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SI-Text-1. Standards and reagents

Potassium ferrate (K,Fe"'04) was prepared by the method of Thompson et al*. In addition,
commercially available potassium ferrate (no. 723835) from Sigma-Aldrich was used. These
ferrate samples had a purity of 88—98 % as Fe(VI) (w/w) which was determined by dissolving
known amounts of solid samples in phosphate buffer solutions (5 mM Na,HPO4/ 1 mM borate,
pH = 9.2), subsequent filtration through a 0.45 um nylon syringe filters (BGB Analytik AG,
Switzerland), and measuring the ferrate(VI) concentration by both the direct 510 nm method (e =

1150 M~ cm™)? and the ABTS method®. The remaining 2—12 % of Fe of the prepared potassium
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ferrate(\VV1) were ferric oxides, which was determined by the ferrozine method after reduction of
ferric to ferrous ion by hydroxylamine®. Stock solutions of ferrate(V1) (0.2—3 mM) were freshly
prepared by dissolving solid samples of potassium ferrate(\V1) in pure water (pH =~ 9.2). The fresh
stock solution was also quickly filtered through a 0.45 um nylon syringe filter (BGB Analytik
AG, Switzerland) and then standardized spectrophotometrically at 510 nm. Hydrogen peroxide
(H,0,) stock solutions were prepared from ~30% solutions (Perhydrol, Merck, p.A.). The
concentration of H,O; in the stock solution was determined by its UV absorption at 240 nm (& =
40 Mtem™)°. Fe(ll) stock solutions were prepared at 5 mM in 10 mM HCI by using
Fe''Cl,'4H,0 and Fe(lll) stock solutions were prepared at 5 mM in 10 mM HNOs by using
Fe"'(NO3)3-9H,0.

SI-Text-2. Reaction kinetics

Kinetic studies of ferrate(VI) reactions were performed in the pH range 1 — 12. For all pH
conditions, phosphate (~10 mM for most cases) was used as a buffer as well as a complexing
agent for Fe(l11). Formation of the soluble Fe(lIl1)-phosphate complexes prevents the precipitation
of Fe(I11) which might interfere with the optical monitoring of the ferrate(V1) reaction solutions.
Together with the phosphate buffer, acetic acid (10 mM) was used as a buffer for the pH range
4.0-5.5 and borate (5 or 10 mM) for the pH range 8.5-9.8. Acetic acid and borate are expected to
react very slowly with ferrate(V1) (k << 0.1 M s™)°, therefore does not interfere with the
ferrate(\V1) reactions of interest under the experimental conditions of this study.

Regarding the influence of the buffers on the fate of perferryl(\V) or ferryl(1V) species during
ferrate(V1) reactions, phosphate and borate are expected to have a minimal effect considering the
low reactivity of these species even to highly reactive OH radicals (k("OH + H3BOs) = <5x10*
M s and k("OH + H,PO,) = 2x10* M™ s71)"8. The influence of acetate is estimated as
described below. As the second-order rate constant (k) for the reaction of perferryl(V) with
acetate is not known at acidic pH in which acetate is used as a buffer in this study, the k-value
known at basic pH (k = 16 M~ s* at pH 12.4)° is used for estimation. As the overall reaction rate
for pH > 10 is controlled by the HFeVO,* species (FeVO,> shows negligible reactivity)®, the
species-specific k-values for the reaction of HFeYO,*" with acetate is estimated to be 3x10°
M~ 57! by taking into account the acid-base equilibrium of perferryl(V) species (i.e., HFeVO4*

< FeV0, S + HY, pK, = 10.1)™°. Perferryl(V) undergo another acid-base equilibrium at near-
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neutral pH (i.e., HoFeVO,™ < HFeV0,* + H*, pK, = 7.2 — 7.5)** and H,FeVO, controls the
overall reactivity at pH range 5 — 6. Considering the ~ten-fold larger reactivity (k-value) of
H,FeVO,~ species over HFeYO,* species toward gluconic acid (this is the only organic acid
species of which the k-values are known in the pH range 5-13)°, the k-value for the reaction of
H,FeYO, with acetate is estimated to be 3x10* M™ s™. Using the estimated k-value, the
consumption rate of Fe(V) by 10 mM acetate at pH 5.5 is 3x10% s, This rate is ~100-fold lower
than the self-decay rate of Fe(V) at this pH (=4x10* s, indicating negligible effect of acetate
on the fate of Fe(V) species for the given conditions.

Regarding ferryl(1V) species, a second-order rate constant of <3.1 M™ s has been determined
for the reaction of ferryl(IV) with acetic acid in 1 M HCIO, solution*?. Considering the relative
higher k-value for the reaction of ferryl(IV) with H,0; (k = 10* M™* s and the formation of
considerable amount of H,O, during ferrate(\V1) reactions (this study), the influence of acetate on
the fate of Fe(IV) species is also estimated to be small. All kinetic experiments were performed at
room temperature (24+1 °C), except the stopped-flow kinetic experiments which were conducted
at 25 °C.

SI-Text-2.1. Reaction of ferrate(VI) with ABTS.

The kinetic studies for the reaction of ferrate(\VI1) with ABTS were performed with an Applied
Photophysics SX-17MV stopped—flow spectrophotometer at 25+0.5°C. Ferrate(\V1) solutions
were prepared in 5 mM phosphate/1 mM borate buffers at concentrations of 5 uM. ABTS
solutions at concentrations of 50 — 400 uM were buffered with 100 mM phosphate or 100 mM
phosphate/20 mM acetate at various pH values. Buffered ferrate(VI) and ABTS solutions were
then mixed in a 1:1 ratio to initiate the reaction and the formation of ABTS®* was monitored at
415nm. The pH was measured after completion of the reaction. Under pseudo-first-order
conditions for ferrate(\V1), where an excess of ABTS was used ([Fe(VI)]o = 2.5 uM and [ABTS]o
= 25 — 200 puM), the absorbance increases at 415 nm, which is equivalent to the formation of
ABTS®" and ferrate(V1) decrease, followed exponential curves as a function of time, indicating
that the reaction is first-order with respect to the ferrate(\V1) concentration. Figure SI-1 shows a

representative example at pH 3.1.
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Figure SI-1. Formation of ABTS®* (415nm) from the reaction of 2.5 uM ferrate(V1) with 25 puM
ABTS at pH 3.1. The grey circles represent the experimental data and the red line represents the

model prediction.

Pseudo-first order rate constants (kqps) Were then calculated by an exponential regression (with
the SX-17MV operating software) of the average ABTS®* formation curves calculated from at
least five replicate curves for each experimental condition. Then, kqps Values were determined at
various concentrations of ABTS at pH of 3.1, 6.9, and 9.2. Figure Sl-2a clearly shows the
linearity of kqps With respect to ABTS concentration (R*> > 0.99) and Figure SI-2b confirms the
reaction to be first-order with respect to ABTS. Apparent second-order rate constants (Kapp-ags)
for the reaction of ferrate(VI) with ABTS were then obtained by dividing the kops by the ABTS

concentration.
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Figure SI-2. (a) Linear and (b) logarithmic plot of the pseudo-first-order rate constant for the

formation of ABTS®" (koss) Vs. the initial ABTS concentration at pH 3.1, 6.9, and 9.2. The
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symbols represent the experimental data and the line represents the linear fitting of the data. The

numbers indicate the slope of the linear fittings.

SI-Text-2.2. Self-decay of ferrate(VI).

Two different methods were used to study the kinetics of the ferrate(VI) self-decomposition. In
the first method, the decrease of ferrate(\V1) was determined by monitoring the absorbance at 510
nm using a stopped-flow systems. For rapid kinetics (t = 10 ms — 10 s), an Applied Photophysics
SX-17MV system was used. For slower reactions (t > 1 s), a Hi-Tech SFA 20 (rapid mixing unit)
was used in conjunction with a HP 8452 diode array UV-vis spectrophotometer. For both systems,
the temperature was controlled at 25 + 0.5 °C by a thermostated water bath. Ferrate(\V1) solutions
were freshly prepared in 5 mM phosphate/1 mM borate buffers at concentrations of 300—500 puM.
The reaction solutions (pure H,O) were buffered with 10 mM phosphate or 10 mM phosphate/10
mM acetate at various pH values. Buffered ferrate(\VVI) and H,O solutions were then mixed at 1:1
proportion to initiate the reaction and the decrease of ferrate(V1) was monitored at 510 nm. The
pH was measured after completion of the reaction. The absorbance decreases at 510 nm were
fitted to eq S1 that is derived based on the second-order decay kinetics for ferrate(\V1). The fitting
was performed by using the software GraphPad Prism (www.graphpad.com).

A510nm,0 (S 1)
1+ 2K, [FECVI) | 7

Asionm, « =

where Asionm, - and Asionm, o represent an absorbance at 510 nm at a reaction time of t and zero,
respectively (Asionm = esionmb[Fe(VI)] and b = 1 cm), Kapp-seit represents the apparent second-
order rate constant for the self-decomposition of ferrate(VI) at a given pH, and [Fe(VD]o
represents the initial concentration of ferrate(\V1).

Decreases of the 510 nm absorbance were well fitted by eq S1 (R* > 0.98), indicating that the
reaction is second-order with respect to the ferrate(\VVI) concentration. Figure SI-3 shows
representative examples at pH 1.7, 4.0, and 7.2. Second-order rate constants (Kapp-seir) for the self-
decay of ferrate(\V1) were then calculated from eq S1 and the initial ferrate(\VI) concentration. In

addition, a molar absorptivity of ferrate(VI) at a given pH could be determined by esionmpr =

A510nm,0

——————, Where Asionm, o IS the absorbance at 510 nm at a reaction time of zero and calculated
b[Fe(VI)],

from the fitted eq S1. Figure SI-4 shows the measured (circles) and predicted (line) molar

absorptivity of ferrate(VI) as a function of pH. The measured esionmpr-values were fitted to an
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equation, esionmpr = e(HaFeY'0 oy + e(HoFeY'0s)a, + e(HFe"'04)as + &(Fe¥'0,")ou where
e(HoFeV'0,"?) and o, represents the molar absorptivity and the fraction of each ferrate(V1)
species. During the fitting process, a e(Fe¥'0,%") value of 1150 M™* cm™ was used, which is
available in literature?. The following molar absorptivity values for each ferrate(V1) species were
determined (Fig. SI-4): e(HsFe"'0,") = 244 (£25), e(H,Fe"'0,) = 464 (£16), and g(HFe"'0,") =
464 (+16).
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Figure SI-3. Second-order decay curves for ferrate(\VVI) from the decrease of the absorbance at
510 nm. (a) pH 1.7 and [Fe(VI1)]o = 260 uM, (b) pH 4.0 and [Fe(VI)]o = 260 uM, and (c) pH 7.2
and [Fe(VD]o = 220 uM. Symbols represent experimental data and lines represent model
predictions. To improve the visibility of the experimental data, only selected data points are

shown.
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Figure SI-4. Molar absorptivity of ferrate(\V1) as a function of pH (1 — 9) at 510nm. The symbols
represent the measured data and the lines represent the predicted ones. The measured data were
fitted to an equation, esinmpn = e(HaFeY'04)oy +  e(HFeV'Og)on + e(HFeV'0)os +
e(FeV'0,%) o where g(H,Fe¥'04") and a., represents the molar absorptivity and the fraction of

each ferrate(\V1) species.

Secondly, the ABTS method® was used to study the kinetics of the self-decomposition of
ferrate(V1) (t > 20 s). The reaction was initiated by adding a small volume (<1 mL) of an aliquot
of a ferrate(V1) stock solution (~1 mM) to a solution (100 mL) buffered at a desired pH (10 mM
phosphate or 10 mM phosphate/acetate mixture) under rapid mixing. At proper time intervals,
1-5 mL of the reaction solution were sampled and quenched with an ABTS solution to measure
residual ferrate(VI) concentrations. The apparent second-order rate constants for the ferrate(VI)
self-decay (kapp-sei) Were calculated from the slope of the linear curve resulting from a plot of the
inverse of the ferrate(VI) concentration vs. the reaction time (t), which is expressed in eq S2 (eq
S2 can be derived from eq S1). Under all experimental conditions, ferrate(\VI) decreases were

well fitted to eq S2 (R* > 0.98), confirming that the reaction is second-order with respect to
ferrate(\V1).

1 _ 1
[Fe(v], — [Fe(vn)], + Zapp-self ™ (S2)
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Figure SI-5 shows the plot of the inverse ferrate(\VVI) concentration as a function of time at pH
5.5 as a representative data set. The 2Kapp-seif Was calculated from the slope of the lines in Figure
SI-5 and was independent of the initial Fe(VI) concentration. At pH 5.5, the determined Kapp-seif
was 178 + 18 M~* s,
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Figure SI-5. Plot of the inverse ferrate(\V1) concentration decrease as a function of time during the
self-decomposition of ferrate(VI) at pH 5.5. Symbols represent experimental data and lines

represent model predictions. [Fe(V1)]o = 0.9, 5, and 10 uM.

Figure SI-6 compares the Fe(VI) self-decay rate constants (Kapp-seir) determined in this study
with literature values. The pH-dependent Kapp-seir Values from this study are comparable within a
factor of ~2 in the pH range 2 — 7 to a previous study™, however, higher than those reported by

|15

Sarma et al™ by a factor of ~4. The difference in the Kapp-sei Values might be attributable to the

different phosphate buffer concentrations or ionic strength used in the latter study.
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Figure S1-6. Comparison of the second-order rate constants for ferrate(\V1) self-decay (Kapp-seir) as

a function of pH. The Kapp-sei-values were re-produced using the species-specific k-values
reported in Rush et al** and Sarma et al*>.

SI-Text-2.3. Reaction of ferrate(VI) with H,O..

The kinetics for the reaction of ferrate(VI) with H,O, was investigated by measuring the
decrease of ferrate(V1) in presence of excess H,O, ([Fe(VI)]o = 2 — 10 uM and [H20;]o = 50 -
680 uM) in the pH range 7 — 12 (10 mM phosphate or 10 mM phosphate/borate mixture).
Ferrate(VI) concentrations as a function of time were measured by the ABTS method®. Under
these conditions, the logarithmic ferrate(\VI) concentration decreased linearly with time,
indicating that the reaction is pseudo-first-order with respect to the ferrate(\VI) concentration.

Figure SI-7 shows a representative example at pH 7.0.
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Figure SI-7. Relative logarithmic concentration of ferrate(\VI) as a function of the reaction time

during the reaction of ferrate(VI) with an excess of H,O, at pH 7.0 ([Fe(VI)]o = 2 uM and

[H2O2]o = 0.12 — 0.68 mM). Symbols represent the experimental data and lines represent the best

fits.

Pseudo-first order rate constants (kops) Were calculated from the linear slopes in Figure SI-7.

The kops-values determined at various H,O, concentrations and selected pH conditions (pHs of 7,

9, and 11) are shown in Figure SI-8. In the pH range 7 — 12, Kqps increased linearly with

increasing H,O, concentration (Figure S1-8a). Figure SI-8b confirms the reaction to be first-order

with respect to H,O, because the slope of a plot of log(kos) Vs log([H20:]) is close to unity.

Apparent second-order rate constants (Kapp-+202) for the reaction of Fe(VI) with H,O, were then

obtained by dividing the kqus by the H,O, concentration.
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Figure SI-8. (a) Linear and (b) logarithmic plot of the pseudo-first-order rate constant for the

decrease of ferrate(VI) (kobs) Vs. the initial H,O, concentration at pH 7, 9, and 11. The symbols
represent the experimental data and the lines represent linear fits of the data. The numbers

indicate the slope of the linear fits.

Figure SI-9 shows the apparent second-order rate constants (Kapp-+202) for the reaction of
ferrate(VI) with H,O, as a function of pH (7 — 12). The pH dependence of Kapp-H202 Can be
explained by considering the speciation of ferrate(V1) (egs 1 — 3, main text), the speciation of

H.0, (eq S3), and the reactions between the Fe(V1) species and the ABTS species.
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H,0, == HO, +H" pKhzoz = 11.6"° (S3)

The species-specific rate constants were determined by a nonlinear least-squares regression of
our experimental data (Kapp-+202). The regression results showed that in the tested pH range 7-12,
the overall reaction is mainly controlled by the following two reactions S4 and S5.

HFe"'0,~ + HO,” — products Kii202-3.2 (S4)

FeV'0,> + HO,” — products Kii202-4.2 (S5)
The determined rate constants were Kipozsz = (1.34+0.2)x10° M™* s and Kiops2 =
(2.3+0.2)x10* M~* s™1. Based on the obtained species specific rate constants, it was found that the
reaction between HFe"'0,~ and HO, ™ (Ki202-3203B2) controls the overall reaction within the pH
range 7 — 11 and the reaction of Fe"'0,%" with HO, ™ (Knoo2-4204B2) becomes important for pH
>11.

The pH-dependent Kapp-+202 Values were comparable to a previous study in the pH range 9 —12
while lower by up to factor of 8 in the pH range 7 — 9*. A significant increase of the kypp-Hz02
values was observed in pH < 9 previously** while a slight decrease of the Kapp-H202 Values was
found in our study (Figure 8). This discrepancy might be caused by the different solution

compositions in the two studies (i.e., 10 mM phosphate buffer for our study vs 100 mM
phosphate buffer with 1 M NaClO, for Rush et al'*).
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Figure SI-9. Apparent second-order rate constants (Kapp-H202) for the reaction of ferrate(VI) with

H,O; in the pH range 7-12 at 24+1°C. The symbols represent the measured data and the lines
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represent the model calculations. The dashed lines represent the contribution of the reaction of
HFeV'O4_ with HO,” (kH202.3,20L3B2) and FeV'O42_ with HO,™ (kH202.4,20~4[32) to the overall reaction

as a function of pH.

SI-Text-2.4. Oxidation of Fe(ll) by ferrate(VI).

The kinetics for the oxidation of Fe(ll) by ferrate(\V1) were investigated with an Applied
Photophysics SX-17MV stopped—flow spectrophotometer with temperature controll at 25+0.5°C.
Ferrate(VI) solutions were prepared in 1 mM phosphate/10 mM borate buffers at concentrations
of 0.2 mM. Fe(Il) solutions at concentrations of 2 mM were buffered with 10 mM phosphate/10
mM acetic acid at pH of ~2. Buffered ferrate(VI) and Fe(ll) solutions were then mixed in a 1:1
ratio to initiate the reaction and the absorbance at 510 nm was monitored for the decrease of the
ferrate(\VV1) concentration. The pH was measured after the completion of the reaction and was 5.
The results showed that the oxidation of Fe(ll) by ferrate(\VI) was completed within the mixing
time of the system (~1 ms) at pH 5.0. Assuming that 99% of the initial ferrate(\VI) has reacted
with Fe(ll) at 1 ms, the second-order rate constant for the reaction of ferrate(VI) with Fe(ll) (=kis,
see Table 1 in the main text) is >> 5x10° M s7%. Kinetic simulations showed that the kinetics of
0, and H,0, formation are independent of the magnitude of kys if it is larger than 5x10° M 572,

A value of 10’ M s7* was used for ks at pH 7 as a lower limit in the kinetic simulations.

SI-Text-3. Reaction products and stoichiometry

SI-Text-3.1. Reaction of ferrate(VI1) with ABTS

20 mL of solutions containing various concentrations of Fe(V1) (2.5 — 31 uM prepared in 5 mM
Na,HPO4/1 mM borate buffer) were added into each flask of a series containing 5 mL of an
ABTS solution (400 uM of ABTS and buffered at the desired pH with 10 mM phosphate or 10
mM phosphate/acetate). After completion of the reaction (it takes less than a few sec based on the

determined second-order rate constants, see Fig. 1 in the main text), the consumption of ABTS,
the formation of ABTS®* and H,0, were determined within a few minutes.

1) Quantification of ABTS consumption and ABTS®* formation. ABTS has a well-defined
absorption maximum at 340 nm (easts, 340 = 3.6x10* M cm™)!"*® and does not absorb at 415

nm (Figure SI-10). ABTS®* has an absorption maximum at 415 nm (cagrsesss =
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3.6x10° M tecm ™) and its molar absorption coefficient at 340 nm is eagrses, 340 =

5.4x10° Mt ecm™"'8, Based on these molar absorption coefficients, the following equations can

be derived:
+ AA
A[ABTS. ]produced = — 45 (86)
ABTS.+,415£
€ A[ABTS*
A[ABTS]consumed — AA340 __ ZABTSe+,340 [ ]produced (S?)

€ aps, 340 ¢ € TS, 340

where A[ABTS*loroduced and A[ABTS]consumed Fepresent the ABTS®* produced and ABTS
consumed, respectively; AAss and AA4s represent the change of the absorbance at 340 and 415
nm, respectively, after completion of the reaction between ferrate(VI) and ABTS; and /
represent the optical path-length in the spectrophotometric measurements.

Figure SI-10 shows the UV-Vis spectrum variation after oxidation of ABTS by ferrate(V1).
With increasing ferrate(V1) concentration, the absorbance at 340 nm decreased whereas the
absorbance at 415 nm increased, which is consistent with the oxidation of ABTS to ABTS®" by
ferrate(V1). Consumption of ABTS and formation of ABTS®* were then calculated by eqs S6 &

S7 and the measured variations in the absorbance of the treated solution at 340 and 415 nm
(AA340 and AA415).
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Figure SI-10. Variation in the UV-Vis spectrum after oxidation of ABTS by ferrate(VI).
Experimental conditions: [ABTS], = 80 uM, [Fe(VD]o =0, 2, 4, 8, and 16 uM (pH = 4.2). For the
-15 -



determinations of the consumption of ABTS, the absorbance at 340 nm was measured (AAszs0)
after dilution of the samples (2 — 4 fold) to minimize errors caused by high absorbance (e.g. Az >
2).

2) Quantification of H,O, formation—the HRP/ABTS method. To measure the formation of
H,0,, the horseradish peroxidase (HRP)-catalyzed oxidation of ABTS by H,O, was used. The
chemistry of the peroxidase-catalyzed oxidation of ABTS by H,0, has been described
previously™® and applied as a method to determine the enzymatic activity of peroxidases™. A few
studies have also demonstrated that this method can be used to measure H,0,%. It is analogous
with the HRP-catalyzed oxidation of DPD (N,N-dimethyl-p-phenylenediamine) by H,O,, which
is a standard method for the photometric determination of H,O,". Based on the well-established
HRP chemistry?’, the HRP-catalyzed oxidation of ABTS by H,0, can be summarized by the
following eqs S8-S11.

HRP (Por-Fe"") + H,0, — Compound I (**Por-Fe'V=0) + H,0 (S8)
Compound | (**Por-Fe'V=0) + ABTS — Compound Il (Por-Fe'V=0) + ABTS** (S9)
Compound Il (Por-Fe'V=0) + ABTS — HRP (Por-Fe"") + ABTS®** (S10)
Net reaction: H,O, + 2ABTS — 2ABTS"* (S11)

"y into Compound 1 (**Por-

In the first step, H,O, converts the ferric heme peroxidase (Por-Fe
Fe'V=0), which is a porphyrin n-cation radical with an iron(IV) species (eq S8). Compound | is
usually reduced by two consecutive one-electron steps to the native ferric enzyme via the

intermediate complex Compound 11 (Por-Fe'V=0). The one-electron oxidation of ABTS by
Compound | and Compound 11 to ABTS®" is shown in eqs S9 and S10, respectively. Overall, one
mole of H,0, produces 2 moles of ABTS®".

To confirm the validity of this method, standard curves for H,O, vs. ABTS®* were generated at
various pHs (2.9 — 8.8). To 25 mL of buffered solutions containing H,O, (0 — 24 uM) and ABTS
(80 uM), 50 pL of HRP stock solution (1 mg mL™) was added. Increase of the absorbance at 415
nm (AA415) was measured 5 min after the addition of HRP and the formation of ABTS®" was

calculated by eq S6. The ABTS®* formation was typically completed within 3 min after the
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addition of HRP and the formed ABTS®* was stable for > 30 min (absorbance changes at 415 nm
were less than 5 %). Figure SI-11 clearly shows that at the tested pHs of 4.2, 7.0, and 8.8, one
mole of H,0, produces 2 moles of ABTS®**, which is consistent with the above proposed reaction
mechanism (eqs S8 — S11). In addition, standard curves were generated in presence of 20 uM of
Fe(ll1), 10 uM of ABTS®*, or a sample after reaction of 20 uM of Fe(VI) with 80 uM of ABTS
at pH 7. The results confirm that these matrix components (e.g., Fe(lll) and ABTS®") do not

interfere with the reaction stoichiometry.

O T T T T T
0 5 10 15 20 25 30

[H,0,], uM

Figure SI-11. Formation of ABTS®* by a HRP-catalyzed oxidation of ABTS by H,0, at pHs of
4.2, 7.0, and 8.8. Experimental conditions: [H202]o = 0 — 24 uM, [ABTS]o = 80 uM, [HRP], = 2
mg L™ at pH 4.2 (10 mM phosphate/10 mM acetate), 7.0 (10 mM phosphate), and 8.8 (10 mM
phosphate/10 mM borate).

Use of the HRP/ABTS method to determine H,O, formation from the ferrate(VI)-ABTS
reaction is advantageous because the system already contains residual ABTS after the completion
of the ferrate(VI)-ABTS reaction. Accordingly, 50 uL of the HRP stock solution (1 mg mL™)
was added into 25 mL of a solution where the ferrate(\VV1)-ABTS reaction was completed. The
increase of the absorbance at 415 nm (AA415) was measured 5 min after the addition of HRP and

the formation of H,O, was calculated by eq S12.
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AIA415

1
A[Hzoz]produced = E (S12)

€ ABTSe 415

3) Final iron oxidation state. To confirm the final oxidation state of iron (Fe(lll) vs. Fe(ll)), 0.5
mL of a bipyridine (BPY) stock solution (5 mM) was added to the reaction solution (25 mL) after
completion of the ferrate(V1)-ABTS reaction at pH 4.2 and 7.0. BPY forms a complex with Fe(ll)
that has a maximum absorption at 552 nm (¢ = 8650 M~* cm™)*. The absorbance change at 552
nm after addition of BPY was negligible, indicating that Fe(lIl) not Fe(ll) is the final product
from the ferrate(\VV1)-ABTS reaction.

SI-Text-3.2. Self-decomposition of ferrate(VI)

1) Formation of H,O, and O,. 100 mL solutions were prepared at pH 7 using 10 mM (for
[Fe(VD)]o < 300 uM) or 50 mM phosphate buffer (for [Fe(V1)]o > 300 uM). These solutions were
purged by a N, stream for > 30 min to remove aqueous O ([O2]o < 10 uM) and then transferred
to a 110 mL flask with a stopper. The reaction was initiated by adding a known amount of
K,Fe"'0, powder to the buffered, O,-free solutions under vigorous stirring. The applied initial
ferrate(\V1) concentrations were 40 — 810 uM. To minimize O, introduction, the flask was always
closed by a stopper except for the moment of ferrate(V1) addition. In addition, the stirring was
stopped immediately after complete mixing of the added ferrate(\VI). Blank tests showed that
increases of the O, concentration were less than 5 uM after 1 hr. After near-completion of the
reaction, the reaction solutions were analyzed for O, H,O, and residual ferrate(\VI)
concentrations. The reaction time was given to allow more than a 95% decrease of the initial
ferrate(\VV1) concentration, spaning from 5 to 120 min depending on the initial ferrate(\V1)
concentration. The reaction time was pre-calculated based on the ferrate(V1) self-decomposition

rate constant at pH 7 (Kappsett = 54 M~* s

) and the applied initial ferrate(\VI) concentration.
Ageuous O, concentrations were determined by an O, meter (CellOx 325 electrode, Oxi 340,
WTW, Weilheim, Germany) immediately after completion of the reaction. Residual ferrate(\V1)
concentrations were determined by the ABTS method®, confirming that ferrate(V1) had decreased
>95% of its initial concentration. H,O, concentrations were determined by the HRP-ABTS
method. Since the reaction of ferrate(\V1) with ABTS produces H,0; (i.e., 0.93 moles of H,O, per
mole of ferrate(V1) at pH 4.2 where the ABTS method is performed), the H,O, produced from

the ferrate(\V1)-ABTS reaction was subtracted from the determined overall H,O, concentration by
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the HRP-ABTS method. In all cases, the fraction of H,O, produced from the ferrate(VI)-ABTS
reaction was less than 5 % of the H,O, formation from the ferrate(\V1) self-decomposition.

2) Quantification of superoxide radical (O,°~ ) formation-the TNM assay. The formation of
0,°" has been checked and quantified by its fast reaction with tetranitromethane (TNM =
C(NOy)4, €q S16) by measuring the formation of the nitroform anion, C(NO,)s~ (NF~, € = 15,000
M~ em™ at 350 nm)?. This is a common technique in peroxyl radical chemistry?® but has also

been applied to o0zone chemistry?*?* to determine the formation of O,"".

0" + C(NO,)s = 0, +C(NO,)s~ + NO,* ksis = 2x10° Mts™ (S13)
To quantifiy the O,°~ formation from the self-decomposition of ferrate(V1), UV-Vis absorption
spectra of a series of solutions containing Fe(VI) (40 uM), H,O; (40 uM), TNM (400 uM), and
combinations thereof were measured at pH 7 (Figure SI-12). These solutions include: a)
Fe(VI)/H,0o/TNM, b) Fe(VI)/TNM, c) Fe(V1)/H,0,, d) Fe(VI), e) H,O-/TNM, and f) TNM. The
prepared solutions were allowed to react for 60 min and the UV-Vis absorption was measured in
a 5 cm cell. UV-Vis absorption measurements for those multiple composition solutions were
necessary because the final iron product Fe(lll) has a strong absorption near 350 nm and
interferes with the spectrum of NF™. Note that 40 uM of Fe(V1) at pH 7 was decomposed > 90 %
by its self-decomposition after 60 min, and produces ~12 uM of H,0, (see Figure 6 in the main
text). Therefore, the UV-Vis absorption spectra of a solution containing (c) Fe(V1)/H,0, and (d)
Fe(VI) are mainly from the Fe(ll11)-phosphate complex. In addition, the (f) TNM solution shows a
weak absorption near 350 nm, therefore this background spectrum should be considered when
estimating O,°~ formation. The spectrum of a solution containing (¢) H,O2/TNM shows that
H,0, reacts slowly with TNM, producing 0.4 uM of NF™ in 60 min. Based on this, the second-
order rate constant (k) for the reaction of H,O, and TNM at pH 7 is estimated to be ~0.7x1072
M~ s, Sager and Hoffsommer® investigated the kinetics and mechanism of this reaction and
reported the k = 1.1x10°> M~* s7* for eq S14. This corresponds to an apparent k of 2.8x1072 M™*
st at pH 7 (pKa of H,0- is 11.6), which is similar to the rate constant measured in this study (a

factor of 2.5 difference).

HO,” + C(NOy)s — O, +C(NOy)s~ + NO,* + H'  key=1.1x10° Mtst  (S14)
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Figure SI-12. UV-Vis absorption spectra of solutions containing Fe(VI) (40 uM), H,O, (40 uM),
TNM (400 uM), and combinations thereof after 60 min reaction time in buffered solutions at pH
7 (25 mM phosphate buffer). Note that the self-decomposition of 40 uM ferrate(VI) at pH 7 is >
90 % after 60 min, leaving ~12 uM of H,O, (see Figure 6 in the main text). (a) UV absorption
spectra of each combination set, and (b) UV absorption spectra obtained by subtracting spectra
from each combination set to show the magnitude of C(NO,);~ formation (NF~, £ = 15,000 M™

cm™* at 350 nm)®,

The formation of O,°~ during the self-decomposition of 40 uM ferrate(VI) at pH 7 could be
estimated from the UV absorption spectra of ‘b’, ‘d’, and ‘f’. Since (d) Fe(VI) and (f) TNM
solutions are contributing to the UV absorption at 350 nm, the spectra of (d) Fe(V1) and (f) TNM
were substracted from (b) Fe(VI)/TNM. The resulting spectrum (curve h = b —d — f) is shown in
Figure SI-12b and consistent with the known spectrum of NF~. From the UV absorption increase
at 350 nm, the O,°~ formation was determined to be 0.9 pM, which corresponds to a 2.4 % vyield
based on the initial Fe(\VI) concentration (40 uM). If we consider the contribution of H,O, (~12
uM from ferrate(V1) self-decomposition, see Figure 6 in the main text) to the NF~ formation, the
actual yield of O,°" is expected to be lower than 2.4 %. The formation of O,° during the reaction
of ferrate(\V1) with H,O, (40 uM each) at pH 7 could also be estimated from the UV absorption
spectra of ‘a’, <c’, and ‘f” (curve g = a — ¢ — f). In presence of H,0,, the yield of O,°" was
estimated to be < 8% of the initial ferrate(V1) concentration. Overall, the O,° formation during
the ferrate(V1) self-decomposition was found to be insignificant (below 2% yield).

3) Quantification of hydroxyl radical (*OH) formation-the pCBA and tert-BuOH assay. To
check whether *OH is produced during the self-decomposition of ferrate(\V1), a probe compound
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for *OH was used. Para-chloro benzoic acid (pPCBA) has been widely used as a probe compound
for *OH in ozone- or UV-based advanced oxidation processes®. pCBA is resistent to oxidation
by ferrate or other oxidants such as ozone but reactive to *OH with a second-order rate constant

of 5x10° M s7* ?°, Transformation of pCBA (initial concentration 1 uM) was tested in pure
solution at pH 7 (5 mM phosphate buffer solution) after treatment with ferrate(\V1) at initial
concentrations of 25, 50, and 100 uM. The pCBA transformation was less than 3 %, indicating
that the *OH formation during ferrate(V1) self-decay is low.

*OH formation was also determined by measuring formaldehyde formation in presence of an
excess of tert-butanol®®. In an excess of tert-butanol (1 mM in this study), most *OH, if produced,
react with tert-butanol (k = 6x10®° M™ s™)? that produces several products including
formaldehyde. Therefore, by measuring the formaldehyde, the *OH formation can be estimated.
Figure SI-13 shows the formation of formaldehyde as a function of time (4, 24, and 72 hr) during
ferrate(V1) self-decomposition with initial ferrate(VI) concentrations of 25, 50 and 100 uM in
phosphate buffered solution at pH 7 in presence of 1 mM of tert-butanol. Formaldehyde
formation increased with the initial ferrate(\VV1) concentration and was 0.4—0.7 uM, 0.8-1.0 uM,
and 1.9-2.5 uM for initial ferrate(\VI) concentrations of 25, 50, and 100 uM, respectively. With
an assumption that the formaldehyde yield from the reaction of *OH with tert-butanol is 0.5 (this
is determined in a system using ozone as *OH source??), the *OH formation and yields were also
calculated. In all tested conditions, the % *OH yields ([*OH]/[Fe(V1)]ox100) were less than 5.3%.
Overall, from the pCBA and tert-butanol assays, the *OH formation from the self-decomposition

of ferrate(V1) is concluded to be insignificant (less than 5% yield).
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Figure SI-13. Formation of formaldehyde during ferrate(\V1) self-decomposition in phosphate
buffer solution at pH 7 in presence of 1 mM tert-butanol. *OH formation is assumed to be twice

the formaldehyde formation. The numbers above the bars represent % yield of *OH based on the

initial ferrate(\V1) concentration.

4) Final iron oxidation state. To confirm the final oxidation state of iron (Fe(lll) vs. Fe(1l)), 0.5
mL of a bipyridine (BPY) stock solution (5 mM) was added to the reaction solution (25 mL)
during the self-decay of 100 uM ferrate(VI) at pH 7 (t = 1, 5, 10 and 30 min). The absorbance
change at 522 nm responsible for the Fe(11)-BPY complex (¢ = 8650 M~ cm™)* after addition of
BPY was negligible, indicating that Fe(lll) not Fe(ll) is the final product from the ferrate(\V1)

I°" observed a Fe(l1)-phenanthroline complex formation upon addition of

self-decay. Carr et a
phenanthroline to a ferrate(\V1) self-decayed solution and proposed Fe(Il) as major product. In
contrast, Rush et al** did not observe a Fe(ll) formation in a similar experiment. Instead, they
found Fe(I1) formation upon addition of phenanthroline to a solution containing Fe(l11) and H,O»,
indicating that Fe(ll) could have been indirectly produced by reactions of H,O, (from the

ferrate(V1) self-decay) with the Fe(l11)-phenanthroline complex.
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SI-Text-3.3. Stochiometry of the oxidation of Fe(ll) by ferrate(VI)

A Ny-purged solution containing 56 uM of Fe(ll) was prepared and buffered at pH 6.8 (5 mM
carbonate). Auto-oxidation of Fe(ll) by O, was found to be minimal within 20 min in this N-
purged solution. Oxidation of Fe(ll) by ferrate(\V1) was performed in a batch reactor (25 mL) by
adding a ferrate(VI1) stock solution (~500 uM, pH 9.2 without any buffers) to the solutions
containing Fe(ll) to achieve initial ferrate(\V1) concentrations of 0 — 40 uM. After the addition of
ferrate(\V1) with mixing, the reaction solution was immidiately analyzed for the remaining Fe(ll)
(within 1min) by the ferrozine method*. Figure SI-14 shows the remaining Fe(ll) concentration
after oxidation of Fe(ll) by varying initial concentration of ferrate(\V1). 3 moles of Fe(ll) were

consumed by each mole of ferrate(V1) (i.e., 1:3 stoichiometry for ferrate(VI):Fe(ll)).

AlFe(] _
[Fe(VD]

[Fe(I],, M

20 A

10 A
0 . ; ; r r - @
0 5 10 15 20 25 30 35 40

[Fe(VD)],
Figure SI-14. Decrease of Fe(ll) as a function of the Fe(VI1) dose after oxidation of Fe(ll) by
ferrate(\V1) in a N,-purged aqueous solution buffered at pH 6.8 (5 mM carbonate). Symbols
represent the measured data and the line represents the theoretical 1:3 stoichiometric relationship
for ferrate(V1):Fe(ll).

SI-Text-4. Kinetic simulation

Kintecus®®, a chemical kinetic simulator, was used to simulate the reaction of Fe(V1) with ABTS
and the ferrate(V1) self-decay.

SI-Text-4.1. Reaction of ferrate(VI) with ABTS
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Four reactions (egs 9 — 12 in the main text, Table 1) are proposed for the ferrate(VI)-ABTS

system.
HFe"'0,” + ABTS + H* — H,FeVO,” + ABTS® ko (9)
H,.FeVO, + H,0 + H" — Fe'"(OH)s(aq) + H,0, k1o (10)
2H,FeV0, + 2H,0 + 2H"— 2Fe"'(OH);3 (aq) + 2H20; k11 (11)
H,FeVO,™ + H,0, + H" — Fe"'(OH)s(aq) + O, + H,0 ki (12)

The second-order rate constants, ke, for the reaction of ferrate(VI) with ABTS have been
determined in this study in the pH range of 1.5 — 10 (see Figure 1 in the main text or Figure Sl-
15). Reactions 10 and 11 represent the decay of perferryl(V). The kinetics of the reactions were
investigated previously by pulse-radiolysis'®*. According to these studies, perferryl(V) decays
by first-order or second-order kinetics with respect to perferryl(\V) depending on pH and
perferryl(V) concentration. At acidic pH and low perferryl(\V) concentration (e.g. pH < 7 and
[Fe(V)] < 1 uM), perferryl(V) decays mainly by first-order kinetics, but the mode of decay
changes to second-order kinetics at basic pH and high perferryl(\VV) concentrations (e.g. pH > 9
and [Fe(V)] > 1 uM). Perferryl(V) has been proposed to undergo the following acid-base

reactions (eqs S15 — S17) in aqueous solution.

HsFeVO, == H,FeVO, + H" pKss = ~6.0™ (S15)
H,FeV0,~ = HFeV0,* + H" pKsye = 7.2 (S16)
HFeV0,> = FeV0,> + H* pKsy7 = 10.1% (S17)

The first-order decay of perferryl(V) is described by the following species-specific reactions*:
HsFeV0, (Tg) + H,0 = Fe"(OH)s(H,0) (On) Ksig (Zksist! Ksisp) (S18f, S18b)

Fe¥(OH)s(H20) (Op) + H* = Fe"(OH)4(H,0)," Ksio (ZKs1of/ ksiop) ~ (S19f, S19b)
FeV(OH)4(H,0)," — Fe"(OH)s(aq) + Ho0, + H,O + H ks (S20)
H.FeVO, + 2H,0 — Fe'"(OH)s(aq) + H,0; + OH™ Ksa1 (S21)
HFeV0,* + 3H,0 — Fe"'(OH)s(aq) + H,0, + 20H" ks22 (S22)

Reactions S18 — S20 are proposed to explain the strong pH-dependent increase of the first order
decay rate of Fe(V) by a factor of 10° with a decrease of pH from 6.5 to 5. It was hypothesized
that the HsFe"O, species with a tetrahedral (T4) coordination sphere can be converted rapidly into
Fe¥(OH)s(H,0) (O species with an expanded octahedral (Oy,) coordination sphere (eq S18). The
Fe¥(OH)s(H,0)(Oy) species undergoes protonation (eq S19) prior to its decomposition to ferric
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ion and H,0, (eq S20). Reactions S21 and S22 represent the first order decay of H.Fe'O, and
HFeV0,* species to ferric ion and H,0,, respectively. By assuming a rapid equilibrium between
the tetrahedral forms of Fe(V) species (eqs S15 — S17) and by applying the steady-state
approximation to the octahedral species (eqs S18 and S19), the overall first-order decay Kkinetics
of Fe(V) can be expressed as eqs S23 and S24.
—d[Fe(V)]/dt = ky[Fe(V)] (S23)
kio = (A[H P ofH3FeV0,})/(B + C[H™] + D[H']) + ko1 c{HoFe 04} + kspo o HFeV 0,7} (S24)
where ofHsFeVO,}, ofH:FeY0,}, and ofHFeVO,*} represent the fraction of HsFe'O,,
H,FeV0,4, and HFeV0,* species, respectively, which are calculated from the equilibria, eqs S15
— S17, and the parameters, A— D which are obtained from the steady-state treatment, where A =
Ks1sf Ksiof Ks20, B = Ksigp Ks1on, C = Ks1ofKsioh + Ksisn Ks20, and D = KsyorKsz0. Based on the fitting of
experimental data with the model (i.e., eq S24), the obtained values were: A = 7.0x10° M2 s,
B ==38x10"s? C=18x10° M ' s D =1.0x10° M?s7? ks = 150 s, and ks;7 = 55
(further details can be found in the original reference). Figure SI-15 shows the calculated first-
order decay of Fe(V) (kio) as a function of pH.
The second-order decay of perferryl(V) (reaction 11) is described by the following species-
specific reactions (egs S25 — S28) and the overall second-order decay kinetics of perferryl(V) can

be expressed as egs $29 and S30%.

H.FeV0, + HaoFeV0, + 7TH,0 — 2Fe(OH)s(aq) + 2H,0; + 20H" Ks2s (S25)
H.FeVO, + HFeY0,% + 8H,0 — 2Fe"'(OH)s(aq) + 2H,0; + 30H" ksze  (S26)
HFeV0,% + HFeY0,% + 9H,0 — 2Fe'"(OH)s(aq) + 2H,0, + 40H" ks27  (S27)
HFeV0,% + FeV0,* + 10H,0 — 2Fe"(OH)s(aq) + 2H,0, + 50H" ks2s  (S28)
—d[Fe(V)]/dt = 2ky1[Fe(V)] (S29)
kir = ksogo{HaoFe¥ 04} + kspoo{ HoFe V04 Yo{HFeV042 } + ksaopo{ HFe V0,2 } +
kssio{HFeV04* }oAFeV0, >} (S30)

Based on the fitting of experimental data with the model (i.e., eq S30), the obtained values were:
kszs = 9x10" M7 s7%, ksps = 3x10" M 57, ksp7 = 1.5x10° M " s, and kspg = 1x10" M~ s741°,
Figure SI-15 also shows the calculated pH-dependent seconder-order decay of perferryl(V) (ki1).

The second-order rate constants for the reaction of perferryl(V) with H,O, (reaction 12) were

also determined by Bielski and co-workers using pulse-radiolysis**. The acid-base equilibrium of
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H.O, (eq S3) and the species-specific reactions can describe the
perferryl(V) and H,O, species (eqs S31 — S34).
H,FeV04~ + H,0, — Fe'(OH)s(aq) + O, + OH™
HFeV0,* + H,0, + H,0 — Fe'"(OH)s(aq) + O, + 20H"
HFeV0,% + HO, + 2H,0 — Fe'"(OH)s(aq) + O, + 30H"
FeV0,> + HO, + 3H,0 — Fe'(OH)s(aq) + O, + 40H"

The pH-dependent second-order rate constant, ki,, is expressed by eq S35 and its calculated

values as a function of pH are shown in Figure SI-15.

ki = ksgla{HzFeVO4_}B{H202} + kssza{H FeVO42_}[3{H202} + k5330[{H FeVO42_}B{H02_} +

ksasc{FeO,}B{HO, } (S35)

overall reaction between

Ksa1
Ks32
Ks3s

Ks3a

108 | k,,: 2Fe(V) -> 2Fe(lIl)|+ 2H,0,

107 4 ke: Fe(Vl) + ABTS -> Fe(V) + ABTS

k,,: Fe(V)

k, M'shor(s™
[N
<

=

o
@
!

K, .. Fe(V) -> Fe(lll) +H,0,

102 4

101 4

pH

Figure SI-15. Summary of the rate constants for the reactions in the ferrate(V1)-ABTS system.
The second-order rate constants, ke (Fe(VI) + ABTS — Fe(V) + ABTS®) were determined in the
present study. The first-order rate constants, kio (Fe(V) — Fe(lll) + H,O,) and the second-order
rate constants, ki1 (2Fe(V) — 2Fe(lll) + 2H,0,) and ki, (Fe(V) + H,0, — Fe(lll) + O,) were

determined previously'®*+*

rate constants. The continuous-lines represent k-values that are experimentally measured and the

dashed lines represent k-values that are extrapolated based on the corresponding kinetic models.
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Based on reactions 9 — 12 and the corresponding reaction rate information (Figure SI-15), a
kinetic model was constructed and simulated by using the Kintecus program?. H,O, formation
was simulated for the reaction of 0 — 25 uM of Fe(VI) with 80 uM of ABTS in the pH range 2 —
10. Figure SI-16 shows the selected data by comparing the measured and predicted H,O,
formation from the reaction of Fe(VI) with ABTS as a function of the initial Fe(\V1) concentration.
The kinetic model could reproduce the key feature of the reaction of Fe(VI1) with ABTS, that is,
the decreasing H,O; yield with increasing pH. However, the kinetic model over-predicted the
H.O, formation at any given pH. In addition, at pH > 9 the predicted H,O, formation deviated

from the linear increase for increasing initial ferrate(\1) concentrations.

@ pH 6.2 (measured)
B pH 7.0 (measured)
A pH 8.8 (measured)

& pH 6.2 (predicted)
pH 7.0 (predicted)
¢ — pH 8.8 (predicted)
—4_ pH 10.0 (predicted,
no measured data)

[H,0,],, M

0 5 1Io 1I5 2I0 2I5
[Fe(VI)],, kM
Figure SI-16. Measured (symbols) and predicted (lines) H,O, formation from the reaction of
ferrate(V1) with ABTS (initial 80 uM) as a function of the initial ferrate(\VI) concentration (0 —
25 uM) and pH (6.2, 7.0, 8.8 and 10.0).

From the slope of the linear regressions for the H,O, formation versus the initial ferrate(\V1)
concentration, the H,O, vyields were obtained at different pHs and compared with the
experimental values. Figure 3 in the main text shows that the developed kinetic model can
represent reasonably the pH-dependence of the H,0, yield even though the predicted H,O, yields

are up to 26% higher than the measured values. Considering that each of the rate constants, kg, kio,
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ki1, and ki» were determined separately in different experimental conditions, the agreement
between the simulated and measured values shown in Figure 3 is reasonable.

Because perferryl(V) has a higher reactivity than ferrate(\VI1), one would expect a reaction of
perferryl(V) with ABTS in the ferrate(VI)-ABTS system. However, the reaction of perferryl(V)
with ABTS is not consistent with the observed 1:1 stoichiometry for the ferrate(\V1) consumption

and ABTS®* formation (Figure 2 in the main text). This 1:1 stoichiometry was observed when the

initial ABTS concentration increased from 80 uM up to 400 uM at pH 4.2 (data not shown). The
upper limit for the second-order rate constant for the reaction of perferryl(V) with ABTS (Kre(v)-

agTs) could be estimated to be ~3x10° Mt s

at pH 4.2. This is based on the assumption that the
initial consumption rate of perferryl(V) by ABTS is at least five-fold lower than the self-decay

rate of perferryl(V), i.e., 5xKrerv)-asTs[ABTS]o < k1o with [ABTS]o = 400 uM and kyo = 7x10* s,

SI-Text-4.2. Ferrate(V1) self-decay and the reaction of ferrate(VI) with H,0O,

The kinetic model for the ferrate(\V1) self-decay is comprised of reactions 10 and 12-16 in
Table 1 (main text). Kinetic simulations were performed mainly at pH 7 and compared with
experimental data. The kinetic aspects of each reaction in Table 1 are discussed in the main text.
In the kinetic model, the oxidation of Fe(ll) by perferryl(\V) or ferryl(IV) is not considered as
these reactions are not important during ferrate(\V1) self-decay due to the rapid oxidation of Fe(ll)
by ferrate(V1) (ks = 10’ M™ s, Table 1). Kinetic modeling trials showed that the reaction of
ferrate(V1) with Fe(l1) outcompetes the reaction of perferryl(V) with Fe(Il) even when ks is 10™°
M™ s, This is because the perferryl(V) concentration is quite low ([Fe(V)]/[Fe(VI)] = ~5x107°)
due to its rapid self-decay (kio = 100 s, Table 1). Regarding ferryl(1V), its concentration is
determined by the reaction of ferryl(1V) with H,O, (kis = 10* M™ s, Table 1). From the kinetic
model, [Fe(IV)]/[Fe(VI)] is estimated to be ~0.02. Accordingly, the reaction of ferrate(VI) with
Fe(11) can still outcompete the reaction of ferryl(1V) with Fe(l1) as long as ku is lower than 10°
M™ s™. The ky4 value for the reaction of ferryl(1V) with Fe(ll) at pH 7 is currently unknown. At
pH 10, kys was reported to be 1.6x10° M™ s2°. At pH 0 — 2, kys was reported to be 1.4x10° M™
s 23, Therefore, the ku value for the reaction of ferryl(IV) with Fe(ll) at pH 7 is not expected to
be larger than 108 M™ s even considering the pH difference. Sensitivity analysis also showed
that the reaction of perferryl(V) or ferryl(1V) with Fe(ll) are not important in the ferrate(V1) self-

decay model.
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The developed kinetic model was used to predict the formation of O, and H,O, from the self-
decay of ferrate(\V1) as a function of the initial ferrate(V1) concentration (Figure 5 in the main
text). Figure SI-17 shows the same data in Figure 5 in terms of % formation of O, and H,O..
Figure SI-17 also shows the % formation of H,O, at pH 3.3 after complete consumptions of
ferrate(V1).

100
== 90 | ° O, measured (pH 7)
§ Z‘S 80 | 0 H,O, measured (pH 7)
LFL)' % 70 | ___ _||=—— 0,predicted (pH7)
Eé‘6m ,:’;’—;;_7—7—... H,0, predicted (pH 7)
2 e ®eo © P %  H,0, measured (pH 3.3)
= 50 -
OZ 40
Y— ~ i\(
© 0o 307
o o 5
2 E 201 ©o%FQ o O o o
§ o 10 A

0

0 160 260 360 460 560 660 760 860 900

[Fe(V)]y kM
Figure SI-17. % formation yields of O, (A[O2]/[Fe(V1)]ox100) and H,0, (A[H20,]/[Fe(V1)]ox100)
from the self-decay of ferrate(\VI) as a function of the initial ferrate(\VI) concentration in a
phosphate buffer solution at pH 7 (0.05 — 0.1 M) or pH 3.3 (0.01 M). H,0O, and O, were
determined for >95% ferrate(\V1) decomposition. O, was not determined in the experiments at pH
3.3. The symbols represent the measured data and the lines the model calculations for pH 7.

To validate the proposed ferrate(VI) self-decomposition model, kinetic experiments for the
ferrate(V1) self-decomposition and the ferrate(\V1) reaction with H,O, were conducted at pH 7 (5
mM phosphate buffer). For the ferrate(VI) self-decomposition, various initial ferrate(\VI)
concentrations (10, 40, 160, and 300 uM) were applied to a solution buffered at pH 7. For the
reaction of ferrate(\V1) with H,O,, 40 uM of ferrate(V1) was added to a solution containing 20, 40,
and 80 uM of H,O, at pH 7, respectively. For both experiments, the concentration change of
ferrate(VI) and H,O, were measured as a function of the reaction time. Ferrate(VI)
concentrations were determined by the ABTS method®. H,O, concentrations were determined by
the HRP-ABTS method (see SI-Text-3.1). Since the reaction of ferrate(\VI) with ABTS produces
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H.O, (i.e. 0.93 mole of H,O, per mole of ferrate(VI) at pH 4.2 where the ABTS method is
performed), the H,O, produced from the ferrate(VI)-ABTS reaction was subtracted from the
determined overall H,O, concentration by the HRP-ABTS method. Figure 6 in the main text
shows the time-dependent concentration changes of ferrate(VI) and H,O, during the self-decay of
ferrate(\V1) at pH 7. Figure S1-18 shows the time-dependent concentration changes of ferrate(\V1)
and H,0; during the reaction of ferrate(\V1) and H,O,. The results show that the kinetic model

successfully predicted the kinetic behavior of ferrate(\V1) and H,O,.

‘ @ Fe(V) A H,0, ‘

40 | (a)

30 4
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Figure SI-18. Changes of ferrate(\VI) and H,O, concentrations during the reaction of 40 uM
ferrate(V1) with a) 20 uM, b) 40 uM, and c) 80 uM of H,0, in phosphate buffered solution at pH
7 (5 mM). The symbols represent the measured data and the lines represent model calculations.

Error bars represent one standard deviation of data.
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