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The kinetics and mechanism of the reaction between OH radicals and ferrous ions in the temperature range 25-300 °C were

studied using pulse radiolysis. At temperatures < 150 °C the rate of reaction is essentially independent of temperature, while

at temperatures > 150 °C the activation energy is 45.8 + 3.0 kJ mol. The change in activation energy is attributed to a change

in the dominant mechanism from hydrogen atom transfer (HAT) to dissociative ligand interchange. The kinetic isotope effect

(KIE) was measured by repeating experiments in heavy water. A value of 2.9 was measured at room temperature where HAT

is the dominant mechanism. The KIE decreases to zero at temperatures > 150 °C as ligand interchange becomes dominant

and the O-H bond is no longer involved in the reaction.

Introduction

The corrosion and dissolution of steels is a concern when
considering reactor lifetimes and activity transport because
they are a construction material in the primary side heat
transport systems of nuclear reactors. Corrosion of steel
materials leads to the dissolution of iron ions into the aqueous
coolant. When making predictions of the behaviour of iron
species in reactors, the usual approach is based on solubility
measurements determined in the absence of radiation?3. Under
ionising radiation, radiolysis of water produces a number of
highly reactive oxidising and reducing species, which react with
dissolved metal ions and alter the behaviour of dissolved
species®.

Iron speciation and solubility is often considered from a
thermodynamic perspective, without accounting for the effect
of water radiolysis on the oxidation state of iron in solution.
Modelling of radiation chemistry relies on the availability of a
comprehensive set of rate constants. For high temperature
systems, the activation energies of the reactions are also
necessary to accurately model the chemistry>. While the
temperature dependences of many water radiolysis products
are well established, there are many species for which available
data is sparse.

Iron is a major component of many reactors, however, the high
temperature radiation chemistry of soluble iron species is not
well understood. There are few studies available in literature
addressing the rates of reactions of iron species with OH
radicals®’, and even fewer that consider the reaction
temperature dependences.??
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Radiolysis of water results in the splitting of water molecules to
form radical and molecular species (R1). These water radiolysis
products participate in redox reactions with one another and
other aqueous species. Hydrated electrons (eaq) are strongly
reducing, while hydroxyl radicals (*OH) are strongly oxidising.1©

Radiation _

H20—=eaq.H, OH, HO2/0,~, H20,, H, (R1)

Oxidation of ferrous ions produces less soluble ferric ions'?, and
is a potentially important process in the deposition of corrosion
products in reactor heat transport systems. The most oxidising
species formed during water radiolysis is the hydroxyl radical,
which reacts with Fe?* to form Fe(OH)?* through reaction R2.

[Fe(H20)¢]** + OH — [Fe(H,0)s(OH)]** + H,0  (R2)

Oxidation of iron in solution by *OH is a potential driving force
for changes to the solubility and speciation of iron present in an
irradiated environment.

The kinetics and mechanism of R2 have been studied previously
at room temperature by a number of groups®? and only a single
study of the temperature dependence exists at high
temperature® (> 150 °C). Jayson et al. measured the rate
constant over a modest temperature range of 17 — 67 °C and
reported a room temperature value of (2.3 +0.2) x 108 M1,
which was unaffected by increasing temperature®. They also
performed the experiments in both light and heavy water,
reporting a slower rate of reaction in heavy water,
(9.7 £1.0) x 10’ M1 s as a result of the kinetic isotope effect
(KIE). The mechanism of the reaction was stated as an electron
transfer, with the observed KIE attributed to differences in the
free energy of hydration between light and heavy water.
However, Stuglik and Zagorsky® performed tests at room
temperature in neutral solution, and performed modelling of
the two possible mechanisms based on the intermediate
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expected. The modelling showed a good fit for a single step
hydrogen abstraction, and a poor fit for electron transfer, which
allowed outer sphere charge transfer to be discounted as a
possible mechanism at room temperature. Stuglik and Zagorsky
discounted the possibility of a ligand interchange mechanism on
the basis that the limiting rate of water exchange?®?
(4.4 x10°M1s?) is two orders of magnitude slower than the
observed rate constant of 3.2 x 108 M! s'1. By elimination of
other possible mechanisms, it was concluded that at room
temperature, R2 proceeds via a hydrogen atom abstraction
mechanism. A single study addressed the temperature
dependence of R2 up to 220 °C in acidic solution®. Contrary to
the findings of Jayson et al., the temperature dependence of the
reaction was reported to conform to a typical Arrhenius
relationship, exhibiting an activation energy of 9 k) mol! and a
room temperature rate constant of 4.3 x 108 £ 0.6 M1 s’L. This
disagreement surrounding the temperature dependence of the
reaction and its potential importance in understanding reactor
coolant chemistry prompted further investigation into the
reaction at elevated temperatures.

Experimental
Materials

Solutions were prepared from Millipore deionised water
(resistivity > 18 MQ cm™) and iron (ll) sulphate (99.5%) in
concentrations of 1.4, 5.0, and 9.3 x 10* M at pH 3. The pH of
the solutions was adjusted using sulphuric acid (93 — 98 % trace
metal grade) to ensure Fe?* remained in solution as the
hexaaqua ion? across the temperature range. Solutions were
bubbled with N,O for at least 30 minutes to ensure removal of
oxygen and saturation of the solution with N,O to scavenge
reducing radicals (eaqg and H*), converting them to *OH through
reactions (R3-R5)%3,

N,O + ea_q —=0"" +N; (R3)
0"~ + H* ——="0OH (R4)
N,O+ H° —=°0OH+ N, (R5)

In a saturated solution of N,O R3 will outcompete other
hydrated electron reactions, including reaction with the ferrous
ion'4. The O° radical will be rapidly protonated to form *OH at
pH 3.

Heavy water (99.9% D) was purchased from Sigma Aldrich and
distilled with potassium permanganate and sodium bicarbonate
(99.5%) purchased from Fisher Scientific.

Iron concentrations in solution were determined using the
phenanthroline  method, in which an excess of
1,10-phenanthroline (Aldrich, > 99 %) is added to the solution
to form a complex with Fe?* ions, resulting in a strong
absorbance (¢ = 11,100 M! cm™) at 508 nm.1> Total iron was
measured by reduction of all iron in solution using ascorbic acid
(Sigma, > 98%), and the concentration of Fe3* was determined
by subtraction of the measured Fe?* concentration from the
total dissolved iron.

This journal is © The Royal Society of Chemistry 20xx

Irradiation

Pulse radiolysis was performed using the 2.5 MeV Van de Graaff
accelerator at Canadian Nuclear Laboratories. Pulses of
electrons with energies of 2.25 MeV and pulse lengths of 0.5, 1,
and 2 ps supplied doses of up to 10, 20, and 35 Gy per pulse
respectively, allowing for the concentration of water radiolysis
products to be varied to ensure pseudo-first-order kinetics were
observed at all iron concentrations studied. The analysing light
source was an Edinburgh Instruments Xe900 750 W xenon arc
flash lamp. The optical system used a combination of a Bausch
and Lomb monochromator with a Hamamatsu R166
photomultiplier Teledyne Lecroy Wavejet 354
oscilloscope. The absorbance of light at 304 nm was monitored
over the duration of the reaction in order to follow the buildup
of FeOH?*, the product of R2. Reaction rate coefficients are

and a

based on three replicates at each temperature, iron
concentration, and pulse width.
Dosimetry was performed using the well-established

thiocyanate system, using a value for Ge of 2.59 x 10* m? J-1 at
475 nm?. An air saturated solution of 0.01 M potassium
thiocyanate (99%) was used for dosimetry. A charge counting
ring, which measures the current at the inlet to the irradiation
vessel was calibrated against the chemical dosimetry. The
counting ring collects electrons at the edge of the beam at the
inlet to the irradiation vessel and a Red Nun RN-8111 current
integrator is used to provide a digital signal to an Ortec 974
counter. The output of the counter has been demonstrated to
be proportional to the beam intensity, and therefore dose. The
dose per “count” recorded during dosimetry was used in
conjunction with the output from the counter to determine the
dose for each individual pulse when irradiating iron solutions.
The solution was supplied to the reaction cell by a 50 mL glass
syringe held in position inside an autoclave capable of operation
at temperatures and pressures up to 300 °C and 10.3 MPa (1500
psi). The optical cell was heated using a copper heating block
controlled using an Automation Direct temperature controller,
and monitored using type K thermocouples. Optical quartz
windows on the sides of the cell allow for the light from the arc
flash lamp to pass through the solution perpendicular to the
direction of the electron pulse. The solution in the reaction cell
was refreshed after each pulse by draining the cell and allowing
the solution in the syringe to replace the irradiated volume. At
least 3 rinses of the cell were performed between pulses. The
reservoir syringe was outside the heated area of the autoclave
and shielded from secondary X-rays to prevent thermal or
radiolytic changes occurring in the stock solution.

J. Name., 2013, 00, 1-3 | 2
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Examples of traces recorded at each temperature are presented
in Figure 1.
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Figure 1: Kinetic traces recorded at 304 nm following 2 us electron pulses of
1x 10* M FeSO, solution at 25-250°C.

Observed rate constants were calculated from first order fits of
the build-up of the reaction product from 3 replicates of each
pulse width at each concentration of ferrous ions. Values for the
rate constants and errors at each temperature were calculated
from linear regression plots of ferrous ion concentration vs.
observed rate constant. Activation energies were calculated
from linearised Arrhenius plots of In(k) vs. 1000/T (K%1).
Activation entropy and enthalpy, and the errors for each value
were calculated from linear regression Eyring plots of Ink/T vs.
1000/T (K-1).

Results

Temperature Dependence

The room temperature rate constant for R2 in light water was
determined as (2.7 + 0.2) x 108 M s, which is in good
agreement with the values reported by Jayson et. al. and Stuglik
and Zagorsky within the experimental error in this work and
reported values from the authors (Table 1).

Table 1: Comparison of room temperature rate constants for the reaction of ferrous ions
with *OH radicals measured by different research groups. terror calculated from figure.
$no error or raw data available.

Reference k (102 M-1s1)
Christensen and Sehested® (1981)* 43+0.6
Jayson et. al.” (1972) 2.3+0.2
Stuglik and Zagorsky® (1981) 3.2+04
Zehavi and Rabani® (1971)* 3.58
This work (2023) 2.7+0.2

The measured room temperature rate constant is not close to
the values of Christensen and Sehested, or Zehavi and Rabani,
though neither of these papers report any error. The
Christensen and Sehested paper includes individual data points
that can be used to estimate the error at 6 x 107 M s, but

This journal is © The Royal Society of Chemistry 20xx
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includes few experimental details, making it difficult to
comment on the source of the discrepancy.
Measuring values for the rate constant (k) across a range of
temperatures allows for calculation of the activation energy (E,)
using the Arrhenius equation (eq 1), where A is the pre-
exponential factor, R is the gas constant, and T is absolute
temperature.

-5,

ke=Ae ™ (eq 1)

The measured rate constants from this work are shown as a
function of temperature in Figure 2, in which there are two
distinct regions, referred to as the low temperature (< 150 °C)
and high temperature (> 150 °C) regions. The measured rate
constant at 300 °C was lower than expected, and exhibited
much greater uncertainty than other values. At 300 °C an
orange precipitate was observed, indicating loss of iron from
solution.
The low rate constant and high uncertainty at 300 °C are
attributed to the precipitation of iron from solution leading to a
lower effective rate constant. The orange precipitate was not
observed at 250 °C.
The activation energies were calculated separately for each
region, and data collected at 300 °C were omitted from
calculation of the high temperature region activation energy.
The activation energy in the low temperature region is close to
zero, in the high temperature region the activation energy is
45.8 + 3.0 kJ mol?, which is similar to the value of 43.88 kJ mol*
for water exchange!? in the inner hydration sphere for
[Fe(H,0)¢]%*.

Temperature (°C)

300 250 200 150 100 50 25
v v v v v v v
N
AN
22 - = b
AN
[N
k\ [ ] ]
N .
N [
204 _____ \i\ ] g
z | T Noee——
z AN LTE - -§
- AN
AN
®  Christensen and Sehested N N
18 4 ¢ Stuglik and Zagorsky AN i
= Zehavi and Rabani AN
4 Jayson, Parsons, and Swallow N
®  Low temperature region (this work) N N
® High temperature region (this work) N
AN
16 T T T T
1.5 2.0 2.5 3.0 3.5
1000/T (K™

Figure 2: Arrhenius glot of experimentally determined rate constants across the
temperature ranFe — 300 °C for the reaction of Fe?* with *OH radicals. Linear
fits are extrapolated across the entire temperature range for each region.
Literature data are included for comparison.

The inflection in the Arrhenius plot at 150 °C suggests a change
in the dominant reaction mechanism. Although at low
temperature one reaction mechanism is entirely dominant it is
possible for the rate of a mechanism with a high activation
energy to become competitive as the temperature increases.

J. Name., 2013, 00, 1-3 | 3
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Because the activation energy in the high temperature region is
similar to the activation energy for the water exchange process
in [Fe(H,0)6]%*, it is suggested that the reaction proceeds via a
dissociative ligand interchange mechanism, in which the rate
limiting step is the loss of a water molecule from the inner
hydration sphere. Dissociative ligand interchange (l4) proceeds
through the formation of a pre-encounter complex, in which the
incoming ligand enters the outer hydration sphere with
equilibrium constant K, (R6).

Kos
M(H,0)4 +X <—> [H,0 — M(H;0); — X]

[H,0 — M(H,0); — K] M(H,0)¢X + H;0 (R6)
Once the encounter complex is formed the incoming ligand
competes with water molecules in the outer hydration sphere
to replace it, a process that is limited by the rate of loss of the
water ligand (ki,0). The overall rate of the dissociative
interchange reaction (k,4) reaction is proportional to K,s and the
rate of water loss'’ (eq 2).

kg = Kos X k_pn,0 (eq2)

It is possible to predict the rate of a dissociative interchange
reaction between Fe?* and *OH using the Eigen-Fuoss equation
for reactants with no electrostatic interaction (eq 3) to predict
the equilibrium constant for the formation of a pre-encounter
complex, where g is the distance of closest approach (5.4 A
based on the radii of the two reactants)!®° and N is Avogadro’s
number.

4nNa®
3000

Kos = (eq3)

For an uncharged reactant, K,s depends only on the radii of the
reactants. The estimated rates of the dissociative ligand
interchange reaction (kq) across the temperature range studied
are summarised alongside the experimental data in Table 2.

Table 2: Comparison of observed rate constants (kops) with predicted values based on a
dissociative ligand interchange (lI4) mechanism in the temperature range 25 — 250 °C.
Uncertainties are calculated based on least squares regression plots of 3 concentrations
and 3 pulse widths at each temperature.

allowing the Iy mechanism to become dominant at higher
temperatures.

At temperatures < 150°C, there is no apparent change in the
rate of the hydrogen abstraction reaction. This suggests either
that the reaction is essentially barrierless or that the activation
energy of the low temperature mechanism is negative. In the
case of a barrierless reaction, the rate of reaction would be
expected to be limited only by the rate of diffusion of the
reactants, and to exhibit the same activation energy as
diffusion. At room temperature the measured rate is 2 orders
of magnitude slower than water diffusion. In order to determine
whether the reaction becomes diffusion controlled at high
temperature the rate of a diffusion limited reaction between
Fe?* and °OH radicals was estimated. The Smoluchowski
equation?® (eq 4), was applied in which kg is the rate constant
of a diffusion-controlled reaction (M s?), D is the sum of the
diffusion coefficients of the reactants (m? s), and a is the
distance of closest approach (m). Electrostatic terms are not
included as only one of the reactants is charged.

kaitt = 4mDa (eq4)

The calculated values of kg are up to 2 orders of magnitude
higher than the values of ks across the entire temperature
range. This suggests that neither reaction mechanism can be
considered diffusion limited.

Assuming that the hydrogen abstraction and ligand interchange
mechanisms occur simultaneously in kinetic competition, the
measured rate constant will be the sum of the rates of the
individual mechanisms (eq 5).

kons = kld + kHabs (ea 5)

The rate of the hydrogen abstraction reaction (ku,) was
calculated based on the estimated value for the |4 reaction, and
the measured overall rate constant. The reaction exhibits a
negative activation energy of -0.36kJ
parameters for the two reaction mechanisms are summarised
in Table 3.

moll. Arrhenius

Table 3: Calculated activation energies and pre-exponential factors for each mechanism
involved in the reaction of OH with ferrous ions in the temperature range 25-300°C

Measured k,,s Predicted kqg

Ta (108 M1 s1) (108 M1 1) Kobs/kig
25 2.69+0.18 0.02 153.50
50 2.69+0.11 0.07 38.91
100  3.21£0.20 0.62 5.19
150  4.86+0.63 3.29 1.48
200  15.30+0.33 12.31 1.24
250  38.90+2.83 35.77 1.09

The measured rate of reaction becomes increasingly similar to
the predicted rate of a dissociative ligand interchange reaction
with increasing temperature. Although the low temperature
hydrogen abstraction mechanism is initially faster than the
dissociative mechanism, it has a much lower activation energy,

This journal is © The Royal Society of Chemistry 20xx

Mechanism E, (k) mol?) A (M1s1)
HAT -0.36+0.11 2.3+1.04x108
lg 43.4 +0.40 7.2+0.1x 103

Negative activation energies have been observed before in
oxidation reactions of Fe(ll) complexes?22, including
[Fe(H,0)¢]?*. In all cases, the mechanism was hydrogen atom
transfer (HAT), with the negative activation energy attributed to
the large negative entropy change resulting from a decrease in
the available vibrational modes in the transition state?3?4, It is
possible that a similar entropy change is present alongside the
negative activation energy observed in the low temperature
region of the oxidation of FeZ* by *OH.

The empirical Arrhenius equation simplifies transition state
theory and does not include provision for the effect of entropy
on formation of the transition state. In order to properly

J. Name., 2013, 00, 1-3 | 4
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account for the properties of the transition state it is more
appropriate to consider the Eyring equation (eq 6) which
describes the entropy and enthalpy change required to reach
the transition state prior to the formation of products.

ksT as¥  —aH¥

_ L, R RT
k_he e

(eq 6)
where kg is the Boltzmann constant, T the absolute
temperature, h Planck’s constant, AH* the activation enthalpy,
AS* the activation entropy, and R the gas constant. The
predicted rate constants for the hydrogen abstraction
mechanism across the temperature range are presented in an
Eyring plot in Figure 3.

13.8

13.7 A
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13.3 A

13.2 T T T T T T T T
1.8 2.0 22 24 2.6 2.8 3.0 3.2 3.4 3.6

1000/T (K™
Figure 3: Eyring plot for the calculated rates of the hydrogen abstraction mechanism
based on the measured rates of reaction and the calculated rate of the |4 reaction.

Eyring analysis of the kinetic data allows for calculation of AS*
and AH?* for each reaction mechanism. These thermodynamic
properties are presented in Table 4.

Table 4: Calculated activation parameters for the reaction of *OH radicals with ferrous
ions in the temperature range 25-300°C

Mechanism AS* AH?
JKTmol? kJ mol?
HAT -914+7.1 -2.5+£0.2
DAT -118.2+7.7 -8.17£3.2
lg 11.4+£0.37 30.8+3.7

The HAT reaction involves the formation of a transition state in
which the
becomes stiffer due to the introduction of the incoming ligand,
resulting in a significant decrease in the entropy of the
transition state. The large decrease in entropy leads to an
entropy-enthalpy compensation, which accounts for the
relatively low pre-exponential factor,
activation energy. The implication of the large entropy change
is that the reaction may only proceed when coordinated water
molecules are in specific orientations.

rotation of the coordinated water molecules

and the near-zero

Kinetic Isotope Effect

In order to further differentiate the two reaction mechanisms,
the experiments were repeated in heavy water. The kinetic

This journal is © The Royal Society of Chemistry 20xx
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isotope effect (KIE) is the ratio of the rate constants in the two
environments (eq 7), where ky is the rate constant in light
water, and kp is the rate constant in heavy water.

KIE = kH/kD (eq 7)

Because HAT involves transfer of a hydrogen atom, the reaction
should exhibit a KIE in heavy water. The Iy mechanism, however,
involves transfer of a water molecule, with only Fe-O bonds
being broken and formed, so it should not exhibit any KIE in
heavy water.

A comparison of the measured rate constants in light and heavy
water is shown in Figure 4 alongside predicted rates based on
eq 5 for light and heavy water. The predicted values fit well to
the measured rate constants and illustrate the switchover in
mechanism as the difference between measured rate constants
in light and heavy water decreases with increasing temperature.
The same issue with precipitation was encountered at
temperatures > 200 °C in heavy water, resulting in a decrease in
the observed rate constant due to lower concentrations of Fe?*
in solution. The onset temperature for precipitation was lower
than observed in light water. It is suggested that the observed
decrease in the rate is the result of lower solubility of the iron
salt in heavy water in comparison with light water.

Temperature (°C)

300 250 200 150 100 50 25
237 v v v v v v v 1
22 1
21 A 1
4
£
20 1
19 4 1
18 T T T T T T T T T

1.6 1.8 2.0 22 24 26 2.8 3.0 3.2 3.4 3.6

1000/T (K™
Figure 4: Comparison of measured rate constants in light water (ky) and heavy water (kp)
in the temperature range 25 —300 °C. Lines represent the predicted rate constants based
on Arrhenius parameters and the kinetic isotope effect.

The convergence of the light and heavy water rate constants as
temperature increases indicates a change in mechanism from
hydrogen transfer to a mechanism that does not directly involve
a hydrogen atom. This data supports the existence of a
mechanistic switchover from HAT to dissociative ligand
transfer. The DAT reaction does exhibit a positive activation
energy, suggesting that the rates of the two processes would
eventually converge. The KIE only decreases to 1.9 by a
temperature of 300°C, indicating that the difference in
activation enthalpies alone is not sufficient to account for the
convergence of rate constants. This further supports the
existence of a mechanistic switchover at higher temperatures.

J. Name., 2013, 00, 1-3 | 5
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The kinetic isotope effect in the low temperature region was
originally attributed to differences in the energy of solvation in
H,O and D,0’. It is proposed that the observed KIE is actually
the result of the difference between the zero point energy of
the hydrogen and deuterium forms of the transition state
(AZPE+s) and the ground state (AZPEgs) of the products and
reactants. A kinetic isotope effect is observed when AZPE+s is
significantly smaller than AZPEgs due to the change in the
relative energy required to overcome the activation energy
barrier. When the activation enthalpy is small the transition
state is a mid-point in the reaction coordinate between the
reactants and products, meaning that the H/D atom is shared
between the two molecules involved, the vibrational energy of
the bonds in the transition state is nearly independent of the
mass of the H/D atom. The result of such a transition state is a
large difference between AZPErsand AZPEgs, resulting in a large
KIE?®. The observed KIE and the evidence of entropy-enthalpy
compensation effects both support the formation of a transition
state in which the hydrogen atom is shared equally between the
coordinated water molecule and the *OH radical.

Conclusions

The reaction of the hydrated Fe?* ion [Fe(H,0)s]** with the
hydroxyl radical has a non-Arrhenius temperature dependence.
Between 25 — 150 °C the reaction proceeds via hydrogen atom
transfer, while at temperatures > 150 °C, the dominant reaction
is dissociative ligand interchange. The HAT reaction has a slight
negative activation energy of -0.36 kJ mol? as a result of a
strongly negative activation entropy resulting from the loss of
vibrational modes on formation of the transition state. The HAT
reaction proceeds via an intermediate in which the proton is
shared between the radical and the water ligand, resulting in a
significant KIE and entropy-enthalpy compensation, which
accounts for the near zero activation energy.

Dissociative ligand interchange is initially too slow to compete
with HAT at room temperature, but the high activation energy
of the rate limiting process of water exchange'® (43.88 kJ mol?)
allows dissociation to become competitive with the rate of HAT
at higher temperatures. At temperatures > 150 °C dissociative
ligand interchange is the dominant reaction.

Kinetic isotope effect analysis shows a change in the nature of
bonds formed and broken as temperature increases, with
hydrogen atoms becoming decreasingly involved in the process.
This supports a move from HAT to an I4 reaction mechanism.
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