate (ppm) [Trithionate (ppm) [ Tetrathionate (ppm) | Sulphate (ppm)
- 250 0 0 0
231 0 0 0
- 218 2 0 6
24 200 3 0 0
30 193 3 0 9
48 174 12 0 17
4 72 157 14 11 0
[1] 250 0 6 0
3 226 1 4 0
6 201 4] 3 0
9 185 7 12 0
- 125 3 16 13
~ o 2 23 13
15 72 .. 4 12 [
[ 250 3 4 0
3 200 5 7 Y]
6 159 8 5 [¢
9 134 7 14 10
24 81 9 23 11
48 53 9 33 21
| 2 30 72 43 11 0
0 250 0 0
6 253 0 0
24 253 0 0
30 256 0 0
48 256 0 0
4 72 249 2 0
0 250 0 0
6 243 0 0
24 243 0 0
48 242 5 1
15 72 239 0 0 3.94
0 250 0 1 3.86
24 250 0 1 3.85]
48 248 2 1 3.83
4 30 72 247 5 1
0 250 0 4]
24 251 3 0
48 258 3 ¢
4 72 253 0 0
0 250 0 0
6 247 0 0
30 244 0 2
48 251 1 1
15 72 273 0 0
0 250 0 3
8 255 0 3
24 243 0 5 ]
30 248 0 8
48 246 0 13
7 30 72 242 0 21
0 250 9 11
30 268 3 22
72 254 7 6
0 250 2 5
3.5 251 1 5
7 251 0 0
24 259 5 13
48 259 10 13
72 256 15 12 [¢]
0 250 5 11
6 249 8 11 18
24 192 42 5 43
48 160 79 7 69
72 104 121 4 106
9 30 96 82 13718 0
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A.2 Results for the initial simulation using RK4 technique.

Thiosulfate (@pH2)

Temperature (°C) Initial Concentration K (1/h) N
(mg/L)
250 2.6e-03 1.2e+00
4 500 3.0e-03 1.2e+00
1000 2.8e-03 1.2e+00
250 3.0e-03 1.4e+00
15 500 3.1e-03 1.4e+00
1000 > 9e-03 1.4e+00
B bso > 6e-03 1.66+00
30 500 2.6e-03 1.6e+00
1000 2.3e-03 1.6e+00
Trithionate (@Temp=30°C)
pH Initial Concentration K (1/h) N
(mg/L)
250 2.0e-03 |1 .0e+00
2 500 2.6e-03 1.0e+00
1000 3.1e-03 1.0e+00
250 4.1e-03 1.0e+00
4 500 4.0e-03 1.0e+00
11000 4.26-03 1.0e+00
250 3.8e-03 1.0e+00
7 500 3.9e-03 1.0e+00
1000 4.1e-03 1.0e+00
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A.3 Pure species reaction rates

pH Initial Surrur Reaction Rates
Species
2 5,0,% dls,03?] _
e - %: 2.6x10'2mM - h[52032]2
S5067] _ 1 5pyg-2T
" dt 2 '
S04 _,m
dt = 1.0x10 T
>ave 520571 _ oo g™
dt2 ’ h
d[S;0z 1
[ e I 322107 383057
d[s0;?] _,mM
dt = 9.,5x10 T
4 33U52- d[5203_2] 1 9)(10—2
dt -
dlS;0;
ZtG I_ 4.2x1073 =[S5052]
PN -
Jr = 2.0x10 —h—
’ 501 d152057) _ 1 gyq0-2TM
e
d[S;0; 1
[ T = 41x1070 £ [53057]
d[s0;?] _,mM
dt = 2.1x10 T
? e’ 4520571 _, 5 10-2™M
[ dt . B h
=1 A
&t 1x107 —
d[S,0g 1
—% = 7.9x10—3ﬁ[s40g2]
d[S0;?] _am
i dt i = 1.9x10 T
$306” d[S,05°] m
— - =1. 072 —
@ 1.1x1 -
d[s;0; 1
—[Z—té] =-19x107 53052]
d[s0;?] " m’£4
4
=2.4x10"2 —
dt * h
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A.4 Parity Plots for Thiosalt mixtures
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A.5 Data for mixture reaction rates

pH 2 Temp 30 C
wIne \s) Thio (ppm) |Tri (ppm) Tetra (ppm) |Sulfate (ppm!
0 500 500 500 v
9 355 577 431 0
24 277 574 436 11
30 285 £72 397 14
48 242, 523 452 38
72 261] 537 429 47
pH4 Temp30C
wne (hrs) | Thio (ppm) |Tri{ppm) |Tetra (ppm) |Sulfate (ppm)
0 500 500 500 0
6 507 505 470 0
24 530 483 450 24
30 539 482 437
48 552 454 430 54
72 584 419 419 68
pH7Temp 30C
time (hrs) | Thio {ppm) [Tri (ppm) TTote~ fonmi Teiifatn fnnm)
0 500 500 Suu )
6 528 511 479
24 571 502 445 ElY
30 542 472 430
48 578 455 423 60
72 590 409 402 76
pH9 Temp 30 C
time (hrs) | Thio {ppm) |Tri(ppm) |Tetra (ppm) [Sulfate (ppm)
0 500 500 500 0
7 563 483 503
o 551 485 441 29
c1e 497 423
“+0| oo< | 510 395 51
72] 728] 477 377 74
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A.6 Van Hoff Plots for thiosalt mixtures

Thiosulfate from Trithioante pH 2 Thiosulfate from Trithionate pH 4
16 e g T @ - [}
1.4 2
12 T - 8 R* = 0.85968
B R —— 15 -
¥ @ R? - 0.83327 g & n=2
R T e LLTTdneactest)
06 F-—- - — L
0.4 Linear (n=3)
05 ?
oz - —— —
P .
o 10 20 30 a0 S0 60 70 80 [
Tire (hes} o 10 20 0 a0 50 60 0 80
Time (brs)
Thiosufalte from Trithionate pH 7 Sulfate from Trithionate pH 2
: X T g0 #2=0.99025
. R?=0,72958 % ! e
’ 60
B 8 - P
2 £ 50
=z V 2 a0
< -—
g1s <3 b el £ _a=0
1 20 ===Tinear [A=0]
. n=1 10 é/(
{ —Linear (n=1} o+ - ' ! ’ )
o . . : . 0 10 0 40 50 60 70 80
0 10 20 3 4 S0 60 70 80 Time {Hrs)
Time(Hrs)
Sulfate from Trithionate pH 4 Sulfate from Trithionate pH 7
160 160
140 RY* 09938645 140 8 W »»»»»» -
120 - / 120
100 3 =100 /
2 g0 i / )
E 60 - < g -~
40 )/ € n=0 40 }/ Y=t
20 4 Linear.{n=0). 20 ==="Tfear [=0]
0 q/ : - T v ) 0 @/( v T ¥ r T - ;
0 10 20 30 40 50 60 70 80 0 10 20 30 40 50 60 70 80
Time (Hrs} Time {Hrs)
Sulfate from Trithionate pH 9 Sulfate from Thiosulfate pH 2
180 80 R?=0.867
160 R*= OM o 70 o
140 60 *—
—= 120 2
£ 100 ¥ E 50
= g 2
z % @ n=0 =40 :
= 60 2 =30
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Thiosulfate from Tetrathionate pH 9

<
g
1 #®n=1
0.5 timear{r=t}
1} v . : : s
30 40 50 60 70 80
Time {Hrs}
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A.7 Matlab Optimization Models

Optimization of K and N without constrains
1
glgar

loadtnindana
Thiodata = Thiodata{:,2:end);
nCol = size(Thiocdata, 2);

&
&)

K= 0:0.0001:0.1; kS
N = 0:0.1:3;
nK = numel(K); nN = numel (N);
results = zeros(nCol,nK,nN); %

resnita,

he error

ICs = [250 250 250 500 500 500 1000 1000 1000];
Temps = [4 15 30 4 15 30 4 15 30];

sncentrations

for J
for k
for n :
F=Q@(t,y) -K(k)*y"N(n);

[t,y]l=0ded5(F, [0 6 9 24 48 72],ICs (]
results(j,k,n) = norm(y - Thiodata(:,j),2); :

Detween data and model

ST-8Juare errorn

dat &, .
cnes that gave the smallest =i
tmpmat = squeeze(results(j,:,:
[m,ind] = min(tmpmat (:));
[indl, ind2] = ind2sub(size(tmpmat), ind); Foonvert from one
dimensional to I-dimensional indexn

¢ tested values of B and N for the

fprintf ("FaNtHaNE NS, le b T laint, Temps (j),ICs (3),K(indl),N(ind2));
end

Optimization of K and N within a constrained range
clc

clear
loadthiodatal
thiodataZ = thiodatal2(:,2:end);
datacol = 6; Swhich column o

of celumn with the times
Fin
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T [0 6 9 247};
£ @(x) objfunc(x,T,thiodata2(:,datacol));
variable {(z)

ymons ftunction of one

x0 = [2.5e-4; 2]; %in

x1 = fminsearch (£, x0);
fprintf ('Eest fit {unconstrained):

X2 = fITliI'lCOI'l(f XO,[],[],[],[],[16*8,’
with “"n<t/u‘1rr on K oand n
fprintf ('Ee: trained): Vo=

x1(2); IC = thiodata2(l,datacol);
) —K*y " N;
(odefun, T, IC);

K= x2(1); N = x2(2);
odefun = Q(t,y) -K*y~N;
[t,y2] = oded5(odefun, T, IC);

figure(l}); plot(T,thiodataZ(:,datacol),'kf‘,T,yl,‘r—',T,yZ,'
', TLineWidoh',2);
n; ax1s([ T(en
',Xl(l) 1(2))
,x2(1) 2(2))
\!)

d)y 0.5*IC IC)); legend('l 'ysprintf ('K o= F,le n
, sprintf (- %, 1¢

, T Location
; ylabel ('Con

ime \hrs

objfunc
function res = objfunc(X T, Y)

o { 4 b
and ©
EOX(Ly s K, xAD g N [nitia 1 noaiven by Y{1)
IC = Y (1 ) K= X{(1l); N = X{(2);
F=@(t,y) -K*y"N;
[t,yl= ode45(F,T,IC);
res = norm{(y-Y);

end

Graphs generation for pure species

cle

loadtizicdata
T= Thiodata(:,1);
% Inputs for 7
datacol = 2;

it
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ICA Thlodata(l datacol);

Cal o

Thlomodel @(t y) —-K*y"™n;

[t,modelA] = oded5(Thiomodel, T, ICA);
SSEa=sum( [Thiodata(:,datacol)-modelA] ."2);
a=mean{Thiodata{:,datacol));

SSTa= sum((Thiodata(:,datacol)-a)."2);
R2a= 1 (SSEa/SSTa)

e npute for B ocono
datacolb = datacol+3;
ICB= Thlodata(l datacolb)

% aleoulaticons

thlomodel @(t,y) -K*y”"n;

[t,modelB] = oded45(thiomodel, T, ICB);
SSEb=sum( [Thiodata(:,datacolb)-modelB]."2});
ab=mean (Thiodata(:,datacolb));

SSTb= sum((Thicdata(:,datacolb)-ab)."2);
R2b 1-(SSEb/SSTb)

3 Innute for C conoe
datacolc = datacol+6; i
ICC= Thlodata(l datacolc),

% ‘aloulavions

thiomodel @(t,y) —-K*y"™n;

[t,modelC] = ode45(thiomodel, T, ICC);
SSEc=sum( [Thiodata (:,datacolc)-modelC]."2);
ac=mean (Thiodata(:,datacolc));

S8Tc= sum((Thiodata(:,datacolc)-ac)."2);
R2c 1-(SSEc/SSTc)

toadditicnal dats for residual plot

resa= Thiodata(:,datacol)-modelA;

resb= Thiodata(:,datacolb)-modelB;

resc= Thiodata(:,datacoclc)-modelC;
allres=[resa;resb;resc]

arionse

T ogiata plot

figure(l); plot (T, Thicdata(:,datacol), '~',T,modelA, 'y
,T,Thiodata(:,datacolb), 'ac', T, modelB, '}

', T,Thicodata(:,datacolc), '=', T, modelC, ')

figure (2); plot(allres)

Graphs generation for mixtures

clc

clear

loadMizninlin30

mw=112; thio-110 tri—-192

Data = unnamed(:,2:end); e S

Data = Data/mw;

datacol = 1;
tritnionate,

= [0 9 24 30 48 72}1;
[0:72];

T
Tl=
E=(0.05*Data(:,datacol)); %5

for wri, 9 for tevra,

ror
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Rlot re

K= -2.6e-2;

n= 2;

Kl= 5.8e-2;

nl=1;

IC = Data(l, datacol);
@(t,y) Kl*y*nl+K*y~n;
@(t,y) K*y"n;

odefun =
odefun?

[Tl,yl] =

[T,y2]

gridon;

xlabel ('74

in Mixtu
Thimaiard

oded5 (odefun,Tl, IC);
oded5 (odefun2, T, IC);

voN;

ur, T, 10y ;

y, H )w‘,’\N;

‘ N Y
(ocetfun, T, 10},

ation

Mixture', 'E

(017, 'r

i ¥
'Pradicted

{1aMo 1)

title('Tht
imental
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