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ABSTRACT 

One of the primary constraints on the use of activated persulfate (PS), a precursor of the sulfate radical (SR), is a 

lack of understanding of its reaction pathways in the subsurface. SRs can degrade the target dye Bromothymol Blue (BTB) 

depending on several parameters, including the initial concentrations of PS and BTB, time, water salts(Cl−, HCO3
−, HPO4

2−, 

 SO4
2−,  NO2

− and NO3
−),cations (Na+ and K+), ionic strength, catalytic ions (Fe2+, Ni2+, Cu2+, and Ag+), and temperature. 

Experiments and numerical simulations using the established kinetic model yielded second-order rate constants for the 

reaction of BTB with the dominant SR at pH 3 of (1.1 ± 0.55) × 108, ((1.5 ± 0.77) × 108, (1.9 ± 0.95) × 108 and (2.2 ± 1.1) × 108 

M-1 s-1 at 40, 50, 60, and 70°C, respectively. These rate constants were used to calculate the kinetic activation parameters 

(Ea, ∆H≠, ∆S≠, ∆G≠) according to the Arrhenius and Eyring equations. The results obtained are as follows: 19.8 kJ mol-1, 

16.36 kJ mol-1, - 0.038 kJ mol-1 K-1, and 27.78 kJ mol-1. Finally, a possible mechanism for the discoloration of BTB by 

SR is proposed, in which the destruction of aromatic ring structures occurs alongside the discoloration of BTB. 

Keywords: bromothymol blue; activated persulfate; discoloration; water matrix; transition metals; temperature; and kinetics 

1. Introduction 

With a global production of one million tons, dyes are used by 

small and large industries worldwide, particularly in the tanning, food, 

cosmetics, textile, and medical sectors[1]. These contaminants are of 

concern because of their persistence, bioaccumulation, and environmental 

and health consequences[2–4]. BTB is a sulfonphthalein-based dye used as an 

acid-base indicator in a wide range of industries, including textiles, 

pharmaceuticals, cosmetics, plastics, paint, ink, photography, and paper[5]. 

This compound has been extensively researched in a variety of disciplines, 

including analytical chemistry, biochemistry, microbiology, and ecology [6–8]. 

Prolonged exposure to BTB can irritate the respiratory system, skin, eyes, and 

nasal passages while also posing a risk to the liver, kidneys, and heart[9]. 

Furthermore, BTB is a primary water and soil pollutant that is 

highly resistant to degradation techniques and does not decompose 

directly through oxidation[10]. Pollutants, including BTB, are typically 

removed using oxidation processes like the Fenton effect and in situ 

chemical oxidation. Activated PS treatment is commonly used to remediate 

groundwater and the environment by destroying contaminants[11,12] using 

radical-based processes[2,13] or direct electron transfer[14]. The radical 

process (Eq. 1) involves breaking the O-O bond in PS, producing active 

species like SR and hydroxyl radical (OH●) [15,16]. In basic conditions, 

the latter is the predominant radical, whereas in acidic conditions, the 
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former is dominant[15,17–19]. In fact, SRs work effectively across a wider pH range, from 3 to 10[20]. They also 

allow for the rapid and non-selective oxidation of organic pollutants[21,22]. 

𝑆2𝑂8
2−  

𝐴𝑐𝑡𝑖𝑣𝑎𝑡𝑜𝑟
→        𝑆𝑂4

∙− +⋯ 
(1) 

PS decomposes when exposed to heat[13,23], transition metals[24,25], ultraviolet (UV) light[26–28], and other 

means[29–33]. Thermal activation of PS was one of the first methods used for this purpose because it does not 

require expensive catalysts and only requires basic equipment[34]. Numerous studies have proposed various 

solutions for reducing the process’s environmental and energy footprint, such as using heat or steam 

cogeneration on an industrial scale[35] or coupling with a renewable energy source such as sunlight[36] and solar 

thermal energy[37,38]. In a reaction mixture, the thermal decomposition of PS ions (heat activation) results in 

the formation of two SR (Eq. 2), which react with PS anions (Eq. 3), water (Eq. 4), self-reaction (Eq. 5), and 

organic compounds (BTB in our case) (Eq. 6) [12,39–41]: 

S2O8
2−  +  Heat →  2 SO4

∙− (2) 

S2O8
2−  +  SO4

∙− → S2O8
∙− + SO4

2− (3) 

SO4
∙− + H2O → OH

∙ + H+ + SO4
2− (4) 

SO4
∙− + SO4

∙− → S2O8
2− (5) 

SO4
∙− +  BTB →  Product (6) 

Temperature is the key parameter in this process, with most studies ranging from 20 to 70°C, but the most 

efficient processes have been reported at temperatures of at least 60°C [42]. The corresponding activation energy 

ranges between 128.48 and 140.16 kJ mol-1[43]. The rise in temperature causes secondary reactions due to the 

non-productive decomposition of PS, as well as an increase in energy consumption[44,45]. PS can also be 

activated through electron transfer with metals[46,47], such as cobalt, silver, manganese, and iron. This process 

results in the formation of SRs (Eq. 7), where Mnn+ represents typical metal ions: 

S2O8
2−  +  Mnn+ → Mnn+1 + SO4

∙− + SO4
2− (7) 

The use of metal ions raises practical concerns, particularly about recycling and secondary pollution. 

Nonetheless, iron ions and their oxides have been extensively researched because they are environmentally 

friendly, non-toxic, and inexpensive[48]. Inorganic anions found in water and wastewater include chlorides (Cl-), 

bicarbonates (𝐻𝐶𝑂3
−), phosphates (𝐻𝑃𝑂4

2−) nitrates (𝑁𝑂3
−), nitrites (𝑁𝑂2

−) and sulfates (𝑆𝑂4
2−). These anions 

can act as radical scavengers[49], causing less reactive complexes to form. They occasionally produce toxic 

intermediates and byproducts [50,51]. These anions can have a wide range of effects on the degradation of organic 

pollutants, from beneficial to detrimental. This is dependent on the species to be degraded and their 

concentrations in the wastewater. For example, low chloride ion concentrations inhibited the degradation of 

triclosan and chloroxylenol, whereas increasing concentrations favored degradation[43]. In other studies, Cl− 

ions promote benzotriazole degradation at concentrations less than 10 mM, whereas 100 mM inhibits it[52].Thus, 

rather than generalizing this effect, it is more appropriate to investigate the effect of these anions on the 

degradation of each organic pollutant individually. In addition to these anions, water contains cations, the most 

common of which are calcium (Ca2+), magnesium (Mg2+), sodium (Na+), and potassium (K+). To date, only 

a few studies have looked into the discoloration of BTB using permanganate ions[10,53,54], electrochemical 

methods[55], and photocatalytic methods[9,56,57]. To the best of our knowledge, there is no kinetic or reaction 

data on the discoloration of BTB by the SR. In light of these considerations, this study investigates the effect 

of initial PS and BTB concentrations, temperature, water salts (Cl−, HCO3
−, HPO4

2−, SO4
2−, NO2

− and NO3
−), and 

catalytic ions (Fe2+, Ni2+, Cu2+, and Ag+) on the efficiency of BTB discoloration with PS. The steady-state 

concentrations of the SR were then estimated using both experimental data and numerical simulations. We 

measured the values of k6 (SR+ BTB) at temperatures of 40, 50, 60, and 70°C. The obtained results will help 
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to improve kinetic models, contributing to the refinement and perfection of our understanding of the involved 

reactions. 

2. Materials and Methods 

2.1. Products 

The following products were utilized: bromothymol blue (C27H28Br2O5S, 99.5% Biochem Chemopharma), 

potassium persulfate (K2S2O8, 99% Merck), hydrochloric acid (HCl, 37% Honeywell), sulfuric acid (H2SO4, 

97% Honeywell), iron sulfate heptahydrate (FeSO4 - 7H2O, Sigma‒Aldrich), nickel sulfate (NiSO4, Biochem 

Chemopharma), silver nitrate (AgNO3, Biochem Chemopharma), (sodium chloride (NaCl, Honeywell), and 

sodium bicarbonate (NaHCO₃, Honeywell). Diluted solutions of bromothymol blue (BTB) (10 to 30 mg L-1) 

were prepared from an initial solution of 50 mg L-1 to plot the calibration curve and verify that the commercial 

product followed Beer-Lambert’s law. The required quantity of products (PS, salt, transition metals) is added 

to a flask containing 200 ml of BTB solution, which is  heated to the desired temperature with a thermostatic 

bath. 

A double-beam spectrophotometer (DR 2800) was used to conduct kinetic studies on BTB decolorization 

by PS. The study was conducted at pH 3 (±0.2) and monitored with a Metrohm pH/ionometer model 781 to 

promote SR formation. The PS and BTB concentrations were chosen to maintain a high PS/BTB ratio and a 

quasi-stationary state. The UV-Vis spectrophotometer’s limitations, including saturation above 30 mg L-1 and 

detection limit below 10 mg L-1, limited our ability to study BTB concentrations. 

2.2. Numerical Simulation 

Based on the initial experimental conditions ([PS]0, [BTB]0, pH and temperature, we used a numerical 

simulation model developed in our previous work [58,59] to investigate the reaction between BTB and the 

dominant SRs (Eq. 6) at pH 3 (SR is dominant). Knowing all the rate constants (k2-k5) except k6 (Table 2), the 

latter is adjusted to ensure that the model matches the experimental results. It should be noted that due to the 

complexity of the PS reaction mechanism and the extent of the kinetic data, the determined rate constants are 

subject to significant error. 

3. Results and discussion 

3.1. Effect of the Initial BTB Concentration 

BTB discoloration was performed at four different initial concentrations (0.016, 0.024, 0.032, and 0.048 

mM), corresponding to mass concentrations of 10, 15, 20 and 30 mg L-1, respectively. The PS concentration 

was kept constant at 3.7 mM (1 g L-1) at pH 3 and 60°C. An exponential fit of the experimental data points 

representing the decrease in BTB concentration allowed the rate constant kobs values of 0.081, 0.059, 0.047 

and 0.033 min-1 to be calculated. An R2 value greater than 0.98 indicates that the reaction occurs at a pseudo-

first-order rate (Figure 1). 

The results also show that at lower concentrations, BTB degrades faster and more completely. For 

example, at 10 mg L-, only 7.82% of the contaminant remains after 30 min, whereas at 30 mg L-, 41.53% 

remains during the same period. This phenomenon can be explained by the high dye concentration, which 

results in a low presence of free radicals, reducing the effectiveness of decolorization [60]. These findings are 

consistent with previous research on the discoloration of crystal violet and E131 dyes by PS [61,62]. These two 

dyes, like bromothymol blue (BTB), are aromatic hydrocarbons that contain three phenyl rings. To maintain 

the quasi-steady-state approximation, we chose standard concentrations of PS and BTB at 1 g L-1 (3.7 mM) 

and 10 mg L-1 (0.016 mM), respectively. This results in a molar ratio of PS/BTB of 230. 
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Figure 1. Pseudo first-order kinetics of BTB disappearance by PS (initial conditions: [PS]0 = 3.7 mM, pH = 3 and T = 60°C); [BTB] 

(%) = [BTB]t/[BTB]0*100, where [BTB]0 is the concentration at time 0 and [BTB]t is the concentration at time t. 

3.2. Effect of Initial PS Concentration 

The effect of PS concentrations (0.037 - 14.8 mM) on the discoloration of BTB (0.016 mM) was 

investigated at pH 3 and 60°C (Figure 3). The values of kobs obtained from the exponential decay of BTB 

versus time are 0.002, 0.007, 0.040, 0.081, 0.132 and 0.203 min-1 at initial PS concentrations of 0.037, 0.185, 

1.85, 3.7, 7.4 and 14.8 mM, respectively. The rate constants were found to increase with PS concentration, 

indicating that the increase could be due to the formation of SR[63]. At low PS concentrations (0.037 mM), 

degradation is relatively slow, with a BTB removal efficiency of 25%, increasing to 60% at 0.185 mM after 

120 min of reaction. 

BTB degradation accelerates as the initial PS concentration increases, and complete BTB mineralization 

occurs in shorter time intervals. For example, at an initial PS concentration of 1.85 mM, BTB decolorization 

takes 90 min, whereas it only takes 15 min at an initial PS concentration of 14.8 mM. These findings show that 

the rate of BTB discoloration increased with increasing initial PS concentration. This makes sense because, as 

the PS concentration rises, more SRs are available to attack the aromatic ring, increasing decolorization 

efficiency. This observation is consistent with the findings of previous dye studies[13,64]. 

 

Figure 2. Effect of initial concentration of PS on BTB removal efficiency (initial conditions: [BTB]0 = 0.016 mM, pH = 3 and T = 

60°C). 

The primary cost-related parameter in any degradation process is oxidant consumption. As a result, in 

order to treat industrial wastewater economically, the amount of oxidant[42]must be optimized. As a result, we 

plot the initial PS concentration as a function of BTB half-life values (t1/2) in Figure 3. The results reveal a 

nonlinear relationship between t1/2 and [PS]0. This result can be explained by the high concentration of PS[13], 

which causes the following processes to slow down the discoloration mechanism[65]: (a) recombination and 

annihilation of excess SR (Eq. 5), (b) SR consumption by excess PS (Eq. 3) and (c) the occurrence of an 

unproductive PS decomposition reaction (with no SR generation). 
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Figure 3. Plot of BTB half-life time (t1/2) values as a function of initial PS concentration (initial conditions: [BTB]0 = 0.016 mM, pH 

= 3 and T = 60°C). 

3.3. Effect of Salts 

To assess the effect of ions on BTB discoloration, fixed amounts (1 mM) of chloride, sulfate, nitrite, 

nitrate, hydrogen phosphate, and hydrogen carbonate ions were added to the BTB/PS solution under initial 

conditions of [BTB]0 = 0.0016 mM, [PS]0 = 3.7 mM, [Salts]0 = 1.0 mM, pH = 3 and T = 60°C. Figure 4 depicts 

the evolution of BTB over time in the presence of various salts, demonstrating a gradual decrease. This finding 

implies that BTB degrades more or less quickly in the experimental solutions than in the control solution 

(without salt), where the chloride ion is the most effective, and the nitrite ion is the least effective. The other 

salts, at concentrations of 1 mM, are more or less effective than the control solution. BTB discoloration in the 

presence of  Cl− is caused by the presence of chloride ions, which react with SR to form chlorine radicals (Eq. 

8), increasing the rate of discoloration[66–68].  

SO4
∙− + Cl− → Cl∙ + SO4

2− (8) 

This behavior is observed in the degradation of orange acid 7[69] and bisphenol A[70] by heat-activated PS, 

where the inhibition tendency becomes more pronounced as the Cl−  concentration increases. In addition, 

during the photocatalytic degradation of BTB[56], adding different concentrations of NaCl resulted in a slight 

decrease in degradation efficiency as Cl− concentration increased. This could be due to an excess of chlorine 

radicals, which react with one another or with the SR and have a negative impact on the degradation process [71]. 

Chlorine derivatives, including dichloride radical anion (Cl2
∙−) and chlorine hydroxide radical anion (ClHO∙−), 

can affect BTB degradation[72]. 

Cl∙ + Cl− → Cl2
∙− (9) 

Initially, at a high reaction rate constant of nitrite with SR equal to 8.8 × 108 M-1 s-1[73], the nitrite ion 

competes with the organic pollutants for SR (Eq. 10), leading to the formation of nitrogen dioxide radicals 

(NO2
∙−) [74], and a decrease in SR concentration.  

SO4
∙− + NO2

− → NO2
∙− + SO4

2− (10) 

For example, the presence of nitrite ions reduced the SR degradation efficiency of phenol[71] and 

tetrabromobisphenol S[75]. Nitrogen dioxide played a significant role in the degradation of aniline by the SR, 

accounting for approximately 42.3% of the transformation. Finally, the degradation efficiency is determined 

by the rate at which the radicals react with the organic pollutant. If the rate constant for nitrite ion is higher 

than that of SR, the degradation process is accelerated. A lower rate constant for 𝑁𝑂2
− slows the degradation 

process. 

Bicarbonate (𝐻𝐶𝑂3
−), monohydrogen phosphate (HPO4

2−), and nitrate (NO3
−) ions react with SRs to 

produce bicarbonate, monohydrogen phosphate and nitrate radical anions at rates of 9.1 × 106, 1.6 × 106   and 

2.1 × 106 M-1 s-1[73,76], respectively. The rate constants are lower than those for nitrite ion, resulting in less 
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pronounced SR scavenging. Furthermore, these radicals are less reactive towards organic molecules, with 

effects ranging from negligible to negative. For example, the presence of these ions can have a negative impact 

on the degradation of orange G by PS[77]. Regarding the effect of the sulfate ion, adding an amount equal to 

that present in the solution (1 mM) and continuously producing this ion during the reaction (Eqs. 3 and 4) had 

little effect on BTB degradation when compared to the control solution. According to other studies on the 

degradation of trichloroethane[78] and benzotriazole[52] by PS, the effect of this ion on pollutant oxidation is 

minimal. This is because there is no reaction between the ion and the SR, so it is possible that the literature has 

not highlighted a significant reaction between sulfate ion and SR[39,79], as their reaction may be negligible or 

insignificant in comparison to other reactions in the PS degradation process. 

 

Figure 4: Effects of salts on the discoloration of BTB (initial conditions: [BTB]0 = 0.0016 mM, [PS]0 = 3.7 mM, [Salts]0 = 1.0 mM, 

pH = 3 and T = 60°C). 

The variation in ionic strength (Table 1) indicates a lack of proportionality between ionic strength and 

BTB discoloration efficiency (kObs). Several studies have found that ionic strength influences the degradation 

of organic pollutants by PS[80,81]. The small variation in ionic strength (14 ± 1.6 mM) may explain the lack of 

a significant correlation between ionic strength and BTB decolorization efficiency (kobs). However, injecting 

the same concentrations of KCl and NaCl (1 mM) into the BTB solution (Figure 5) does not produce the same 

discoloration kinetics (0.061 and 0.109 min-1, respectively). Despite having the same ionic strength of 0.0136 

M, monocations have distinct effects on BTB decolorization. The same result is seen in the degradation of 

E110 by PS[82]. This phenomenon can be explained by the size difference between sodium and potassium atoms, 

which affects their ionic character in solution[83]. 

Table 1. Ionic strength variations in BTB discoloration at different types of salts (initial conditions: [BTB]0 = 0.0016 mM, [PS]0 = 

3.7 mM, [Salts]0 = 1.0 mM, pH = 3 and T = 60°C). 

Solution Ionic strengths mM kObs (min-1) 

BTB/PS/H2SO4 12.6 0.0812 

BTB/PS/H2SO4/NaHCO3 13.6 0.0774 

BTB/PS/H2SO4/NaCl 13.6 0.109 

BTB/PS/H2SO4/KCl 13.6 0.061 

BTB/PS/H2SO4/Na2SO4 15.6 0.0965 

BTB/PS/H2SO4/Na2HPO4 15.6 0.0551 

BTB/PS/H2SO4/NaNO2 13.6 0.0165 

BTB/PS/H2SO4/NaNO3 13.6 0.0165 
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Figure 5. Effects of salts on the discoloration of BTB (initial conditions: [BTB]0 = 0.0016 mM, [PS]0 = 3.7 mM, [Salts]0 = 1.0 mM, 

pH = 3 and T = 60°C). 

3.4. Effect of Transition Metals 

Figure 6 compares the effects of various PS activation methods by transition metals (Fe2+, Ni2+, 

Cu2+, and Ag+) on BTB discoloration. The experiments began with the following initial concentrations of 

BTB, PS, and transition metals: 0.016, 3.7, and 0.8 mM, respectively, and an initial pH of 3. When silver was 

added to BTB, it discolored quickly, whereas iron caused it to discolor slowly. The presence of nickel and 

copper in the system did not cause BTB discoloration. In fact, it has been reported that silver ions are one of 

the most effective catalysts among homogeneous metal ions and oxides[84], while iron is less effective but 

widely used due to its environmental benefits[48] and role in the Fenton effect process[60]. Many studies have 

found that nickel and copper are ineffective activators of PS[85,86]. The experiment in which no metal was 

present when PS was mixed with BTB at room temperature resulted in no discoloration of BTB. This is due to 

the limited generation of SRs in this temperature range, resulting in a slower discoloration rate and, as a result, 

a discoloration efficiency that lasts several tens of days[87,88]. 

 

Figure 6. Effects of transition metals on the discoloration of BTB: ([BTB]0 = 0.0016 mM, [PS]0 = 3.7 mM, pH = 3 and T = 25°C). 

3.5. Effect of Iron (II) Concentrations 

 The Fe (II)-activated PS process has been applied to wastewater treatment, particularly for in situ 

chemical oxidation with SRs[89]. However, the presence of ferric ions may alter the discoloration mechanism 

of BTB by reacting with SRs (Eq. 11). To assess the oxidation of BTB by SRs in the presence of Fe (II) ions, 

we discolored BTB at concentrations of 0.2 mM and 0.8 mM Fe. In addition, we added 0.8 mM Fe (II) to the 

solution four times over 90 min (Figure 7). We found that increasing the amount of iron added (from 0.2 to 

0.8 mM) improved BTB discoloration slightly, from 70% at 0.2 mM to 75% at 0.8 mM. However, when we 

gradually increased the iron concentration from 0.2 mM to 0.8 mM, the final BTB removal efficiency reached 

86%. As a result, higher Fe (II) concentrations accelerated PS activation to SR (Eq. 10), but Fe (II) was also 

oxidized to Fe (III) by SR, lowering its concentration (Eq. 11). 
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SO4
∙− + Fe2+ → Fe3+ + SO4

2− (11) 

A gradual addition of Fe (II) is required to facilitate PS oxidation into SRs[24,25,90]. When using an iron anode 

for electrochemical Fe (II) supply, the generation of Fe (II) can be controlled by adjusting the current [89,91]. 

Therefore, this electrochemical method outperforms others in terms of PS activation. 

  

Figure 7. Influence of Fe (II) concentration on the removal of BTB: ([BTB]0 = 0.0016 mM, [PS]0 = 3.7 mM, pH = 3 and T = 25°C). 

For the successive addition of Iron (0.2 mM/addition), each vertical line indicates the addition of 0.0002 mM. 

3.6. Effect of Temperature 

The impact of temperature on BTB discoloration was studied at four different heating temperatures (40, 

50, 60, and 70°C). In all experiments, the initial BTB concentration was set to 0.0016 mM and predicted during 

discoloration using numerical simulation. BTB degradation (Figure 8) follows first-order kinetics, with the 

rate increasing with temperature. At 70°C, degradation is nearly complete in 16 min, whereas at 60°C, it is 

faster but less noticeable, with 7.82% of the product remaining after 30 min. At 50°C and 40°C, degradation 

is much slower, with 52% and 36.50% of the product remaining after 30 and 270 min, respectively; higher 

temperatures promote faster degradation. Thus, the positive effect of increased heating on BTB disappearance, 

which shortens the time required for decolorization, is clearly visible. This can be explained by the increased 

generation of SRs proportional to temperature, which causes the fission of the O-O bond in PS[13], resulting in 

a faster rate of BTB decomposition. In addition, the simulation model enabled us to determine the reaction rate 

of SR with BTB using the initial experimental conditions ([PS]0, [BTB]0, pH and temperature) and the reaction 

rate constants (k2 to k5) (Table 2). 

 

Figure 8. Plot of BTB discoloration at different temperatures ([BTB]0 = 0.0016 mM, [PS]0 = 3.7 mM, pH = 3). The solid and dashed 

lines correspond to the simulation fit and exponential fit of each experience, respectively. 
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Table 2. Rate constants for BTB discoloration. 

Chemical reactions Rate constants  

Units 

 

References 40°C 50°C 60°C 70°C 

Eq. (2) 3.36 19.4 59.4 222 × 10-7 [s-1] [92] 

Eq. (3) 6.1 6.1 6.1 6.1 × 105 [M-1 s-1] [93] 

Eq. (4) * 7.4 8.3 9.2 10.2 × 102 [s-1] [19] 

Eq. (5) 4.8 4.8 4.8 4.8 × 108 [M-1 s-1] [94] 

*The indicated rate constant is equal to k4 × [H2 O]. 

Table 3 shows that the values of k6 at 40, 50, 60 and 70°C: (1.1 ± 0.55) × 108, ((1.5 ± 0.77) × 108, (1.9 ± 

0.95) × 108 and (2.2 ± 1.1) × 108 M-1 s-1, respectively, as a result of the numerical simulation. The reaction rate 

only doubles at activation energies of about 50 kJ mol-1 for temperatures in the 10 °C range, according to 

several studies[40,64,95]. The calculated k6 values reveal that the rate constants at two successive temperatures 

differ by less than a factor of two. That being the case, the activation energy that we shall ascertain in due 

course cannot exceed 50 kJ mol-1. Additionally, the second-order rate constants for the reactions involving SR 

and organic compounds in aqueous solutions range from 105 to 1010 M-1 s-1[96]. The presence of substituents 

that donate electrons can cause these values to rise, while the presence of substituents that withdraw electrons 

can cause them to fall[96]. For example, Brilliant Green shares similarities with BTB, as both have three 

aromatic rings and contain two -N(Et)2 groups, which are electron-donating. Compared to BTB, which has a 

combination of electron-donating and electron-withdrawing groups[6], brilliant green exhibits a higher rate 

constant[97] of 2.21 × 109 M-1 s-1 when reacting with SRs at room temperature. 

Table 3. Obtained values of [SO4
●-]ss and k6 based on numerical simulation. 

T 

[°C] 

[PS]0  

[mM] 

[BTB]0  

[mM] 

kobs 

10-5 [s-1] 

[SO4
●-]ss  

(10-12 [M]) 

k6  

(108 [M-1 s-1]) 

40 3.7 0.0016 0.00006 0.5 1.1 ± 0.55 

50 3.7 0.0016 0.0004 2.57 1.55 ± 0.77 

60 3.7 0.0016 0.0014 6.78 1.9 ± 0.95* 

70 3.7 0.0016 0.0045 22.3 2.2 ± 1.1 

All errors represent ± 2 (measurement errors) *with errors calculated from experiments carried out at 60°C 

The steady-state concentrations of SRs obtained in this study are in good agreement with those reported 

by other researchers. The steady-state concentrations of SRs at room temperature for 15 pharmaceutical 

products with rate constants ranging from 108 and 109 M-1 s-1 and a PS concentration of 1 mM were calculated 

by Lian et al. [16] to be (2.21 ± 0.06) × 10−13 M. Several other steady-state concentrations of SR, similar to the 

value obtained in our study, have been determined in previous investigations[19,98]. The obtained values of the 

reaction rate constant between SR and BTB (k6) were used to calculate the values of the kinetic activation 

parameters: activation energy (Ea), enthalpy (∆H≠), entropy (∆S≠), and Gibbs free energy (∆G≠). Using the 

Arrhenius and Eyring equations (Eqs. 12, 13, and 14) [61,90], and by plotting ln(k6) and ln(k6/T) vs 1/T, 

respectively (Figure 9). 

ln(k6) =  lnA − 
Ea
RT

 
(12) 

A = frequency factor 

Ea = Activation energy (kJ mol-1) 
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R = Gas constant (J.mol-1 K-1) 

T = Absolute temperature (K) 

ln (
k6
T
) = ln (

kB
h
) +

∆S≠

R
−
∆H≠

RT
 

(13) 

• kB is the Boltzmann constant (1.38 × 10-23 J K-1), 

• h is Planck’s constant (6.626 × 10-34 J s), 

• ∆H≠ and ∆S≠ are the enthalpy and entropy of activation, respectively. 

The free activation energy (∆G298
≠  ) was calculated at a temperature of 298.15 K using Eq. (13): 

∆𝐺298
≠ = ∆𝐻≠ −  𝑇∆𝑆≠ (14) 

 

Figure 9. Arrhenius plot for BTB discoloration ([BTB]0 = 0.0016 mM, [PS]0 = 3.7 mM, pH = 3 and T = 40, 50, 60 and 70°C). 

The activation thermodynamic parameters (Table 4) of the decolorization BTB by PS were calculated 

using the data from Figure 9. When heated, PS[61] discolors crystal violet, a triphenylmethane dye similar to 

BTB, with thermodynamic parameters similar to BTB: 28.9 kJ mol-1 for activation energy, 26.4 kJ mol-1  for 

enthalpy, - 0.235 kJ mol-1 K-1 for entropy, and 96.4 kJ mol-1  for free energy of activation. At pH 3, Maamar 

et al. [55]investigated BTB discoloration using the electro-Fenton process and found that the reaction between 

BTB and hydroxyl radicals had a low activation energy value of 9.66 kJ mol-1. Furthermore, rhodamine B[90] 

and acid blue 92[13] both show low activation energies of 36.5 kJ mol-1 and 17.38 kJ mol-1, respectively, when 

discolored by heated PS in the case of molecules with three benzene rings. 

Table 4. Activation thermodynamic parameters of the decolorization BTB by PS ([BTB]0 = 0.0016 mM, [PS]0 = 3.7 mM, pH = 3 and 

T = 40, 50, 60 and 70°C) 

Ea (kJ mol-1) ∆H≠ (kJ mol-1) ∆S≠ (kJ mol-1 K-1) ∆𝐆𝟐𝟗𝟖
≠  (kJ mol-1) 

19.8 16.36 - 0.038 27.78 

3.7. UV‒VIS Spectrum of BTB and Discoloration Mechanism 

To study the evolution of the BTB molecule during PS oxidation, we tracked its UV-VIS spectrum. This 

spectrum contains three distinct bands: the most intense at 432 nm, which is responsible for the yellow color, 

and two bands at 330 nm and 277 nm in the UV region due to unsaturation in the aromatic ring. Figure 10 

shows the discoloration of the BTB dye caused by oxidation with heated activated PS. After 180 min, the 

absorption peak at λ = 433 nm gradually decreases and disappears. This is followed by the formation of 

intermediates that absorb at around 320 nm and are then oxidized by the reaction medium. 

y = -2295.7x + 25.944
R² = 0.9901

y = -1968.2x + 19.152
R² = 0.9861
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Figure 10. UV‒Vis spectrum evolution of BTB through PS oxidation: a) from 0 to 60 min, and b) from 60 to 180 min. 

The absorbance at 330 and 277 nm slowly increases for up to 60 min (Figure 10a), then gradually 

decreases until both peaks disappear (Figure 10b). Numerous researchers[99,100]have suggested that the initial 

step in the oxidation of triphenylmethane molecules involves an attack on the central carbon atom. We propose 

that a similar mechanism applies to BTB. This action disrupts the extensive conjugation of the chromophore 

system, resulting in rapid depletion of the visible band. The decrease in the UV-visible spectrum is likely due 

to the complete mineralization of BTB[90]. A new peak appears at 330 nm without a hypochromic shift, 

indicating the cleavage of the entire conjugated chromophore structure of BTB and the formation of an 

intermediate compound, possibly aromatic intermediates[101,102]. 

There is also a gradual increase in absorbance at 330 and 277 nm, indicating the degradation of the 

aromatic structure[62]. SRs can react with organic molecules via one of three oxidation pathways: electron 

transfer, double bond addition, or hydrogen abstraction[96]. In general, the action of SRs on organic compounds 

leads to hydroxylation. SRs react with water to produce hydroxyl radicals (Eq. 4), which then react with 

aromatic rings to form hydroxyl adducts[93,103]. Additionally, SRs could directly attack the aromatic ring and 

form hydroxyl adducts[93,104], or both processes may occur simultaneously[105]. According to the present results 

and the literature[93,96,103,106], BTB oxidation can occur via the following mechanisms: 

1) formation of intermediates potentially involving c-demethylation pathways, 

2) creation of fully dealkylated products, 

3) removal of an aryl ring, 

4) hydroxylation of the aryl and sulfonylated benzene rings, 

5) substitution of hydroxyl groups within the sulfonate groups and sulfate adducts, 

6) symmetric and asymmetric cleavage processes. 

Thus, we propose a reaction mechanism that outlines potential BTB degradation pathways by SRs 

(Figure 11). 
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Figure 11. Possible pathways for the degradation of BTB by SR anions 

4. Conclusion 

This study investigated the discoloration of bromothymol blue in an aqueous solution using thermally 

activated PS at pH 3. The effects of various variables, such as dye concentration, peroxydisulfate dosages, 

matrix water, and temperature, were investigated. The optimal operating conditions were set to [BTB]0 = 

0.0016 mM, [PS]0 = 3.7 mM, pH = 3 and T= 60°C. In the given conditions, more than 90% of the decolorization 

efficiency was achieved in 30 min. The anions and cations used in this study demonstrated varying efficiencies 

in BTB degradation. The numerical simulation allowed us to predict the values of the reaction rate constant 

between SR and BTB at various temperatures, which increase as the reaction temperature rises. The calculated 

k6 values show that the rate constants at two successive temperatures differ by less than a factor of two, which 

is consistent with the activation energy of 19.8 kJ mol-1. Finally, a tentative mechanism for BTB degradation 

by SR was proposed, in which the destruction of aromatic ring structures occurs concurrently with BTB 

discoloration. 
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