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ABSTRACT 

The term Fenton reaction describes the reaction of divalent iron (FeII) with hydrogen peroxide 

(H2O2) leading to formation of highly reactive species. Even though the reaction is known for 

more than 100 years, its mechanism is no fully resolved yet. In literature formation of an 

intermediate iron-peroxo-complex (Fe(H2O2)
2+) is suggested, which is supposed to lead to 

formation of hydroxyl radicals (•OH) at acidic pH and to a tetravalent iron species (FeIV) at 

neutral or alkaline conditions. However, no experimental evidence for the formation of this 

intermediate could be found, yet. Elucidation of the Fenton mechanism is not only of scientific 

interest but also with regard to the use of the Fenton reaction in oxidative water treatment or 

pollutant degradation. 

Accordingly, the present study aims to further elucidate the Fenton mechanism. For this 

purpose, the influence of various reaction conditions on existence, formation and stability of 

the postulated Fe(H2O2)
2+-complex and resulting reactive products will be investigated. 

Additionally, the influence of different reaction conditions on the degradation of a model 

compound (bisphenol S) will be investigated. Finally, an alternative reaction leading to the 

formation of FeIV will be examined in order to investigate if FeIV is a relevant oxidant in the 

Fenton reaction. 

This thesis presents the first kinetic indication for the existence of the postulated Fe(H2O2)
2+-

complex. Regardless of the FeII-concentration, at pH 3 the complex reveals constant stability, 

which is neither affected by the presence of an •OH-scavenger. When the pH is increased from 

1 to 4 decreasing decay rates of the intermediate are observed (ca. 70 s-1 at pH 1 and 2 and ca. 

50 s-1 at pH 3 and 4). Furthermore, regardless of the pH determined •OH-yields of ~100% based 

on the applied FeII-concentration did not reveal any indication for the formation of FeIV.  
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Examination of the pH-dependent influence of various organic chelating ligands indicates that 

even in the presence of these ligands an intermediate Fe(H2O2)
2+-complex is formed, which 

forfeits stability with increasing pH. The quantification of •OH-concentrations again does not 

reveal any indication of the formation of FeIV even in ligand-assisted Fenton reactions. 

Investigations on the Fenton-based degradation of bisphenol S (BPS) shows that degradation 

can be influenced by applied reactant concentrations. However, it must be considered that too 

high concentrations of FeII and H2O2 may also cause •OH-scavenging effects, which compete 

with degradation of contaminants. The optimum pH for BPS degradation was pH 3. 

Additionally, it could be shown that the Fenton-based degradation of contaminants in absence 

of ligands keeping FeIII dissolved is not restricted to acidic pH as it is hitherto assumed. Even 

at pH 7 BPS was completely degraded. At pH values < 3, BPS degradation was observed to be 

restricted by insufficient Fe-recycling. The presence of •OH-consuming matrix components also 

limits BPS degradation. Comparative experiments dealing with the Fenton degradation of para-

chlorobenzoic acid at pH 3 and 7, again did not show any indication for the formation of FeIV 

in the Fenton reaction, which could be involved in the degradation of the investigated pollutants. 

The reaction described in literature for the generation of FeIV from FeII and ozone (O3) could 

not be reproduced. Instead, the results suggest that FeIII is directly formed. 

In summary, the first kinetic indication for the existence of the hitherto postulated intermediate 

Fe(H2O2)
2+-complex was obtained, which was observed to exclusively yield •OH at all reaction 

conditions investigated. Gained information can be used to make the application of the Fenton 

reaction more efficient in terms of wastewater treatment and remediation of contaminated sites. 

Nevertheless, further research is required to fully understand the whole Fenton process. 
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ZUSAMMENFASSUNG 

Charakterisierung reaktiver Spezies in der Fenton Reaktion: •OH vs. FeIV 

Der Begriff Fenton Reaktion beschreibt die Reaktion von zweiwertigem Eisen (FeII) mit 

Wasserstoffperoxid (H2O2), die zur Bildung hoch reaktiver Spezies führt. Obwohl die Reaktion 

bereits seit über 100 Jahren bekannt ist, ist ihr Mechanismus noch nicht vollständig aufgeklärt. 

Postuliert wird die Bildung eines intermediären Eisen-Peroxo-Komplexes (Fe(H2O2)
2+), der bei 

der Reaktion von FeII mit H2O2 entsteht und in saurem Millieu zu Hydroxylradikalen (•OH) und 

bei neutralem bis alkalischem pH-Wert zu tetravalentem Eisen (FeIV) reagiert. Einen 

experimentellen Nachweis für die Bildung dieses Komplexes gibt es bisher nicht. Die 

Aufklärung des Fenton-Mechanismus ist dabei nicht nur von wissenschaftlichem Interesse, 

sondern auch im Hinblick auf den Einsatz der Fenton Reaktion in der Wasseraufbereitung. 

Entsprechend ist es das Ziel der vorliegenden Arbeit, den Mechanismus der Fenton Reaktion 

weiter aufzuklären. Zu diesem Zweck soll der Einfluss verschiedener Reaktionsbedingungen 

auf Existenz, Bildung und Stabilität des postulierten Fe(H2O2)
2+-Komplexes untersucht werden, 

sowie auf die entstehenden reaktiven Produkte. Zusätzlich soll der Abbau einer 

Modellverbindung (Bisphenol S) betrachtet werden. Final soll eine alternative Reaktion zur 

Bildung von FeIV untersucht werden, um auf diese Weise herauszufinden, ob FeIV als reaktive 

Spezies in der Fenton Reaktion tatsächlich relevant ist. 

Die vorliegende Arbeit zeigt den ersten kinetischen Hinweis auf die Existenz des postulierten 

Fe(H2O2)
2+-Komplexes. Unabhängig von der eingesetzten FeII-Konzentration weist dieser bei 

pH 3 eine gleichbleibende Stabilität auf, die auch durch die Anwesenheit eines •OH-Scavengers 

nicht beeinflusst wird. Im pH-Bereich von 1 bis 4 wurden bei gleichbleibender FeII-

Konzentration mit steigendem pH-Wert geringer werdende Zerfallsraten des Fe(H2O2)
2+-

Komplexes beobachtet (ca. 70 s-1 bei pH 1 und 2 und ca. 50 s-1 bei pH 3 und 4). Außerdem 

konnten anhand der bestimmten •OH-Ausbeuten von ~100 % bezogen auf die eingesetzte FeII-

Konzentration bei pH 1 bis 4 keine Hinweise auf die Bildung von FeIV beobachtet werden.  
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Die Untersuchung des pH-abhängigen Einflusses von verschiedenen organischen Chelat-

liganden weist darauf hin, dass es auch in Anwesenheit der chelatisierenden Liganden zur 

Ausbildung eines intermediären Eisen-Peroxo-Komplexes kommt, der mit zunehmendem pH-

Wert an Stabilität verliert. Die Quantifizierung der •OH-Konzentrationen lässt erneut nicht auf 

die Bildung von FeIV in  der Fenton Reaktion schließen.  

Die Untersuchung des Abbaus von Bisphenol S (BPS) mit Hilfe der Fenton Reaktion zeigt, dass 

sich die Abbaugeschwindigkeit durch die eingesetzten FeII- und H2O2-Konzentrationen 

beeinflussen lässt. Dabei ist zu beachten, dass durch eine zu starke Erhöhung der FeII- und 

H2O2-Konzentrationen auch •OH-zehrende Effekte auftreten können, die mit dem Abbau von 

Schadstoffen  konkurrieren. Der optimale pH-Wert für den BPS-Abbau lag bei pH 3. 

Gleichzeitig konnte gezeigt werden, dass der Abbau von Schadstoffen mit Hilfe der Fenton 

Reaktion nicht wie bisher angenommen auf den sauren pH-Bereich beschränkt ist. Auch bei pH 

7 konnte BPS vollständig abgebaut werden. Bei pH-Werten < 3 wurde beobachtet, dass der 

BPS-Abbau durch unzureichendes Fe-Recycling eingeschränkt wird. Durch die Anwesenheit 

•OH-zehrender Matrixbestandteile wurde der BPS-Abbau ebenfalls eingeschränkt. 

Vergleichende Experimente mit para-Chlorbenzoesäure ergaben sowohl bei pH 3 als auch bei 

pH 7 erneut keinerlei Hinweise auf die Bildung von FeIV in der Fenton Reaktion, die am Abbau 

der untersuchten Schadstoffe beteiligt sein könnten. 

Die in der Literatur beschriebene Reaktion zur Synthese von FeIV aus FeII und O3 konnte nicht 

reproduziert werden. Stattdessen lassen die Ergebnisse darauf schließen, dass es in der 

beschriebenen Reaktion zur direkten Bildung von FeIII kommt.  

Insgesamt konnten in der vorliegenden Arbeit der erste kinetische Hinweise auf die Existenz 

des zuvor nur postulierten intermediären Fe(H2O2)
2+-Komplexes gewonnen werden, der unter 

allen untersuchten Reaktionsbedingungen quantitativ zu •OH reagiert. Diese mechanistischen 

Erkenntnisse können genutzt werden, um die Anwendung der Fenton Reaktion zur 

Aufbereitung von Abwässern und zur Entfernung von Schadstoffen effizienter zu gestalten. 

Trotzdem sind weitergehende Untersuchungen nötig, um die Fenton Reaktion vollständig 

verstehen zu können.
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1.1 WATER & WASTE WATER TREATMENT 

According to the European water framework directive 2000/60/EC (WFD) rivers, lakes, 

transitional waters, coastal waters as well as ground waters should achieve good qualitative and 

quantitative status at the latest by the year 2027. In this context increased protection and 

improvement of the environment is aimed among others by a stepwise reduction of discharge 

and emission of priority and priority hazardous substances.1 Thereby, the good status of raw 

water sources is not only important with respect to ecological soundness of water bodies. 

Additionally, it is the basis for safe drinking water. In this regard, effective wastewater 

treatment is important in order to avoid contamination of receiving raw waters by residual 

pollutants. 

Methods recently applied for the removal of trace contaminants include physical treatment (e.g. 

sorption with activated carbon or membrane filtration), biological treatment (e.g. biological 

filtration) and chemical treatment (e.g. advanced oxidation processes). Contaminant removal 

by physical treatment is based on physical separation of pollutants from the water to be purified. 

Biological treatment requires biodegradability of pollutants. A major drawback of biological 

pollutant control is that the biological community needs time to adapt to current conditions prior 

to biodegradation. Hence, it is not able to cope with spontaneous events. In terms of chemical 

treatment oxidative water treatment with ozone as well as so-called advanced oxidation 

processes (AOPs) are most commonly used. AOPs are defined as those processes, “which 

involve the generation of hydroxyl radicals (•OH) in sufficient quantity to affect water 

purification”2. 

According to the definition of AOPs given by Glaze, et al. (1987)2 many different processes 

can be rated as such. All these processes have in common that mostly a combination of a strong 
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oxidant (e.g. ozone (O3) or hydrogen peroxide (H2O2)), a catalyst (e.g. transition metal ions or 

photo-catalysts) and/or irradiation (e.g. ultraviolet (UV)) is used.3 In the following, typical 

AOPs mentioned in literature are listed: photolysis of H2O2, peroxone process (O3 + H2O2), O3 

+ natural organic matter (NOM), O3 + UV, O3 + activated carbon, ionising radiation, vacuum 

+ UV, Fenton reaction (FeII + H2O2), and photo-Fenton reaction (FeIII + H2O2 + UV).4 

As this thesis focusses on the Fenton reaction, the present Chapter 1 - will compare different 

AOPs frequently applied for wastewater treatment and demonstrate why especially the Fenton 

reaction is suitable to treat highly contaminated industrial wastewaters. Additionally, the 

relevance of the Fenton reaction in fields other than wastewater treatment will be explained. 

This will reveal the importance of fully understanding underlying mechanisms in the Fenton 

reaction. For although, the Fenton reaction is known for more than 100 years, as well as 

intensively studied and applied for oxidation of various compounds, the exact reaction 

mechanism is still a subject of controversial discussion and not fully understood yet. Especially, 

the question concerning involved reactive species could not be entirely elucidated up to now. 

 

1.2 CHARACTERISTICS OF •OH  

1.2.1 KINETICS AND MECHANISMS OF 
•OH-REACTIONS 

•OH are way more reactive and nonselective than other oxidising species which are used for 

oxidative treatment of drinking and wastewater.4 They can react with various organic 

contaminants via three different mechanisms: (1) addition to C=C, C=N and S=O double bonds, 

(2) H-abstraction, and (3) electron-transfer. 
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Usually, the addition to double bonds is almost diffusion controlled (k ≈ 109 M-1 s-1). 

Nevertheless, the side of attack is controlled by the electrophilic character of •OH, resulting in 

region selective reactions.4 

In contrast, the rate of H-abstraction depends on the R-H bond dissociation energy (BDE). S-H 

bonds are attacked very fast, C-H bonds notably slower taking into account that it is important 

whether the relevant C-atom is tertiary, secondary, or primary. The attack on O-H bonds can 

almost be neglected.4 

•OH induced electron transfer reactions only take place when the addition to double bonds or 

H-abstraction are kinetically disfavoured, e.g. for steric reasons.5 Thus, the high oxidation-

reduction potential (E0) of 2.02 V according to which •OH is one of the strongest oxidants, is 

not directly connected with its high reactivity.4, 6 

1.2.2 DETECTION OF 
•OH 

In order to compare different AOPs with regard to their capability to degrade contaminants it 

is important to quantify •OH generated under certain conditions. Several methods suitable to 

quantify •OH-yields in various systems are described in literature including electron 

paramagnetic resonance (EPR) spectroscopy, spectrophotometric methods, chromatographic 

methods or electrochemical methods.7-23 

Electron paramagnetic resonance spectroscopy 

EPR (also called electron spin resonance) spectroscopy is a technique, which can be used to 

detect paramagnetic species. In the presence of an external magnetic field, these species absorb 

microwave energy resulting in the transition of spin states.7 
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In combination with spin trapping EPR spectroscopy enables detection of unstable and highly 

reactive radicals such as •OH or perhydroxyl radicals (HO2
•), which are undetectable under 

normal conditions.7-8 During spin trapping such short-lived radicals react with spin traps to form 

more stable radical adducts which are detectable by EPR.7-8 For each spin adduct a 

characteristic EPR spectrum can be detected enabling differentiation of various radicals. A 

molecule frequently used as spin trapping agent in liquids is 5,5-dimethyl-1-pyrroline N-oxide 

(DMPO).7-8 However, in presence of ferric ion (FeIII) spin trapping of •OH with DMPO can 

lead to false positive results. The Fe3+ can catalyse the nucleophilic addition of water to DMPO 

and subsequent oxidation of the EPR-active nitroxide resulting in the formation of the DMPO-

OH adduct.7 Furthermore, EPR is not well suitable to quantify •OH as the generated spin-adduct 

is not stable.9  

Tertiary butanol (t-BuOH) as •OH-trap 

t-BuOH is a molecule frequently used as •OH-trap in terms of radical quantification.16, 19, 23 In 

the primary reaction of •OH with t-BuOH (k = 3 × 108 M-1 s-1)24 the radical abstracts an H-atom 

mainly from carbon (95%) or from oxygen (5%). The product of the latter reaction, the tertiary 

butoxyl radical immediately decomposes into acetone and a methyl radical via β-fragmentation. 

In the presence of molecular oxygen (O2) the carbon centred radical yields a perhydroxyl 

radical, which finally yields acetone, formaldehyde (CH2O), 2-hydroxy-2-methylpropanal, and 

2-hydroxy-2-methylpropanol via different chain reactions.16, 19 The generated CH2O can then 

be quantified either by the Hantzsch method or after derivatisation with 2,4-dinitrophenyl-

hydrazine (DNPH) via high performance liquid chromatography (HPLC) coupled with an UV 

detector.16, 19, 23 However, the CH2O-yield depends on the •OH-generating system. In case of a 

radiolytic system, ~ 25% of •OH were converted into CH2O whereas in ozonolysis the CH2O-
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yield corresponds to 48% of the •OH-yield.16, 19 Nothing is known about CH2O-yields in other 

•OH-generating systems. 

Dimethyl sulfoxide (DMSO) as •OH-trap 

Another molecule frequently utilised as •OH-trap is DMSO. The reaction of •OH with DMSO 

is effectively diffusion controlled (k = 7 × 109 M-1 s-1)24 and leads to the formation of methyl 

radicals (•CH3) and methane sulfinic acid (MSIA) (Figure 1.1). Thereby, the yield of MSIA 

corresponds to 92% of •OH available.25 In presence of O2 MSIA is further oxidised to methane 

sulfonic acid (MSOA) (Figure 1.1).21 Hence, combined detection of MSIA and MSOA (in 

Figure 1.1 both highlighted in red) is essential for reliable quantification of •OH-yields and can 

be achieved by ion chromatography (IC).19 

Alternatively, CH2O (highlighted in green), which is also quantitatively produced during •OH-

based oxidation of DMSO (Figure 1.1) is used to quantify •OH.9, 18, 22 

 

Figure 1.1: Sequence of reactions occurring in •OH-based oxidation of DMSO based on 

reactions given by Flyunt et al. (2001/2003).19, 21 
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1.3 AOPS FREQUENTLY APPLIED FOR WATER TREATMENT 

As mentioned above, the definition of AOPs given by Glaze, et al. (1987)2 comprises several 

processes. In the following, some important AOPs will be described in more detail. 

1.3.1 PHOTOLYSIS OF H2O2 

In the photolysis of H2O2 two •OH are generated per H2O2-molecule, at least in the gas phase. 

 H2O2 + hν → 2 •OH (1.1) 

In aqueous solution the two radicals are held together by a so-called solvent cage for a certain 

time. In this time, the radicals can either recombine and re-form H2O2 or diffuse out of the 

solvent cage. This leads to a •OH-yield of only 50%.26 Additionally, the low absorption 

coefficient of H2O2 limits the efficiency of H2O2-photolysis. As H2O2 only absorbs at 

wavelengths below 280 nm and has a molar extinction coefficient (ε) of 20 M-1 cm-1 at 254 nm, 

for high absorption either high concentrations of H2O2 or long path lengths are required. On the 

other hand an increased H2O2-concentration will increase the frequency of reactions between 

•OH and H2O2 and therefore, lower the efficiency of the whole process.4 

1.3.2 PEROXONE PROCESS 

The peroxone process describes the reaction of O3 with H2O2. This reaction strongly depends 

on the pH as the reaction of H2O2 itself with O3 is very slow (k < 0.01 M-1 s-1) whereas the 

reaction of the anion HO2
− is fast (k = 5.5 × 106 M-1 s-1) (reaction 1.2).4, 27-28 Due to competing 

reactions (1.3, 1.4), the •OH-yield is only 50% with respect to O3 consumption as only O3
•− 

yields •OH (reaction 1.5).23 For applications of the peroxone process in real water matrices •OH-

formation from O3-reactions with NOM (see chapter 1.3.3) must be taken into account.29 

O3 + HO2
− ⇌ HO5

−         (1.2) 
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HO5
− → 2 3O2 + OH−         (1.3) 

HO5
− → O3

•− + HO2
•         (1.4) 

O3
•− + H2O ⇌ O2 + OH− + •OH       (1.5) 

1.3.3 O3 + NOM 

In natural waters O3 reacts with NOM under •OH-formation. In a first step O3 reacts with NOM 

to form a NOM•+ molecule and O3
•− (reaction 1.6).30 will react with H2O yielding O2, •OH and 

OH− (reaction 1.5).4 

O3 + NOM → O3
•− + NOM•+        (1.6) 

For wastewater the •OH-yield has been determined to be about 10% with respect to the dosed 

O3-concentration.29 

 

1.4 THE FENTON REACTION 

1.4.1 HISTORY OF THE FENTON REACTION 

The reaction of divalent iron (FeII) with H2O2 is known as Fenton reaction. In the 1890s, Henry 

J. H. Fenton was the first who systematically investigated the activating effect of FeII on H2O2 

enabling oxidation of polyhydric alcohols and organic acids.31-33 In 1926, Walton and 

Christensen (1926)34 were the first who used the term “Fenton reaction” as such when they 

investigated “the catalytic influence of FeIII on the oxidation of ethanol by H2O2”.34 In that time, 

nothing was known about the background of such oxidation reactions. 
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In the 1930s, different approaches were developed to explain the catalytic effect of FeII on H2O2 

based oxidations. Bray and Gorin (1932)35 suggested that a tetravalent iron species (FeIV), 

possibly the ferryl ion (FeO2+), might be the reactive product of the Fenton reaction (reaction 

1.7).35  

FeII + H2O2 → FeO2+ + H2O        (1.7) 

At the same time, Haber and Weiss developed a mechanism involving the formation of •OH 

(reactions 1.8 – 1.11).36-38  

FeII + H2O2 → FeIII + OH− + •OH   k = 40 – 80 M-1 s-1  (1.8)39  

•OH generated via reaction 1.8 can be quenched either by H2O2 or FeII (reactions 1.9 and 1.10) 

depending on experimental conditions. This leads to a reduced amount of radicals, which can 

oxidise target compounds. 

•OH + H2O2 → H2O + HO2
•    k = 2.7 × 107 M-1 s-1  (1.9)24 

•OH + FeII → FeIII + OH−    k = 3 × 108 M-1 s-1  (1.10)24 

HO2
• + H2O2 → O2 + H2O + •OH   k = 3 M-1 s-1   (1.11)40 

The radical chain mechanism proposed by Haber and Weiss was revised and expanded by Barb, 

et al. (1951)41 in the early 1950s (reactions 1.12 – 1.15). HO2
• formed in reactions 1.9 and 1.12 

also participate in the Fenton chain reaction. They can either react with FeIII, FeII or another 

HO2
• (reactions 1.13 – 1.15). Their proposed mechanism involving catalytic cycling between 

FeII and FeIII is nowadays referred to as “classical” or “free radical” Fenton chain reaction.39  

FeIII + H2O2 → FeII + HO2
• + H+   (see below)   (1.12) 

HO2
• + FeII + H+ → FeIII + H2O2   k = 1.2 × 106 M-1 s-1  (1.13)42
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HO2
• + FeIII ⇌ FeII + O2 + H+   k = 1.5 × 105 M-1 s-1  (1.14)43-44 

HO2
• + HO2

• → H2O2 + O2    k = 1 × 106 M-1 s-1  (1.15)45 

Actually, the Fenton-like reaction (reaction 1.12) is a twostep process. At first, FeIII and H2O2 

form a complex (reactions 1.12-1a – 1.12-1b), which in the following decomposes into FeII and 

HO2
• (reactions 1.12-2a – 1.12-2b). Whereas FeII-speciation remains constant at pH values 

relevant for Fenton chemistry46 FeIII-speciation changes in this pH range.47 At pH ≤ 2.2 Fe3+ is 

the dominant FeIII-species and changes into Fe(OH)2+ in the pH range 2.2 – 3.5. At pH ≥ 3.5 

Fe(OH)2
+ becomes prevalent (see Figure 1.2). These species show differences in the complex 

formation equilibrium of about one order of magnitude, whereas in case of the decay of the 

complex it cannot be differentiated kinetically between Fe(OOH)2+ and Fe(OH)(OOH)+.48-49 

Fe3+ + H2O2 ⇌ Fe(OOH)2+ + H+   K = 3.1 × 10-3   (1.12-1a)48 

FeOH2+ + H2O2 ⇌ Fe(OH)(OOH)+ + H+  K = 2 × 10-4    (1.12-1b)48 

Fe(OOH)2+ → Fe2+ + HO2
•    k = 2.7 × 10-3 s-1  (1.12-2a)49 

Fe(OH)(OOH)+ → FeOH+ + HO2
•   k = 2.7 × 10-3 s-1  (1.12-2b)49 
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Figure 1.2: pH-dependent speciation of FeII (red) and FeIII (black). The plot was created 

based on complex stability data published by 50. 

According to comparison of experimental and calculated rate constants for the FeII + H2O2 

reaction Goldstein, et al. (1993)51 concluded that the oxidation of FeII by H2O2 is unlikely to 

occur via an outer sphere electron transfer mechanism, which would require the formation of 

H2O2
•− as transient radical anion. They found that calculated rate constants were much lower 

than experimental ones. Hence, the primary step in the reaction of FeII with H2O2 is widely 

accepted to occur via an inner sphere electron transfer mechanism.51 In analogy to the reaction 

of FeIII and H2O2 in which at first a labile water molecule of Fe(H2O)3+ is exchanged by H2O2,
48 

in case of FeII also the exchange of a water ligand by H2O2 leading to the formation of a hydrated 

FeII-H2O2-complex (Fe(OOH)(H2O)5
+) is thermodynamically favoured (reaction 1.16). To 

simplify reaction equations, in the following water ligands are neglected.   

FeII + H2O2 ⇌ FeOOH+ + H+        (1.16) 
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According to von Sonntag (2008)4 the complex is formulated as FeOOH+.4 Rachmilovich-Calis, 

et al. (2009)52 suggested a pH-dependent equilibrium of FeOOH+ as formulated in reaction 

1.17. 

FeOOH+ + H+ ⇌ Fe(H2O2)
2+        (1.17) 

Hence, reaction (1.16) can also be expressed as 

FeII + H2O2 ⇌ Fe(H2O2)
2+        (1.18) 

The formation of this intermediate is nowadays widely accepted,51, 53-55 even though 

experimental evidence for its existence is still missing.4, 39 Experimental evidence for the 

existence of FeOOH+ would finally confirm that the reaction between FeII and H2O2 occurs via 

an inner sphere electron transfer39 as an outer sphere electron transfer would require the 

formation of H2O2
−• as transient radical ion.51 

Additionally, there is a still ongoing controversial discussion concerning the type of oxidant 

involved in the Fenton reaction. Up to now the exact mechanism of the Fenton reaction could 

not be fully elucidated, even though it has been subject of numerous studies in the past decades 

regarding fundamentals of  the Fenton reaction itself41, 52-53, 56-60 and pollutant degradation by 

means of Fenton61-66 or modified Fenton reaction (e.g. photo-Fenton67-69, electro-Fenton70-73, 

photoelectro-Fenton74, ligand-assisted Fenton75-81). It is assumed that the formed complex could 

either react further via a one-electron transfer to form FeIII and •OH (reaction 1.19) or via a two-

electron transfer yielding FeIV (reaction 20). 4, 82-85 

Fe(H2O2)
2+ → FeIII + OH− + •OH       (1.19) 

Fe(H2O2)
2+ → FeO2+ + H2O        (1.20) 
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FeO2+ generated via reaction 1.20 might further react with FeII to form FeIII without yielding 

any •OH (reaction 1.21). 

FeO2+ + FeII + 2 H+ → 2 FeIII + H2O       (1.21) 

Reaction 1.19 is likely to be dominant at acidic conditions whereas reaction 1.20 is supposed 

to be dominant at circumneutral pH.4 This is confirmed by Hug and Leupin (2003)82. They 

observed that oxidation of trivalent arsenic (AsIII) by FeII and H2O2 could effectively be 

quenched by classical •OH-scavengers at acidic (pH 3.5) but not at circumneutral pH (pH 7.5). 

They concluded that there must be a mechanistic changeover in the Fenton reaction from •OH 

to FeIV with increasing pH. Similar conclusions were drawn by Bataineh, et al. (2012)84 based 

on reactions of Fenton’s reagent with DMSO at acidic to neutral pH. They found that at acidic 

pH the oxidation products of DMSO are MSIA and ethane unambiguously indicating that •OH 

are the generated reactive species in the Fenton reaction at applied conditions. In contrast, at 

circumneutral pH DMSO was oxidised into dimethyl sulfone (DMSO2) strongly supporting 

formation of FeIV.84 

In the meantime, on the basis of experiments Kremer (1999)56 developed a complex Fenton 

mechanism involving formation of FeIV even at acidic pH (pH 2.43) (reactions 1.22 – 1.27).56 

FeII + H2O2 ⇌ {Fe2+ •H2O2}        (1.22) 

{Fe2+•H2O2} → FeO2+ + H2O        (1.23) 

FeO2+ + H2O2 → Fe2 + O2 + H2O       (1.24) 

FeO2+ + FeII + H2O → 2 FeIII + 2 OH−      (1.25) 

FeO2+ + Fe3+ ⇌ {FeOFe}5+        (1.26) 

{FeOFe}5+ + H2O2 → Fe2+ + Fe3+ + O2 + H2O     (1.27) 
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In contrast, most of the recent publications concerning the Fenton mechanism and involved 

reactive species again confirm the idea of Gallard, et al. (1998)54 that there is a mechanistic 

changeover from •OH to FeIV with increasing pH. Depending on the pH the transient iron-

peroxo-complex decomposes either via a one-electron transfer from Fe to the peroxo-ligand to 

form •OH or via a two-electron transfer to form FeIV.82-85 

1.4.2 RELEVANCE OF FENTON CHEMISTRY IN DIFFERENT FIELDS 

Application of Fenton reactions for oxidative treatment of contaminated waters 

Fenton reactions have already been investigated for oxidative treatment of a variety of target 

compounds including aromatic amines,86 phenols and substituted phenols,64, 87-92 para-

hydroxybenzoic acid,66 or different dyes62, 93. Besides those studies, in which Fenton chemistry 

has been applied to synthetic samples in laboratory scale, it has also been applied to wastewaters 

of various industries (such as chemical, pharmaceutical, pulp and paper, textile, food, or cork 

processing industries)94 as well as for the treatment of landfill leachate65 or contaminated soil95 

leading to marked reduction of toxicity, enhanced biodegradability, decolourisation, and 

removal of odour causing compounds. 

Naturally occurring Fenton reactions  

Fenton chemistry is also relevant in natural systems. As both, Fe and H2O2, are present in 

atmospheric, terrestrial or aquatic environments as well as in living organisms, these are all 

possible sites for Fenton reactions to occur.96-101 The mutual presence of Fe, H2O2 and halides 

results in abiotic halogenation of organic matter.96 Products of such reactions are important with 

respect to stratospheric and tropospheric chemistry and pose a risk to terrestrial ecosystems.96 

Furthermore, Fe-catalysed oxidation of humic acids is reported.96 
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Fenton reactions in vivo necessarily require free intracellular Fe. However, at usual conditions 

Fe-regulation ensures that no free Fe is released.102 In case of stress conditions, elevated 

concentrations of superoxide (O2
•−), which can be produced from endogenous as well as 

exogenous substances, cause the release of free FeII from Fe-containing enzymes.102-103 

Liberated FeII can than react with H2O2 leading to formation of highly reactive •OH.104-105 Due 

to their short half-live106 •OH react close to their site of generation where they can react with 

enzymes or deoxyribonucleic acid (DNA). Reactions of •OH with DNA bases or the DNA 

backbone result in damaged bases or strand breaks and finally in apoptosis or cancerogenesis.102 

Undesired Fenton reactions in technical systems 

In technical systems (e.g. fuel cells) Fenton reactions may also occur undesirably. Oxygen 

reduction reactions lead to formation of H2O2.
107 Fe ions are supplied by fuel cell end plates.108 

In combination this leads to formation of •OH, which can attack and finally degrade the 

membrane inside fuel cells. That is why the Fenton reaction is frequently used to evaluate 

membrane stability and determine membrane degradation products under stress conditions.109 

1.4.3 COMPARISON OF FENTON-TYPE REACTIONS WITH OTHER AOPS 

An important factor, which should be applied to compare economic feasibility of different 

AOPs with respect to pollutant degradation is the •OH-yield. In case of Fenton reactions •OH-

yields strongly depend on reaction conditions such as pH, temperature or reactant 

concentrations.110 Furthermore, FeIV is discussed as alternative oxidant and there are still 

controversies concerning the conditions leading to FeIV-formation.39 Considerable formation of 

FeIV would largely limit the efficiency of Fenton-based oxidation of contaminants as it is a 

rather mild oxidant and much more selective compared to •OH.4, 39 Whereas •OH can react with 

contaminants via various mechanisms (see chapter 1.2.1), FeIV is only able to react with organic 

compounds via electron transfer.94 
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Without further modification, the Fenton reaction is limited to acidic pH due to formation of 

FeIII-sludge at pH > 3, which would have to be disposed separately. Additionally, formation of 

insoluble FeIII-hydroxides terminates catalytic recycling of FeIII to FeII so that the amount of 

FeII must be increased to achieve the same treatment efficiency.39 Otherwise, the pH-optimum 

of the Fenton reaction in the acidic range is advantageous with respect to the treatment of acidic 

industrial wastewaters. In such cases, other AOPs would require preceding neutralisation to 

achieve optimum treatment conditions. Fenton reactions are not restricted to a certain 

temperature range but in principle, an increase in temperature should lead to accelerated kinetics 

of the reactions.94 However, one must bear in mind that increasing temperatures favour the rate 

of decomposition of H2O2 into O2 and water (H2O) by a factor of about 2.3 per 10 °C.111 

With respect to required chemicals as well as with respect to energy demand, the Fenton 

reaction can be viewed as environmental friendly. Applied chemicals (Fe and H2O2) are 

comparably inexpensive, easy to store and safe to handle. Furthermore, they are readily 

available and non-threatening to the environment.39, 94, 110 As oxidant formation is catalytically 

in Fe, its utilised amount can be kept minimal and hence, also eventual sludge formation 

minimised.39 

Fenton-type reactions possess diverse opportunities of modifications, which on the one hand 

enhance the treatment efficiency and on the other hand enlarge the field of application. These 

comprise photo-Fenton, solar photo-Fenton, sono-Fenton, electro-Fenton, Fenton-type 

reactions with metal cations other than Fe, and ligand-assisted Fenton reactions and will be 

described in detail in chapter 1.4.4.39, 110, 112  
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1.4.4 MODIFICATIONS OF FENTON REACTIONS 

Photo-Fenton reaction 

The photolytic enhancement of the Fenton reaction is mainly based on the photochemistry of 

FeIII. FeIII-species, which are present at mildly acidic conditions (Figure 1.2), can be reduced 

photolytically leading to the formation of FeII and •OH according to reaction 1.28.113 

Fe(OH)2+ + hν → FeII + •OH         (1.28) 

Thus, on the one hand catalytic recycling of FeII is accelerated and on the other hand further 

•OH are produced, both leading to a higher oxidation efficiency.114 Furthermore, as mentioned 

in chapter 1.3.1 photolysis of H2O2 results in the formation of •OH (reaction 1.1). In case of 

solar photo-Fenton chemistry, no additional energy source would be required. 

Sonochemical Fenton reaction 

The application of ultrasound to a water sample leads to the formation of cavitation bubbles. 

When these bubbles explosively collapse, a pressure of several hundred atmosphere and a 

temperature of several thousand Kelvin can be reached. At such conditions, sonolysis of water 

molecules occurs yielding •OH (reaction 1.29). 

H2O + ))) → •OH + •H        (1.29) 

 with ))) = ultrasound. 

Hence, ultrasonic treatment in combination with Fenton reactions increases the amount of 

radicals available.115 Besides, sono-Fenton treatment supports mineralisation of pollutants due 

to enhanced mixing and contact between •OH and pollutants and by accelerating the 

regeneration of FeII (reaction 1.30).116-117 

FeOOH2+ + ))) → Fe2+ + HO2
•       (1.30) 



Introduction 

 
29 

 

However, sono-Fenton processes also have some disadvantages. On the one hand, 

stoichiometric quantities of ferrous ions are required.112 This can somehow be compensated by 

the application of zero valent iron (ZVI).118 In such ZVI systems, zero valent iron metals are 

corroded in the presence of H2O2 leading to formation of Fe2+ (reaction 1.31)119, which can then 

react with H2O2 according to reaction 1.8. Generated Fe3+ is subsequently reduced by Fe0 to re-

form Fe2+ (reaction 1.32). 

Fe0 + 2 H+ → Fe2+ + H2        (1.31) 

Fe0 + 2 Fe3+ → 3 Fe2+         (1.32) 

On the other hand, the high energy consumption of ultrasound systems limits the applicability 

of sono-Fenton processes.112 

Electrochemical Fenton reaction 

In electro-Fenton processes, one or both reagents can be generated in situ depending on the cell 

potential, reaction conditions and type of electrodes.39 FeII can either be produced by oxidative 

dissolution of sacrificial anodes (reaction 1.33) or by reduction of FeIII at in inert cathode 

(reaction 1.34).120-121 

Fe0 → FeII + 2 e−         (1.33) 

FeIII + e− → FeII         (1.34) 

In situ production of H2O2 can be obtained by reduction of O2 at the cathode (reaction 1.35).122 

O2 + 2 H+ + 2 e− → H2O2        (1.35) 

However, several drawbacks limit the applicability of electro-Fenton reactions, such as the slow 

production of H2O2 due to the low solubility of O2 in water, corrosion of electrodes, and the 

formation of insoluble FeIII-hydroxides at pH > 3.39, 123 
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Ligand-assisted Fenton reaction 

A possibility to keep FeIII soluble at pH > 3 and hence, enlarge the range of applicability of 

Fenton chemistry, is the addition of ligands, which form soluble complexes with FeIII. Organic 

chelates, which have two or more Lewis base groups, are especially suitable to complex metal 

ions. The effective complexation of iron with such chelates is expressed by the high complex 

formation constants (see Table 1.1). Thereby, complex stability depends on the 3-dimensional 

structure of the ligand and the number of functional groups. According to the Dewar-Chatt-

Dunkanson-model complexation preferably occurs via the double bonded O-atoms of 

carboxylic groups, as such bonds allow formation of highly stable π-backbonds,124-125 and via 

the free electron pair of amino groups. 

Table 1.1: Selection of organic chelating ligands and their complex formation constants with 

FeII and FeIII. 

Type of ligand No. of funct. 

groups 

log 

K(FeII)126 

log 

K(FeIII)126 

Citrate 0 (-NH2) 

3 (-CO2H) 

15.5 25.0 

DCTA (trans-1,2-diaminecyclohexane-

tetraacetic acid) 

2 (-NH2) 

4 (-CO2H) 

18.2 29.3 

DTPA (diethylenetriaminepentaacetic acid) 3 (-NH2) 

5 (-CO2H) 

16.0 27.5 

EDTA (ethylenediaminetetraacetic acid) 2 (-NH2) 

4(-CO2H) 

14.3 25.1 

HEDTA (hydroxyethylenediaminetriacetic 

acid) 

2 (-NH2) 

3 (-CO2H) 

12.2 19.8 

NTA (nitrilotriacetic acid) 1 (-NH2) 

3 (-CO2H) 

8.8 15.9 

Oxalate 0 (-NH2) 

2 (-CO2H) 

3.0    127 8.0 
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The influence of organic chelates on Fenton chemistry is intensively discussed in literature.76, 

79-80, 128 Indeed, it is coherently described that the Fenton reaction is accelerated in presence of 

such ligands, but inconclusive results were reported regarding the extent of this effect. The 

increase in second order reaction rate constants of the reaction of FeII and H2O2 caused by 

ligands such as DTPA, EDTA, HEDTA, and NTA presumably results from the lowered 

reduction potential of the complexed FeII/FeIII redox couple compared to Fe(H2O)6
2+ by 

decreasing its positive charge.39, 129  

Iron usually forms hexadentate complexes, but also heptadentate complexes of iron are known. 

In case of a FeII-EDTA complex a water molecule occupies a seventh coordination site at the 

central Fe2+.130-131 It was proposed that Fe requires a coordination site, which is open or 

occupied by a labile ligand such as water to be substituted by H2O2 to enable the Fenton 

reaction.130 However, this is contradicted by the reported generation of •OH in DTPA-assisted 

Fenton reactions, even though DTPA is an octadentate ligand, which should not leave any 

coordination site open at the Fe-centre.132-137 On the other hand, some researchers also ruled out 

the formation of •OH in the presence of EDTA or other hexa- or less dentate ligands based on 

product identification of the reaction between the reactive species formed and classical •OH-

scavengers.75, 129, 138-139 These contradictory results might be ascribed to differences in 

experimental conditions as Yamazaki and Piette (1991)137 described an effect of increasing 

[H2O2] on the type of generated reactive species. They found out that at pH 7.4 the dominant 

oxidant changes from ferryl to •OH when [H2O2] is increased.137 For many ligands (e.g. DCTA, 

DTPA, EDTA, NTA) generation of •OH as well as of FeIV-species is stated by different 

researchers.75, 129-130, 132-141  

Also in case of wastewater treatment by means of Fenton reaction the influence of chelating 

ligands must be taken into account. Several anthropogenic chelating agents are present in 
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wastewaters and may reach high concentrations in particular in some industrial wastewaters.142-

144 Additionally, humic acids of organic matter (OM) in wastewaters may have several 

functional groups (e.g. carboxylic groups or amines), which could also complex metal ions and 

hence, might influence Fenton chemistry. Several researchers already investigated the effect of 

NOM (e.g. Suwannee river fulvic acids (SRFA)) on •OH-yields in Fenton reactions. They 

reported that •OH are formed at circumneutral pH. However, information on •OH-yields in 

ligand-assisted Fenton reactions is largely scattering with respect to the type of generated 

oxidants.79, 145-150 

Fenton-type reactions with metal cations other than Fe 

Besides Fe, several elements with multiple redox states, such as chromium (Cr), cerium (Ce), 

copper (Cu), cobalt (Co), and ruthenium (Ru), are able to decompose H2O2 into •OH.151 

However, even if these metals possess some advantages compared to Fe when used as Fenton 

catalyst, as e.g. stability at neutral to alkaline pH, there are practical limitations influencing 

their environmental applicability. There are for instance, the cytotoxic effects of Cr, Ce, and 

Co, which confine their use for practical applications.151 In case of Ru, optimum oxidation 

efficiency was observed in the neutral and near-alkaline pH range. Furthermore, Ru is a very 

stable Fenton catalyst so that it can be used for several catalytic cycles. Thus, it can somehow 

be compensated that Ru is a very rare and expensive element.151 Cu exhibits a quite similar 

redox behaviour compared to Fe. Cu+ as well as Cu2+ are able to react with H2O2. However, 

Cu+ requires strict anaerobic conditions as it is easily oxidised by O2 to Cu2+.151 The latter, 

which is indeed stable as Cu(H2O)6
2+ at neutral pH, requires a large excess of H2O2 to achieve 

pollutant degradation, which then in turn scavenges generated •OH.152 

The present chapter 1 demonstrates the large complexity of Fenton chemistry. Indeed, the 

Fenton reaction has frequently been investigated in terms of pollutant degradation in the last 
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decades, but the exact mechanism and type of oxidant (•OH vs. FeIV) generated at certain 

conditions is still contentious. Nevertheless, the Fenton process has shown to be a promising 

tool to degrade organic contaminants. However, applicability of the Fenton reaction for 

effective treatment of real waters strongly depends on the type of reactive species formed at 

prevailing conditions as FeIV is a much more selective oxidant compared to •OH. 
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Due to formation of oxidative species, the Fenton reaction, i.e. the reaction of ferrous iron (FeII) 

with hydrogen peroxide (H2O2), is a promising tool in terms of oxidative wastewater treatment. 

Compared with oxidation techniques as e.g. ozonation, which is nowadays frequently applied 

for pollutant control in water treatment, Fenton chemistry offers quite a few advantages in terms 

of required chemicals, energy demand and pH conditions. However, even though the Fenton 

reaction is already known for more than a century, some mechanistic aspects are still subject of 

controversial discussions. 

The present work provides a systematic survey of the Fenton mechanism at selected reaction 

conditions. Reaction kinetics are addressed as well as identification and quantification of 

reactive species.  

In literature formation of an intermediate iron-peroxo-complex prior to oxidant generation is 

postulated without any experimental evidence. In chapter 3, observed pseudo first order reaction 

rate constants of FeIII-formation in the Fenton reaction determined at increasing concentrations 

of H2O2 might provide kinetic indication for the existence of such an intermediate. Experiments 

are based on stopped-flow measurements as this technique enables investigation of fast kinetics. 

Formation of FeIII is followed spectrophotometrically. Kinetic data obtained at pH 1 to 4 are 

used to derive decay rates of the iron-peroxo-complex and linked to hydroxyl radical (•OH) 

yields. 

Especially the influence of iron chelating ligands on the type of reactive species formed during 

the Fenton reaction is intensively discussed in literature. In a previous work the influence of 

inorganic ligands was investigated. As to our knowledge chapter 3 provides first kinetic 

indication for formation of an intermediate iron-peroxo-complex in Fenton chemistry and 

further insight into the Fenton mechanism, chapter 4 aims at the investigation of observed 

pseudo first order reaction rate constants of FeIII-formation in presence of selected chelating 
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agents. Again decay rates of the iron-peroxo-complex are derived and correlated with •OH-

yields at selected pH-values. 

In chapter 5 the Fenton reaction is applied to degrade bisphenol S (BPS). BPS is chosen as 

model pollutant as it gains increasing interest due to restrictions made on its structural analogue 

bisphenol A. Reaction conditions are varied with respect to reactant concentrations, pH and 

matrix components in order to determine optimum conditions for Fenton based degradation of 

pollutants. Coincidently, results are interpreted focussing on reactive species being responsible 

for BPS degradation. 

Overall, results presented in chapters 3 to 5 cannot provide any indication for the formation of 

tetravalent iron (FeIV) as reactive species involved in the Fenton reaction at investigated reaction 

conditions. Thus, in chapter 6 an alternative reaction described in literature to yield a reactive 

FeIV species, i.e. the reaction of FeII with ozone, is surveyed at selected reaction conditions. 

This chapter should provide insight into the question whether FeIV really is relevant as reactive 

species in the Fenton process. 

In chapter 7, the main results of this study are combined and an outlook is given regarding 

further research requirements. 

 

Figure 2.1: Graphic illustration of the scope of the thesis. 
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INVESTIGATION OF THE IRON-PEROXO-COMPLEX IN 

THE FENTON REACTION: KINETIC INDICATION, DECAY 

KINETICS AND HYDROXYL RADICAL YIELDS 

 

 

 

 

Adapted with permission from: Wiegand , H.L.; Orths, C.T.; Kerpen, K.; Lutze, H.V.; Schmidt, 

T.C., Investigation of the iron peroxo-complex in the Fenton reaction: Kinetic indication, decay 

kinetics and hydroxyl radical yields, Environmental Science and Technology, 2017, 51(24), pp. 

14321-14329 
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3.1 ABSTRACT 

The Fenton reaction describes the reaction of FeII with hydrogen peroxide. Several researchers 

proposed the formation of an intermediate iron-peroxo-complex but experimental evidence for 

its existence is still missing. 

The present study investigates formation and life time of this intermediate at various conditions 

such as different FeII-concentrations, absence vs. presence of a hydroxyl radical scavenger 

(dimethylsulfoxide, DMSO), and different pH values. 

Obtained results indicate that the iron-peroxo-complex is formed under all experimental 

conditions. Based on these data, stability of the iron-peroxo-complex could be examined. At 

pH 3 regardless of [FeII]0 decay rates for the iron-peroxo-complex of about 50 s-1 were 

determined in absence and presence of DMSO. Without DMSO and [Fe(II)]0 = 300 µM 

variation of pH yielded decay rates of about 70 s-1 for pH 1 and 2 and of about 50 s-1 at pH 3 

and 4. Hence, the iron-peroxo-complex becomes more stable with increasing pH. 

Furthermore, pH-dependent hydroxyl radical yields were determined to investigate whether the 

increasing stability of the intermediate complex may indicate a different reaction of the iron-

peroxo-complex which might yield Fe(IV) instead of hydroxyl radical formation as suggested 

in literature. However, it was found that hydroxyl radicals were produced proportionally to the 

Fe(II)-concentration. 
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3.2 INTRODUCTION 

The term Fenton reaction describes the reaction of ferrous iron (FeII) with hydrogen peroxide 

(H2O2). As described above, different reaction mechanisms can be found in literature, one of 

them involving formation of an intermediate iron-peroxo-complex (Fe(H2O2)
2+) (reaction 3.1), 

which could either react further via a one-electron transfer to form FeIII and •OH (reaction 3.2) 

or via a two-electron transfer yielding FeIV (reaction 3.3). 1-5 

FeII + H2O2 ⇌ Fe(H2O2)
2+        (3.1) 

Fe(H2O2)
2+ → FeIII + OH− + •OH       (3.2) 

Fe(H2O2)
2+ → FeO2+ + H2O        (3.3) 

Corresponding differential equations for changes in [FeII], [Fe(H2O2)
2+], and [FeIII], 

respectively, can be formulated as follows: 

d[FeII]

dt
= −𝑘3.1[H2O2][FeII] + 𝑘−3.1[Fe(H2O2)2+]     (3.I) 

d[Fe(H2O2)2+]

dt
= 𝑘3.1[H2O2][FeII] − 𝑘−3.1[Fe(H2O2)2+] − 𝑘3.2[Fe(H2O2)2+] (3.II) 

d[FeIII]

dt
= 𝑘3.2[Fe(H2O2)2+]        (3.III) 

 Assuming steady-state conditions for equation II (
d[Fe[H2O2]2+]

dt
= 0) one yields 

𝑘3.1[FeII][H2O2] = 𝑘−3.1[Fe[H2O2]2+] + 𝑘3.2[Fe[H2O2]2+]   (3.IV) 

Furthermore, it is assumed that the total iron concentration [Fe]t is constant and hence, that 

[FeII] remaining in solution at any instant in time after reaction has begun must be equal to the 
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difference between [FeII]0 and the sum of [Fe(H2O2)
2+] and [FeIII]. Thus, equation 3.IV changes 

as follows: 

[Fe[H2O2]2+] =
𝑘3.1[FeII][H2O2]

𝑘−3.1+𝑘3.2
=

𝑘3.1[H2O2]([FeII]
0

−([Fe[H2O2]2+]+[FeIII]))

𝑘−3.1+𝑘3.2
  (3.V) 

which can be transformed as follows: 

[𝐹𝑒(𝐻2𝑂2)2+] +
𝑘3.1[𝐻2𝑂2][𝐹𝑒(𝐻2𝑂2)2+]

𝑘−3.1+𝑘3.2
=

𝑘3.1[𝐻2𝑂2]([𝐹𝑒𝐼𝐼]
0

−[𝐹𝑒𝐼𝐼𝐼])

𝑘−3.1+𝑘3.2
   (3.VI) 

1 +
𝑘3.1[𝐻2𝑂2]

𝑘−3.1+𝑘3.2
=

𝑘3.1[𝐻2𝑂2]([𝐹𝑒𝐼𝐼]
0

−[𝐹𝑒𝐼𝐼𝐼])

𝑘−3.1+𝑘3.2
×

1

[𝐹𝑒(𝐻2𝑂2)2+]
    (3.VII) 

[𝐹𝑒(𝐻2𝑂2)2+] (1 +
𝑘3.1[𝐻2𝑂2]

𝑘−3.1+𝑘3.2
) =

𝑘3.1[𝐻2𝑂2]([𝐹𝑒𝐼𝐼]
0

−[𝐹𝑒𝐼𝐼𝐼])

𝑘−3.1+𝑘3.2
    (3.VIII) 

[𝐹𝑒(𝐻2𝑂2)2+] (
𝑘−3.1+𝑘3.2+𝑘3.1[𝐻2𝑂2]

𝑘−3.1+𝑘3.2
) =

𝑘3.1[𝐻2𝑂2]([𝐹𝑒𝐼𝐼]
0

−[𝐹𝑒𝐼𝐼𝐼])

𝑘−3.1+𝑘3.2
   (3.IX) 

[Fe[H2O2]2+] =
𝑘3.1[H2O2]([FeII]

0
−[FeIII])

𝑘−3.1+𝑘3.2+𝑘3.1[H2O2]
      (3.X) 

Inserting equation 3.X in the rate expression for 
d[FeIII]

dt
 (equation 3.III) leads to: 

d[FeIII]

dt
=

𝑘3.2𝑘3.1[H2O2]([FeII]
0

−[FeIII])

𝑘−3.1+𝑘3.2+𝑘3.1[H2O2]
       (3.XI) 

with 
𝑘3.2𝑘3.1[H2O2]

𝑘−3.1+𝑘3.2+𝑘3.1[H2O2]
 being the observed pseudo first order reaction rate constant of the 

Fenton reaction (k’). 

At very high [H2O2] the expression for k’ should simplify to 

𝑘′ =
𝑘3.2𝑘3.1[H2O2]

𝑘−3.1+𝑘3.2+𝑘3.1[H2O2]
≈

𝑘3.2𝑘3.1[H2O2]

𝑘3.1[H2O2]
= 𝑘3.2     (3.XII) 
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so that at such conditions of high [H2O2] k’ becomes independent of [H2O2] and finally equals 

the rate constant for the decay rate of the intermediate Fe(H2O2)
2+-complex. 

Reaction 3.2 is likely to be dominant at acidic conditions whereas reaction 3.3 is supposed to 

be dominant at circumneutral pH.5  

The present study gives the first kinetic indication for the existence of the Fe-H2O2-complex 

formed as intermediate in the Fenton reaction, examines its pH-dependent stability and, 

correlates these findings with corresponding •OH-yields to investigate if the decay route of the 

iron-peroxo-complex is affected by pH (•OH- vs. FeIV-formation). 

 

3.3 MATERIALS AND METHODS 

3.3.1 CHEMICALS 

Ammonium iron(II) sulfate hexahydrate ((NH4)2Fe(SO4)2 × 6 H2O) (99%) (Sigma Aldrich, 

Germany), ammonium iron(III) sulfate dodecahydrate ((NH4)Fe(SO4)2 × 12 H2O) (≥ 98.5%) 

(Carl Roth, Germany), H2O2 (30%) (AppliChem, Germany), sulfuric acid (H2SO4) (> 95%) 

(Fischer Chemicals, Switzerland), DMSO (99.9%) (VWR, Germany), sodium hydroxide 

solution (NaOH) (1 M) (Bernd Kraft, Germany), sodium methane sulfinate (NaCH3O2S) 

(MSIA) (95%) (Alfa Aesar, Germany), and methane sulfonic acid (CH4O3S) (MSOA) 

(≥ 99.9%) (Merck, Germany) were used as received without further purification. Disodium 

carbonate (Na2CO3) (≥ 99.5%) (Carl Roth, Germany) and sodium bicarbonate (NaHCO3) 

(99.7%) (Riedel de Haën, Germany) were dried at 80 °C overnight before use. Once dried the 

two salts were stored in a desiccator. Solutions of (NH4)2Fe(SO4)2 × 6 H2O, (NH4)Fe(SO4)2 × 

12 H2O and DMSO were prepared by dissolution of an appropriate amount in milli-Q-filtered 
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water (PURELAB ultra, ELGA, Germany) acidified with H2SO4 to pH 1, 2, 3, or 4, 

respectively. Stock solutions of MSIA and MSOA were prepared by dissolution of an 

appropriate amount or volume, in milli-Q-filtered water. A bicarbonate/carbonate buffer stock 

solution was prepared by dissolution of appropriate amounts of dried salts in milli-Q-filtered 

water. 

3.3.2 KINETIC EXPERIMENTS 

Experimental Setup 

Kinetic Fenton experiments were carried out with a stopped-flow system (SFM-20, Biologic, 

France) equipped with a diode array detector (DAD) (TIDAS S 300K, j & m Analytics AG, 

Germany). The system worked with two 10-mL syringes. One of the syringes contained the 

FeII-solution whereas the other syringe contained H2O2 and in the respective case DMSO. 

For each measurement 100 µL out of each syringe were injected with a flow rate of 

3.5 mL min-1 per syringe. Before the two solutions reached the measurement cell – a 10-µL 

quartz cuvette; path length: 10 mm – they were rapidly mixed in a mixing chamber. This led to 

a dead time of 6.4 ms. Spectroscopic data were recorded every millisecond for 2.5 seconds. 

For a schematic figure of the stopped-flow setup see Figure 3.5. 

Experimental conditions 

Experiments were based on the assumption that the observed pseudo first order rate constant 

(k’) of the reaction between FeII and H2O2 should increase and finally reach a plateau with 

increasing [H2O2], as at very high [H2O2] k’ should not depend on [H2O2] anymore but on the 

decay rate of Fe(H2O2)
2+. Consequently, a plateau in k’ with increasing [H2O2] would yield 

kinetic indication for the existence of the postulated intermediate complex formed in the 
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reaction and the value of k’ reached at the plateau could be interpreted as observed first order 

reaction rate constant for its decay (k3.2). 

Kinetics of FeIII-formation from the reaction of FeII (used as (NH4)2Fe(SO4)2 × 6 H2O) with a 

surplus of H2O2 were followed spectrophotometrically under pseudo first order conditions at 

pH 3. The whole spectrum ranging from λ = 190 – 700 nm was recorded every millisecond. 

However, the absorbance maximum at λ = 300 nm was used to follow FeIII-formation whereas 

at other wavelengths no further maxima could be observed. k’ was determined at four different 

[FeII]0 (50 µM, 135 µM, 300 µM, and 500 µM) and varying [H2O2] ranging from 0.005 M to 

1.25 M for [FeII]0 = 50 µM, from 0.0135 M to 1.35 M for [FeII]0 = 135 µM, from 0.03 M to 

1.2 M for [FeII]0 = 300 µM, and from 0.05 M to 1.25 M for [FeII]0 = 500 µM. 

For the four [FeII]0 investigated, the influence of DMSO as radical scavenger was examined at 

pH 3. The required [DMSO] was calculated for each [H2O2] by means of a competition kinetic 

(equation XIII) so that theoretically 99% of all •OH react with DMSO. 

f( OH 
• + DMSO) =

[DMSO]×𝑘( OH+DMSO 
• )

[DMSO]×𝑘( OH+DMSO 
• )+[FeII]×𝑘( OH+FeII

 
• )+[H2O2]×𝑘( OH+H2O2 

• )
)  (3.XIII) 

With f(•OH + DMSO) being the fraction of •OH reacting with DMSO. For the calculation, the 

following rate constants were used.6 

 k(•OH + FeII) = 3 × 108 M-1 s-1 

 k(•OH +H2O2) = 2.7 × 107 M-1 s-1 

 k(•OH + DMSO) = 7 × 109 M-1 s-1 

For 300 µM FeII, additionally the influence of the pH on the development of k’ with increasing 

[H2O2] was studied. pH was adjusted with H2SO4 and varied between 1 and 4 in steps of 1 unit. 

Higher pH values could not be examined due to limited solubility of FeIII. 

All experiments were carried out at room temperature (~ 20 °C). 
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Data evaluation 

All calculations and regression analyses described were performed with OriginPro 2015G. 

For data evaluation at first absorbance measured at 300 nm (Figure 3.6) during Fenton 

experiments was corrected for by blank subtraction. Samples containing equal [H2O2] and as 

appropriate [DMSO] compared to the respective Fenton experiment served as blank. 

Afterwards, the corrected absorbance was converted to the corresponding [FeIII] via calibration 

with (NH4)Fe(SO4)2 × 12 H2O at the same wavelength (Figure 3.7). Even if the calibration was 

quite stable (y = 0.00177 (± 6.05 × 10-5) x – 0.00312 (± 0.0034)) it was performed every 

measurement day in order to correct for random variations of the detector. Calibration standards 

covered a concentration range from 10 to max. 1000 µM FeIII considering the applied [FeII]0. 

By means of a mass balance the FeIII-concentration at a certain time (t) was converted to the 

corresponding FeII-concentration (equation 3.XIV) (Figure 3.8). 

[FeII]t = [FeII]0 – [FeIII]t         (3.XIV) 

Finally, the natural logarithm of [FeII]t over [FeII]0 was calculated to plot −ln
[𝐹𝑒𝐼𝐼]

𝑡

[FeII]0
 vs. time 

(Figure 3.9). From this plot, observed pseudo first order rate constants were derived from the 

slope of a linear regression analysis of the first 15 milliseconds. These observed pseudo first 

order rate constants were plotted against the corresponding [H2O2] to investigate whether there 

is kinetic evidence for the existence of the postulated Fe(H2O2)
2+. 

k3.2 was derived from these data by fitting with an exponential function (equation 3.XV). 

Thereby k3.2 can be derived by extrapolation to infinite [H2O2].
7 

𝑘′ = 𝑘3.2 + 𝐴 × 𝑒
[𝐻2𝑂2]

𝐵         (3.XV) 

with A and B being fitting parameters.7 
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However, those data, which do not exhibit clear plateaus within the investigated range of 

[H2O2], k’ measured at high [H2O2] are not exactly depicted by the function leading to values 

for k3.2, which reveal large statistical errors since the error is leveraged by the strong 

extrapolation to infinite [H2O2]. Unfortunately, it was not possible to determine k’ at higher 

[H2O2], due to the strong background absorbance of H2O2, which largely interfered with FeIII 

absorbance. 

Instead, k3.2 was derived from these data by linear regression analysis of k’ vs. [H2O2] in the 

plateau with a slope of 0. The plateau was defined as the range starting from the highest [H2O2] 

until no overlap of determined standard errors could be observed between k’ at a certain [H2O2] 

and k’ at the next lower [H2O2]. The respective y-intercept equals k3.2 (Table 3.1). 

Corresponding errors correspond to the 95% confidence interval. 

However, both methods are approximations not matching the real value of k3.2 in case of k’ not 

exhibiting a clear plateau at highest [H2O2] investigated.  

Besides k3.2, obtained data also allow determination of second order rate constants (k2nd). Those 

can be determined from the slope of a linear regression analysis of k’ vs. [H2O2] prior to the 

plateau and give information about the overall kinetics of the FeIII-formation. Considering the 

assumption that FeIII is just formed due to the reaction of FeII and H2O2, this rate constant equals 

k2nd of the Fenton reaction. 

3.3.3 DETERMINATION OF 
•OH-YIELDS BY DMSO ASSAY 

Experimental setup 

The utilised IC-system was composed of a Metrohm 883 Basic IC plus, a Metrohm 863 

Compact IC Autosampler, and a Metrohm IC conductivity detector. As column a Metrosep A 
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Supp 4 (250/4.0) was used with particles having a diameter of 9 µm. A bicarbonate/carbonate 

buffer (0.34 mM/0.36 mM) was used as eluent. The flow was set to 1.0 mL min-1. 

Experimental conditions 

For •OH-quantification [FeII]0 was set to 100 µM. Selected [H2O2] were 0.01, 0.05, 0.1, and 

0.25 M corresponding to a maximum H2O2-excess of 2500 times [FeII]0. Besides FeII and H2O2 

samples contained DMSO as radical scavenger, which was used to quantify generated •OH by 

determining the oxidation products MSIA and MSOA. The [DMSO] required to achieve a 

> 99% scavenging of •OH was calculated for each [H2O2] with equation IX. Required 

concentrations ranged from 0.017 to 0.11 M. 

Water, H2O2, and DMSO solutions were adjusted to the desired pH by addition of H2SO4 and 

mixed before starting the reaction by the addition of FeII solution, which was adjusted to the 

same pH. After 10 s of vigorous mixing an aliquot was taken and mixed with 1 mM NaOH to 

precipitate generated FeIII. Each sample was prepared directly before the IC-measurement. 

In order to investigate the contribution of the Fenton-like reaction (reaction 1.12) to the overall 

•OH-yield within the reaction time of 10 s, all experiments were repeated starting with FeIII as 

Fe-source. 

Data evaluation 

Detected peaks of MSIA and MSOA were quantified using calibrations ranging from 0.5 to 

50 µM of the corresponding compounds. Calculated concentrations of MSIA and MSOA in the 

samples were summed up. The •OH-yields correspond to 92% of the combined MSIA and 

MSOA yields (for details see Veltwisch, et al. (1980)8). 
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3.4 RESULTS AND DISCUSSIONS 

Influence of [FeII]0 

Pseudo first order rate constants of FeIII-formation in the Fenton reaction were measured at 

increasing values of [H2O2] in order to investigate whether there is any kinetic indication for 

the existence of an intermediate formed during the reaction of FeII with H2O2. 

All experiments showed fast formation of FeIII. Hence, the above made assumption that the 

term k3.1[H2O2] is much larger compared to k-3.1 is legitimated, as according to the steady state 

approximation FeIII-formation would have been markedly suppressed in case of k-3.1 being much 

larger than k3.1[H2O2].
9 

Figure 3.1 illustrates the development of k’ at increasing values of [H2O2] for four different 

[FeII]0. Regardless of the applied [FeII]0 k’ increases up to [H2O2] = 0.6 M at 50 µM FeII, 

0.675 M at 135 µM FeII, 0.9 M at 300 µM FeII, and 1 M at 500 µM FeII. With further increasing 

[H2O2] k’ becomes independent of [H2O2] and stagnates within the range of the 95% confidence 

intervals (error bars) at about 50 s-1 (Table 3.1). According to assumptions made as basis of 

these experiments the results indicate the formation of an intermediate in the reaction of FeII 

with H2O2 its decay rate would be responsible for the plateau in k’ with increasing [H2O2]. 

Hence, the value of k’ reached at the plateau is interpreted as k3.2 and provides information 

concerning the stability of the intermediate. The data show that the intermediate does not reveal 

any [FeII]0-dependent stability. According to von Sonntag (2008) it is assumed that this 

intermediate is FeOOH+ (Fe(H2O2)
2+).5, 10 The measurement uncertainty increases at high 

[H2O2] due to spectral interferences with the peroxide at the selected wavelength. These 

interferences could not be avoided as detection of FeIII is only possible at 300 nm. Additionally, 

there is a higher measurement uncertainty for smaller [FeII]0 due to limited sensitivity. 
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Figure 3.1: Observed pseudo first order reaction rate constants of the Fenton reaction at 

increasing values of [H2O2]0 measured for different [FeII]0 at pH 3 and T = 20 °C. [FeII]0 = 

50 µM (squares), 135 µM (circles), 300 µM (triangles), and 500 µM (diamonds). The error 

bars indicate the 95% confidence interval of the applied regression analysis. 

The presented data also allow the determination of second order reaction rate constants (k2nd) 

of the Fenton reaction (i.e., H2O2 plus Fe2+). They are derived from a linear regression analysis 

of k’-data until the plateau is reached (see Table 3.1). Values determined for k2nd varied from 

63 ± 2 to 80 ± 5 M-1 s-1 over the range of [FeII]0 investigated. Obtained values for k2nd are 

confirmed by literature. Published values for the Fenton system in the presence of SO4
2− range 

from 63 M-1 s-1 to 89 M-1 s-1. 11-13 Hence, our experimental approach seems suitable to observe 

effects on Fenton kinetics. 
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Table 3.1: First order rate constants for the decay of Fe(H2O2)2+ (k3.2) and second order rate 

constants (k2nd) for the Fenton reaction determined for various [FeII]0 in absence (−) and 

presence (+) of DMSO at various pHs and T = 20 °C. Uncertainties of k3.2 and k2nd represent 

the 95% confidence interval of the y-intercept and the slope of the linear regressions used to 

derive k3.2 and k2nd respectively. 

[FeII]0 [µM] pH DMSO k3.2 [s-1] k2nd [M-1 s1] 

50 3 − 44 ± 2 63 ± 2 

50 3 + 51 ± 4 55 ± 2 

135 3 − 45 ± 2 62 ± 1 

135 3 + 52 ± 1 55 ± 1 

300 1 − 60 ± 1 74 ± 2 

300 2 − 70 ± 4 81 ± 2 

300 3 − 51 ± 1 67 ± 4 

300 3 + 54 ± 2 56 ± 1 

300 4 − 53 ± 4 77 ± 6 

500 3 − 62 ± 1 80 ± 5 

500 3 + n.a. n.a. 

 

Influence of an •OH-scavenger 

In the Fenton chain reaction FeII can be oxidised by several reactions involving different 

oxidants (reactions 1.8, 1.10, and 1.13). With the applied method it cannot be differentiated by 

which pathway the detected FeIII was formed. Therefore, reactions yielding FeIII other than 

oxidation of FeII by H2O2 (reaction 1.8) must be excluded. 

FeIII can also be formed in reactions of •OH (reaction 1.10) and HO2
• (reaction 1.13) with FeII. 

These oxidants are formed in reactions 1.8, 1.9, 1.11, and 1.12. The influence of reaction 1.12 
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on HO2
•-formation can be neglected as this reaction is several orders of magnitude slower than 

reaction 1.8 and is therefore not likely to be relevant in the investigated timeframe (15 ms). 

However, •OH-based reactions (reactions 1.9 and 1.10) must be prevented. This is possible by 

means of an •OH-scavenger. Therefore, DMSO was used that reacts with •OH with a rate of 

7 × 109 M-1 s-1.6 By scavenging of •OH, reaction 1.9 will be suppressed, which is an important 

source of HO2
•. Hence, reactions 1.11 and 1.13 are also suppressed by addition of DMSO and 

FeIII-formation is largely controlled by reaction 1.8.  

In Figure 3.2 k‘ is presented at increasing values of [H2O2] for four different [FeII]0 in the 

presence of the •OH-scavenger DMSO. Even in presence of DMSO, k’ increases up to 

[H2O2] ~ 0.75 M regardless of [FeII]0 except for 500 µM FeII. For this [FeII] k’ increases over 

the entire [H2O2]-range. With further increasing [H2O2] the formation of a plateau in k’ is not 

as pronounced as in absence of the scavenger due to higher scattering of the data. This might 

result from additional spectral interferences caused by DMSO even if spectra were corrected 

for background absorption of H2O2 and DMSO before further calculations. Representative 

blank spectra of 1.05 M H2O2 in absence and presence of DMSO (0.4 M) are shown in Figure 

3.10. 

Table 3.1 compiles decay rates calculated for different [FeII]0  in absence and presence of 

DMSO. k3.2 determined in presence of DMSO ranged from 51 ± 4 s-1 at 50 µM FeII to 54 ± 2 s-1 

at 300 µM FeII. For 500 µM FeII no plateau could be observed and hence, no k3.2 could be 

derived. Considering a 2-tailed t-test there is no significant difference between k3.2 determined 

in absence or presence of DMSO. Consequently, it can be concluded that •OH is neither 

responsible for the plateau in k’ nor does it influence the stability of Fe(H2O2)
2+. This was 

expected as in absence of DMSO •OH are to a large extend scavenged by surplus H2O2 (reaction 

1.9).  
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Figure 3.2: Observed pseudo first order reaction rate constants of the Fenton reaction at 

increasing values of [H2O2]0 measured for different [FeII]0 in presence of DMSO as •OH-

scavenger at pH 3 and T = 20 °C. [FeII]0 = 50 µM (squares), 135 µM (circles), 300 µM 

(triangles), and 500 µM (diamonds). The error bars indicate the standard deviation of three 

independent measurements. 

k2nd calculated from these data are only slightly smaller in presence of DMSO than in its absence 

(see Table 3.1). Since reaction 1.10 cannot be relevant anymore in the presence of DMSO FeIII-

formation via this reaction can be neglected. As the difference of the two systems (presence and 

absence of DMSO) is very small •OH may not be important for reactions with FeII in both 

systems. With increasing [H2O2] reaction 1.10 is suppressed by reaction 1.9 even if reaction 1.9 

is one order of magnitude slower. Hence, in absence of DMSO most •OH react with H2O2 to 

form HO2
•, which could react with both, FeII and FeIII according to reactions 1.13 and 1.14, with 

reaction 1.13 being dominant due to the higher rate constant. By blocking reaction 1.9 the 

presence of DMSO will also indirectly prevent FeIII-formation via reaction 1.13 resulting in an 

overall reduced reaction rate for FeIII-formation. 
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Influence of pH 

As mentioned above, pH influences the Fenton reaction but only little is known about 

underlying mechanisms. Therefore, it was examined whether the pH influences formation and 

stability of Fe(H2O2)
2+. Due to limited solubility of FeIII at pH > 4 (solubility product (Ksp) 

(Fe(OH)3) = 2.79 × 10-39)14 experiments were carried out at  pH 1 – 4. 

Figure 3.3 illustrates the effect of pH on k’ at increasing values of [H2O2]. Data obtained at pH 

1 and 2 differ from those obtained at pH 3 and 4. Regardless of the pH, k’ rises linearly with 

increasing [H2O2] and plateaus at high peroxide concentrations. For pH 1 and 2 growing k’ is 

detected until [H2O2] = 1 M, whereas for pH 3 and 4 the plateau in k’ starts at [H2O2] = 0.75 M. 

Indeed, k’ stagnates at high surplus of [H2O2] for all investigated pH values leading to the 

conclusion that the intermediate Fe(H2O2)
2+ is formed regardless of the pH. According to a 2-

tailed t-test (p = 0.05) significant differences were detected between k3.2-values determined at 

pH 1 – 4 in every combination except for pH 3 and 4. Hence, k3.2 determined at pH 1 and 2 tend 

to be higher compared to those determined at pH 3 and 4 (Table 3.1). As the value of k’ at the 

plateau is interpreted as the decay rate of Fe(H2O2)
2+, a smaller k’ indicates that this complex is 

more stable. Hence, with increasing pH, Fe(H2O2)
2+ becomes more stable. 
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Figure 3.3: Observed pseudo first order reaction rate constants of the Fenton reaction at 

increasing values of [H2O2]0 measured for different pHs at T = 20 °C and [FeII]0 = 300 µM. 

pH 1 (squares), pH 2 (circles), pH 3 (triangles), and pH 4 (diamonds). The error bars indicate 

the standard deviation of three independent measurements. 

As expected k2nd of the reaction FeII with H2O2 determined for the investigated pH values are 

not influenced by the pH. Calculated values are in the range between 67 and 81 M-1 s-1 (Table 

3.1). Despite significant differences (statistical testing was performed by means of a 2-tailed t-

test (p = 0.05)) between k2nd determined at various pHs the absence of any pH-dependent trend 

indicates that the pH does not systematically influence k2nd in the observed pH-range. Rather, 

these differences show up due to measurement and experimental uncertainties. The overall 

reaction rate of the Fenton reaction is controlled by FeII-speciation as Fe(OH)+ and Fe(OH)2
0 

are much more reactive towards H2O2 than Fe2+.15-17 However, Fe2+ is the only FeII-species 

present at pH 1 – 4 explaining that no effect on k2nd could be observed.18 No effect of pH (pH 

1 – 3) was also observed by Bataineh, et al. (2012)3, even if the absolute value for k2nd 
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determined by them is not comparable as they conducted their experiments in non-coordinating 

media and it is already known that SO4
2− accelerates the Fenton reaction.3, 12, 19 

Determination of •OH-yields by DMSO assay 

Different decay routes of the Fe(H2O2)
2+-complex may either result in •OH or other reactive 

species depending on the prevailing pH.5 This was investigated by quantification of the •OH-

yield using DMSO as radical scavenger (see chapter 3.3.3).  

Relative •OH-yields referred to [FeII]0 of 100 µM were determined for different [H2O2] at pH 1 

– 4 (Figure 3.11). •OH-yields tend to increase with the applied H2O2-dosage. Furthermore, •OH-

yields exceeded 100% per added FeII-dose at [H2O2] ≥ 0.05 M. This indicates an increasing 

impact of the Fenton-like reaction, recycling FeIII to FeII (reaction 1.12) that again feeds the 

Fenton reaction (reaction 1.8) and thus, increases the overall •OH-yields. 

In order to quantify the impact of the Fenton-like induced Fe-recycling on the overall •OH-yield 

experiments were repeated using FeIII instead of FeII as primary Fe-source (Figure 3.12). As 

expected, •OH-yields increased with [H2O2] as an increasing [H2O2] accelerates the reaction 

between FeIII and H2O2. 

This surplus in •OH-yield from the FeIII-induced Fenton-cycle can be taken into account by 

subtracting the •OH-yield of the Fenton-like experiments from the overall •OH-yield shown in 

Figure 3.11. Corrected •OH-yields are shown in Figure 3.4. •OH-yields were determined at pH 

1 – 4 at different [H2O2]. The majority of yields does not differ significantly from 100% 

regarding [FeII]0 of 100 µM considering depicted standard errors but show random variations. 

The yields that deviate from 100% can be considered as outlier since yields show no clear trend 

with [H2O2] or pH. Depicted errors consist of standard deviations of three replicate experiments 

for each pH, [H2O2], and Fe oxidation state. The errors also include error propagation as shown 
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•OH-yields were determined by a combination of two independent measurements (i.e. FeII/H2O2 

and FeIII/H2O2-system). The fact that sample preparation and subsequent measurement requires 

an exact schedule also contributes to standard errors. Deviations of a few (milli)-seconds in the 

performance of the schedule can cause noticeable effects on determined •OH-yields. This can 

explain the variation of •OH-yields per [FeII]0 around 100%. Hence, it can be concluded that the 

pH does not systematically affect formation of reactive species in the Fenton reaction between 

pH 1 and 4. 

This result that •OH is the only active oxidant generated in Fenton chemistry at acidic pH is 

confirmed by Bataineh, et al. (2012)3. Also Walling’s work on ionic strength effects in the 

Fenton reaction yielded •OH as sole oxidant at acidic pH. Their conclusion was based on the 

observation that changes of the ionic strength did not affect the reaction of FeII and H2O2 with 

methanol.20-21 A substantial formation of FeIV would result in a •OH-yield below 100% since 

the formation of •OH by reactions of FeIV can be ruled out. Reaction 3.4 only becomes dominant 

when FeII and H2O2 are applied in nanomolar or even smaller concentrations. In this case, the 

resulting [•OH] would not be detectable. In case of larger concentrations of FeII or H2O2 

reactions 3.5 or 3.6 would become dominant not leading to •OH. 

FeO2+ + H2O → FeIII + OH− + •OH   k = 1.3 × 10-2 s-1  (3.4)22 

FeO2+ + FeII + 2 H+ → 2 FeIII + H2O   k = 1.4 × 105 M-1 s-1  (3.5)22 

FeO2+ + H2O2 → FeIII + HO2
• + OH−   k = 1.0 × 104 M-1 s-1  (3.6)22 
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Figure 3.4: Relative •OH-yields referred to [FeII]0 determined for the reaction of 100 µM FeII 

and various concentrations of H2O2 corrected for •OH-yields determined for the reaction of 

100 µM FeIII and same concentrations of H2O2 at pH 1 – 4. Error bars indicate the standard 

deviation of three independent measurements. 

As there is no considerable difference in the •OH-yields in dependence on pH the increased 

stability of Fe(H2O2)
2+ at pH 3 and 4 compared to pH 1 and 2 could not be explained by a 

mechanistic changeover from •OH- to FeIV-generation. Possibly, speciation of formed FeIII 

plays a role in this context, as at pH 1 and 2 Fe3+ is the dominant species whereas Fe(OH)2+ and 

Fe(OH)2
+ are prevalent species at pH 3 and 4, respectively.23 Another possible explanation is 

based on an expected speciation of Fe(H2O2)
2+ that might be in a pH-dependent equilibrium 

with Fe(HO2)
+ (pKa ≈ 3).10 Since stability of the complex was higher at pH > 3 FeOOH+ seems 

to be more stable than Fe(H2O2)
2+.  

The present paper provides the first kinetic indication for the existence of an intermediate FeII-

H2O2-complex formed in the Fenton reaction.5 Hence, widely accepted literature suggesting 

that the reaction between FeII and H2O2 occurs via an inner sphere electron transfer based on 

kinetic modelling data24-27 is consistent with the experimental data reported here. Furthermore, 
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it could be shown that kinetics of the Fenton reaction can be accelerated by increasing [H2O2] 

up to 1 M to a maximum of 60 – 70 s-1. At this reaction kinetics FeII will be consumed very 

rapidly (90% of iron degrades within < 1 s, without considering Fenton-like reaction). These 

fast reaction kinetics can be used in case very small reaction times are provided in a full scale 

application of the Fenton reaction. However, with regard to pollutant degradation •OH-

scavenging by H2O2 must be taken into account at high [H2O2], which will largely decrease the 

efficiency of pollutant degradation. Furthermore, the study revealed that the decay of the 

intermediate FeII-H2O2-complex exclusively yields •OH at pH 1 – 4. The formation of FeIV as a 

reactive species, which could also be used for pollutant degradation seems to be of minor 

importance. This shows that efficient Fenton remediation as part of industrial wastewater 

treatment is possible between pH 1 and 4.  

For on-site application of Fenton’s reagent even feasibility at circumneutral pH is a topic of 

interest. Several researchers proposed a mechanistic changeover from •OH-formation at acidic 

to FeIV-formation at neutral pH.1, 3 In parallel, even other factors like e.g. presence of 

complexing agents influence oxidant formation in Fenton chemistry. •OH as well as FeIV are 

discussed as reactive species in this context. Hence, a systematic investigation of pH-dependent 

effects of complexing agents on the Fenton mechanism, i.e. existence of Fe(H2O2)
2+ as 

intermediate and type of oxidant, is required. To evaluate economic feasibility of Fenton 

remediation in terms of wastewater treatment the nature of the generated reactive species is a 

topic of interest, especially, as FeIV appears to be a more selective oxidant compared to •OH. 

This can largely affect the efficiency of pollutant degradation as well as formation of 

transformation products and by-products. 
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3.5 SUPPORTING INFORMATION 

3.5.1 SCHEMATIC SETUP OF THE APPLIED STOPPED-FLOW SYSTEM 

Figure 3.5 illustrates a schematic drawing of the applied stopped-flow system. Two 10-mL 

syringes are connected with a mixing chamber via capillaries. From this mixing chamber the 

reaction mixture flows into a cuvette with dimensions of 1 × 1 × 10 mm. A waste container is 

connected to the cuvette to collect outflowing samples. 

Two optical fibres are connected to the cuvette. One connecting the light source with the cuvette 

and the other connecting the cuvette with the diode array detector (DAD). 

 

Figure 3.5: Schematic setup of the stopped-flow system. 
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3.5.2 WORKFLOW FROM KINETIC RAW DATA TO PSEUDO FIRST ORDER RATE 

CONSTANTS 

Figure 3.6 shows exemplary raw data (absorbance at 300 nm vs. time) obtained for kinetic 

stopped-flow experiments. 

 

Figure 3.6: Representative spectrum of upcoming absorbance measured at 300 nm over time 

for a sample containing 300 µM FeII and 0.15 M H2O2 at pH 3; insert: magnification of the 

first 0.25 seconds. 

Data exhibit a period of 11 ms of random variation at an almost constant absorbance level 

(absolute values depend on applied reactant concentrations) until an increase in the measured 

absorbance is detected. This results from the setup of the stopped-flow system (Figure 3.5). The 

total volume of capillaries, mixing chamber and the cuvette is 134.2 µL. With an injection 

volume of 100 µL per syringe the whole path is flushed until the whole system contains the 

intended reaction mixture. Recording of data starts before the flushing process has finished 
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resulting in the 11 ms period of almost constant data, which is therefore cut off prior to the data 

evaluation. 

Figure 3.7 depicts the same data as shown in Figure 3.6 after conversion of measured 

absorbance to the corresponding [FeIII]t using a calibration curve recorded prior to Fenton 

experiments. 

 

Figure 3.7: Representative FeIII-formation over time for a sample containing 300 µM FeII 

and 0.15 M H2O2 at pH 3. 

This [FeIII]t is then converted to the corresponding [FeII]t by means of a mass balance 

considering the applied [FeII]0 as FeIII can just result from the oxidation of added FeII. 

Respective data are presented in Figure 3.8. 
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Figure 3.8: Representative decreasing [FeII] ([FeII]0 = 300 µM) over time after addition of 

0.15 M H2O2 at pH 3. 

Figure 3.9 shows the final plot of −ln
[𝐹𝑒𝐼𝐼]

𝑡

[FeII]0
 vs. time, which is used to derive intended pseudo 

first order rate constants by linear fitting of data of the first 15 ms (i.e. 12 – 26 ms without 

correction). The time of 15 ms was chosen for the fit as with increasing [H2O2] data more and 

more deviated from the expected linear relationship between −ln
[𝐹𝑒𝐼𝐼]

𝑡

[FeII]0
 and time (Figure 3.8). 

This deviation can be explained by the increasing influence of reaction 6 with increasing 

[H2O2]. Data of the first 15 ms showed the required linear correlation for all applied [H2O2] and 

hence, could yield pseudo first order rate constants for the very beginning of the reaction. 
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Figure 3.9: a) Representative graphic of -ln([FeII]t/[FeII]0) vs. time measured for samples 

containing 300 µM FeII and 0.03 (black), 0.3 (grey), and 0.75 M (red) H2O2, respectively. 

Figure b) is a magnification of the first 0.05 s to illustrate the linearity of data in the first 

15 ms which are used for the determination of k’. 

 

3.5.3 REPRESENTATIVE BACKGROUND SPECTRA OF H2O2 IN ABSENCE AND 

PRESENCE OF DMSO 

Figure 3.10 shows the absorbance at 300 nm measured for 1.05 M H2O2 in absence and presence 

of 0.4 M DMSO. Absorbance measured in presence of DMSO is higher than in its absence. The 

higher background absorbance results in a higher total absorbance measured for Fenton samples 

(FeII + H2O2 + DMSO) and consequently in data with higher noise. Hence, pseudo first order 

rate constants determined from these data are more uncertain. 
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Figure 3.10: Representative background spectra of 1.05 M H2O2 in absence (black) and presence 

(red) of 0.4 M DMSO. 
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3.5.4 
•OH-YIELDS DETERMINED IN THE FENTON AND FENTON-LIKE SYSTEM AT 

PH 1 – 4 

Figure 3.11 shows relative •OH-yields referred to [FeII]0 of 100 µM determined for different 

[H2O2] at pH 1 – 4. 

 

Figure 3.11: Relative •OH-yields referred to [FeII]0 determined for the reaction of 100 µM 

FeII and various concentrations of H2O2 at pH 1 – 4. Error bars indicate the standard 

deviation of three independent measurements. 

Figure 3.12 illustrates relative •OH-yields of the Fenton-like reaction determined at same 

[H2O2] and pH as in FeII based experiments. 
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Figure 3.12: Relative •OH-yields referred to [FeII]0 determined for the reaction of 100 µM 

FeIII and various concentrations of H2O2 at pH 1 – 4. Error bars indicate the standard 

deviation of three independent measurements. 
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4.1 ABSTRACT 

Effects of organic chelates on kinetics and generation of reactive species by the Fenton reaction 

(ferrous iron + hydrogen peroxide) are subject of controversial discussions and strongly depend 

on experimental conditions. 

The present study systematically investigates pH-dependent kinetics of Fenton reactions in 

presence of diethylenetriaminepentaacetic acid (DTPA), ethylenediaminetetraacetic acid 

(EDTA), N-hydroxyethylenediaminetriaacetic acid (HEDTA), and nitrilotriacetic acid (NTA) 

with special interest in the existence of an intermediate iron-peroxo-complex. 

Results indicate the existence of this intermediate regardless of pH and applied type of ligand 

(L). For each ligand it was found that the reaction rate constant for the decay of an intermediary 

formed FeII-L(H2O2)-complex increases with increasing pH. This indicates that FeII-L(H2O2) 

forfeits stability with increasing pH. Regardless of the applied pH FeII-L(H2O2) decay rate 

follows the order: NTA < HEDTA < DTPA < EDTA. Derived second order reaction rate 

constants for the ligand-assisted Fenton reaction changed in their order with increasing pH 

indicating pH-dependent changes in their oxidation/reduction potential. 

Additionally, pH-dependent hydroxyl radical yields were determined. It was found that 100% 

hydroxyl radicals are generated with respect to applied iron concentrations regardless of pH 

and ligand. Thus, considerable formation of more selective tetravalent iron as reactive species 

can be ruled out. 

 

 

 



Influence of organic chelating agents on the Fenton reaction – Reaction kinetics and •OH-yields 

 
81 

 

4.2 INTRODUCTION 

The reaction of ferrous iron (FeII) with hydrogen peroxide (H2O2) is known as Fenton reaction. 

As described above the “classical Fenton mechanism” comprises reactions 1.8 – 1.15.1-2 This 

mechanism includes catalytic cycling between FeII and ferric iron (FeIII), which enables 

continuous production of highly reactive hydroxyl radicals (•OH) until H2O2 is fully 

consumed.1-2  

Reaction 1.8 is accelerated with increasing pH. This can be attributed to the formation of FeII-

hydroxide species. Fe(H2O)4(OH)2, for example, is about ten times more reactive towards H2O2 

than Fe(H2O)6
2+.3 However, at pH values > 3, FeIII precipitates, which suppresses the Fenton-

like reaction (reaction 1.12) and results in undesired sludge formation and thus, terminates 

catalytic recycling of FeIII into FeII. This outweighs the benefits of an accelerated reaction 1.8. 

One possibility to keep FeIII dissolved at pH > 3 is the addition of ligands, which form soluble 

complexes with FeIII. In general ligand-assisted Fenton reactions can be formulated as follows: 

FeII-L + H2O2 → FeIII-L + OH− + •OH      (4.1) 

However, literature indicates that ligands affect kinds and yields of reactive species generated 

in the Fenton reaction. However, the controversies mentioned in chapter 1.4.4 point out that 

effects of ligands in Fenton chemistry are not sufficiently understood yet. Ligand effects in 

Fenton chemistry will be relevant in terms of remediation of contaminated sites or wastewater 

treatment. Hence, it is important to investigate ligand effects for improving process control in 

the Fenton reaction and thus, economic feasibility and assessment of transformation or by-

products. 

The present study investigates the pH-dependent influence of different organic chelates (DTPA, 

EDTA, HEDTA, and NTA) on the Fenton reaction. Mechanistic aspects such as formation of 
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an intermediate iron-peroxo-complex, which would indicate the reaction occurring via an inner 

sphere electron transfer, are addressed as well as reaction kinetics and the yield of generated 

reactive species. Obtained results are discussed with respect to their relevance in practical 

applications.  

 

4.3 MATERIALS AND METHODS 

4.3.3 CHEMICALS 

Ammonium iron(II) sulfate hexahydrate ((NH4)2Fe(SO4)2 × 6 H2O) (99%) (Sigma Aldrich, 

Germany), ammonium iron(III) sulfate dodecahydrate ((NH4)Fe(SO4)2 × 12 H2O) (≥ 98.5%) 

(Carl Roth, Germany), hydrogen peroxide (H2O2) (30%) (AppliChem, Germany), sulfuric acid 

(H2SO4) (> 95%) (Fischer Chemicals, Switzerland), sodium hydroxide solution (NaOH) (1 M) 

(Bernd Kraft, Germany), dimethyl sulfoxide (DMSO) (Merck, Germany), sodium methane 

sulfinate (NaCH3O2S, MSIA) (95%) (Alfa Aesar, Germany), methane sulfonic acid (CH4O3S, 

MSOA) (≥ 99.9%) (Merck, Germany), diethylenetriaminepentaacetic acid (≥ 99.0%) (Fluka, 

Germany), ethylenediaminetetraacetic acid disodium salt dihydrate (≥ 99.0%) (Merck, 

Germany), N-(2-hydroxyethyl)-ethylenediamine-N,N,N’-triacetic acid trisodium salt (≥ 99.0%) 

(Fluka, Germany), and nitrilotriacetic acid (≥ 99.0%) (Sigma-Aldrich, Germany) were used as 

received without further purification. Disodium carbonate (Na2CO3) (≥ 99.5%) (Carl Roth, 

Germany) and sodium bicarbonate (NaHCO3) (99.7%) (Riedel de Haën, Germany) were dried 

at 80 °C overnight before use. Once dried, the two salts were stored in a desiccator. Solutions 

of (NH4)2Fe(SO4)2 × 6 H2O, (NH4)Fe(SO4)2 × 12 H2O and DMSO were prepared by dissolution 

of an appropriate amount in ultrapure water (PURELAB ultra, ELGA, Germany) pH-adjusted 

with H2SO4 or NaOH to the respective pH. Stock solutions of MSIA and MSOA were prepared 
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by dissolution of an appropriate amount or volume, respectively, in ultrapure water. A 

bicarbonate/carbonate buffer stock solution was prepared by dissolution of appropriate amounts 

of dried salts in ultrapure water and was used to prepare bicarbonate/carbonate buffer as eluent 

for IC-measurements. 

4.3.2 KINETIC EXPERIMENTS 

Experimental setup 

Kinetic Fenton experiments were performed with a stopped-flow system (SFM-20, Biologic, 

France) using a diode array detector (DAD) (TIDAS S 300K, j & m Analytics AG, Germany). 

The system worked with two 10-mL syringes, one of them containing FeII-solution and the 

other containing H2O2 and the respective ligand solution. 

100 µL out of each syringe were injected per measurement applying a flow rate of 3.5 mL min-1 

per syringe. After being rapidly mixed in a mixing chamber, injected solutions reached the 

measurement cell – a 10-µL quartz cuvette; path length: 10 mm. Spectroscopic data were 

recorded every 0.4 ms for 1 s. 

A schematic figure of the stopped-flow setup is shown in Figure 3.5.4  

Experimental conditions 

Observed pseudo first order reaction rate constants of FeIII-formation from the reaction of FeII-

chelates with a surplus of H2O2 were determined spectrophotometrically. Spectra ranging from 

λ = 190 – 700 nm were recorded (for an example spectrum see Figure 4.5). The absorbance 

detected at λ = 300 nm was utilised to observe FeIII-formation. Indeed, different iron complexes 

show different molar absorptivities, even depending on the protonation level for each ligand. 
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However, as calibration was conducted separately for each ligand at respective pH values, these 

differences can be neglected. 

For these experiments [FeII]0 was chosen to be 100 µM, [H2O2] ranged from 0.001 to 0.25 M 

and respective ligand concentrations equalled the fivefold [FeII]0. Investigated pH values ranged 

from 2 to 6 in presence of DTPA, HEDTA, and NTA, respectively, and from 2.5 to 6 in presence 

of EDTA due to limited solubility of EDTA at lower pH. As experiments were conducted 

without buffer changes of pH during the reaction must be taken into account. However, 

preliminary experiments had shown that changes of pH are not relevant in the observed time 

frame (data not shown). 

All experiments were performed as triplicates at room temperature (~ 20 °C). 

Data evaluation 

All calculations and regression analyses described were performed with OriginPro 2015G. 

It is assumed that reactions formulated for formation and pH-dependent decay of the 

intermediate iron-peroxo-complex are true even in presence of organic chelates. Consequently, 

in presence of ligands (L) these equations are formulated as follows (reactions 4.2 – 4.4): 

FeII-L + H2O2 ⇌ FeII-L(H2O2)       (4.2) 

FeII-L(H2O2) → FeIII-L + OH− + •OH      (4.3) 

FeII-L(H2O2) → FeIVO-L + H2O       (4.4) 

Depending on pH and type of ligand the intermediate iron-peroxo-ligand-complex 

(FeII-L(H2O2)) will reveal a certain charge, which is not indicated due to its high variability. 

Additionally, the oxidation state of iron is of much more interest than the net-charge of the 

complex. 
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For data evaluation the measured absorbance at 300 nm was corrected for by blank subtraction. 

Samples containing equal H2O2 and ligand concentrations compared to the respective Fenton 

experiment served as blanks. Corrected absorbance was then converted to the corresponding 

[FeIII] via calibration with (NH4)Fe(SO4)2 × 12 H2O complexed by the respective ligand at the 

same wavelength. Calibration was performed every laboratory day at the different pH values 

and ligand conditions as applied in the kinetic experiments. The ligand concentration was in 

excess over all [FeIII]. The varying [FeIII]/[ligand]-ratio did not influence the measured 

absorbance at 300 nm (data not shown). Calibration standards were prepared from 10 to 250 µM 

FeIII. It was assumed that the maximum [FeIII] ([FeIII]max) did not exceed the applied [FeII]0. 

The ratio of [FeIII] at a certain time (t) ([FeIII]t) to [FeIII]max was calculated and plotted vs. time. 

From this plot, observed pseudo first order reaction rate constants for FeIII-formation (k4.1’) 

were derived from an exponential fit function (equation 4.I) applied for data obtained in the 

first 60 ms. This method enables derivation of k1’ in case of very fast reactions, for which the 

method to derive k4.1’ from a linear fit of the plot ln(c/c0) vs. time fails (for further information 

and explanations see chapter 4.5.3). Assuming that in the observed time span FeIII is only 

generated by the reaction of FeII with H2O2, k4.1’ can be also denoted as observed pseudo first 

order reaction rate constant of the Fenton reaction. 

[𝐹𝑒𝐼𝐼𝐼]
𝑡

[FeIII]max
= N ∙ (1 − e−𝑘4.1

′(t−0.0064))      (4.I) 

with N being a factor, which was introduced in the equations due to a random error occurring 

in the maximum value. The value of 0.0064, which is subtracted from the time (t) results from 

the dead time of the system, in which no data can be recorded. 
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These k4.1’ were plotted vs. corresponding [H2O2] in order to derive the first order reaction rate 

constant for the decay of FeII-L(H2O2)
 (reaction 4.2) (k4.2) as well as second order reaction rate 

constants (k4.1
2nd) of ligand-assisted Fenton reaction (reaction 4.1) (see Figure 4.8). 

4.3.3 DETERMINATION OF 
•OH-YIELDS BY ION CHROMATOGRAPHY 

Experimental setup 

The IC-system, which was used to quantify MSIA and MSOA, was composed of a Metrohm 

883 Basic IC plus, a Metrohm 863 Compact IC Autosampler, and a conductivity detector 

coupled with chemical suppression. As column a Metrosep A Supp 4 (250/4.0) was used with 

particles having a diameter of 9 µm. A bicarbonate/carbonate buffer (0.34 mM/0.36 mM) was 

used as eluent. The flow was set to 1.0 mL min-1. 

Experimental conditions 

Concentrations of FeII and ligand were chosen as for kinetic measurements. Regarding [H2O2] 

and pH a smaller set of conditions was applied compared to the kinetic studies due to high 

experimental effort. Selected [H2O2] were 0.01, 0.05, 0.1, and 0.25 M. For investigation of the 

pH effect pH values ranging from 2 to 6 were adjusted. 

These samples also contained DMSO as radical scavenger, which was used to quantify 

generated •OH by means of its oxidation products MSIA and MSOA.5 [DMSO] required to 

achieve a ≥ 99 % scavenging of •OH was calculated for each [H2O2] and type of ligand by 

means of a competition kinetic (equation 4.II). Required concentrations ranged from 0.015 to 

0.175 M. 

f( OH 
• + DMSO) =

[DMSO]×𝑘( OH+DMSO 
• )

[DMSO]×𝑘( OH+DMSO 
• )+[FeII]×𝑘( OH+FeII

 
• )+[H2O2]×𝑘( OH+H2O2 

• )+[ligand]×𝑘( OH+ligand 
• )

 (4.II) 
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With f(•OH + DMSO) being the fraction of •OH reacting with DMSO. For calculations, the 

following rate constants were used.6 

 k(•OH + FeII) = 3 × 108 M-1 s-1 

 k(•OH + H2O2) = 2.7 × 107 M-1 s-1 

 k(•OH + DMSO) = 7 × 109 M-1 s-1 

 k(•OH + DTPA) = 2.3 × 109 M-1 s-1 

 k(•OH + EDTA) = 2 × 109 M-1 s-1 

 k(•OH + HEDTA) = 1.1 × 1010 M-1 s-1 

 k(•OH + NTA) = 2.5 × 109 M-1 s-1 

Note that the above values do not include corresponding metal complexes, which may reveal 

different reaction rate constants. However, reaction rates of metal chelates are smaller or at 

most similar compared to those of free ligands (e.g. k(•OH + FeIII-DTPA)7 = 1.5 × 109 M-1 s-1, 

k(•OH + FeIII-EDTA)8 = 5.0 × 108 M-1 s-1, k(•OH + FeIII-NTA)9 = 1.1 × 108 M-1 s-1). 

In analogy to experiments described elsewhere, water, H2O2, DMSO and the respective ligand 

solution were adjusted to the desired pH by addition of H2SO4 and NaOH, respectively, and 

mixed before starting the reaction by adding FeII-solution of the same pH.4 After 10 s of 

vigorous mixing an aliquot of the sample (1.2 mL) was taken and mixed with 7.8 mL 1 mM 

NaOH straight prior to IC-measurement.  

In order to investigate the contribution of the Fenton-like reaction to the overall •OH-yield 

within the reaction time of 10 s, all experiments were repeated starting with FeIII as Fe source. 

For these experiments FeIII-solution contained the respective ligand to avoid precipitation of 

FeIII prior to the reaction, especially at pH > 3. 
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Experiments were carried out as triplicates and performed at room temperature (~ 20 °C). 

 Data evaluation 

Detected peaks of MSIA and MSOA were quantified using calibrations ranging from 0.5 to 

20 µM of the corresponding compounds. Calculated concentrations of MSIA and MSOA in the 

samples were summed up considering error propagation. The •OH-yields correspond to 92% of 

the sum of MSIA and MSOA yields (for details see Veltwisch, et al. (1980)5). To determine 

•OH-yields of exclusively the Fenton reaction (without Fenton-like reaction) •OH-yields 

obtained from FeIII-based experiments were subtracted from those obtained from FeII-based 

experiments. Error propagation was taken into account. 

 

4.4 RESULTS AND DISCUSSION 

4.4.1 KINETIC EXPERIMENTS 

Observed pseudo first order reaction rate constants of FeIII-formation in ligand-assisted Fenton 

reactions were measured at increasing values of [H2O2] to investigate formation and lifetime of 

the intermediate iron-peroxo-complex in presence of organic chelates as done in a previous 

study in absence of such ligands.4 Investigated chelates differ in size, number of Lewis base 

groups potentially participating in Fe-complexation, and the ratio of amino groups to carboxylic 

groups. The complex formation constants of these complexing agents increase with the number 

of their Lewis base groups (see Table 1.1). 

Figure 4.1 shows the observed pseudo first order reaction rate constants of FeIII-formation in 

ligand-assisted Fenton reactions (k4.1’) at increasing [H2O2] in presence of EDTA at pH 2.5 to 
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6. Regardless of pH, k4.1’ first increases with increasing [H2O2] and tends to reach a plateau at 

very high [H2O2]. 

As described in our preceding work, in case of an iron-peroxo-complex generated as 

intermediate in the reaction of FeII with H2O2 k4.1’ will become independent of [H2O2] in case 

of high [H2O2] (equation (4.III)).4  

𝑘4.1′ =
𝑘4.3𝑘4.2[𝐻2𝑂2]

𝑘4.2[𝐻2𝑂2]
≈ 𝑘4.3        (4.III) 

with kx being the reaction rate constant of a certain reaction x. Hence, k4.1’ at high [H2O2] equals 

the first order reaction rate constant for the decay of FeII-L(H2O2) (k4.3) (reaction 4.3). The value 

of k4.1’ reached in the plateau, i.e. k4.3, increases with increasing pH, indicating that the 

intermediate FeII-L(H2O2) forfeits stability with increasing pH. At pH 5 and 6 k4.1’ could not be 

determined at [H2O2] ≥ 0.2 M as the reaction was too fast. 

 

Figure 4.1: pH-dependent observed pseudo first order reaction rate constants of FeIII-

formation in EDTA-assisted Fenton reactions determined at [H2O2] = 0.001 – 0.25 M. 

Depicted error bars indicate the 95% confidence interval of the applied regression analyses. 
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Similar figures were obtained for experiments carried out in presence of DTPA or HEDTA 

(Figure 4.9, Figure 4.10). Corresponding second order reaction rate constants (k4.1
2nd) for all 

investigated ligands are compiled in Table 4.1. Note that second order reaction rate constants 

(k4.1
2nd) were derived from FeIII induced absorbance measurements. Hence, derived constants 

must be ascribed to reaction 4.1. 

 

Table 4.1: Second order rate constants of ligand-assisted Fenton reactions (L-FeII + H2O2) 

at various pH values. [L]:[FeII] = 5:1. Statistical errors of k4.1
2nd represent the 95% 

confidence interval of the slope of the linear regression used to derive k4.1
2nd. 

pH k4.1
2nd×10-3 [M-1 s-1] 

DTPA 

k4.1
2nd×10-3 [M-1 s-1] 

EDTA 

k4.1
2nd×10-3 [M-1 s-1] 

HEDTA 

k4.1
2nd×10-3 [M-1 s-1] 

NTA 

2 0.4 ± 0.04 cannot be 

determined a 

0.3 ± 0.03 0.1 ± 0.03 

2.5 0.9 ± 0.2 4.3 ± 0.5 0.9 ± 0.1 n. d. 

2.75 3.2 ± 0.3 8.3 ± 0.8 2.0 ± 0.2 n. d. 

3 3.9 ± 0.7 13.8 ± 0. 9 3.12 ± 0.6 1.4 ± 0.2 

3.25 6.3 ± 1.0 14.0 ± 0.7 3.63 ± 0.7 n. d. 

3.5 14.5 ± 2.0 13.2 ± 0.6 6.23 ± 1.1 n. d. 

3.75 14.6 ± 1.6 14.1 ± 0.3 6.86 ± 1.1 n. d. 

4 17.4 ± 1.4 13.7 ± 0.4 10.9 ± 1.6 1.6 ± 0.2 

4.5 17.8 ± 0.7 n. d. 13.5 ± 1.6 n. d. 

5 17.7 ± 0.9 12.4 ± 0.2 19.1 ± 2.2 1.9 ± 0.2 

6 15.9 ± 0.7 10.3 ± 0.1 21.9 ± 2.3 1.9 ± 0.2 

a in presence of EDTA k4.1
2nd could not be determined at pH 2 due to limited solubility of EDTA 

at low pH, n. d.: not determined 
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In case of Fe complexed by DTPA k4.1
2nd increased from (0.4 ± 0.04) × 103 M-1 s-1 at pH 2 to 

(17.8 ± 0.7) × 103 M-1 s-1 at pH 4.5. Considering the statistical errors rate constants determined 

at pH ≥ 3.5 are almost constant. A similar trend was observed when rate constants were 

determined in presence of EDTA or NTA. In case of EDTA k4.1
2nd is almost constant at pH ≥ 3, 

in case of HEDTA and NTA k4.1
2nd tends to stagnate at pH ≥ 5. 

Previously published data are available for the investigated ligands at circumneutral pH (7.0 – 

7.4). Unfortunately, it was not possible to derive reaction rate constants at pH > 6 with the 

described experimental setup as initial reaction kinetics were too fast. Published values 

determined for k4.1
2nd in presence of DTPA range from 0.51 × 103 M-1 s-1 to 2.7 × 103 M-1 s-1.10-

13 In presence of EDTA k4.1
2nd was determined to be about 7 × 103 M-1 s-1.10-11, 13 In case of 

HEDTA-assisted Fenton reactions values for k4.1
2nd between 10 × 103 M-1 s-1 and 

42 × 103 M-1 s-1 were determined.11, 13 In presence of NTA k4.1
2nd was determined to be 

9.7 × 103 M-1 s-1. These data are comparable to ours even if pH-conditions do not coincide, but 

as mentioned above for the investigated chelates almost no changes in determined k4.1
2nd could 

be detected at pH ≥ 5.  

Oxidation-reduction potentials (E) of chelated FeIII/FeII pairs are considerably lower compared 

to the FeIII(H2O)6/FeII(H2O)6 pair.14 That is why determined second order reaction rate constants 

are much higher in presence of such ligands compared to the Fe(H2O)6-complex.15 At pH 2 for 

selected iron chelates E decreases in the order NTA > DTPA > CDTA > EDTA.14 Hence, at 

that pH FeII-EDTA is the strongest reducing agent and reaction kinetics is expected to be fastest 

in the EDTA-assisted Fenton reaction. Even though at pH 2 k4.1
2nd could not be measured in 

presence of EDTA for reasons mentioned above this hypothesis is corroborated by data 

determined at pH 2.5 (EDTA showed fastest k4.1
2nd). Overall, the ligand-assisted Fenton 

reactions under study corroborate the trend of k4.1
2nd vs. E. However, no E(FeIII-HEDTA/FeII-
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HEDTA)  is available, but from the kinetic data one can deduce that it might be between E(FeIII-

NTA/FeII-NTA) and E(FeIII-DTPA/FeII-DTPA) at pH 2. 

At higher pH values the order of k4.1
2nd changes for the different iron chelates investigated. 

Between pH 2.5 and 3.25 k1
2nd determined in presence of EDTA is fastest while between pH 

3.25 and 4.5 the DTPA-assisted Fenton reaction revealed the highest reactivity. However, at 

pH > 4.5 the Fenton reaction is fastest in presence of HEDTA. This observation indicates that 

E of different iron chelates is influenced by pH possibly due to changes in the ligand’s electronic 

structure caused by pH-dependent speciation. 

Figure 4.2 correlates first order reaction rates for the decay of the intermediate FeII-L(H2O2) 

(i.e., k4.3) in presence of DTPA, EDTA, or HEDTA, respectively, with the ratio of nitrogen to 

oxygen based functional groups (N/O-ratio) of the respective ligand at various pH values. It can 

be derived from the figure that k4.3 increases with pH and decreases with the N/O-ratio of the 

ligands. This corroborates the findings of Welch, et al. (2002)16 that oxygen rich chelates 

stabilise FeIII and thus, promote oxidation of FeII whereas nitrogen rich chelates stabilise FeII 

and thus, hamper its oxidation. As the actual oxidation step occurs during the decay of the 

intermediate complex, it is reasonable that ligands with a higher proportion of O-based 

functional groups accelerate k4.3. 
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Figure 4.2: First order reaction rate constants for the decay of the intermediate FeII-

L(H2O2)-complexes in dependence on pH and N/O-ratio of the respective ligand. 

Kinetic data obtained in presence of NTA did not match the trend of other chelates investigated. 

An increase in [H2O2] did not result in a distinct plateau of determined k4.1’ (Figure 4.3). Hence, 

no first order rate constants for the decay of the intermediate Fe-NTA(H2O2) -complex could 

be derived from these data. However, there is no linear increase on k4.1’ over the entire [H2O2]-

range. Instead data tend to form a plateau at high [H2O2] indicating k4.1’ becoming independent 

from [H2O2] at even higher [H2O2]. Unfortunately, it was not possible to investigate higher 

[H2O2] due to high background absorbance caused by high [H2O2]. Possibly, denticity of 

ligands is responsible for differences between NTA and the other ligands. Assuming relevance 

of all available functional groups 5, 6, or 8 coordination sites at the iron centre will be covered 

by the ligand in case of HEDTA, EDTA, and DTPA, respectively, whereas only four 

coordination sites of the iron will be occupied by NTA. In case of EDTA, a seventh coordination 
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site is known to be occupied by an additional H2O- or OH−-ligand. In case of tetra-dentate NTA, 

several complex structures are discussed, as for example those involving aqua or hydroxyl 

ligands or complexes composed of one Fe-ion and two NTA-molecules.17-20 

 

Figure 4.3: pH-dependent observed pseudo first order rate constants of FeIII-formation in 

NTA-assisted Fenton reactions determined at [H2O2] = 0.001 – 0.25 M.  Depicted error bars 

indicate the 95% confidence interval of the applied regression analyses. 

 

4.4.2 DETERMINATION OF 
•OH-YIELDS 

Variations in the decay route of the FeII-L(H2O2)-complex might influence the type of generated 

reactive species. As in literature reactive species involved in ligand-assisted Fenton reactions 

are a subject of controversial discussions we systematically investigated pH-dependent •OH-

yields in presence of DTPA, EDTA, HEDTA, or NTA using DMSO as radical scavenger. 

Relative •OH-yields referred to [FeII]0 of 100 µM were determined for different [H2O2] at pH 2 

– 6 except for EDTA-based experiments (Figure 4.11). Regardless of the applied ligand, •OH-
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yields increased with increasing [H2O2] without significant difference between investigated pH-

values. Furthermore, •OH-yields exceeded 100 % at [H2O2] ≥ 0.05 M (in case of DTPA assisted 

reactions at [H2O2] ≥ 0.01 M). This can be explained by an increasing effect of the Fenton-like 

reaction (reaction 1.12). Recycling FeIII to FeII re-feeds the Fenton reaction (reaction 1.8) and 

hence, increases overall •OH-yields. 

Analogous experiments were performed using FeIII instead of FeII as primary Fe-source in order 

to evaluate the effect of the Fenton-like reaction on overall •OH-yields. As expected, increasing 

[H2O2] caused increasing •OH-yields as reaction 1.12 is accelerated by increasing [H2O2] 

(Figure 4.12). 

The contribution of reaction 1.12 on the overall •OH-yields was assessed by subtracting •OH-

yields of the FeIII-based experiments from overall •OH-yields. Corresponding data for [H2O2] 

= 0.1 M are shown in Figure 4.4 (•OH-yields determined at further [H2O2] are compiled in 

Figure 4.13). 2-Tailed t-tests (p = 0.05) yielded significant differences for •OH-yields at most 

pH-values and [H2O2] within each ligand as well as between different ligands. However, no 

trend could be observed in •OH-yields with regard to pH, [H2O2] or type of ligand. Considering 

depicted standard deviations •OH-yields can be assumed to be around 100% with respect to 

[FeII]0. This indicates that •OH is the only relevant oxidant generated in ligand-assisted Fenton 

reactions at all investigated experimental conditions. Dominant or even exclusive formation of 

FeIV as proposed in some previous studies would result in •OH-yields substantially below 100% 

referred to [FeII]0 as FeIV is not expected to react with DMSO forming MSIA and MSOA. 

Instead dimethyl sulfone is built in the reaction of DMSO with FeIV as shown by Pestovsky, et 

al. (2005)21. Although •OH could also be generated by FeIV via reaction 1.19, this reaction can 

hardly compete with reaction 1.20 and 1.21. Indeed, reaction 1.19 may only become important 

in presence of nM or even smaller concentrations of FeII and H2O2. Otherwise, either reaction 

1.20 or 1.21 prevails not yielding any •OH.4, 22 
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Figure 4.4: Relative •OH-yields referred to [FeII]0 of 100 µM determined at [H2O2] = 0.1 M 

at pH 2 – 6 in presence of DTPA, EDTA, HEDTA, or NTA. •OH-yields were calculated by 

subtracting •OH-yields determined in experiments using FeIII as primary iron source from 

those determined in experiments using FeII as primary iron source to correct overall yields 

for the contribution of the Fenton-like reaction. Error bars indicate standard deviations of 

three independent measurements including error propagation. 

 

That •OH are the only oxidant generated in ligand-assisted Fenton reactions is also reported in 

literature at least for circumneutral pH.10, 13, 23-25 In parallel, other studies suggested formation 

of FeIV as reactive species in Fenton chemistry depending on the type of ligand,12, 15, 26 which 

could not be confirmed by our results. Possibly, this inconsistency results from differences in 

experimental procedures and reaction conditions and hence, underlines that literature lacks 

systematic investigations of pH effects on oxidant formation in ligand-assisted Fenton reactions 

involving different organic chelates.  

For all ligands of interest a decreased stability of the intermediate FeII-L(H2O2)-complex was 

observed with increasing pH. As different oxidants are discussed as reactive species in Fenton 

chemistry it seemed possible that differences in kinetics might result in different decay routes 
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of the detected intermediate. However, the ~ 100% •OH-yields determined regardless of ligand, 

pH and [H2O2] indicate that the decreased stability of FeII-L(H2O2) cannot be related with a 

mechanistic changeover from •OH- to FeIV-formation with increasing pH. Thus, it is more likely 

that the decreased stability of the intermediate FeII-L(H2O2)-complex can be ascribed to the pH-

dependent speciation of the iron-complexes. It is conceivable that this speciation might change 

the electron density distribution in the FeII-L(H2O2)-complex, which in turn affects the stability 

of that complex.  

Based on depicted data, the present paper provides kinetic indication for the formation of an 

intermediate FeII-L(H2O2)-complex in ligand-assisted Fenton reactions. The existence of an 

iron-peroxo-complex generated as intermediate in the Fenton reaction was already indicated 

earlier in absence of organic chelates.4 Hence, results of this study show that the reaction 

mechanism, i.e. formation of an intermediate Fe-L(H2O2)-complex via an inner sphere electron 

transfer from the H2O2-ligand to the Fe-centre27 remains unaffected by such ligands. Indeed, it 

was shown that primary reactions of the Fenton process are accelerated with increasing pH but 

the final oxidant, •OH, is generated regardless of applied conditions. 

This may allow to use the Fenton reaction for remediation or as part of industrial wastewater 

treatment in presence of chelating agents at pH 2 – 6. The fact that a ~ 100% conversion of FeII 

into •OH occurred regardless of pH and type of ligand indicates that very recalcitrant pollutants 

can also be degraded by the energy efficient Fenton process in other fields than industrial 

wastewater treatment.28 Formation of FeIV as a rather mild oxidant would largely limit the range 

of pollutants which could be degraded. Furthermore, real water matrix constituents may serve 

as complexing agents in a similar manner as the compounds under study. 

A matter of further research is the investigation of the degradation of certain target compounds 

in a real water matrix at pH 4 to 6 to examine the Fenton performance at real conditions. 
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4.5 SUPPORTING INFORMATION 

4.5.1 REPRESENTATIVE SPECTRUM RECORDED TO DETERMINE FE
III-

CONCENTRATIONS 

Figure 4.5 shows a representative spectrum of FeIII complexed by DTPA. Absorbance detected 

at λ = 300 nm was used to observe FeIII-formation. 

 

Figure 4.5: Representative spectrum of FeIII complexed by DTPA. 
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4.5.2 VALIDATION OF THE EXPONENTIAL FIT-FUNCTION FOR THE 

DETERMINATION OF PSEUDO FIRST ORDER REACTION RATE CONSTANTS 

Figure 4.6 shows representative time-dependent spectroscopic data of ligand-assisted Fenton 

reaction analysed according to the method described elsewhere.4 A linear fit applied for data 

recorded within the first 15 ms strongly deviates from real data. Hence, it can be deduced that 

this approach is not suitable to yield reliable observed pseudo first order reaction rate constants 

(k4.1’).  

 

Figure 4.6: Representative plot of ln(c/c0) vs. time with a linear fit applied to derive observed 

pseudo first order reaction rate constants. 

Therefore, an exponential fit function was develop based on the 2nd order rate law. 

[𝐹𝑒𝐼𝐼𝐼]

[𝐹𝑒𝐼𝐼𝐼]𝑚𝑎𝑥
= 𝑁 ∙ (1 − 𝑒−𝑘4.1

′(𝑡−0.0064))      (4.I) 

The factor N was introduced due to slight variations occurring in the maximum value effectively 

making equation (4.I) a double exponential fit. It equals the simplest form of multi-exponential 

fits, which are often used in literature and by computer programs29-30 but is reduced to only one 
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exponential fit parameter. The value of 0.0064, which is subtracted from the time (t) results 

from the dead time of the system in which no data can be recorded. 

The new function was validated by comparing resulting k4.1’-values with those obtained from 

the classical linear approach. It can be derived from Figure 4.7 that for experiments, in which a 

FeII → FeIII turnover within the dead time of ≤ 50 µM was detected, almost equal data are 

obtained regardless of the applied fit function. In case of FeII → FeIII turnover within the dead 

time of > 50 µM, the difference in k4.1’ becomes larger with increasing initial turnover. This 

difference results from the fact that reliable linear fitting of 𝑙𝑛
[𝐹𝑒𝐼𝐼]

[𝐹𝑒𝐼𝐼]0
 vs. time is not possible 

anymore in such cases. In turn it can be derived from this figure that the exponential fit is 

suitable to determine k4.1’. 

 

Figure 4.7: Difference between observed pseudo first order reaction rate constants of the 

Fenton reaction derived by linear fitting of ln([FeII]/[FeII]0) vs. time and exponential fitting 

of [FeIII]/[FeIII]max vs. time. 
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4.5.3 DERIVATION OF K4.1
2ND

 AND K4.3FROM PLOTS OF K4.1’ VS. [H2O2] 

Second order reaction rate constants of the Fenton reaction (k4.1
2nd) can be derived from plots 

of k4.1’ vs. [H2O2] by linear regression analysis of those data revealing a linear relationship of 

k4.1’ at increasing values of [H2O2] (cf. red data points in Figure 4.8). The slope of the linear 

regression line corresponds k4.1
2nd. 

First order reaction rate constants for the decay of intermediate FeII-L(H2O2)-complexes can be 

derived from same plots by exponential fitting of all data with a semi empirical exponential 

function (4.IV) of the type 

𝑘4.1
′ = 𝑘4.3 + 𝐴1 × 𝑒

[𝐻2𝑂2]

𝐵1 + 𝐴2 × 𝑒
[𝐻2𝑂2]

𝐵2       (4.IV) 

with Ax and Bx being fitting parameters (cf. dashed line in Figure 4.8).31 The function has been 

developed in analogy to Wiegand, et al. (2018)32. However, the equation mentioned in the 

literature has been extended by the term  𝐴2 × 𝑒
[𝐻2𝑂2]

𝐵2 . By that means the semi empirical 

function agrees very well with our measured data allowing to determine the plateau kinetics 

(k4.3). As described earlier, k4.3
 can be derived by extrapolation to infinite [H2O2].

32  

For those data, which do not exhibit a distinct plateau within the investigated range of [H2O2] 

(especially at higher pH-values), k4.1’ measured at high [H2O2] are not exactly depicted by the 

function leading to an underestimation of k4.3. That is why those values for k4.3 are not presented, 

even if data of k4.1’ vs. [H2O2] are available for respective pH-values. 
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Figure 4.8: Representative plot of observed pseudo first order reaction rate constants of the 

Fenton reaction at increasing values of [H2O2] showing derivation of k4.1
2nd and k4.1’. 
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4.5.4 INFLUENCE OF DTPA AND HEDTA ON FENTON KINETICS 

Figure 4.9 and Figure 4.10 illustrate the pH-dependent effect of an increasing H2O2-

concentration on k4.1’ of DTPA and HEDTA-assisted Fenton reactions. The trend in k4.1’ 

observed with increasing [H2O2] in presence of DTPA and HEDTA equals the one described 

for EDTA-assisted Fenton reactions in the main paper. Hence, there is kinetic indication for the 

existence of an intermediate FeII-L(H2O2)-complex even in presence of DTPA or HEDTA, 

respectively. 

 

Figure 4.9: pH-dependent observed pseudo first order rate constants of FeIII-formation in 

DTPA-assisted Fenton reactions determined at [H2O2] = 0.001 – 0.25 M. Depicted error bars 

indicate the 95% confidence interval of the applied regression analyses. 
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Figure 4.10: pH-dependent observed pseudo first order rate constants of FeIII-formation in 

HEDTA-assisted Fenton reactions determined at [H2O2] = 0.001 – 0.25 M. Depicted error 

bars indicate the 95% confidence interval of the applied regression analyses. 
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4.5.5 INFLUENCE OF ORGANIC CHELATES ON 
•OH YIELD IN LIGAND-ASSISTED 

FENTON REACTIONS 

Figure 4.11 shows relative •OH-yields referred to [FeII]0 of 100 µM determined for different 

[H2O2] in presence of DTPA (a), EDTA (b), HEDTA (c), and NTA (d). 

 

Figure 4.11: Relative •OH-yields referred to [FeII]0 determined for the reaction of 100 µM 

FeII with 0.01 – 0.25 M H2O2 at various pH in presence of a) DTPA, b) EDTA, c) HEDTA, 

and d) NTA. Error bars indicate the standard deviation of three independent measurements. 
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4.5.6 INFLUENCE OF ORGANIC CHELATES ON 
•OH-YIELDS IN LIGAND ASSISTED 

FENTON-LIKE REACTIONS 

Figure 4.12 shows relative •OH-yields referred to [FeII]0 of 100 µM of the Fenton-like reaction 

determined at same [H2O2] and pH as in FeII based experiments. 

 

Figure 4.12: Relative •OH-yields referred to [FeIII]0 determined for the reaction of 100 µM 

FeIII with 0.01 – 0.25 M H2O2 at various pH-values in presence of a) DTPA, b) EDTA, c) 

HEDTA, and d) NTA. Error bars indicate the standard deviation of three independent 

measurements. 
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4.5.7 INFLUENCE OF ORGANIC CHELATES ON 
•OH-YIELDS IN LIGAND ASSISTED 

FENTON REACTIONS CORRECTED FOR THE CONTRIBUTION OF FENTON-LIKE 

REACTION BASED 
•OH-YIELDS. 

Figure 4.13 shows relative •OH-yields referred to [FeII]0 of 100 µM of the Fenton reaction 

corrected for the contribution of Fenton-like reaction based •OH-yields by subtracting the latter 

from those obtained in FeII-based experiments. 

 

Figure 4.13: Relative •OH-yields referred to [FeII]0 of 100 µM determined at various [H2O2] 

at pH 2 – 6 in presence of a) DTPA, b) EDTA, c) HEDTA, d) NTA. •OH-yields were calculated 

by subtracting •OH-yields determined in experiments using FeIII as primary iron source from 

those determined in experiments using FeII as primary iron source to correct overall yields 

for the contribution of the Fenton-like reaction. Error bars indicate standard deviation of 

three independent measurements including error propagation. 
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5.1 ABSTRACT 

Due to numerous adverse health effects of bisphenol A (BPA) it is progressively substituted by 

its structural analogue bisphenol S (BPS) and hence, release of the latter to the environment 

increases. However, knowledge on toxicological effects as well as on degradability of BPS is 

scarce. Degradation of BPA by means of Fenton reaction has already been successfully applied. 

Thus, the present study investigates Fenton based degradation of BPS including BPS 

degradation rates at different reaction parameters (i.e. reactant concentrations, pH, and presence 

of hydroxyl radical scavenging matrix constituents).  

It was found that degradation of BPS can be accelerated by varying reactant concentrations (i.e., 

ferrous iron and hydrogen peroxide). The optimal pH for BPS degradation was pH 3. However, 

surprisingly even at pH 7 complete degradation of BPS could be achieved even if it is slower 

than at pH 3. At pH < 3 BPS degradation was shown to be restricted by insufficient FeII 

recycling. In presence of hydroxyl radical scavenging matrix components such as organic 

matter BPS degradation is decelerated. Comparison of degradation of BPS and para-

chlorobenzoic acid in presence of tertiary butanol indicates that hydroxyl radicals might be the 

main oxidant involved in BPS degradation at all investigated pH values. 
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5.2 INTRODUCTION 

Bisphenols (BPs) such as bisphenol A (BPA) or bisphenol S (BPS) are monomers frequently 

used to produce, e.g., (thermal) paper products or polymer products (polycarbonate plastics, 

epoxy phenolic resins), which are used as food packaging materials.1-2 As there is increasing 

evidence for endocrine and toxic effects related to BPA, the European Union has proposed to 

ban the use of BPA in thermal paper products from 2020.3 That is why its application in 

commercial products is progressively replaced by its structural analogue BPS. Thus, increasing 

environmental concentrations of BPS are expected to occur in the future. 

Indeed, BPS exhibits lower toxicity on Daphnia magna (48 h EC50-values of BPS are higher 

by a factor of five compared to BPA)4 but in comparison to the diverse investigations regarding 

the toxicity of BPA, effects of BPS are less understood.5 Rochester and Bolden (2015)6 

conducted a literature research investigating adverse health effects of BPS. They found that 

BPS has similar endocrine disrupting effects as BPA.6 However, in order to completely estimate 

environmental and/or health effects of BPS, also factors such as biodegradability and 

bioaccumulation must be taken into account. 

A recent study shows that BPS can nowadays be ubiquitously found in the environment 

worldwide. BPS concentrations found in various environmental samples, such as sediment, 

sludge, indoor dust and air, consumer products, and human urine are lower compared to BPA. 

However, BPS concentrations found in the aquatic environment are comparable or even equal 

to those of BPA.5 A study concerning the occurrence of different BPs in 76 U.S. sewage sludge 

samples found BPS to be the second most abundant BP analogue after BPA.7 For BPA similar 

concentrations were found in German sewage sludge samples.8-9 Furthermore, Danzl, et al. 

(2009)10 and Ike, et al. (2006)11 investigated biodegradability of BPA and BPS in seawater and 

river water, respectively. They found that BPS is, other than BPA, not sensitive towards 
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biodegradation and hence, might accumulate in the aquatic environment. Thus, the replacement 

of BPA by BPS results in higher requirements in terms of water treatment.  

As mentioned above, advanced oxidation processes (AOPs) produce hydroxyl radicals (•OH) 

in sufficient quantities to affect water purification.12 The highly reactive •OH can degrade 

complex organic molecules in smaller, biodegradable structures. One of these AOPs is the so-

called Fenton reaction, which is typically conducted at acidic conditions.13 Among other AOPs, 

Fenton or modified Fenton reactions (photo-, sono-, or ligand-assisted Fenton) have already 

successfully been applied to degrade BPA,14-18 whereas to our knowledge nothing is known 

about Fenton based degradation of BPS. Studies focusing on oxidative BPS degradation by 

means of UV + H2O2, UV + O3, or O3 + H2O2 have already shown that •OH based processes 

are suitable to degrade BPS in aqueous solutions.18-19 However, investigations regarding BPS 

degradation are scarce. 

Due to the diverse advantages of Fenton chemistry compared to other AOPs, it seems to be a 

promising tool in this respect.20-22 Thus, the presented study aims to investigate BPS 

degradation by means of the Fenton reaction including variation of factors influencing 

degradation efficiency such as initial iron concentration, molar ratio of FeII and H2O2, pH, as 

well as matrix components. 

 

5.3 MATERIALS AND METHODS 

5.3.1 CHEMICALS 

4,4’-Sulfonyldiphenol (BPS) (98%) (Sigma-Aldrich, Germany), 4,4’-dimethylmethane-

diphenol (BPA) (> 99%) (Aldrich Chemistry, Germany), para-chlorobenzoic acid (pCBA) 
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(99%) (Sigma-Aldrich, Germany), ammonium iron(II) sulfate hexahydrate ((NH4)2Fe(SO4)2 × 

6 H2O) (99%) (Sigma-Aldrich, Germany), hydrogen peroxide (H2O2) (30%) (AppliChem, 

Germany), sulfuric acid (H2SO4) (> 95%) (Fischer Chemicals, Switzerland), sodium hydroxide 

solution (NaOH) (1 M) (Bernd Kraft, Germany) dimethyl sulfoxide (DMSO) (≥ 99.9%) 

(Merck, Germany), tertiary butanol (t-BuOH) (100%) (Merck, Germany), Suwannee river 

natural organic matter (SR NOM) (RO isolation) (International Humic Substances Society, 

USA), sodium chloride (NaCl) (p.a.) (Bernd Kraft, Germany), uridine (≥ 99%) (Sigma Life 

Science, Germany), hydrogen chloride (HCl) (~ 37%) (Fisher Chemicals, United Kingdom), 

and methanol (MeOH) (100%) (VWR, Germany) were used as received without further 

purification. 

5.3.2 DETERMINATION OF THE FIRST ORDER REACTION RATE CONSTANT FOR 

THE REACTION OF BPS WITH 
•OH 

The first order reaction rate constant for the reaction of BPS with •OH (k(BPS + •OH)) was 

determined by means of competition kinetics in a merry-go-round photo-reactor (H. & Th. 

Schneider Glasapparatebau (DEMA); Germany). For irradiation a low pressure mercury lamp 

(λ = 254 nm; 185 nm band suppressed) with a nominal power of 15 W was used (Peschl 

Ultraviolett; Germany). A fluid-circulation (Ministat 125; Huber, Germany) filled with 

ultrapure water was used to keep the temperature within the reactor constant at 25 ± 0.2 °C. 

Before and after determination of k(BPS + •OH) the average fluence rate of the system was 

determined by uridine actinometry according to von Sonntag and Schuchmann (1992)23 to be 

7.7 × 10-2 mEinstein m-2 s-1. 

For determination of k(BPS + •OH) 70 mL of an aqueous mixture of BPS and BPA (10 µM 

each) and 1 mM H2O2 were filled in quartz glass tubes located circularly around the UV lamp. 

Aliquots of the mixture were withdrawn in certain time intervals. BPS and BPA were quantified 



Investigation of factors influencing Fenton-based degradation of bisphenol S 

 
116 

 

in these samples by means of HPLC-UV measurements with an external calibration. The HPLC 

method is described in chapter 5.5.1. 

From these data, k(BPS + •OH) was derived from a plot of ln[BPA]/[BPA]0 vs. ln[BPS]/[BPS]0 

by multiplication of the slope with the known reaction rate constant for the reaction of BPA 

with •OH (1.7 × 1010 M-1 s-1)24 to be 1.2 × 1010 M-1 s-1 at pH ≤ 4. 

5.3.3 BATCH EXPERIMENTS FOR BPS DEGRADATION 

Degradation of BPS was studied in batch experiments (total volume of 30 mL) at various 

conditions. All solutions were prepared in ultrapure water adjusted to a certain pH either with 

H2SO4 or NaOH. For each experiment, ultrapure water of a certain pH, 10 µM BPS, the required 

amount of H2O2 and in respective experiments the required amount of a t-BuOH or SR NOM 

(and chloride) as •OH-scavenging matrix components were put in a reaction vessel and stirred 

at 215 rpm. Before the reaction was started by adding the required amount of FeII, an aliquot of 

the mixture was taken as reference sample and put in a DMSO containing HPLC vial. DMSO 

was used to stop BPS degradation immediately after sampling. The amount of DMSO required 

to scavenge ≥ 99.9% of all •OH generated was calculated by means of equation 5.I. During the 

reaction, aliquots of the reaction mixture were taken and handled as the reference sample. 

Experiments were conducted at room temperature (~ 20 °C) as triplicates. 

𝑓(𝑥 + 𝑂𝐻 
• ) =

𝑘(𝑥+ 𝑂𝐻 
• )×[𝑥]

𝑘(𝑥+ 𝑂𝐻 
• )×[𝑥]+𝑘(𝑦+ 𝑂𝐻 

• )×[𝑦]+𝑘(𝑧+ 𝑂𝐻 
• )×[𝑧]

    (5.I) 

f represents the fraction of a certain compound x reacting with •OH, k is the reaction rate of 

relevant compounds (x, y, z, …) with •OH (for relevant rate constants see Table 5.2). In those 

experiments in which no •OH-scavenging matrix components were added, x = DMSO, y = BPS, 

and z = H2O2. Concentrations are indicated by squared brackets. In the denominator the 
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equation can be extended according to the compounds involved in the reaction (e.g. •OH-

scavenging matrix components). 

5.3.4 BPS ANALYSIS 

Either an Agilent 1100 Series HPLC (Agilent 1100 Series, G1311 Quatpump coupled to a 

Agilent 1100 Series G1314A VWD detector) (Agilent, Germany) or a Shimadzu HPLC-DAD 

system (LC-10AT pump coupled to a SPD-M10A detector) (Shimadzu, Germany) both 

equipped with a high pressure pump and a 5 µm EVO C18 100 Å (50 × 2.1 mm) column 

(Phenomenex, Germany) was used for BPS quantification. An isocratic mixture of 70% 

ultrapure water (pH 2 adjusted with HCl) and 30% MeOH was used as eluent. The flow rate 

was set to 0.5 mL min-1. The injection volume was 50 µL. As detection wavelength 258 nm 

was chosen. 

5.3.5 DATA ANALYSIS 

Peak areas resulting from HPLC measurements were transformed in BPS concentrations by 

means of an external calibration (0.05 – 10.5 µM) considering dilution of the taken sample by 

DMSO in the HPLC vial. Sample concentrations were then divided by the concentration of the 

reference sample and these ratios were plotted against the experiment time. First order reaction 

rate constants for the initial degradation of BPS were determined by fitting data of the initial 

degradation phase (15 s) with an exponential function of the type 

[𝐵𝑃𝑆]

[𝐵𝑃𝑆]0
= 𝑒−𝑘𝐵𝑃𝑆𝑡 

with t being the time and kBPS the first order reaction rate constant for the initial degradation of 

BPS. 
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5.4 RESULTS AND DISCUSSION 

5.4.1 EFFECT OF FE
II-CONCENTRATION ON BPS DEGRADATION 

BPS degradation was studied applying three different initial FeII-concentrations ([FeII]0) 

(50 µM, 100 µM, and 200 µM). All [FeII]0 experiments were conducted at pH 3 and H2O2 was 

dosed in 25-fold excess per [FeII]0. 

The results show that BPS degradation is accelerated at increasing [FeII]0 (Figure 5.6a). 

Whereas BPS could not be detected anymore after about 90 s when 50 µM FeII were used, 

degradation was already completed after 15 s in case of [FeII]0 = 200 µM. That is also indicated 

by corresponding observed reaction rate constants (kBPS), which increase with increasing [FeII]0 

and the decreasing fraction of BPS remaining after 15 s of degradation, which is caused by the 

accelerated kinetic. Both are shown in Figure 5.6b. 

In case of a constant excess of H2O2 over FeII the accelerating effect of an increased [FeII]0 can 

be explained by an increased amount of •OH as it was shown earlier that the •OH-yield is about 

100% per [FeII]0.
25 However, it must be taken into account that at least Fenton based 

degradation at pH > 3 [FeII]0 finally results in the formation of undesired insoluble FeIII-sludge. 

Hence, one must find a compromise between fast degradation and the generated amount of FeIII-

sludge. Furthermore, it has to be considered that at very high concentrations FeII can also 

scavenge •OH. 

5.4.2 EFFECT OF H2O2-CONCENTRATION ON BPS DEGRADATION 

Applying a constant [FeII]0 of 50 µM at pH 3 the influence of the H2O2-concentration ([H2O2]) 

(0.025 – 10 mM) was investigated. These concentrations correspond to [H2O2]/[FeII]0-ratios 

ranging from 0.5 to 200. 
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Figure 5.1 depicts reaction rate constants for the initial BPS degradation and the residual 

fraction of BPS after 15 s at increasing [H2O2]/[FeII]0-ratios. It can be derived from the figure 

that optimum conditions for BPS degradation with respect to both, kBPS and remaining BPS are 

in the range of [H2O2]/[FeII]0 = 25 – 100. At smaller [H2O2]/[FeII]0 degradation is decelerated 

but respective degradation curves, which are shown in Figure 5.7, indicate that complete 

degradation of 10 µM BPS can still be achieved within 3 minutes at [H2O2]/[FeII]0 = 5 – 10. 

Even longer degradation times will be required to achieve complete degradation at 

[H2O2]/[FeII]0 = 0.5 – 1. In case of [H2O2]/[FeII]0 = 200 degradation efficiency again decreases 

and it can be deduced from the corresponding degradation curve that even in case of longer 

degradation times no complete degradation will be achieved. That might possibly result from 

•OH-scavenging effects of H2O2 as the fraction of •OH, which is available for the reaction with 

BPS, is only ~ 30% at such conditions compared to ~ 85% at [H2O2]/[FeII]0 = 5. Hence, 

increasing the [H2O2] in order to accelerate degradation of contaminants is limited. 

 

Figure 5.1: First order reaction rate constants for initial BPS degradation (15 s reaction 

time) and residual fractions of BPS after 15 s of reaction at different [H2O2]/[FeII]0-ratios. 

[FeII]0 = 50 µM, pH = 3, room temperature. Error bars indicate standard deviations of 

triplicates. 
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5.4.3 EFFECT OF PH ON BPS DEGRADATION 

The influence of the pH on Fenton based BPS degradation was studied using a [H2O2]/[FeII]0-

ratio of 25 ([FeII]0 = 50 µM). Figure 5.2 illustrates the effect of the pH on reaction rate constants 

for degradation of BPS as well as on the BPS fraction remaining after 15 s of degradation. The 

results show that optimum degradation is achieved at pH 3, indicated by the highest kBPS and 

the smallest residual fraction of BPS. This result is confirmed by several researchers who all 

published optimum conditions for Fenton based degradation of contaminants to be at pH 3.20 

At smaller as well as at higher pH values degradation of BPS was slowed down. However, it 

can be derived from respective degradation curves (Figure 5.8) that BPS degradation levels off 

after about 90 s at pH 1 and 2 at [BPS]/[BPS]0 = 0.3 and 0.1, respectively, and no further 

degradation occurs until 180 s, whereas complete degradation of 10 µM BPS is obtained at pH 

3 – 7 in the same time scale.  

 

Figure 5.2: First order reaction rate constants for initial BPS degradation (15 s reaction 

time) and residual fractions of BPS after 15 s of degradation at various pH values. 

[H2O2]/[FeII]0 = 25, [FeII] = 50 µM, pH = 3, room temperature. Error bars indicate standard 

deviations of triplicates. 
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In order to explain incomplete degradation of BPS at pH 1 and 2, respective experiments were 

repeated but with addition of another 50 µM FeII after 90 s (Figure 5.9). These results indicate 

that incomplete BPS degradation at pH 1 and 2 can be ascribed to deficient FeII possibly due to 

insufficient FeII re-cycling as degradation was re-started by the addition of further FeII. As the 

Fenton-like reaction (reaction 1.12), which is responsible for re-formation of FeII from 

generated FeIII, reveals a pH dependent equilibrium it was assumed that this reaction might be 

responsible for the observed phenomenon. However, experiments on Fenton-like induced BPS 

degradation (experimental details can be found in chapter 5.5.5) disprove this assumption as no 

degradation of BPS was observed regardless of the pH (pH 1 – 3) within 3 min (data not 

shown). Note that the Fenton-like reaction is about three orders of magnitude slower compared 

to the Fenton reaction so that pH dependent differences might occur when experiments will be 

conducted for more than 3 min. 

On the other hand, participation of reactions 1.9 and 1.14 might be responsible for insufficient 

FeII re-cycling as the reaction rate constant of reaction 1.14 strongly depends on the pH.26 Due 

to formation of H+ in reaction 1.14, the reaction is decelerated at low pH. Sehested, et al. 

(1969)26 determined the reaction rate constant of reaction 1.14 to be 2.1 × 105 M-1 s-1 at pH 1.5 

and 1 × 106 M-1 s-1 at pH 2.7. 

Even though it was frequently reported in literature that the Fenton reaction is limited at neutral 

pH due to the low solubility of FeIII complete BPS degradation was observed at pH 7. As it was 

shown at pH 1 and 2 that 10 µM BPS cannot be fully degraded without FeII re-cycling the same 

is assumed to be true at pH 7. Hence, it is proposed that the chosen reaction conditions 

contribute to reactions of FeIII in the Fenton process occurring faster than its precipitation. 

However, it must be taken into account that FeII autoxidation is largely accelerated with 
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increasing pH.27 Hence, FeII stock solutions must be prepared immediately prior to the 

experiment. Otherwise, FeIII would be dosed instead of FeII. 

At pH 10, FeII autoxidation (reaction 1.14←) is so fast that even if stock solutions are prepared 

immediately prior to the experiment, FeIII is dosed instead of FeII, which will precipitate at that 

pH.27 Hence, no BPS degradation by the Fenton reaction could be investigated at pH 10. 

5.4.4 EFFECT OF 
•OH-SCAVENGING MATRIX COMPONENTS ON BPS 

DEGRADATION 

With respect to real applications of Fenton chemistry in terms of water purification a 

compromise must be found between short hydraulic residence times and low chemical demand. 

As common hydraulic residence times for oxidative wastewater treatment can be up to 

30 minutes and experiments described above indicate that even with equal concentrations of 

H2O2 and FeII might be achieved within less than 30 minutes, the influence of •OH-scavenging 

matrix components on BPS degradation by means of Fenton chemistry was examined using a 

[H2O2]/[FeII]0-ratio of 1 ([FeII]0 = 50 µM) at pH 3 and 7.  As •OH-scavenging matrix constituents 

t-BuOH and SR NOM were chosen. BPS degradation was followed at increasing concentrations 

of the respective scavenger, which were dosed to scavenge 25, 50, 75, or 90% of generated •OH 

by t-BuOH and 25 or 75% by SR NOM (for calculations equation 5.I was used). Furthermore, 

experiments were conducted examining the effect of 10 mM NaCl in combination with SR 

NOM. 

Figure 5.3 shows BPS degradation curves obtained in presence of t-BuOH (a/b) or SR NOM 

(c/d) at pH 3 (a/c) and 7 (b/d). It can be derived from the figure that regardless of pH BPS 

degradation is inhibited with increasing fraction of •OH scavenged by t-BuOH. However, the 

extent of inhibition differs with pH. At pH 3 scavenging of 90% •OH resulted in a remaining 
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fraction of BPS of 90% (900 s reaction time); without t-BuOH no BPS is left after 900 s. In 

contrast, at pH 7 residual BPS increases from ~ 20% without scavenger to ~ 85% when 90% of 

generated •OH are scavenged by t-BuOH. 

This effect might result from the reaction of •OH with t-BuOH. In presence of oxygen 

HO2
•/O2

• −can be formed (pKa = 4.5).28 Both of these radicals are capable of reacting with FeIII 

and thus, regenerating FeII. However, it must be taken into account that the reaction of FeIII with 

O2
• − (i.e. at pH > 4.5) is about two orders of magnitude faster than its reaction with HO2

• (i.e. 

at pH < 4.5).29 Hence, at pH 7 the •OH-scavenging effect of t-BuOH could be compensated to 

some extent by the more effective regeneration of FeII.  

Additionally, the main oxidant may be different at the two pH values. At pH 3 •OH may be 

formed while at pH 7 FeIV could be formed instead (cf. Hug and Leupin (2003)30 and Bataineh, 

et al. (2012)31). Due to the fact that t-BuOH is a good •OH- but weak FeIV-scavenger20 no effect 

of increasing [t-BuOH] would have been expected in case of exclusive FeIV-formation at pH 7. 

Hence, the weaker scavenging by t-BuOH at pH 7 compared to pH 3, cannot be explained by 

formation of FeIV. 

This was further examined by experiments with pCBA as model compound instead of BPS. 

pCBA is known to react fast with •OH but barely with the more selective oxidant ozone.32 As 

FeIV is supposed to be even more selective than ozone,33 no degradation of pCBA should be 

observed in case of FeIV being the major reactive species. However, effects caused by •OH-

scavenging due to t-BuOH on BPS- and pCBA-degradation are similar for both pH values under 

study (compare Figure 5.3a and Figure 5.3b and Figure 5.10). Thus, it is concluded that 



Investigation of factors influencing Fenton-based degradation of bisphenol S 

 
124 

 

formation of FeIV is indeed unlikely to occur at investigated experimental conditions, even at 

elevated pH (i.e., pH 7). 

As shown in Figure 5.3c and d, the scavenging effect of SR NOM is slightly stronger at pH 7 

compared to pH 3. At pH 3 addition of SR NOM in a concentration leading to scavenging of 

75% •OH resulted in a 55% remaining fraction of BPS after a reaction time of 900 s; without 

SR NOM no BPS is left after 900 s. In contrast, at pH 7 residual BPS increases from ~ 20% to 

85% in case of 75% of generated •OH being scavenged. 

 

Figure 5.3: BPS degradation measured in presence of various concentrations of t-BuOH 

(a/b) or SR NOM (c/d) at pH 3 (a/c) and 7 (b/d). [H2O2]/[FeII] = 1, [FeII]0 = 50 µM, room 

temperature. Error bars indicate standard deviations of triplicates. 
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In comparison to the results obtained in presence of t-BuOH it can be concluded that not only 

•OH-scavenging effects are caused by SR NOM as otherwise no differences should have been 

observed in the extent of inhibition of BPS degradation. As published earlier, dissolved iron 

species can be complexed by SR NOM34 and thus, Fenton reaction is accelerated. That might 

explain why inhibition of BPS degradation at pH 3 is stronger in presence of t-BuOH than in 

presence of SR NOM.  

At pH 7 inhibition of BPS degradation by NOM is less pronounced. This can be explained by 

different reaction kinetics of NOM of •OH at pH 3 and 7. It is likely that NOM reacts faster 

with •OH at pH 7 than at pH 3 since dissociation of e.g. phenolic groups activates reactive sites 

of NOM. This effect is less pronounced in case of t-BuOH (higher pKa). 

The combined effect of 10 mM chloride (Cl−) and SR NOM at pH 3 and 7 is shown in Figure 

5.4. It can be derived from the figure that BPS degradation is further hampered at pH 3 (Figure 

5.4a) due to the presence of Cl−, whereas no Cl− related effect can be observed at pH 7 (Figure 

5.4b). This phenomenon can be explained by a pH-dependent sequence of reactions (reaction 

5.1 – 5.2). 

Cl− + •OH ⇌ HOCl•−          (5.1)35 

 k→ = 4.3 × 109 M-1 s-1 

 k← = 6 × 109 s-1 

HOCl•− + H+ ⇌ Cl• + H2O        (5.2)35 

 k→ = 2 × 1010 M-1 s-1 

 k← = 1.6 × 105 s-1 

Due to the fast back reaction of reaction 5.1, steady state concentrations of HOCl•− are small. 

Furthermore, the equilibrium of reaction 5.2 strongly depends on pH leading to a reaction rate 
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constant of 103 M-1 s-1 at pH 7 for the oxidation of chloride by •OH to chlorine radicals (Cl•). 

As H+ is directly involved in the reaction, this reaction rate constant increases by a factor of 10 

per pH unit decrease (i.e. increase of [H+] by a factor of 10).35 Hence, at pH 3 the fraction of 

•OH available for the reaction with BPS is reduced from about 66% without chloride to about 

43% in presence of chloride, whereas at pH 7 addition of chloride does not affect the fraction 

of •OH available for BPS degradation. Thus, at pH 3 chloride lowers oxidation efficiency about 

30% more than at pH 7. 

Generated Cl• can further react with Cl− to form Cl2
•− (reaction 5.3).36-37 Whereas Cl• shows 

reaction rate constants of the same order of magnitude as •OH for reactions with organic 

compounds, Cl2
•− is less reactive.38 Typically Cl• and Cl2

•− oxidation reactions occur via 

electron transfer reactions, H-abstraction or addition to unsaturated C-C bonds.38 Grebel, et al. 

(2010)38 expected formation of reactive halogen species caused by halide induced scavenging 

of •OH to result in greater selectivity with increasing preference for attack at electron-rich 

centres.38 For electron-poor contaminants treatment efficiency of AOPs may be drastically 

reduced in presence of halides, whereas degradation of electron-rich compounds will mainly 

remain unaffected.38 

Cl• + Cl− → Cl2
•−         (5.3) 

These results are promising with respect to application of the Fenton reaction for wastewater 

treatment. Indeed, at circumneutral pH Fenton chemistry is restricted due to limited solubility 

of FeIII. On the other hand, presence of chloride does hardly affect the oxidation of pollutants 

at pH 7 while at pH 3 chloride strongly mitigates the oxidation strength. Consequently, at the 

investigated chloride concentration, efficiency of BPS degradation is the same at pH 3 and 

pH 7. 
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Figure 5.4: BPS degradation recorded at constant [H2O2]/[FeIII]0-ratio of 1 (FeII]0 = 50 µM) 

in presence of SR NOM scavenging 25% of generated •OH and absence or presence of 10 mM 

NaCl at pH 3 (a) and 7 (b), room temperature. Error bars indicate standard deviations of 

triplicates. 

When experiments were conducted in treated wastewater of a municipal wastewater treatment 

plant, hardly any BPS was degraded (~ 7%) (Figure 5.11). pH, chloride and dissolved organic 

carbon (DOC) content were determined in the treated wastewater to be 7.6, 12.5 mM and 

0.33 mM, respectively. As it was shown that chloride does not affect degradation of BPS at 

circumneutral pH, chloride cannot be responsible for the poor degradation. Also the DOC 

content, which is markedly lower compared to the DOC content applied in NOM experiments, 

is unlikely to be responsible for the observed effects. Indeed, at pH 7.6 FeII autoxidation is faster 

compared to pH 7.27 However, this effect might not completely explain that almost no BPS 

degradation took place. A further factor, which must be considered, is the carbonate content of 

the wastewater. It is known that in presence of carbonate FeII autoxidation is drastically 

accelerated.39 It is assumed that this carbonate induced FeII autoxidation outcompetes Fenton 

chemistry and thus, is mainly responsible for deficient BPS degradation. Furthermore, 

structural characteristics of the DOC present are unknown and might differ from SR NOM. 
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Thus, it is possible that DOC in treated wastewater contains structural elements, which are more 

reactive than those of SR NOM and compete with BPS to be degraded by •OH. 

The present paper provides first investigations on degradation of BPS by means of Fenton 

chemistry. It was shown that kinetics of BPS degradation depends on applied reactant 

concentrations and can to some extent be accelerated when reactant concentrations are 

increased. However, even adverse effects of high concentrations of FeII and H2O2 must be taken 

into account, i.e. formation of undesired FeIII-sludge due to limited solubility of FeIII even at 

pH 3 or •OH-scavenging effects of H2O2 and FeII. Hence, reaction conditions must be optimised 

for any water treatment scenario. Furthermore, it was shown that Fenton based degradation of 

BPS without added Fe-complexing ligands is not restricted to acidic pH as frequently reported 

in the past.20 Indeed, degradation is slower at pH 7 compared to pH 3 but ~ 80% of the applied 

BPS concentration are degraded in ultrapure water within 15 minutes, and common hydraulic 

residence times for oxidative treatment of wastewater can be up to 30 minutes. However, in 

presence of bicarbonate autoxidation of FeII may become a limiting factor. Additionally, 

experiments conducted in presence of t-BuOH gave rise to the assumption that in case of the 

applied reaction conditions •OH are the only oxidant involved in the degradation of BPS or 

pCBA. Consequently, degradation in presence of •OH-scavenging matrix components is 

drastically slowed down or levelled off after a certain time.  

Thus, further research is required with respect to processes occurring in presence of real matrix 

components in order to improve Fenton based degradation of BPS in real samples (e.g. 

influence of bicarbonate/carbonate induced FeII-autoxidation). Another important aspect would 

be the investigation of degradation products, since identification of degradation products is 

relevant for ecotoxicological reasons. Furthermore, a study covering degradation of BPS by 
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means of different AOPs under comparable conditions would be helpful in order to evaluate 

the best method for BPS degradation. 

 

5.5 SUPPORTING INFORMATION 

5.5.1 HPLC-METHOD FOR PARALLEL QUANTIFICATION OF BISPHENOL A AND 

BISPHENOL S 

An Agilent 1100 Series HPLC-UV was used for quantification of bisphenol A and bisphenol S 

in parallel. A 5 µm EVO C18 100 Å (50 × 2.1 mm) column (Phenomenex, Germany) was used 

for separation. 

As eluent a gradient of pH 2 H2O (acidified with HCl) and MeOH was applied according to 

Table 5.1. 

Table 5.1: Gradient composition used for quantification of BPA and BPS by HPLC-UV. 

Time [min] Fraction of MeOH [%] 

0 – 7  40 

7 – 16  Progressively increased to 65 

 

For BPS λ = 258 nm was chosen as detection wavelength, for BPA it was set to λ = 225 nm. 

A representative chromatogram is shown in Figure 5.5. 
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Figure 5.5: Representative chromatogram showing a peak of BPS (ca. 8 min) and a peak of 

BPA (ca. 15 min). 
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5.5.2 RELEVANT REACTION RATE CONSTANTS 

Table 5.2 compiles relevant reaction rate constants used for calculations of required 

concentrations to achieve scavenging of a distinct •OH-fraction or of the •OH-fraction available 

for the reaction with BPS at certain reaction conditions. 

Table 5.2: Relevant reaction rate constants used for various calculations. 

Reaction Reaction rate constant (k) [M-1 s-1] Reference 

BPS + •OH 1.2 × 1010 This study 

Cl− + •OH  pH 7: 1.0 × 103 

pH 3: 1.0 × 107 

von Gunten (2003)35 

DMSO + •OH  7.0 × 109 Buxton, et al. (1988)40 

FeII + •OH  3.0 × 108 Buxton, et al. (1988)40 

H2O2 + •OH  2.7 × 107 Buxton, et al. (1988)40 

t-BuOH + •OH  6.0 × 108 Buxton, et al. (1988)40 

SRFA + •OH  1.4 × 104 Lutze, et al. (2015)41 

pCBA + •OH  5.0 × 109 Dao and De Laat (2011)42 
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5.5.3 EFFECT OF FE
II-CONCENTRATION ON BPS DEGRADATION 

a)  

b)  

Figure 5.6: a) BPS degradation measured at increasing [FeII]0 and constant [H2O2]/[FeII]-

ratio of 25 at pH 3. Errors are depicted as error bars representing standard deviations of 

triplicates. b) First order reaction rate constants for initial BPS degradation (15 s reaction 

time) and residual fractions of BPS after 15 s of degradation at increasing [FeII]0, constant 

[H2O2]/[FeII]-ratios of 25 and pH 3. Errors are depicted as error bars representing standard 

deviations of triplicates.  
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5.5.4 EFFECT OF H2O2-CONCENTRATION ON BPS DEGRADATION 

 

Figure 5.7: BPS degradation measured at increasing [H2O2]/[FeII]-ratios, applying constant 

[FeII]0 of 50 µM at pH 3. Errors are depicted as error bars representing standard deviations 

of triplicates. 
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5.5.5 EFFECT OF PH ON BPS DEGRADATION 

 

Figure 5.8: BPS degradation measured at increasing pH and constant [H2O2]/[FeII]0-ratio 

of 25 ([FeII]0 = 50 µM). Errors are depicted as error bars representing standard deviations of 

triplicates. 

At pH 1 and 2 BPS degradation levels off after about 90 s after 70 and 90% degradation, 

respectively. As H2O2 was dosed in excess over FeII it was assumed that incomplete degradation 

at pH 1 and 2 occurs due to lacking FeII. In order to confirm this assumption experiments were 

repeated but with addition of another 50 µM FeII after 90 s of degradation. Figure 5.9 shows 

respective BPS degradation curves. It can be derived from the figure that BPS degradation 

restarts after the addition of another 50 µM FeII. 
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Figure 5.9: BPS degradation measured at a constant [H2O2]/[FeII]0-ratio of 25 ([FeII]0 = 

50 µM) at pH 1 and 2. After 90 s another 50 µM FeII were added. Errors are depicted as error 

bars representing standard deviations of triplicates. 

Experiments to investigate the influence of the Fenton-like reaction on BPS degradation were 

conducted applying 50 µM FeII and 1.25 mM H2O2 at pH 1 – 3 and 7. Degradation was observed 

for three minutes. 

5.5.6 FENTON-BASED DEGRADATION OF PARA-CHLOROBENZOIC ACID (PCBA)  

Degradation of pCBA by means of Fenton chemistry was studied applying a [H2O2]/[FeII]0-

ratio of 1 ([FeII]0 = 50 µM) at pH 3 and 7 in presence of increasing concentrations of t-BuOH. 

[t-BuOH] was calculated according to equation I of the main paper so that 25, 50, 75, or 90% 

of generated •OH will be scavenged by t-BuOH (kpCBA + •OH = 5.0 × 109 M-1 s-1). Figure 5.10 

shows respective pCBA degradation curves. It can be derived from the figure that regardless of 

pH pCBA degradation is increasingly inhibited with increasing fraction of •OH scavenged by 

t-BuOH. However, the extent of inhibition differs with pH. At pH 3 scavenging of 90% •OH 

causes an increase of the residual fraction of pCBA remaining after a reaction time of 900 s to 
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85%; without t-BuOH no pCBA is left after 900 s. In contrast, at pH 7 residual pCBA increases 

from ~ 25% without scavenger to ~ 90% in case of 90% of generated •OH being scavenged. 

As mentioned above, this effect might be ascribed to the formation of HO2
•/O2

• − from the 

reaction of •OH with t-BuOH. According to these results formation of FeIV at pH 7, as it is 

suggested in literature,30-31 can be excluded. In case of exclusive FeIV formation no degradation 

of pCBA should have been observed, as FeIV is supposed to be an even more selective oxidant 

than ozone, which is not capable to degrade pCBA. 

 

Figure 5.10: pCBA degradation measured at constant [H2O2]/[FeII]0-ratio of 1 ([FeII]0 = 50 

µM) at pH 3 (a) and 7 (b) in presence of various concentrations of t-BuOH. Errors are 

depicted as error bars representing standard deviations of triplicates. 
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5.5.7 DEGRADATION OF BISPHENOL S IN TREATED WASTEWATER 

 

Figure 5.11: BPS degradation measured at constant [H2O2]/[FeII]0-ratio of 1 ([FeII]0 = 

50 µM). As matrix treated wastewater of a municipal wastewater treatment plant was used. 

Errors are depicted as error bars representing standard deviations of triplicates. 
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6.1 ABSTRACT 

Tetra-valent iron has been published to be generated in the reaction of divalent iron (FeII) with 

ozone (O3) and frequently discussed as reactive species generated in the Fenton reaction at 

certain conditions. However, also •OH are discussed as such and even if the Fenton reaction is 

known for more than a century, the Fenton mechanism is not yet entirely understood. An 

approach to resolve the identity of the reactive Fenton intermediate would be to compare 

reactivity data obtained from Fenton degradation of electron-rich substrates with reactivity data 

of the latter when treated with a combination of FeII and O3. 

Absorbance at 320 nm was followed spectrophotometrically during the reaction of FeII and O3 

at pH 3. At a constant FeII-concentration different O3-concentrations were applied in order to 

cover different scenarios: FeII in excess over O3, O3 in excess over FeII, and equal concentrations 

of both. As reference also absorbance of FeIII and O3 was recorded at the same wavelength. 

Regardless of the applied O3-concentration, absorbance detected during the reaction of FeII and 

O3 first increases but plateaus in the following and finally stagnates at a constant value. 

Thereby, finally reached absorbance increases with increasing O3-concentration from 0.05 AU 

to 0.38 AU. Compared to constant absorbance of 0.38 AU detected for the combination of FeIII 

and O3, these results do not show any evidence for the formation of an aquated ferryl species in 

the reaction of FeII and O3. Instead, results indicate direct formation of FeIII. However, it cannot 

be unambiguously ruled out that FeIV is too reactive and thus, too unstable to be detected at 

investigated reaction conditions with the applied method as FeIII is also described to be the 

product of consecutive reaction of FeIV with FeII or of its decay in water. 

However, in summary obtained results let formation of aquated ferryl species either in Fenton 

chemistry or in the reaction of FeII and O3 seem doubtful. 
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6.2 INTRODUCTION 

Aqueous FeIV is the simplest and one of the most reactive high-valent iron-oxo-species and has 

a lifetime of a few seconds at ambient temperature in acidic aqueous solutions.1 Even though 

formation of aqueous FeIV was described to occur in the reaction of FeII with ozone (O3) in the 

early 1990s2 (reaction 6.1) and already was suggested as reactive intermediate in the Fenton 

reaction even earlier (reaction 6.2),3 no decisive spectroscopic data were available until 2005 

when Pestovsky, et al. (2005)4 succeeded in the spectroscopic identification of 

[(H2O)5FeIV=O]2+. Furthermore, they characterised FeIV chemically as well as theoretically, 

derived criteria to distinguish between •OH and aqueous iron-oxo-species.4 

FeII + O3 → FeO2+ + O2        (6.1) 

FeII + H2O2 → FeO2+ + H2O        (6.2) 

Since Fenton’s discovery that organic matter can effectively be oxidised by ferrous iron (FeII) 

in the presence of hydrogen peroxide (H2O2) in acidic aqueous solutions, the oxidising capacity 

of iron was frequently discussed. Up to now there is a still ongoing controversial discussion 

about which reactive species is best suitable to explain all phenomena observed in Fenton 

chemistry. Many researchers tried to find indications for one of the two mechanisms to be true 

and unambiguously rule out the other.4-10 In contrast, more recent publications come to the 

conclusion that there might be a mechanistic changeover in the Fenton reaction depending on 

reaction conditions (e.g., pH).11-14 They based their conclusion on reaction products of 

e.g.dimethyl sulfoxide (DMSO), which are unlikely generated by •OH-induced reactions. This 

observation can be explained by means of a mechanism involving formation of an intermediate 

iron-peroxo-complex (reaction 1.18), which is supposed to react via a one-electron transfer 
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reaction yielding FeIII and •OH in acidic media (reaction 1.19). At neutral to alkaline pH the 

intermediate is supposed to yield FeIV via a two-electron transfer (reaction 1.20).15 

The Fenton mechanism might further be resolved in detail by means of a kinetic approach, i.e. 

comparison of reactivity data obtained for the reaction of a probe compound with the oxidant 

generated in the Fenton reaction or FeIV generated via the reaction of FeII with O3. In case of 

equal reactivity data regardless of whether FeII and H2O2 or FeII and O3 were initially applied, 

this would be a kinetic indication for FeIV as the active oxidant in Fenton chemistry. Therefore, 

the present study intends to first generate FeIV via the reaction of FeII with O3.  

 

6.3 MATERIALS AND METHODS 

6.3.1 CHEMICALS 

Ammonium iron(II) sulfate hexahydrate ((NH4)2Fe(SO4)2 × 6 H2O) (99%) (Sigma Aldrich, 

Germany) and ammonium iron(III) sulfate dodecahydrate ((NH4)Fe(SO4)2 × 12 H2O) 

(≥ 98.5%) (Carl Roth, Germany) were used as received without further purification. Solutions 

of (NH4)2Fe(SO4)2 × 6 H2O were prepared by dissolution of an appropriate amount in ultrapure 

water (PURELAB ultra, ELGA, Germany). Sulfuric acid (H2SO4) (> 95%) (Fischer Chemicals, 

Switzerland), perchloric acid (HClO4) (70%, p.a.) (AppliChem, Germany) and sodium 

hydroxide solution (NaOH) (1 M) (Bernd Kraft, Germany) were used to adjust the pH to 3. 

Ozone stock solutions were prepared by generating gaseous ozone by means of an oxygen-fed 

ozone generator BMT 802X (MBT Messtechnik, Germany). Gaseous ozone was passed 

through ice-cooled ultrapure water, as solubility of ozone increases with decreasing 

temperature. Concentrations of ozone stock solutions were measured spectrophotometrically at 

λ = 258 nm using a molar absorption coefficient (ε258) of 2950 M-1 cm-1. 
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6.3.2 EXPERIMENTAL SETUP 

Formation of FeIV was followed spectrophotometrically by means of a spectrophotometer (UV-

1650PC UV-Visible Spectrom, Shimadzu, Germany) or a stopped-flow system (SFM-20, 

Biologic, France) equipped with a diode array detector (TIDAS S 300K, j & m Analytics AG, 

Germany) enabling investigation of fast kinetics.  

Samples measured at the spectrophotometer were prepared directly within the cuvette, which 

has a total volume of 3 mL (d = 1 cm). An appropriate volume of the O3 stock solution was 

added to FeII or FeIII solution and carefully mixed by inverting the cuvette a few times. For 

two minutes absorbance at 320 nm was recorded every second. This wavelength was chosen as 

it was described to be suitable to observe formation of FeIV.2 Additionally spectra of FeIII in 

H2SO4 or HClO4 were recorded ranging from 190 to 500 nm. 

The stopped-flow system worked with two 10-mL syringes, one of them containing ozone 

solution and the other a solution of FeII or FeIII. Simultaneously 100 µL per syringe were 

injected for each measurement applying a total flow rate of 7.0 mL min-1 (3.5 mL min-1 per 

syringe). After injection both solutions were rapidly mixed in a mixing chamber before they 

reached the measurement cell – a 10-µL quartz cuvette (1 × 1 × 10 mm). This led to a dead time 

of 6.4 ms. 2-Dimensional spectroscopic data were recorded every millisecond for 2.5 s. Due to 

turbulent flow within the cuvette recorded data of the first 11 ms had to be skipped. 

A schematic figure of the stopped-flow setup can be found elsewhere.16 

6.3.3 EXPERIMENTAL CONDITIONS 

Experiments using the spectrophotometer were performed using an iron concentration of 

300 µM in the cuvette. Three different ozone concentrations – 30 µM, 300 µM, and 900 µM – 

were used. 
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Stopped-flow experiments were conducted applying a total iron concentration of 250 µM in the 

cuvette of the stopped-flow system. Three different ozone concentrations – 25 µM, 250 µM, 

and 750 µM – were used. Spectra ranging from 190 – 700 nm were recorded; absorbance 

detected at 320 nm was used to follow formation of FeIV. 

 

6.4 RESULTS AND DISCUSSION 

Experiments were conducted in analogy to Løgager, et al. (1992)2. Absorbance developing 

within 120 s during the reaction of FeII and ozone was investigated at λ = 320 nm (Figure 6.1). 

Different ozone concentrations were applied in order to cover different scenarios: iron in excess 

over ozone, ozone in excess over iron, and equal concentrations of both. The dashed line 

represents absorbance of equal concentrations of FeIII and ozone. This measurement was 

conducted in order to deduce whether absorbance observed is really caused by FeIV or possibly 

by FeIII. 

It can be derived from the figure that regardless of the applied ozone concentration absorbance 

recorded at 320 nm remains almost constant over the entire reaction time but increases with 

increasing ozone concentration. In parallel, no difference can be observed between absorbance 

caused by the combination of FeII and a surplus of ozone and that one caused by FeIII and O3. 

It was expected to observe a fast build-up step followed by a slow decay of the compound being 

responsible for detected absorbance in analogy to results described earlier by Løgager, et al. 

(1992)2. However, the fast build-up was described to occur during the first milliseconds of the 

reaction, a time which could not be monitored by means of the applied equipment. Hence, 

experiments were repeated using a stopped-flow system suitable to follow fast kinetics. 
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Figure 6.1: Absorbance detected within 120 s at 320 nm during the reaction of 300 µM 

ferrous iron and various concentrations of ozone. The dashed line illustrates absorbance of 

300 µM ferric iron and ozone. 

As shown in Figure 6.2, absorbance first increases but plateaus in the following and finally 

stagnates at a constant value in the first 2.5 seconds of reaction regardless of the applied O3 

concentration. Nevertheless, with increasing O3 concentration finally reached absorbance 

increases from about 0.05 AU (25 µM O3) to 0.38 AU (750 µM). Even in that shorter timeframe 

absorbance detected for the reaction of FeIII and O3 does not considerably change but remains 

constant at a level of 0.38 AU, thus indicating that no reaction takes place. 

Comparison of absorbance developing during the reaction of FeII with 750 µM O3 with 

absorbance recorded for the combination of FeIII and O3 led to the assumption that FeIII is the 

product of the reaction of FeII and O3 as there is no difference in finally reached absorbance. 

Lower absorbance, which was detected in presence of 25 µM or 250 µM O3, indicates that these 

O3 concentrations are not sufficient to fully oxidise provided FeII. Considering reaction 
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equations provided in literature for ozone induced oxidation of FeII a stoichiometry of 1:1 can 

be assumed. Hence, 250 µM O3 should be sufficient to fully oxidise 250 µM FeII. However, 

loss of O3 must be taken into account during transfer of the O3 stock solution until the final 

measurement so that obtained results are reasonable. 

 

Figure 6.2: Absorbance detected within 2.5 s at 320 nm during the reaction of 250 µM ferrous 

iron and various concentrations of ozone. The dashed line illustrates absorbance of 250 µM 

ferric iron and ozone. 

Without presenting a spectrum of pure FeIII or the combination of FeIII and O3, Løgager, et al. 

(1992)2 ascribed absorbance measured at 320 nm to formation of FeIV. Their explanation was 

based on absorbance spectra obtained from computer modelling for FeO2+, Fe3+, O3, and H2O2 

in 1 M HClO4. According to these modelled spectra FeO2+ is the only compound showing 

absorbance at 320 nm.2 However, this explanation is doubtful and could not be confirmed by 

experiments presented here. Instead, FeIII was found to show strong absorbance at the 

wavelength of interest. Indeed, the fact that equal absorbances are detected for ozone with FeII 
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or FeIII, respectively, does not unambiguously rule out formation of FeIV in the reaction of FeII 

and O3 as absorbance of FeIV might also by overlaid by absorbance of FeIII. Furthermore, it 

might be possible that differences in obtained FeIII spectra might be ascribed to the matrix 

composition. Whereas spectra derived by computer modelling by Løgager, et al. (1992)2 

considered 1 M HClO4 as matrix, recent measurements were conducted in ultrapure water 

acidified with H2SO4. In order to exclude the influence of the used acid on FeIII absorbance, 

additionally, a spectrum of 300 µM FeIII solution acidified with HClO4 was recorded (Figure 

6.3). 

It can be derived from Figure 6.3 that there is no considerable difference in the FeIII absorption 

spectra regardless of the acid used to adjust the sample pH to pH = 3.  

 

Figure 6.3: FeIII-absorbance spectra in ultrapure water acidified with H2SO4 (black) or 

HClO4 (grey) to pH = 3. 

Beside the fast build-up of a compound causing absorbance at 320 nm at the beginning, 

Løgager, et al. (1992)2 observed a slow decay of the same. They ascribed this effect to 
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consecutive reactions of FeIV with FeII (reaction 3.5) or its decay in water (reaction 3.4), 

respectively, depending on whether FeII or O3 was dosed in excess. They could not obtain any 

evidence for reactions of FeO2+ with O3 or with itself. 

In contrast, recent results did not show any decay over the entire timeframe observed. This 

confirms the above made assumption that FeIII is directly generated during the reaction of FeII 

and O3 at recent reaction conditions. Based on our experiments, results presented by Løgager, 

et al. (1992)2 cannot be understood. Indeed, considering consecutive reactions of FeIV with FeII 

or its decay in water, decreasing absorbance of FeIV seems reasonable. However, this 

interpretation is based on a modelled FeIII spectrum showing no absorbance at 320 nm, which 

could not be confirmed experimentally. 

In summary, presented results did not show any indication for the formation of an aquated ferryl 

species as product of the reaction between FeII and O3, neither in H2SO4 nor in HClO4 media. 

Hence, further aspects of the study, i.e. the reactivity of FeIV with electron-rich substrates 

compared to the reactivity of the latter with the reactive species generated during the Fenton 

reaction in order to obtain further information about the identity of the Fenton-oxidant could 

not be assessed.  

Possibly, certain ligands could be used in order to complex iron and thus, stabilise FeIV either 

in Fenton chemistry or when generated from FeII and O3. In the last two decades, tetra-valent 

iron was found to be stable as low-molecular-weight ferryl-complexes and in non-heme iron-

enzymes.17-19 Ligands described in this regard have in common that complexation occurs via 

N-atoms. Thereby it was reported that at ambient temperatures lifetime of such complexes 

increases with increasing denticity of the respective ligand.18-19 Even those complexes are 

described to be highly reactive1 thus, it seems reasonable to assume that if it is really generated, 

FeIV might be too reactive to be detected using the experimental setup described above. 
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In that case, at least when O3 is applied in excess over FeII, quantification of •OH would be 

useful to further elucidate whether FeIV is generated. As mentioned in reaction 3.4, FeO2+ 

decays in water when O3 is dosed overstoichiometrically leading to formation of FeIII, OH−, and 

•OH. The latter can be trapped by a selective •OH-scavenger like e.g. dimethyl sulfoxide and 

resulting reaction products can then be used for quantification. When FeII is used in excess this 

approach will not be successful as reaction 6 does not yield any •OH. 
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7.1 GENERAL CONCLUSION 

Even though the Fenton reaction is already known for more than a century, mechanistic aspects, 

especially the identity of the involved reactive species, could not unambiguously be elucidated 

yet. Thus, this thesis focussed on the investigation of the Fenton mechanism and the 

characterisation of the active oxidant generated during the reaction of ferrous iron (FeII) with 

hydrogen peroxide (H2O2) at certain reaction conditions. 

This thesis provides the first kinetic indication for the formation of an intermediate iron-peroxo-

complex (Fe(H2O2)
2+) in the Fenton reaction at pH 1 to 4. The formation of this intermediate 

was widely accepted in the past, even though experimental evidence for its existence was 

missing.1 Presented results confirmed that the reaction between FeII and H2O2 occurs via an 

inner sphere electron transfer2 by exchanging one of the coordinated water molecules by H2O2 

as an outer sphere electron transfer would require the formation of H2O2
−• as transient radical 

ion,3 which could not be observed. Furthermore, quantification of hydroxyl radicals (•OH) 

revealed that the decay of the intermediate complex exclusively yields •OH at pH 1 – 4, which 

was also found by Bataineh, et al. (2012)4. Second order reaction rate constants for the Fenton 

reaction were determined in the same range as already published ones.5-7 Experiments 

conducted in presence of organic chelating ligands (DTPA, EDTA, HEDTA, and NTA) 

revealed that the mechanism of the Fenton reaction remains unaffected by these ligands. Indeed, 

primary reactions of the Fenton mechanism were shown to be strongly accelerated with 

increasing pH (from 2 to 6), but the decay of the intermediate Fe(H2O2)
2+-complex again yields 

•OH as final oxidant regardless of applied conditions. Especially in ligand-assisted Fenton 

reactions the type of oxidant is a subject of strong debate and strongly depends on experimental 

conditions.8-20 
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This thesis comprises the first study dealing with the Fenton-based degradation of bisphenol S 

(BPS). BPS is a compound of interest as it is increasingly used as substitute of bisphenol A, a 

compound, which is known to exhibit adverse health effects and thus, was proposed to be 

banned from 2020.21 Hitherto, studies dealing with oxidative treatment of BPS are scarce. In 

the present study BPS was shown to be efficiently degraded by means of Fenton chemistry at 

various conditions in ultrapure water. Degradation efficiency strongly depended on reaction 

conditions. Whereas increasing iron concentrations resulted in accelerated degradation of BPS 

within the investigated concentration range, BPS degradation slowed down when very high 

concentrations of H2O2 were applied due to •OH-scavenging by H2O2. However, even •OH-

scavenging by FeII must be considered in case of very high FeII-concentrations. Additionally, 

the applicable FeII-concentration is restricted by the limited solubility of FeIII, which is 

generated in the Fenton reaction. Precipitation of FeIII would terminate Fenton-based 

contaminant degradation due to insufficient FeII-recycling.2 Furthermore, the pH strongly 

affected degradation efficiency. The optimum pH was shown to be around pH 3 as it is 

frequently described in literature.2 Hitherto, it was widely accepted that efficient Fenton-based 

degradation of contaminants is restricted to acidic pH due to limited solubility of FeIII at pH > 

3. In contrast, in this thesis it was shown that BPS can successfully be degraded at neutral pH. 

Indeed, degradation of BPS was decelerated at pH 7 compared to pH 3. However, complete 

degradation could be achieved within common hydraulic residence times of oxidative water 

treatment steps, which can be up to 30 minutes. Hitherto, a mechanistic changeover was 

described to occur in the Fenton process when the pH is increased from acidic to neutral or 

alkaline leading to formation of •OH at acidic and generation of FeIV at neutral to alkaline pH.4, 

22-24 Comparison of degradation behaviour of BPS and para-chlorobenzoic acid (pCBA), a 

compound, which is supposed to be non-degradable by FeIV,25-26 during Fenton treatment in 

presence of tertiary butanol (t-BuOH) revealed no indication for formation of FeIV, neither at 



General Conclusion and Outlook 

 
157 

 

pH 3 nor at pH 7, but instead indicated that •OH are exclusively responsible for observed 

degradation. Hence, it is reasonable that degradation efficiency is decreased by presence of 

•OH-scavenging matrix components (t-BuOH). In a more complex matrix containing e.g. 

natural organic matter and/or chloride, also complexation of Fe and formation of secondary 

oxidants must be considered as both influence degradation efficiency of contaminants. 

Overall, results presented in chapters 3 to 5 could not reveal any indication for the formation of 

FeIV in Fenton chemistry. Additionally, even in the reaction of FeII with O3, which was 

described in literature to yield aquated FeIV with a lifetime of several seconds,27-28 no indication 

for the formation of FeIV was found. However, available literature reporting FeIV-formation in 

this context seems doubtful as basic interpretation of results was based on computer modelling 

of FeIII-absorbance, which could not be confirmed experimentally in this thesis. Hitherto, 

reliable literature published evidence for formation of FeIV only in presence of special ligands, 

which are required to stabilise iron in that high oxidation state. These include formation of FeIV-

ligand-complexes in Fenton chemistry as well as in other reactions.29-31 

 

7.2 OUTLOOK 

The knowledge gained on mechanistic aspects of Fenton chemistry in this thesis could be used 

to integrate the Fenton process in the treatment process of industrial wastewaters or the 

remediation of contaminated sites and optimise respective treatment conditions. Fenton 

chemistry reveals a large potential in this regard as compared to other treatment options it has 

a low energy demand and required chemicals are comparably cheap, easy to store and non-

threatening to the environment. Furthermore, degradation efficiency of Fenton processes 
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reveals potential to be simply enhanced by modification like, e.g. applied in photo-, sono-, or 

electro-Fenton reactions.32-39 

Kinetic indication for the formation of the hitherto postulated intermediate iron-peroxo-

complex is important with respect to kinetic modelling. The more reactions are known and can 

be taken as a basis of the model, the more precise kinetic modelling becomes. In order to 

determine optimal conditions enabling high treatment efficiencies coincidently with low cost 

when applying a certain AOP for the treatment of a specific wastewater kinetic modelling has 

to be performed.40-42 

In order to further investigate mechanistic aspects of Fenton chemistry, further research is 

required with respect to the influence of matrix components on contaminant degradation as it 

was on the one hand shown that degradation efficiency is considerably reduced in presence of 

•OH-scavenging matrix components. On the other hand, previous literature suggests an 

influence of iron-complexing matrix on the finally generated oxidant. Independent of the type 

of reactive species the presence of ligands enhances the Fenton process. At first, ligands are 

known to accelerate the reaction of FeII with H2O2 leading to an active oxidant. Secondly, 

generated FeIII can be kept dissolved due to complex formation and hence, enable Fenton-based 

treatment of wastewater even at neutral or alkaline pH.  

Additionally, further evaluation of factors leading to formation of FeIV as reactive species in 

Fenton reactions are required. In this regard research should focus on the influence of nitrogen-

based ligands as these are described to stabilise FeIV.29-31, 43 Formation of FeIV can on the one 

hand be unfavourable as it is considerably more selective compared to •OH and thus, lowers 

degradation efficiency. Hence, in cases a wastewater reveals such conditions leading to 

formation of FeIV another AOP could be considered in order to enhance degradation. On the 

other hand, in cases where the Fenton reaction occurs unintentionally, e.g., in fuel cells where 
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•OH can attack and finally degrade membranes inside the fuel cells, formation of FeIV can be 

advantageous in order to avoid undesired reactions.44  

With respect to formation of FeIV in the reaction of FeII with O3 besides the spectroscopic 

approach to identify FeIV via absorbance at a certain wavelength also consecutive reactions of 

FeIV can be used for indirect identification. On the one hand, e.g., dimethyl sulfoxide (DMSO) 

is supposed to form dimethyl sulfone (DMSO2) when reacting with FeIV in contrast to 

methanesulfinic acid (MSIA) and methanesulfonic acid (MSOA), which are generated from 

DMSO in •OH-based reactions.4 On the other hand, as described in chapter 6, when a surplus 

of O3 is applied FeO2+ decays in water and yields FeIII, OH−, and •OH, i.e. the same products 

described as products in the classical Fenton reaction formulated by Barb, et al. (1951)45, 

1951)46. However, detection of •OH in the reaction of FeII with a surplus of O3 in absence of 

matrix components leading to •OH-formation when reacting with O3, would indirectly indicate 

formation of FeIV. 

Further insight in mechanistic aspects, i.e. the identity of the generated reactive species of the 

Fenton reaction, might also be achieved by evaluation of transformation products of different 

contaminants as degradation pathways strongly depend on the involved oxidant. 

For an effective and efficient on-site application of the Fenton reaction in terms of wastewater 

treatment or remediation of contaminated sites, effects of matrix components other than organic 

•OH-scavengers or complexing agents must be investigated. Especially the influence of 

bicarbonate (HCO3
−) should be addressed. In presence of HCO3

− FeII-autoxidation if drastically 

accelerated and thus, outcompetes the reaction of FeII with H2O2. A better understanding of 

these processes would enable more efficient Fenton remediation. 
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(NH4)2Fe(SO4)2 × 6 H2O ammonium iron(II) sulfate hexahydrate 

(NH4)Fe(SO4)2 × 12 H2O ammonium iron(III) sulfate dodecahydrate 

[FeII]0 initial ferrous iron concentration 

[FeII]t ferrous iron concentration at a certain time (t) 

[FeIII]max maximum ferric iron concentration 

•CH3 methyl radical 

•OH hydroxyl radical 

AOPs advanced oxidation processes 

BDE bond dissociation energy 

BP bisphenol 

BPA bisphenol A, 4,4’-dimethylmethane diphenol 

BPS bisphenol S, 4,4’-sulfonyldiphenol 

cf. 

CH2O 

confer 

formaldehyde 

Cl− chloride 

Cl• chlorine atom 

Cl2
•− chlorine radical 

DAD diode array detector 

DCTA trans-1,2-diaminecyclohexanetetraacetic acid 

DMPO 5,5-dimethyl-1-pyrrolidine-N-oxide 

DMSO dimethyl sulfoxide 

DMSO2 dimethylsulfone 

DNA deoxyribonucleic acid 

DNPH 2,4-dinitrophenylhydrazine 

DOC dissolved organic carbon 

DTPA diethylenetriaminepentaacetic acid 

e− electron 

e.g. for example 

E0 standard oxidation-reduction potential 

EDTA ethylenediaminetetraacetic acid 

EPR electron spin resonance 
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f(x + y) fraction of x reacting with y 

Fe0 

ZVI 

zerovalent iron 

zerovalent iron 

FeII ferrous iron 

FeIII ferric iron 

FeIV tetravalent iron 

FeO2+ ferryl ion 

FeOOH+ 

Fe(H2O2)
2+ 

Fe(H2O)(H2O2)
2+ 

iron-peroxo-complex 

iron-peroxo-complex 

iron-peroxo-complex 

H Planck constant 

H+ proton 

H2O2 hydrogen peroxone 

H2SO4 sulfuric acid 

HCl hydrochloric acid 

HEDTA hydroxyethylenediaminetriacetric acid 

HO2
• perhydroxyl radical 

HOCl•− hyperchlorous acid 

HOCl4 perchloric acid 

HPLC high performance liquid chromatography 

i.e. id est 

IC ion chromatography 

K reaction rate constant 

K equilibrium constant 

k' observed pseudo first order reaction rate 

k2nd second order reaction rate constant 

Ksp solubility product 

L ligand 

MeOH methanol 

MSIA methane sulfinic acid 

MSOA 

CH4O3S 

methansulfonic acid 

methansulfonic acid 

n.d. not determined 
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Na2CO3 disodiumcarbonate 

NaCH3O2S sodium methanesulfinate 

NaCl sodium chloride 

NaHCO3 sodiumhydrogencarbonate 

NaOH sodium hydroxide 

No. number 

NOM natural organic matter 

NTA nitrilotriacetic acid 

O2 molecular oxygen 

O2
•− superoxide 

O3 ozone 

O3
•− ozonide radical anion 

OH− hydroxide ion 

OM organic matter 

pCBA para-chlorobenzoic acid 

pKa acid dissociation constant 

SI supporting information 

SO4
2− sulfate 

SR NOM Suwannee river natural organic matter 

SRFA Suwannee river fulvic acid 

t-BuOH tertiary butanol 

US 

))) 

ultrasound  

ultrasound 

UV ultraviolet 

WFD water framework directive 

ε molar absorption coefficient 

λ wavelength 

ν Frequency 
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