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SI-1: Experimental method details 

SI-1.1: Stability of SRFA solution 

The stability of pH 4 SRFA solutions of different concentrations (2.5-10 mg.L−1) was 

examined and properties found to be stable over timescales typical of the experiments 

undertaken here (10 min – 24 h). Specifically, the SRFA absorbance did not change over time 

periods of up to 24 h and the rate of H2O2 production on photolysis of SRFA solutions that 

had been prepared 24 h earlier was identical to that of freshly prepared SRFA solutions. 

Furthermore, Fe(II) oxidation and Fe(III) reduction rates for SRFA solutions that had been 

prepared 24 h earlier were identical to those of freshly prepared SRFA solutions.   

SI-1.2: Fe(II) generation kinetics from Fe(III) reduction and Fe(II) oxidation kinetics in 

photolyzed SRFA solution 

Fe(II) generation kinetics were measured during photolysis of SRFA solutions containing 

Fe(III), while Fe(II) oxidation kinetics were measured during photolysis of SRFA solutions 

with addition of Fe(II). In all cases, 3 mL of solution containing SRFA and Fe(III) was 

photolyzed in a 1 cm quartz cuvette for 0.5, 1, 2, 5, or 10 min followed by addition of 60 µL 

FZ-DFB mix, with Fe(II) concentrations at each time point determined using the modified FZ 

method described in our earlier study [1]. Both types of experiment were conducted with a 

range of additional treatments: 

1. Addition of 12.5 and 25 kU.L−1 SOD, with 5 or 10 mg.L−1 SRFA and either 100 nM total 

Fe(III) (for Fe(III) reduction kinetics) or 100 nM total Fe(II) (for Fe(II) oxidation kinetics). 

Fe(II) and Fe(III) calibrations were performed in the presence of SOD and the molar 

absorption coefficient obtained was the same in the presence and absence of SOD, supporting 

the conclusion that SOD does not react with Fe present in our experimental matrix. 

Furthermore, in control experiments where SOD was added to solutions containing Fe(II) or 
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Fe(III) in the absence of SRFA (under both non-irradiated and irradiated conditions), no 

change in Fe(II) or Fe(III) concentrations was observed (data not shown). 

2. Substitution of D2O for water, with 10 mg.L−1 SRFA and either 100 nM of Fe(III) (for 

Fe(III) reduction kinetics) or 100 nM total Fe(II) (for Fe(II) oxidation kinetics). Calibration 

was performed by standard addition of Fe(II) or Fe(III) to SRFA solution adjusted to pD 4 

prepared in 99.9% D2O and was similar to that in aqueous solution. Correction was employed 

for the pD-pH effect. Control experiments measuring Fe(III) reduction kinetics and Fe(II) 

oxidation kinetics in the dark in D2O solution in the absence of SRFA were also performed. 

No change in Fe(II) concentration was observed (data not shown), confirming that no 

transformation of Fe(II) or Fe(III) occurred in D2O solution in the dark and in the absence of 

SRFA. 

3. Addition of DMSO, with 5 mg.L−1 SRFA and either 100 nM Fe(III) (for Fe(III) reduction 

kinetics) or 100 nM total Fe(II) (for Fe(II) oxidation kinetics). Both Fe(II) and Fe(III) 

calibrations were performed in the presence of DMSO and the molar absorption coefficient 

obtained was found to be identical in the presence and absence of DMSO with this result 

supporting the conclusion that DMSO does not react with the Fe present in our experimental 

matrix. Furthermore, in control experiments where DMSO was added to solutions containing 

Fe(II) or Fe(III) in the absence of SRFA (under both non-irradiated and irradiated 

conditions), no change in Fe(II) or Fe(III) concentrations was observed (data not shown). 
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SI-2: Additional manipulative experiments to probe the nature and mechanism of 

generation of Fe(II) oxidant unlikely 

 

Figure SI-1: Calculated pseudo-first rate constant (k) for oxidation of 100 nM (squares) and 

50 nM (triangles) in irradiated solutions containing 5 mg.L−1 SRFA as a function of time.   
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Figure SI-2: Fe(II) oxidation kinetics in irradiated 10 mg.L-1 SRFA solution in the absence 

(open circles) and presence (closed circles) of 2 µM H2O2  
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Figure SI-3 (a) Photochemical generation of Fe(II) following addition of 100 nM Fe(III) to 5 

mg.L-1 SRFA in air saturated aqueous solution (open circles) and air saturated D2O solution 

(closed circles); (b) Photochemical Fe(II) oxidation following addition of 100 nM Fe(II) to 5 

mg.L-1 SRFA in air saturated aqueous solution (open circles) and air saturated D2O solution 

(closed circles). Symbols represent experimental data (average of duplicate measurements).  
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Figure SI-4: H2O2 concentration generated from photolysis of 2.5 mg.L−1 (triangles), 5 

mg.L−1 (squares) and 10 mg.L−1 (circles) SRFA for 10 min. Symbols represent the average of 

duplicate measurements; lines represent model values. 

SI-3: Details of the kinetic model 

Based on the analysis presented in the manuscript and our earlier work on Fe redox 

transformations in previously photolysed SRFA solution [1] and photochemical generation of 

ROS on SRFA photolysis [2], a kinetic model was developed to describe Fe redox 

transformation in continuously irradiated SRFA solutions. The main features of the kinetic 

model (see Table 1 in the main text) are discussed in detail below. 

SI-3.1 Instantaneous establishment of steady-state singlet oxygen concentration 

1O2 reaches a steady-state concentration almost instantaneously due to its rapid formation via 

reaction of 3O2 with photoexcited SRFA (eq. 1) and relaxation of the excited singlet state in 

solution (eq. 2): 

SRFAOSRFAhSRFA 2
1O* 2

3

+⎯⎯→⎯⎯→⎯ν+  (1) 
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1O2
H2O⎯ → ⎯ 3O2 (2) 

The rate constant for the reaction shown in eq. 1 was calculated based on the photon 

absorption rate by SRFA as described in our earlier work. The rate constant for the relaxation 

reaction (eq. 2) was determined assuming that relaxation of 1O2 mainly occurs via its 

interaction with the solvent, with a rate constant of 2.4 × 105 s−1 in aqueous solution and 1.5 × 

104 s−1 in D2O solution (since the lifetime of 1O2 is 16-fold higher in D2O solution compared 

to aqueous solution) [3]. Rate constants for both these reactions were fixed during modeling.  

SI-3.2 Superoxide formation during irradiation  

Superoxide formation during irradiation was modelled using the reactions: 

Q + hν e−⎯ →⎯ Q−
 (3) 

Q− + 3O2 ⎯→⎯ Q +HO2
•

 (4) 

Q− ⎯→⎯ NRP  (5) 

where NRP represents a non-reactive product. 

Photoexcitation of Q followed by electron transfer or H abstraction results in formation of the 

O2-reducing radical Q− . The reaction shown in eq. 5 is an apparent reaction incorporating 

excitation of Q, relaxation to ground state and reduction of the excited state by an electron 

donor. The apparent rate constant for reduction of Q to Q−  was determined based on best-fit 

to the H2O2 generation data shown in Fig. SI-4 assuming that the initial concentration of Q 

was proportional to the SRFA concentration. A total concentration of 1.7 mmol.g−1 SRFA 

was used for modelling based on the reported electron accepting capacity of quinone moieties 

in humic and fulvic acids [4]. However, the initial concentration of Q is not well constrained 
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by our experimental data, with a similar fit able to be obtained for varying concentrations 

with suitable adjustment of the rate constant for the reaction in eq. 3. The same rate constant 

for the reaction shown in eq. 4 as used by Zhang et al. [5] for reaction of O2 with either an 

excited triplet state or a reducing radical intermediate based on results of earlier investigators 

was used here. The reaction shown in eq. 5 represents relaxation of Q−  to form a non-

reactive product (NRP) with the rate constant for this reaction determined using the measured 

effect of dioxygen removal on H2O2 formation rate (see [1]) as described by Zhang and co-

workers [5]. The H2O2 formation rate decreased by ~30% after 95% removal of dioxygen, 

which yields a ratio of 1.7 × 105 M for the rate constants for the reactions shown in eqs 4 and 

5. Using the value of 1 × 109 M−1.s−1  assumed by Zhang and co-workers [5] for the rate 

constant for reaction 4, we obtain a value of 5.8 × 103 s−1 for the rate constant for reaction 5. 

This implies that the lifetime of Q−  is ~173 µs which is consistent with the finding that the 

reactive intermediate responsible for H2O2 production is relatively stable in the absence of 

dioxygen [5]. The lifetime of Q−  determined here is about 6-times higher than the value 

reported by Zhang and co-workers [5], which may be due to differences in pH, experimental 

matrix and light intensity used in the two studies. It is to be noted however that the lifetime of 

Q−  (which controls superoxide generation rate) has minimal effect on the modelled Fe redox 

transformations in this study since the major pathways for both Fe(III) reduction and Fe(II) 

oxidation are superoxide-independent.  

A constant HO2
•
 generation rate is most consistent with experimental data in this and earlier 

work [2] in which HO2
•
 concentrations reached steady-state after 10–20 min. If the HO2

•
 

generation rate was to decrease over time due to consumption of Q, a steady-state HO2
•
 

concentration would not be observed. Thus, in order to maintain a constant HO2
•

 generation 

rate, we have assumed that Q is regenerated when Q−  reacts with dioxygen, which is 
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consistent with Q−  being similar to semiquinone-like radicals. This is also consistent with 

recent studies showing that, once reduced, electron accepting quinone moieties in humic and 

fulvic substances can be reoxidized by dioxygen [4, 6]. Furthermore, in order to maintain a 

constant HO2
•

 generation rate, a continuous source of electrons is required for reduction of Q. 

Based on the kinetic model, we require an electron donor concentration of at least 1 mmol.g−1 

SRFA if this donor is irreversibly consumed. This value is consistent with the recently 

reported electron donating capacity of humic and fulvic acids [7].  

SI-3.3 Uncatalyzed disproportionation of superoxide 

Superoxide (or, rather, at pH 4, the hydroperoxy radical) undergoes uncatalyzed 

disproportionation in the dark to form H2O2. The rate constant for this reaction was used as 

reported earlier at pH 4 [8]. 

HO2
• +HO2

• ⎯→⎯ O2 +H2O2                                                                       (6) 

This uncatalyzed process will be unimportant in the light since, under these conditions, the 

disproportionation of the hydroperoxy radical will be catalyzed by the presence of iron. 

SI-3.4 Oxidative superoxide sink 

During irradiation, a substantial amount of HO2
•  decays via an oxidative pathway, as 

demonstrated by the increase in H2O2 production rates on addition of SOD (see [1]). The 

following reactions were included in the model to account for this oxidative sink of HO2
• : 

    

 

R + hν ⎯ → ⎯ R•  (7) 

R• +HO2
• ⎯→⎯ R− +O2  (8) 

  

 

R• + R• ⎯ → ⎯ R2 (9) 
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The rate constants for the reactions shown in eqs. 8 and 9 were used as determined in our 

earlier work [2] based on best fit to the HO2
•  concentration profile during irradiation and after 

the lamp was extinguished while the rate constant for reaction 7 was determined based on 

best-fit to our experimental data.  

SI-3.5 A! generation 

As discussed in our earlier work [1], HO2
•
 oxidizes the reduced organic group (A2!) to form 

A!, which can further undergo reaction with HO2
•  to catalyse its disproportionation in the 

dark or can also be oxidized by 1O2 under irradiated conditions according to the following 

reactions: 

A2- +HO2
• ⎯→⎯ A− +H2O2  (10) 

A− +HO2
• ⎯→⎯ A2- +O2   (11) 

A− + 1O2 ⎯→⎯ A+HO2
•

 (12) 

The rate constant for the reaction shown in eq. 10 was determined based on the values 

reported in the literature [9] as well as in our earlier work [2]. The rate constants for the 

reactions shown in eq. 11 and 12 were determined based on best-fit to experimental data for 

Fe(II) oxidant generation in previously photolyzed SRFA solution from earlier work [1]. The 

total initial concentration of A2! was used as calculated (i.e. 35.4 µmol.g-1 SRFA) based on 

the measured steady-state concentration of Fe(II) generated on Fe(III) reduction in SRFA 

solution in the dark [1]. 

 SI-3.6 Peroxyl radical generation 
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As shown in eq. 13, hydroxyl radicals or hydroxylating intermediates formed on photolysis of 

SRFA react with bulk organic matter resulting in the formation of carbon-centered radicals 

which further react with O2 irreversibly, forming corresponding peroxyl radicals [10]. 

Peroxyl radicals so formed can undergo bimolecular or unimolecular decay [10]: 

•⎯⎯⎯ →⎯ν+
•

2
OH,O ROhR 2  (13) 

RRORORO 422 ⎯→⎯+ ••
  (14) 

•+•• +⎯→⎯ 22 OHRRO   (15) 

The rate constants for the reactions shown in eqs. 13 and 15 were determined based on best-

fit to experimental data for Fe redox transformation in continuously irradiated SRFA solution 

while the rate constant for the reaction shown in eq. 14 was used as reported earlier [11].  

SI-3.7 Fe redox transformations by reaction with A!and A2! in continuously irradiated 

SRFA solution 

Reactions shown in eq. 16 and 17 show Fe(II) oxidation by- A! and Fe(III) reduction by A2!. 

The rate constants for these reactions determined in our earlier work [1] were used here.  

−− +⎯→⎯+ 2A)III(FeAFe(II)   (16) 

−− +⎯→⎯+ A)II(FeAFe(III) 2
  (17) 

SI-3.8 Fe(II) oxidation by peroxyl radicals in continuously irradiated SRFA solution 
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The reaction shown in eq. 18 represents oxidation of Fe(II) by peroxyl radicals. The rate 

constant for this reaction was determined based on best-fit to experimental data and is within 

the range of previously published values [12]. 

HRO)III(FeROFe(II) 22 +⎯→⎯+ •
  (18) 

SI: 3.9 Fe(III) reduction by LMCT in continuously irradiated SRFA solution 

The reaction in eq. 19 shows reduction of Fe(III) by LMCT with the rate constant determined 

by best-fit to experimental data.  

ox
L,h L)II(FeFe(III) +⎯⎯→⎯ υ

  (19) 

SI: 3.10 Fe redox transformations by reaction with superoxide in continuously irradiated 

SRFA solution 

The reactions shown in eqs. 20 and 21 represent superoxide-mediated Fe(III) reduction and 

Fe(II) oxidation respectively. The rate constant for SMIR was used as reported earlier for 

Fe(III)SRFA at pH 8 [13]. The rate constant for superoxide-mediated Fe(II) oxidation was 

used as reported for inorganic Fe(II)  at pH 4 [14]. 

22 O)II(FeOHFe(III) +⎯→⎯+ •
 (20) 

222 OH)III(FeOHFe(II) +⎯→⎯+ •
  (21) 

SI-4: Relative contributions of Fe(III) reduction by LMCT, SMIR and A2! 

The relative contributions of these processes to overall Fe(III) reduction are given by: 

Relative contribution of LMCT to Fe(III) reduction =  
kpsuedo
LMCT

kpsuedo
LMCT + kpsuedo

SMIR + kpsuedo
A2-

     (22)    
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Relative contribution of SMIR to Fe(III) reduction =  
kpsuedo
SMIR

kpsuedo
LMCT + kpsuedo

SMIR + kpsuedo
A2−

           (23)   

Relative contribution of A2- to Fe(III) reduction =  
kpsuedo
A2−

kpsuedo
LMCT + kpsuedo

SMIR + kpsuedo
A2−

               (24) 

where  kpsuedo
LMCT , kpsuedo

SMIR , and kpsuedo
A2−  are the pseudo-first order rate constants for Fe(III) reduction 

by LMCT, SMIR and A2! respectively. kpsuedo
LMCT  = 7.5 × 10-3 s-1 for all SRFA concentrations, 

while the values for kpsuedo
SMIR  and kpsuedo

A2−  were calculated using the modeled rate constants for 

Fe(III) reduction by superoxide and A2! and the model predicted average concentrations of 

superoxide and A2!,- respectively. 
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