
HAL Id: hal-01438110
https://univ-rennes.hal.science/hal-01438110

Submitted on 13 Jul 2017

HAL is a multi-disciplinary open access
archive for the deposit and dissemination of sci-
entific research documents, whether they are pub-
lished or not. The documents may come from
teaching and research institutions in France or
abroad, or from public or private research centers.

L’archive ouverte pluridisciplinaire HAL, est
destinée au dépôt et à la diffusion de documents
scientifiques de niveau recherche, publiés ou non,
émanant des établissements d’enseignement et de
recherche français ou étrangers, des laboratoires
publics ou privés.

Activation of persulfate by Fe(III) species: Implications
for 4-tert-butylphenol degradation

Yanlin Wu, Romain Prulho, Marcello Brigante, Wenbo Dong, Khalil Hanna,
Gilles Mailhot

To cite this version:
Yanlin Wu, Romain Prulho, Marcello Brigante, Wenbo Dong, Khalil Hanna, et al.. Activation of
persulfate by Fe(III) species: Implications for 4-tert-butylphenol degradation. Journal of Hazardous
Materials, 2017, 322, pp.380-386. �10.1016/j.jhazmat.2016.10.013�. �hal-01438110�

https://univ-rennes.hal.science/hal-01438110
https://hal.archives-ouvertes.fr


1 
 

Activation of persulfate by Fe(III) species: Implications for 

4-tert-butylphenol degradation  

 

Yanlin Wua,b,c,d, Romain Prulhoa,b, Marcello Brigantea,b*, Wenbo Donge, Khalil Hannac*, Gilles 

Mailhota,b 

a Université Clermont Auvergne, Université Blaise Pascal, Institut de Chimie de Clermont-Ferrand, 

BP 10448, F-63000 Clermont-Ferrand, France 

b CNRS, UMR 6296, ICCF, F-63171 Aubière, France 

c Ecole Nationale Supérieure de Chimie de Rennes UMR CNRS 6226, 11 Allée de Beaulieu, CS 

50837, F-35708 RENNES Cedex 7, France 

d State Key Laboratory of Pollution Control and Resources Reuse, College of Environmental 

Science and Engineering, Tongji University, Shanghai 200092, China 

e Shanghai Key Laboratory of Atmospheric Particle Pollution and Prevention, Department of 

Environmental Science and Engineering, Fudan University, Shanghai 200433, China 

 

Corresponding authors: marcello.brigante@univ-bpclermont.fr ; 

khalil.hanna@ensc-rennes.fr 

 

Highlights 

 A new AOPs method based on iron oxide activation of persulfate. 

 Radical species involvement during persulfate activation was investigated. 

 Effect of naturally occurring scavengers such as carbonates and chloride ions was 

assessed. 

 

 

Abstract 

In this study, the activation of persulfate induced by Fe(III) species, including 5 kinds of iron 

oxhydroxides (IOs) and dissolved Fe3+ under dark condition were investigated. Ferrihydrite (FH) 

and akaganeite (AK) showed the highest activity in 4-tert-butylphenol (4tBP) removal. The 4tBP 

degradation rate constant decreased as the solution pH increased from pH 3.2 to 7.8 in FH/S2O8
2‒ 

system. However, the pH value had no significant effect on the 4tBP degradation in AK/S2O8
2‒ 
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system. The degradation of 4tBP in Fe3+/S2O8
2‒ system was also performed to investigate the role 

of ferric species in persulfate activation. The pH dependency of 4tBP degradation rate was closely 

related to the speciation of FeIII, whereas the Fe(H2O)6
3+ was found to be the most active soluble 

iron complex form in the activation of S2O8
2‒. 4tBP degradation was mainly due to the SO4

●‒ in 

IOs/S2O8
2‒ system, while SO4

●‒ and HO2
● both had great contribution on 4tBP degradation in 

Fe3+/S2O8
2‒ system. Further investigations showed clearly that 4tBP degradation efficiency was 

decreased significantly due to the trapping of SO4
●‒ by chloride. This finding may have promising 

implications in developing a new technology for the treatment of contaminated waters and soils, 

especially where Fe3+ species are naturally occurring. 

 

1. Introduction 

Persulfate has received increasing interest in recent years in the application for 

the degradation of organic pollutants in contaminated soils and waters. Persulfate 

anion (S2O8
2-) is usually activated by thermal [1, 2], alkaline [3], ultraviolet light [4-6] 

or transition metal (Fe0, Fe2+, Cu2+, Co2+ and Ag+) [7-9] to form sulfate radical 

(SO4
●‒), which has high oxidation-reduction potential (Eo = 2.6 - 3.2 V) [10, 11]. It 

could be an alternative to traditional advanced oxidation processes (AOPs) which are 

based on hydroxyl radical (HO●) generation, such as Fenton or Fenton-like oxidation. 

In fact, SO4
●‒ have the potential for much greater stability than HO● and wide 

reactivity like HO● and so could be very efficient for the treatment of wastewaters 

containing high concentrations of organic contaminants [12, 13]. 

One of the most common activators of persulfate (PS) includes soluble iron and 

iron chelates [8, 14, 15]. Activation of persulfate by iron or other transition metals 

proceeds through reduction of persulfate to generate SO4
●‒ which is a reaction parallel 

to the Fenton initiation reaction [16, 17]: 




4

2

4

322

82
SOSOFeFeOS    (k = 27 M-1 s-1)        (R1) 

Homogeneous processes with soluble iron have been widely investigated to produce 

radical species and remove non-biodegradable compounds, but pH should be lowered 

to around 4 to avoid iron precipitation [18-20]. In order to overcome this limitation, 

minerals could be used to promote the oxidation reaction at circumneutral pH [14, 21, 
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22]. 

Recently, number of research works have studied the use of transition metal (Cu, 

Fe and Mn)-bearing minerals to catalyze the decomposition of persulfate and degrade 

organic compounds in waters [14, 21-28]. However, persulfate activation mechanism 

at oxide surfaces and generation pathways of reactive oxygen species (e.g. HO●, 

SO4
●‒, O2

●‒) are still a matter of debate. While the most of these works indicated the 

radical formation (at surface or in solution) as the main mechanism responsible of 

contaminant removal [24-27, 29, 30], Zhang et al. reported that copper oxide can 

efficiently activate S2O8
2− without producing sulfate radicals [27]. Indeed, the 

activation mechanism and radical generation strongly depends on the activator surface 

active sites, surface composition and charge transfer processes [24-26, 29, 30]. More 

particularly, Liu et coworkers [29, 31] demonstrated that Fe(III)-oxides such as 

goethite were able to catalytically convert persulfate into sulfate radical (SO4
●‒) and 

hydroxyl radical (HO●), but by using an high mineral mass loading (≥ 50 g L-1) and at 

pH 8 maintained with 50 mM borate buffer. Therefore, more investigations are still 

needed to determine the role of Fe(III) species in persulfate activation and radical 

generation under different chemical conditions.  

In the present work, the ability of five selected iron oxhydroxides in PS 

activation was investigated under different experimental conditions (pH value, solid 

concentration and S2O8
2‒ concentration). To provide insights into the role of ferric 

species in persulfate activation, experiments were also conducted with the dissolved 

Fe(III) (Fe3+ ion added as Fe(ClO4)3). The speciation of the latter is most important in 

aqueous solution and dominated by the hydrolysis and then subsequent formation of 

different FeIII complexes as the pH increases [32].  

4-tert-butylphenol (4tBP), an emerging contaminant, was used as a target 

pollutant, which is one of the endocrine disrupting chemicals with highly estrogenic 

effects [33, 34]. 4tBP had been widely used as a raw material for chemical industry 

[35], and thus found at relatively high concentrations in aquatic and environmental 

systems [36]. The effects of chloride (Cl‒) and carbonates (HCO3
‒/CO3

2‒) ions, which 

are considered as the most naturally occurring anions, on the transformation of 4tBP 
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were experimentally investigated. The identification of the main reactive oxygen 

species in Fe(III)/persulfate system was also performed by conducting radical 

quenching experiments. 

 

2. Experimental 

2.1. Chemical 

Potassium persulfate (K2S2O8), 4-tert-butylphenol (4tBP) and Ferric perchlorate 

(Fe(ClO4)3) 2-Propanol (2-Pr) and tert-Butanol (t-BuOH) were obtained from 

Sigma-Aldrich, France and used without further purification. Perchloric acid (HClO4) 

(that is not reactive toward photogenerated radicals [37]) and sodium hydroxide 

(NaOH) were used to adjust the pH of the solutions. All chemicals were used without 

further purification. Hematite, Goethite, Lepidocrocite, Ferrihydrite and Akaganeite 

were synthesized as explained in previous works [38-40]. The obtained particles were 

characterized for particle size and B.E.T. specific surface area N2(g) adsorption 

measurements, chemical analysis, transmission electron microscopy (TEM) and X-ray 

diffraction (XRD). Their main characteristics are summarized in Table 1.  

2.2. Experimental procedure 

 All the experiments were carried out in brown reaction flask, to avoid any light 

irradiation, with constant magnetic stirring at room temperature (293 ± 2 K). The 

initial concentration of 4tBP was 50 μM in all experiments. The pH value was 

measured by Cyberscan 510 pH meter. Samples were taken from the reaction flask at 

fixed time period and they were passed through the filter (0.22 μm) before 

chromatographic analysis. 

2.3. Chemical species quantification 

The concentration of the 4tBP remaining in the aqueous solution was determined 

by high performance liquid chromatography (HPLC) equipped with a photodiode 

array detector (Waters 996, USA), an HPLC pump (Waters 515, USA) and an 

auto-sampler (Waters 717, USA). The experiments were performed by UV detection 

at 221 nm. The flow rate was 1 mL min-1 and the mobile phase was a mixture of water 
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and methanol (20/80, v/v). The column was a Zorbax RX-C8 of 250 mm × 4.6 mm × 

5 μm. Under these conditions, the retention time of 4tBP was 6.5 min. 

To measure the aqueous concentration of total iron at the end of the experiment, 

aliquots were sampled from the flasks, filtered through 0.22 μm filters and added to a 

tube that contained 0.5 N ascorbic acid which reduced all of the dissolved iron into 

Fe(II). The total Fe(II) in a given solution was determined colorimetrically by the 

ferrozine assay as previously reported in Bianco et al. [41]. 

The scavenging experiments were performed using 2-Pr and t-BuOH to 

determine the contributions of SO4
●‒ and HO● for the degradation of 4tBP. 

 

3. Results and discussion 

3.1. Degradation kinetic of 4tBP in unbuffered systems  

The degradation kinetics of 4tBP in the presence of iron oxhydroxides (IO)/ persulfate 

(PS) and in unbuffered solution are shown in Figure 1. The initial pH was 4.7 without 

pH adjustment and the value was found stable within ± 0.2 pH unit during the reaction. 

Very low adsorption of 4tBP was observed whatever the tested solid (0.9%, 0.5%, 

1.0%, 0.9% and 1.0% respectively for Hematite, Goethite, Lepidocrocite, Ferrihydrite 

and Akaganeite under adopted experimental conditions). 

. A slight degradation (less than 3%) was observed in IO-free system after 6 h of 

reaction, while the presence of IOs enhanced the 4tBP degradation efficiency 

regardless of the IO tested. Among the tested IOs, ferrihydrite (FH) and akaganeite 

(AK) showed the highest performance in 4tBP removal. However, it should be noted 

that amount of dissolved iron (Fe(II/III)) was found below the detection limit 

(corresponding to 1 µM) whatever the investigated system. 

The degradation rate constants of 4tBP (
4 tB P

k , s‒1) are then evaluated at different 

amounts of FH and AK (Figure 2). As expected, the removal efficiency increased with 

the increasing solid concentration in both AK/S2O8
2- and FH/S2O8

2- systems. In 

particular, increasing of AK concentration had more pronounced effect on 4tBP 

degradation than that of FH. Indeed, the degradation rate constant increased rapidly 
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from 3.0  10-6 s-1 to 3.0  10-4 s-1 as the concentration of AK increased from 2.4 m2 

L-1 to 239 m2 L-1. 

In the Fenton system, the surface reactivity of each type of mineral is likely 

affected by crystallinity, surface composition and metal coordination [29, 42]. It is 

generally admitted that the degradation rate was much higher in the presence of 

amorphous oxides than crystalline ones [42, 43]. For instance, ferrihydrite (i.e. the 

least crystallized iron oxyhydroxide) showed higher efficiency than crystallized 

oxides (e.g. goethite, lepidocrocite and hematite) in heterogeneous Fenton reaction 

[29, 42]. In the present study, AK (β-FeOOH) exhibited, however, higher rate 

constants than FH. Moreover, only heterogeneous surface reaction occurred, since the 

amount of dissolved iron was negligible (below the detection limit) regardless of the 

solid loading. 

 

3.2. Effect of pH and investigations of reaction mechanism  

Figure 3 shows the variation of 4tBP degradation rate constant in the presence of 

FH and AK within the pH range between 3.2 and 7.8. While no significant effect of 

pH value on the 4tBP degradation in AK/S2O8
2‒ system was noted, the degradation 

rate constant in FH/S2O8
2‒ system decreased from 3.2  10-5 s-1 to 1.1  10-5 s-1 as the 

solution pH increased from pH 3.2 to 7.8. Almost no leaching of iron ions can be 

detected at all pH values as the total iron concentration was below the detection limit, 

< 1 µM, even in acidic conditions. While the pH effect in FH system was quite 

expected, an unusual trend was observed for AK. This may be explained both by the 

higher isoelectric point/point-of-zero charge (PZC) (9.6 − 10) of this mineral than of 

FH (~ 8), and an additional surface complexation mechanism at the (010) plane. 

Geminal sites (≡Fe(OH)2
2+) at this plane could be especially reactive for 

metal-bonded complexes, as they facilitate a mononuclear six-membered chelate 

complex via the displacement of two hydroxo/aquo groups at the equatorial plane of a 

single Fe octahedron. This explanation has been recently used to explain why the AK 

has a higher sorption capacity for organic ligands as a function of pH than other Fe(III) 

oxhydroxides [44]. 
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The electrostatic interactions between oxide surfaces and 4tBP (pKa ~9.8) should 

be ignored in the pH range investigated (3.2 - 7.8), as the PZC of the FH or AK are 

higher than 8 (Table 1). In addition, PS is under anionic form whatever the pH tested, 

and should interact with a positively charged iron oxhydroxides due to the 

electrostatic attraction between the oxide surface and PS. So, interactions between 

protonated 4tBP and negatively charged S2O8
2‒ species adsorbed on positively 

charged oxide surfaces may be favorable in the case of AK. Previous investigations 

showed a strong inverse pH-dependency of the degradation rate on CuO or Fe3O4 

systems [25]. The authors have suggested a different degradation pathway related with 

pH of medium and to the adverse impact of pH on PS activation where H+ would 

probably form an H-bond with the negatively charged oxygen in the S2O8
2‒ molecule 

and thus inhibit its interaction with positively charged surface.  

By analogy to the Fenton-like system [42], Liu et al. [29] have proposed an 

one-electron reduction of ≡Fe(III) surface site, which result in the formation of 

persulfate radical (S2O8
●‒). 

2

2 8 2 8

III II
F e O H S O F e O H S O

  
      (R2) 

S2O8
●‒ can be involved in radical chain reactions with water [29, 31], while freshly 

generated FeII react with S2O8
2‒ to generate radical sulfate SO4

●‒ through the 

following reaction:  

2 2

2 8 4 4

II III
F e O H S O F e O H S O S O

   
       (R3) 

SO4
●‒ can also react with water or OH‒ to generate HO● [31]. 

2

4 2 4
S O H O S O H O H

    
   

        (R4) 

2

4 4
S O H O S O H O

    
  

             (R5) 

SO4
●‒ or HO● can react with persulfate to generate additional S2O8

●‒: 

2 2

4 2 8 4 2 8
S O S O S O S O

     
  

           
(R6) 

2

2 8 2 8
H O S O H O S O

    
  

            
(R7) 

Formation of S2O8
●‒ form oxidation S2O8

2‒ via a one-electron transfer reaction was 

also previously reported [45, 46]. 
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Experiments were then conducted with dissolved ferric iron concentration at 11.2 

mM at pH 2.4. At this iron concentration and pH, ferric ions were present under 

monomeric ferric aquacomplex forms (Fe(H2O)6
3+ and Fe(H2O)5(OH)2+) [47]. 

The degradation of 4tBP in Fe(III)/S2O8
2‒ system was performed at different pH 

values (2.4 - 5.0 where all the Fe(III) amount is under dissolved form) (figure 4). The 

control experiments (4tBP/Fe(III) and 4tBP/S2O8
2‒) were performed at pH 2.4 and 

less than 4% of 4tBP degradation was observed. The results showed that the 

degradation rate of 4tBP is strongly dependent on pH, i.e. slight decrease in the range 

2.4 to 2.7 following by a sharp fall at pH > 2.7 before reaching zero at pH 5.0. This 

pH dependency is closely related to the speciation of FeIII, and thus the different forms 

of iron aqua-complexes (Fe(H2O)6
3+, Fe(H2O)5(OH)2+, Fe(H2O)4(OH)2

+) existing 

between pH 1 and 5 ([47] and Figure SM1). These complexes may have different 

reactivities with S2O8
2‒. It is worth noting that the percentage of Fe(H2O)6

3+ species 

and the 4tBP degradation rate exhibited similar trend as a function of pH, suggesting a 

significant contribution of this complex in the activation of S2O8
2‒. 

To confirm the crucial role of Fe(H2O)6
3+ form, the impact of soluble Fe(III) 

concentration was tested at pH 2.4 (Figure 5). The percentage of the form Fe(H2O)6
3+ 

is around 60% whatever the Fe(III) concentration used in our experimental conditions. 

The degradation rate constant increased rapidly from 7.610-5 s-1 to 7.510-4 s-1 as the 

concentration of Fe(III) increased from 1.12 mM to 11.2 mM corresponding to the 

increase of Fe(H2O)6
3+ amount from 0.67 mM to 6.7 mM. These results confirm the 

significant role of Fe3+ for the activation of persulfate, and more specifically the role 

of the aqueous complex Fe(H2O)6
3+.  

 

3.3. Identification of involved radicals at pH 2.4 

To determine the nature of involved radicals during the degradation of 4tBP, 

experiments were conducted with 50 mM of 2-Pr or t-BuOH. At adopted 

concentrations, 2-Pr was considered to quench efficiently both generated SO4
●‒ and 



9 
 

HO● considering  the second order rate constants of 
4

2 P r, S O
k  


= 7.42 × 107 M-1 s-1 

and 
2 P r, H O

k 


= 1.9 × 109 M-1 s-1, while t-BuOH can be considered to be more selective 

toward HO● (
,t B u tO H H O

k 


= 6.0 × 108 M-1 s-1) than SO4
●‒ (

4
,t B u tO H S O

k  


= 8.31 × 105 M-1 

s-1) [48, 49]. It is then possible to estimate the radical scavenging percentage by using 

the aqueous concentration of each chemical and the reactivity of radicals with 4tBP 

(
4 ,tB P H O

k 
= 1.6 × 1010 M-1 s-1 and 

4
4 ,tB P S O

k   = 4.2 × 109 M-1 s-1 [50]). About 99% of 

HO● and 95% of SO4
●‒ would be quenched in the presence of 2-Pr (50 mM), while in 

the presence of t-BuOH (50 mM) the values can be estimated to be about 97% of HO● 

and 20% of SO4
●‒. We can argue that the difference observed in 4tBP degradation 

when the scavengers were used separately should correspond to the contribution of 

SO4
●‒. 

In both FH/S2O8
2‒ and AK/S2O8

2‒ systems, 4tBP degradation was completely 

inhibited in the presence of 2-Pr, while the inhibition of 4tBP degradation was 

insignificant using t-BuOH (Figure 6). This trend suggests that SO4
●‒ is mainly 

responsible for the 4tBP degradation in our experimental conditions. More precisely, 

91% of SO4
●‒ and 9% of HO● are involved in FH/S2O8

2‒ system, whereas 94% of 

SO4
●‒ and 5.5% of HO● in AK/S2O8

2‒ system.  

Around 43% of degradation of 4tBP was still observed in the presence of 2-Pr in 

Fe(III)/S2O8
2‒ system, suggesting the occurrence of additional oxidant species. 

Addition of benzoquinone (BQ) in Fe(III)/S2O8
2‒ system completely inhibited the 

degradation of 4tBP in the presence of 2-Pr. It is well known that BQ is an electron 

acceptor able to interrupt dissolved oxygen accepting electrons, and so acts as a very 

effective trap to avoid the formation of hydroperoxyle radical/superoxide radical 

anion (HO2
●/O2

●‒) [51, 52]. It is, therefore, reasonable that HO2
● can be formed in our 

experimental conditions (pH = 2.4 < pKa(
2 2

/H O O
  

) , as shown in R8-R10 [53].  

3 2 2

2 6 2 8 2 6 2 8
( ) ( )F e H O S O F e H O S O

    
  

        
(R8) 

2 2 2 3

2 6 2 8 4 4 2 6
( ) ( )F e H O S O S O S O F e H O

     
   

   
(R9) 
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2 3

2 6 2 2 2 6
( ) ( )F e H O O O F e H O

   
  

           
(R10) 

The relative contributions of SO4
●‒, HO● and couple HO2

●/ O2
●‒ (pKa ~ 4.9) to the 

degradation of 4tBP were then estimated as 55%, 1% and 44% respectively, in 

Fe(III)/S2O8
2- system. 

 

3.4. Effect of chloride and carbonates anions  

To evaluate the impact of naturally occurring inorganic ions, experiments were 

conducted with FH or AK at pH = 4.7 in the presence of chloride ions (Cl‒). As shown 

in Figure 7, addition of Cl‒ (0.1 and 0.5 M) strongly inhibited the 4tBP degradation in 

all investigated systems. 

The inhibition of 4tBP degradation can be attributed to the quenching of SO4
●‒ 

by chloride ions. In fact, Cl‒ reacts with SO4
●‒ to generate Cl (R11) which rapidly 

combines with another chloride ion in water forming dichloride radical anion (Cl2
●‒) 

(R12) .  

2

4 4
S O C l C l S O

    
      

4
,S O C l

k   
 = 2.0 × 108 M-1 s-1 [49]         (R11) 

2
C l C l C l

   
             

,C l C l
k  

 = 0.8 ‒ 2.1 × 1010 M-1 s-1 [54, 55]  (R12) 

The reducing potential of Cl2
●‒ (Eo = 2.09 V) is lower than SO4

●‒ (Eo = 2.6-3.2 V). 

Additionally, the second order rate constants of 4tBP with SO4
●‒ (

4
4 ,tB P S O

k   = 4.2 × 109 

M-1 s-1) and Cl2
●‒ (

2
4 ,tB P C l

k    = 2.78 × 108 M-1 s-1) estimated by laser flash photolysis 

following previously reported approach [56] indicated that the formed Cl2
●‒ had lower 

reactivity for 4tBP oxidation than SO4
●‒ (more than 10 times). The addition of 

carbonates (2 and 10 mM) at pH 8.2 (corresponding to 98% in the form of HCO3
‒) 

completely inhibited the 4tBP degradation. In fact, carbonates are able to quench 

SO4
●‒ via reactions R13 and R14 to generate the carbonate radical (CO3

●‒)[49], which 

is less oxidant than SO4
●‒ [57]. This is in agreement with previous reports where 

scavenging effects of chloride and carbonates anions towards SO4
●‒ radicals were 

observed [58, 59].  
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2

4 3 3 4
S O H C O C O H S O

      
      

4 3
,S O H C O

k   
= 9.1 × 106 M-1 s-1     (R13)  

2 2

4 3 3 4
S O C O C O S O

     
       

2

4 3
,S O C O

k   
= 4.1 × 106 M-1 s-1     (R14)  

 

4. Conclusions 

We have demonstrated that the persulfate could be activated by Fe(III) species, 

including iron oxhydroxides and dissolved Fe3+. The Fe(H2O)6
3+ was found to be the 

most active soluble iron complex form in the activation of S2O8
2‒. The pH effect in 

FH/S2O8
2‒ system was quite expected, as the rate constant decreased as the solution 

pH increased from pH 3.2 to 7.8. However, the pH value has no significant effect on 

the 4tBP degradation in AK/S2O8
2‒ system. Only heterogeneous reaction may occur in 

AK or FH suspensions, as no significant leaching of iron ions was detected even in 

acidic conditions. The surprising trend in AK/S2O8
2‒ system may be explained by the 

higher isoelectric point/point-of-zero charge (9.6 − 10) of this solid, which leads to a 

higher sorption capacity on oxide surfaces. Favorable electrostatic interactions 

between protonated 4tBP and negatively charged S2O8
2‒ species adsorbed on 

positively charged oxide surfaces of AK may improve the heterogeneous oxidation 

mechanism.  

4tBP degradation was mainly due to the SO4
●‒ in IOs/S2O8

2‒ system, while SO4
●‒ 

and HO2
● both had great contribution in the 4tBP degradation in Fe3+/S2O8

2‒ system. 

In the presence of chloride ions, 4tBP degradation efficiency was significantly 

decreased due to the trapping of SO4
●‒ by Cl‒. The addition of carbonates at pH 8.2 

completely inhibited the 4tBP degradation. 

These results are very promising and may have strong implications in the 

treatment of contaminated waters and soils, especially where Fe3+ species are 

naturally occurring.  
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Figures 

 

Figure 1: 4tBP degradation in the presence of iron oxhydroxides (IO) and S2O8
2- ([IO] 

= 1g L-1; [S2O8
2-] = 1 mM; [4tBP] = 50 µM; pH = 4.7). The line represents 

the exponential decay of experimental data. 

 

Figure 2: Effect of solid loading (in terms of exposed surface area per volume unit) 

on the 4tBP degradation rate constant ([S2O8
2-] = 1 mM; [4tBP] = 50 µM; 

pH = 4.7)  

 

Figure 3: Effect of pH on the 4tBP degradation rate constant ([S2O8
2-] = 1 mM; [4tBP] 

= 50 µM). AK and FH were tested at the same surface area, i.e. 120 m2 L-1, 

corresponding to 0.49 g L-1for FH and 0.50 g L-1 for AK.  

 

Figure 4: Effect of pH on the 4tBP degradation rate constant in Fe3+/ S2O8
2- system 

([Fe3+] = 11.2 mM; [S2O8
2-] = 1 mM; [4tBP] = 50 µM). 

 

Figure 5: Effect of Fe3+ concentration on the 4tBP degradation rate constant ([S2O8
2-] 

= 1 mM; [4tBP] = 50 µM; pH = 2.4) 

 

Figure 6: Effect of 2-Pr, t-BuOH and BQ on the degradation of 4tBP after 3 hours 

reaction ([Fe3+] = 5.6 mM or [IO] = 0.5 g L-1; [S2O8
2-] = 1 mM; [2-Pr] = 

[t-BuOH] = [BQ] = 50 mM; [4tBP] = 50 µM; pH = 2.4) 

 

Figure 7: Effect of Cl- concentration on the 4tBP degradation in the presence of 0.5 g 

L-1 of Akaganeite (filled symbols) and Ferrihydrite (empty symbols) with  

[S2O8
2-] = 1 mM. [4tBP] = 50 µM; pH = 4.7. Data are fitted with an 

exponential decay curve. 
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Table 1. Physicochemical parameters of the investigated iron oxhydroxides 

Mineral BET surface 

area (m2 g-1) 

Shape : Average particle size PZC 

Goethite                             

α-FeOOH 

49 acicular : 50-60 nm in width and 

200-300 nm in length 

9.1 

Ferrihydrite                         

Fe2(OH)6 

245 Spherical : 5-6 nm in diameter 8.2 

Lepidocrocite                      

γ-FeOOH 

59 acicular: 2.5-6.3 nm in width 

and 11-50 nm in length 

7.9 

Hematite                              

Fe2O3 

16 Spherical : 80-90 nm in diameter 8.1 

Akaganeite                        

β-FeOOH 

239 acicular : 2.5-6.3 nm in width 

and 11-50 nm in length 

9.5 

 




