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H I G H L I G H T S

• Fe(VI) decays by unimolecular me-
chanism under alkaline condition (pH
9.0–10.0).

• Unimolecular decay occurs via water
attack (WA) mechanism based on DFT
calculation.

• Kinetic modeling and DFT suggest in-
volvement of Fe(V) and Fe(IV) inter-
mediate species.

• Fe(VI) self-decay generates H2O2,
which was quantified experimentally.

• Successful kinetic modeling of H2O2

formation and Fe(VI) disappearance in
Fe(VI) decay.
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A B S T R A C T

The kinetics and mechanisms of self-decay of ferrate(VI) (FeVIO4
2−, Fe(VI)) over the entire pH range from acidic

to basic pH range need to be understood to assess the ability of Fe(VI) to oxidize pollutants at different pHs.
Mechanism of self-decay of Fe(VI) has been extensively examined under acidic to neutral pH conditions.
However, Fe(VI) self-decay at alkaline pH (e.g., pH 9.0 or higher) is poorly understood. This study performed
kinetic and modeling studies of the Fe(VI) decay at pH 9.0 and 10.0. Our research reveals that the decay of Fe
(VI) follows first-order kinetics (i.e., unimolecular decay) at pH 9.0 and 10.0 and the order changes to 3/2-order
at pH 7.0 due to the different species of Fe(VI) (FeO4

2− versus HFeO4
−). Results of unimolecular decay me-

chanism through water attack (WA) are supported by density functional theory (DFT) calculations, which in-
dicate unfavorable dimerization of FeO4

2− through oxo-coupling (OC) under alkaline conditions. The WA on the
monomeric FeO4

2− is proposed due to its lower activation barrier compared to OC. Kinetic simulation of Fe(VI)
decay involving Fe(V) and Fe(IV) successfully predicts Fe(VI) disappearance and H2O2 generation (a product)
under varied conditions. The decay of FeO4

2− is different from the second-order kinetics of protonated Fe(VI)
species (H2FeO4 and HFeO4

−). Our results will aid in comprehending oxidation power of Fe(VI) in degrading
pollutants under alkaline conditions.

1. Introduction

Over the past decade, ferrate(VI) (FeVIO4
2−, Fe(VI)), a powerful

oxidizing agent with a standard potential of 2.2 V in acid solution and
0.7 V at alkaline condition [1], has emerged as a novel oxidant to re-
move contaminants from water [2–5]. The oxidation ability to remove
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pollutants is generally determined by the competing rate constants of
the reaction between Fe(VI) with pollutants (X) (Reaction R(1)) and
simultaneous self-decay of Fe(VI) (Reaction R(2) or Reaction R(3)):

+ →Fe(VI) X Products (R1)

+ →Fe(VI) H O Products2 (R2)

+ →Fe(VI) Fe(VI) Products (R3)

It is imperative to know whether the self-decay is first-order
(Reaction R(2)), second-order (Reaction R(3)), or both to assess the
ability of Fe(VI) to oxidize pollutants [6]. For example, if Fe(VI) self-
decay is first-order, the half-life of Reaction R(2) would be independent
of Fe(VI) concentration. Comparatively, the half-life of Reaction R(3)
would be inversely related to Fe(VI) concentration. The rates of the
reactions of Fe(VI) with pollutants (i.e., Reaction R(1)) are highly pH-
dependent in the acidic to basic pH range. The oxidative removal of
pollutants by Fe(VI) over the entire pH range may be understood by
knowing the pH dependence of the self-decay of Fe(VI). Many studies
have been conducted in acidic to neutral pH on the decay of Fe(VI) in
water, but similar information in basic medium is scarce. Information
on the self-decay of Fe(VI) under basic pH has become important in our
research, in which we have sought to remove pharmaceuticals from the
alkaline systems (e.g., hydrolyzed human urine samples [7]).

Fe(VI) is unstable in aqueous solution under acidic conditions [8,9]
and could react with H2O to produce Fe(III), O2 [10] and H2O2 [11] as
the final products. The mechanism for Fe(VI) self-decomposition at very
acidic condition (e.g., pH 1.0–3.0) has been proposed recently [12]. It
includes the formation of a diferrate(VI) and subsequent intramolecular
oxo-coupling, which results in the production of O2 and diferryl(IV)
species, on the basis of the study of 18O isotope effects on kinetics and
computational method based on the density functional theory (DFT).
This mechanism has been extended to near-neutral pH (pH 1.0–8.3)
with a minor modification that was changed from direct O2 formation
to H2O2 stripping as the intermediate step to form diferryl(VI), ac-
cording to the experimental evidence of H2O2 generation [11]. Re-
cently, Chen and co-workers [13] also confirmed the second-order re-
action of Fe(VI) decay at pH 8.0, based on the linear relationship
between the initial Fe(VI) decay rate and [Fe(VI)]2. However, the me-
chanism of Fe(VI) self-decay at alkaline conditions (e.g., pH 9.0 or 10.0)
has been poorly understood even though the optimal working pH for Fe
(VI) may be at 9.0 after compromising between the Fe(VI)’s self-decay
rate and oxidizing capability [14,15].

Herein, the reaction kinetics of Fe(VI) self-decay at alkaline condi-
tions (particularly pH 9.0) were carefully examined experimetnally, and
the mechanism was proposed and validated by DFT calculations. A
kinetic model including Fe(VI) and intermediate iron species (i.e., Fe(V)
and Fe(IV)) was developed to predict Fe(VI) decay and H2O2 generation
at pH 9.0 to quantitatively assess the involvement of the intermediate
iron species.

2. Materials and methods

The self-decay of Fe(VI) (initial concentration was 107.0–695.0 μM
for long duration experiments and 101.0–1220.0 μM for initial rate
method) at pH 9.0 or 10.0 (in 10.0 mM phosphate buffer) was studied
in constantly stirred batch reactors at 25 °C and monitored by UV–vis
spectrophotometry. The kinetic model simulations were conducted
using Simbiology Version 5.7 in MATLAB 2018 (The Math Works, Inc.).
Details of experimental and computational methods are provided in the
Supporting Information (SI) Text S1.

3. Results and discussion

3.1. Self-decay kinetics of Fe(VI) under alkaline conditions

According to the speciation of Fe(VI) [16], deprotonated Fe(VI)
(FeO4

2−) is the major species (98%) at pH 9.0 (HFeO4
− ⇌ H+ +

FeO4
2−, pKa3 = 7.23 [17]). The self-decay of Fe(VI) was studied at pH

9.0 with the initial concentrations (i.e., [Fe(VI]0) ranging from 107 to
434 μM (Fig. S1). Most previous research proposed a 2nd-order reaction
with respect to Fe(VI) for its decay [11,12,18]. However, the Fe(VI)
decay data fitted better with the 1st-order kinetics with more consistent
rate constants and higher R2 values compared to the 2nd-order kinetics
(See Table S1). The mixed 1st- and 2nd-order kinetics were also utilized
to simulate the Fe(VI) decay data but could not obtain meaningful rate
constants (see Text S1.2 and Table S2), indicating that the assumption
(i.e., FeO4

2− can initiate 1st- and 2nd-order decays in parallel) could not
be applied in this case.

Next, the method of initial rate was used to determine the order (n)
of the self-decay of Fe(VI) (Text S1.3). In Fig. 1A, the linear relationship
was observed only between the initial rate and [Fe(VI)] at pH 9.0,
which was consistent with the rate law v = kinitial[FeO4

2−] (kinitial =

Fig. 1. Relationship between the initial Fe(VI) decay rate and initial [Fe(VI)] at
pH 9.0 (A) and 10.0 (B) in 10.0 mM phosphate buffer. [Fe
(VI)]0 = 101.0–1220.0 μM; n = 2; Insets show the corresponding plot of initial
rate vs. [Fe(VI)]2.
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4.8 × 10−5 s−1 at pH 9.0). As Fig. 1A inset shows, no linearity was seen
between the initial rate and [Fe(VI)]2, further suggesting that the rate
was first-order with respect to [Fe(VI)]. The same phenomenon was
also observed at pH 10.0 (Fig. 1B). The above evidence strongly sug-
gested that Fe(VI) decomposition under alkaline conditions (pH 9.0 and
10.0), where FeO4

2− dominates, followed the 1st-order kinetics rather
than the 2nd-order decay kinetics proposed in other previous studies
[11,18]. Therefore, it is plausible that the protonation of Fe(VI) could
alter the decay reaction order, i.e., the deprotonated form follows 1st-
order reaction (unimolecular decay) and the protonated form follows
2nd-order reaction (bimolecular decay).

To test the above hypothesis, Fe(VI) decay at pH 7.5 was in-
vestigated at varied initial concentrations of Fe(VI) because deproto-
nated and mono-protonated Fe(VI) (53% FeO4

2− and 47% HFeO4
−)

coexisted under such condition. When attempting to fit the data with
1st- or 2nd-order kinetics, neither could fully depict satisfactorily the Fe
(VI) self-decay (Fig. S2 and Table S1). For 1st-order reaction, the rate
constant was not significantly affected by the initial Fe(VI) concentra-
tions but R2 deteriorated to 0.91 when [Fe(VI)]0 was increased to
695 µM. For 2nd-order reaction, the better R2 values were observed but
the rate constants were changed from 1.10 to 5.51 M−1∙s−1 at different
levels of [Fe(VI)]0. Thus, both kinetic models failed to describe Fe(VI)
decay at pH 7.5.

The order of this reaction was then determined by the method de-
scribed in Text S1.2 and was found to be ~3/2 (shown by the regression
slope in Fig. S3A). After fitting the data into the 3/2-order kinetics, the
better values of R2 were obtained (i.e., 0.94–0.99) and the more con-
sistent rate constants (an average value of 6.23 × 10−2 s−1 with 28.8%
deviation) were observed (Table S1). This phenomenon can be ex-
plained by the coexistence of similar concentrations of deprotonated
and mono-protonated Fe(VI) species. Similarly, previous studies have
attempted to use the mixed 1st- and 2nd-order kinetics to describe Fe(VI)
self-decay under acidic-to-neutral conditions and found that the 2nd-
order kinetics began to dominate the decay pathway as pH was de-
creased [10,19].

3.2. Mechanistic investigation based on the DFT calculations

Since dimerization of two Fe(VI) to form diferrate(VI) has been
proposed as the major step to initiate the bimolecular decay under
acidic-to-neutral conditions [11,12,20], unimolecular decay of Fe(VI)
under alkaline condition is expected to follow a different decay
pathway. The DFT calculations were employed to elucidate the Fe(VI)
decay mechanism under this condition.

Table 1 shows the optimized geometries of different Fe(VI) species
in aqueous solution. The calculated Fe-O distance (1.65 Å) and Fe-O-Fe

angle (109.5°) for FeO4
2− in water were in good agreement with the X-

ray structure of K2FeO4 [21]. By comparing the LUMO energy levels
based on the B3LYP method, it was evident that the oxidizing ability of
Fe(VI) species became stronger upon protonation because of the in-
creased electron accepting ability of H2FeO4 and HFeO4

−, which agrees
well with the pH dependence of Fe(VI) reactivity derived from ex-
periments [22]. These results validated the use of DFT/B3LYP method
combined with mixed basis sets. Furthermore, protonation influenced
the bond length between Fe and O. Compared to the 1Fe-2O distance of
1.65 Å in FeO4

2−, the corresponding 1Fe-2O(H) increased to 1.742 Å
and 1.801 Å in H2FeO4 and HFeO4

− after protonation. Such increase in
1Fe-2O(H) distance resulted in much easier bond-breaking reactions in
aqueous phase. The calculated 1Fe-2O(H) dissociation energy also in-
creased with deprotonation, which indicated that 1Fe-2O(H) bond be-
came more difficult to break at higher pH.

The calculated free energy barriers (Scheme S1) suggested that the
thermodynamics of condensation and dimerization changed from fa-
vorable (-1.0 kcal/mol, compared to −1.3 kcal/mol calculated by
Sarma et al. [12]) to unfavorable (272.1 kcal/mol) along the deproto-
nation. This is due to FeO4

2− species having (i) a shorter Fe-O(H)
distance and a higher bond dissociation energy, and (ii) a stronger in-
termolecular electrostatic repulsion. Ma and coworkers [23] reported
an accelerating effect of Ca2+ on Fe(VI) decay at pH 9–10, and de-
monstrated unfavorable dimerization of FeO4

2− species unless in the
help of metal cations such as Ca2+ to bridge two FeO4

2− ions. Note that
Sarma et al. [12] also found that, at very low pH (~1), Fe(VI) decay was
ruled by 1st-order kinetics and the calculated free energy for the for-
mation of diferrate(VI) became positive (9.27 kcal/mol), indicating
unfavorable situation to initiate dimerization for tri-protonated Fe(VI)
(H3FeO4

+).
Fe(VI) self-decay process in aqueous phase can also be regarded as

water oxidation, where the rate-limiting O-O bond formation is critical
to elucidate the reaction pathway. Formation of O-O bond in Fe(VI) can
be achieved either through oxo-coupling (OC) in Fe(VI)’s oxo ligands or
water attack (WA) reaction that may involve high-energy electrophilic
intermediates [24–28]. Both possible mechanisms were examined by
locating their corresponding transition states (TS) and perform intrinsic
reaction coordinate (IRC) analysis using the DFT method. In Table 2,
monomeric Fe(VI) reaction pathways were designated according to spin
state, protonation level and mechanisms of O-O bond formation. For
example, the TS for OC with the monoprotonated HFeO4

− via the un-
restricted triplet is designated as 31OC. The activation barriers noted as
ΔG‡

Cal are also shown in Table 2. The results showed that O-O bond
formation was more favorable for HFeO4

− with the lower ΔG‡
Cal values

observed in 31OC (42.5 kcal/mol) and 31WA (25.1 kcal/mol) in com-
parison to the deprotonated FeO4

2− (62.3 kcal/mol in 30OC or and

Table 1
Optimized geometries of Fe(VI) species based on DFT calculations (bond length in Å).

Ferrate H2FeO4 HFeO4
−1 FeO4

−2

Optimized Geometry

Charge 0 −1 −2
Spin State Triplet Triplet Triplet
Relative Gibbs Free Energy (Kcal/mol) 0 261.7 555.0
1Fe-2O(H) Bond Dissociation Energy (Kcal/mol) 36.3 45.8 53.2
LUMO (eV) −5.15 −3.44 −1.95
HOMO (eV) −8.99 −7.32 −7.09
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58.8 kcal/mol in 30WA). A similar result was also observed when
comparing the O-O bond formation for H3FeO4

+ and H2FeO4, where
ΔG‡

Cal value increased with the decreasing protonation levels [12]. On
the other hand, it is notable that WA for FeO4

2− had relatively lower
activation barrier in TS compared to OC (58.8 vs. 62.3 kcal/mol). A
similar trend was also reported previously for HFeO4

− (27.8 kcal/mol
(WA) vs. 37.4 kcal/mol (OC) [13]), H2FeO4 (30.2 kcal/mol (WA) vs.
41.0 kcal/mol (OC) [12]) and H3FeO4

+ (20.8 kcal/mol (WA) vs.
24.5 kcal/mol (OC) [12]). These findings confirmed that, unlike OC,
which occurred in diferrate molecules at lower pH, monomeric depro-
tonated ferrate (FeO4

2−) in alkaline solution was more likely to initiate
WA to complete the O-O bond formation. The products generated from
WA were also analyzed in Text S2.

3.3. Kinetic model of Fe(VI) self-decay: Involvement of Fe(IV) and Fe(V)

A kinetic model including Equations 1–10 in Scheme 1 and Table 3
was used to simulate the Fe(VI) decay behavior at pH 9.0 under various
experimental conditions. Fe(VI), as well as H2O2 (one of the major end
products of Fe(VI) decay), were experimentally measured and the re-
sults were used to validate the kinetic model. Even though FeO4

2− is
the dominant species at pH 9.0 (98% FeO4

2− vs. 2% HFeO4
−), the

contribution of HFeO4
− may not be negligible if it has relatively high

reaction rates with substrates. Therefore, HFeO4
− was included in

Equations 1b, 2b, and 7b to fully delineate the species-specific kinetic
behaviors of ferrates in the oxidation system.

Equation 1a represents the initiation of FeO4
2− self-decomposition

from WA, generating one Fe(IV) species and one H2O2. This reaction
was identified in our study and occurred via 1st-order kinetics with its
kinitial to be 4.8 × 10−5 s−1 (in Fig. 1). According to the proposed re-
action pathway in Scheme S2, WA can be deemed as the addition of one
·OH and one proton to two separate oxygen ligands in Fe(VI) to form a
hydrolyzed Fe(V) intermediate species. After stripping one H2O2 via

one electron transfer from the central iron atom, one deprotonated Fe
(IV) species is formed. Equation 1b, on the other hand, shows the bi-
molecular decay of HFeO4

− via OC, which has been carefully examined
previously [11]. It’s possible that Fe(VI) may react with H2O2 (Eqs. 2a
and b) and their species-specific rate constants were evaluated and
modeled by Rush et al. [20] according to experimentally measured pH-
dependent apparent rate constants. The reaction rate constant between
HFeO4

− and H2O2 was determined to be 1.7 × 102 M−1∙s−1 (Eq. 2b).
However, negligible reaction between FeO4

2− and H2O2 was found in
their study (Eq. 2a), because oxidation of H2O2 requires prior co-
ordination of peroxide to the metal to initiate inner-sphere electron
transfer but FeO4

2−, owing to a slower oxygen exchange rate [8]
compared to that of its protonated counterparts (i.e., HFeO4

−, H2FeO4,
and H3FeO4

+), could not achieve such ligand-substitution, let alone the
electron-transfer process afterwards [20].

The newly formed Fe(IV) species can undergo dimerization to form
di-Fe(IV) (Eq. 3) and then subsequently self-decomposed to Fe(III) and
H2O2 (Eq. 4), based on the kinetic study of Fe(IV)-pyrophosphate
complex by the pulse radiolysis at pH 10.0 [29]. The reaction rate
constants of Equations 3 and 4 at pH 9.0 were estimated to be similar to
the reported values at pH 10.0 in the phosphate buffer solution. Fe(IV)
oxidation of H2O2 (Eq. 5) has only been studied at acidic pH 0 (i.e.,
FeIVO2+ + H2O2, k = 1.0 × 104 M−1∙s−1) [30] or at pH 10 in 0.1 M
pyrophosphate (Fe(IV)-pyrophosphate complex + H2O2, k= 3.9 × 105

M−1∙s−1) [29]. Since the speciation of Fe(IV) under different pH con-
ditions is poorly known (pKa = 9.6 for Fe(IV)-pyrophosphate complex
[29]), it is difficult to quantify the pH effect on k5 in phosphate-buffered
condition in our study. Based on the sensitivity analysis of k5 in the Fe
(VI) decay model (Fig. S4), the lower bound (1.0 × 104 M−1∙s−1) was
found to best fit the experimental data, especially for H2O2 generation.
This estimated value is also aligned well with the reaction rate constant
between Fe(V) and H2O2 (k10 = 4.0 × 105 M−1∙s−1 [31]), which was
usually 1–2 orders of magnitude higher than its Fe(IV) counterpart
[32]. Fe(IV) can also react with Fe(II) (Eq. 6) in acidic perchlorate and
alkaline pyrophosphate solutions and the reported rate constants be-
tween Fe(IV) and Fe(II) were 3.56 × 104 M−1∙s−1 (FeIVO2+ + Fe(II) at
pH 1.0 [33]) and 1.6 × 106 M−1∙s−1 (Fe(IV)-pyrophosphate com-
plex + Fe(II) at pH 10.0 [29]), respectively. Based on the sensitivity
analysis of k6 (Fig. S5), Fe(VI) decay and H2O2 generation were in-
dependent of the magnitude of k6 ranged from 3.56 × 104 M−1∙s−1 to
1.6 × 106 M−1∙s−1, thus k6 was estimated to be ~106 M−1∙s−1, closer
to the upper limit.

The reaction between Fe(VI) and Fe(II) (Eqs. 7a and 7b) was con-
sidered to be the bridge between different iron species, where Fe(V) and
Fe(III) were the end products. Previous research has evaluated the
oxidation of Fe(II) by Fe(VI) using the stopped-flow spectrophotometer
at pH 5.0 and its rate constant was much greater than
5.0 × 106 M−1∙s−1 [11]. Meanwhile, it was found that Fe(II) reduced
Fe(VI) at a rate of 105 M−1∙s−1 at alkaline condition [34]. Based on the
sensitivity analysis of k7a (Fig. S6), Fe(VI) decay and H2O2 generation

Table 2
Free energy barriers to oxo-coupling (OC) and water attack (WA) calculated for monoprotonated Fe(VI) (HFeO4

−) and deprotonated Fe(VI) (FeO4
2−).

Ferrate 31WA 31OC 30WA 30OC

Transition State

ΔG‡
Cal (Kcal/mol) 25.1 42.5 58.8 62.3

Scheme 1. Reaction scheme of self-decay of Fe(VI) at pH 9.0. (Note: The
numbers in the brackets correspond to the reactions shown in Table 3).
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were independent of the magnitude of k7a ranged from 104 M−1∙s−1 to
108 M−1∙s−1. Therefore, an estimated rate constant (~105 M−1∙s−1)
was assigned to this reaction (Eq. 7a), which is one order of magnitude
lower than its Fe(IV) counterpart k6 and two orders of magnitudes
lower than its mono-protonated Fe(VI) counterpart k7b (~107 M−1∙s−1,
Eq. 7b) validated by model simulations in a previous study [11]. Fe(II)
was also speculated to generate Fe(IV) in the presence of H2O2 (Eq. 8)
in the Fenton system at neutral pH condition, and the rate constant
between Fe(II) and H2O2 was reported to be 5.9 × 103 M−1∙s−1 at pH
7.0 [35] with very limited information under alkaline conditions. Based
on the sensitivity analysis of k8 (Fig. S7), Fe(VI) decay and H2O2 gen-
eration were independent of the magnitude of k8 ranged from
0 M−1 s−1 to 104 M−1∙s−1 and started to shift when k8 was increased to
105 M−1∙s−1 or higher. Thus, k8 was estimated to be around
102 M−1∙s−1, closer to the lower bound. This also indicated the re-
generation of Fe(IV) from Fe(II) could be neglected during Fe(VI) self-
decay, considering the relatively small k8 value observed in Fenton
reaction at neutral pH condition [35].

Fe(V) self-decay kinetics also differ in different pH conditions due to
its speciation: H3FeVO4 ⇌ H+ + H2FeVO4

−, 5.5 ≤ pKa1 ≤ 6.5;
H2FeVO4

− ⇌ H+ + HFeVO4
2−, pKa2 ≈ 7.2; HFeVO4

2− ⇌
H+ + FeVO4

3−, pKa3 = 10.1 [36]. Based on the pulse-radiolysis study
of Fe(V) decay in alkaline condition [36], 1st-order kinetics were found
to dominate the decay path at pH > 11, while the 2nd-order decay was
found to outcompete its 1st-order decay at lower pH (< 11). Later, one
study of Fe(V) decay under neutral and acidic conditions found that
bimolecular reaction (2nd-order decay) only occurred between
HFeO4

2− and FeO4
3− at pH 10–12, while unimolecular reaction (1st-

order decay) became the only path for HFeO4
2−, H2FeO4

−, and H3FeO4

at pH < 7 [37]. These phenomena were similar to the Fe(VI) decay,
where it follows the 1st-order kinetics at very acidic pH [12] (e.g., pH
1.0) and alkaline pH (this study), while the 2nd-order kinetics become
the major pathway in neutral conditions [11,18]. Since HFeO4

2− is the
major species for Fe(V) at pH 9.0 (i.e., pKa2 = 7.5 and pKa3 = 10.1)
[36], 1st-order decay (Eq. 9a) and 2nd-order decay (Eq. 9b) were both
included to account for the mixed-order decay. However, Equation 9b
contributed little to the H2O2 generation because Fe(V) concentration
was far lower than 3.3 × 10−7 M (ratio of k9a and k9b) under our
experimental conditions. More detailed discussion about Equation 9b
sensitivity analysis is available in Text S3 and Figs. S8 and S9.

The resultant Fe(V) can also react with H2O2 [20] (Eq. 10) and their
reactions have been determined previously by the premix pulse-radi-
olysis technique with a rate constant of 4 × 105 M−1∙s−1 at pH 9.0.

This kinetic model was applied to predict the Fe(VI) disappearance
and H2O2 generation during Fe(VI) self-decay at pH 9.0 under various
experimental conditions. Overall, the model prediction agreed well
with the experimental data according to the Theil’s inequality coeffi-
cient (Text S4 and Table S5). Fig. 2 shows the generation of H2O2 and
disappearance of Fe(VI) as a function of reaction time up to 216 min at
different initial Fe(VI) concentrations. H2O2 concentration gradually
increased during the first 100 min and maintained at a relatively stable
level until 216 min. The prediction by the kinetic model successfully
captured the experimental data trends, confirming the robustness of
this model.

4. Conclusions

This study addresses the knowledge gap regarding the behavior of

Table 3
Reactions of self-decay of Fe(VI) at pH 9.0.

Reactions k at pH 9.0 Refs.

[1a] FeVIO4
2- + H2O → FeIVO3

2- + H2O2 4.8 × 10−5 s−1 This study
[1b] HFeVIO4

- + HFeVIO4
- + 2 OH–→ Fe2IVO6

4-+ 2 H2O2 26 M−1s−1 [11]
[2a] FeVIO4

2- + H2O2 → FeIVO3
2- + O2 + H2O ~0 M−1s−1 [20]

[2b] HFeVIO4
- + H2O2 + OH–→ FeIVO3

2- + O2 + 2 H2O 1.7 × 102 M−1s−1 [20]
[3] FeIVO3

2- + FeIVO3
2- → Fe2IVO6

4- ~107 M−1s−1 [29]
[4] Fe2IVO6

4- + 4H2O + 4H+ → 2FeIII(OH)3(H2O) + H2O2 102 s−1 [29]
[5] FeIVO3

2- + H2O2 + 2H+ → FeII(OH)2(aq) + O2 + 2H2O 1.0 × 104 M−1s−1 [29,30]
[6] FeIVO3

2- + FeII(OH)2(aq) + 3 H2O → 2 FeIII(OH)3(aq) + 2 OH– ~106 M−1s−1 [29]
[7a] FeVIO4

2- + FeII(OH)2(aq) + H2O → HFeVO4
2- + FeIII(OH)3(aq) ~105 M−1s−1 [11,34]

[7b] HFeVIO4
- + FeII(OH)2(aq) + OH– → HFeVO4

2- + FeIII(OH)3(aq) ~107 M−1s−1 [11]
[8] FeII(OH)2(aq) + H2O2 + 2 OH– → FeIVO3

2- + 3 H2O ~102 M−1s−1 [35]
[9a] HFeVO4

2- + 2H+ + 4 H2O → FeIII(OH)3(H2O)3 + H2O2 5.0 s−1 [37]
[9b] HFeVO4

2- + HFeVO4
2- + 4H2O + 4H+ → 2 FeIII(OH)3(H2O) + 2 H2O2 1.5 × 107 M−1s−1 [36]

[10] HFeVO4
2- + H2O2 + H2O → FeIII(OH)3(aq) + O2 + 2 OH– 4.0 × 105 M−1s−1 [20]

Note: Since there was limited information about Fe(IV) speciation, FeIVO3
2- is the proposed chemical formula of Fe(IV) and reactions 3–6 and 8 from

previous work are modified accordingly in this study.

Fig. 2. Measured and predicted H2O2 formation and Fe(VI) disappearance during Fe(VI) decay in a phosphate buffer (10.0 mM) at pH 9.0 for varying initial Fe(VI)
concentrations. [Fe(VI)]0 = 150.0 (A), 243.0 (B) and 430.0 μM (C); n = 2; Symbols: measured data; Lines: model calculation. Error bars represent one standard
deviation of data.
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Fe(VI) self-decay under alkaline conditions by elucidating the reaction
kinetics and mechanisms. Results strongly indicate that the self-de-
composition of FeO4

2− (dominant at alkaline pH 9.0–10.0 condition) in
aqueous solution follows 1st-order kinetics and occurs via WA to form
the O-O bond, which can liberate H2O2 molecule after the generation of
Fe(IV). This initial step is followed by other iron intermediate species’
(i.e., Fe(V) and Fe(IV)) reactions with H2O and H2O2. The kinetic model
based on the reactions amongst Fe(VI), Fe(V), and Fe(IV) can success-
fully predict the H2O2 generation trend, validating the involvement of
Fe(V) and Fe(IV) during Fe(VI) decay and the robustness of the kinetic
model.

The findings of this study also provide a critical basis for the attempt
to simulate intermediate iron species (Fe(V) and Fe(IV)) during Fe(VI)
oxidation in more complicated alkaline systems (e.g., wastewater [38]
and hydrolyzed human urine [7]). For example, the kinetic model and
mechanistic knowledge from this study can be further expanded and
adapted for wastewater treatment systems, in which Fe(VI) oxidation of
contaminants with or without activators is conducted [4,38,39], and is
being pursued with ongoing studies.
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