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2 and UO2 by aqueous Mn(III)-
citrate and Mn(III)-tartrate under anoxic conditions:
implications for technetium and uranium fate and
transport
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and Vasileios Anagnostopoulos *

There are several United States Department of Energy (DOE) sites that have been dealing with the problem

of legacy nuclear waste in the environment for many generations. Two major risk-driving radionuclides in

this legacy waste are uranium and technetium-99. Due to their radioactivity, the increase in concentration

of these radionuclides in the environment represents a significant concern to environmental health and

safety. Uranium and technetium both have increased solubility and mobility in the environment when

oxidized from U(IV) to U(VI) and from Tc(IV) to Tc(VII), respectively. This project investigated the role of

Mn(III)-tartrate and Mn(III)-citrate in influencing the redox behavior and stability of uranium, from uranium

dioxide (UO2), and technetium, from technetium oxide (TcO2). For each radionuclide, anaerobic batch

kinetic experiments of UO2 and TcO2 in the presence of these Mn(III)-ligands were conducted at pH 8

and 10, and the radionuclide concentration in the aqueous phase was monitored over time. Both the

Mn(III)-tartrate and Mn(III)-citrate complexes effectively induced dissolution of uranium and technetium,

however, differences were seen with increasing ligand concentration and pH. Higher concentrations of

the Mn(III)-ligand complexes resulted in higher concentrations of aqueous uranium or technetium over

time, supporting Mn(III) induced oxidation of these radionuclides. Additionally, the Mn(III)-tartrate complex

resulted in more oxidation at pH 8 for both uranium and technetium while the Mn(III)-citrate ligand

provided more oxidation at pH 10 for uranium and was comparable for technetium. The data presented

in this study is useful for creating expected uranium and technetium transport models based on the

abundance of naturally occurring manganese species.
Environmental signicance

The presence of legacy nuclear waste, specically uranium and technetium-99, from sites like those managed by the Department of Energy (DOE), poses
a signicant environmental risk due to its radioactivity. These radionuclides become highly mobile and soluble when oxidized from their less mobile forms
(U(IV) to U(VI) and Tc(IV) to Tc(VII)). This study's environmental signicance lies in demonstrating that naturally occurring Mn(III)-ligand complexes, such as
Mn(III)-citrate and Mn(III)-tartrate, can effectively induce the oxidation and dissolution of uranium dioxide (UO2) and technetium oxide (TcO2) even under anoxic
conditions, where they are expected to be immobile. Understanding how these common manganese species inuence radionuclide redox behavior and stability
is crucial for predicting the spread of contamination and inform remediation strategies.
1. Introduction

The presence of legacy nuclear waste in the environment has
been a problem in the United States since the mid-20th century.
A majority of this waste originates from World War II and the
Cold War as a byproduct of nuclear weapons development and
testing.1,2 As this was over 70 years ago, during the infancy of the
U.S. nuclear program as well as during active war times, the
understanding of radioactive waste management and its
ntral Florida, Orlando, FL, 32816, USA.

6–1115
environmental impact was limited. As a result, large quantities
of radioactive waste were improperly contained, including the
release of waste into trenches and ponds under the assumption
that the waste would evaporate, preventing further harm.2,3

While most waste was placed in underground storage tanks,
these were only designed to last a few decades until permanent
disposal solutions were developed.4 With the passage of time,
however, many of these tanks have leaked, releasing additional
radioactive material into the environment.5–7 Two major risk-
driving radionuclides in this legacy waste are uranium, with
several radioactive isotopes, and technetium-99.8
© 2026 The Author(s). Published by the Royal Society of Chemistry
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Uranium is a primary component of nuclear waste and
a signicant source of environmental contamination.8,9

Uranium dioxide (UO2), an insoluble U(IV) mineral, is the
dominant uranium phase in spent nuclear fuel and forms
a major component of uranium mill tailings.10 Uranium
contamination can arise from the corrosion of spent nuclear
fuel, improperly managed nuclear waste, and uranium mill
tailings, all of which can leach uranium into groundwater over
time.5,11,12 Once released in the environment, the fate and
transport of uranium are governed by multiple pathways,
including sorption, ligand complexation, plant uptake, biogenic
interactions, and colloidal formation.13–19 Understanding these
processes is essential for modeling uranium behavior and pre-
dicting long-term environmental impact. One critical factor
inuencing uranium mobility is its oxidation state. While U(IV)
is typically insoluble, U(VI) species, such as the uranyl ion,
UO2

2+, are highly soluble and mobile.20,21 As such, remediation
strategies addressing the biogenic reduction of uranium have
been proposed.22,23 Therefore, conditions that promote the
oxidation of U(IV) to U(VI) must be carefully studied to assess the
extent of contamination at legacy sites and to informmodels for
long-term waste storage in geological repositories.

Technetium is a byproduct of uranium ssion, with a yield of
approximately 6%.2 It is of great concern that technetium has
inltrated the environment as its half-life of approximately 2.13
× 105 years is short enough to give it a signicant contribution
to total activity at contaminated sites, but long enough that it
will persist for the foreseeable future.2 Like uranium, techne-
tium's fate and transport are also governed by its oxidation
state. Under oxidizing conditions, technetium exists as Tc(VII) –
commonly the aqueous pertechnetate anion, TcO4

−. Due to its
negative charge, TcO4

− generally does not sorb onto soil or
mineral surfaces and is therefore highly environmentally
mobile.2,24 When reduced to Tc(IV), technetium precipitates as
an amorphous solid, TcO2, and has very low solubility, making
it environmentally immobile. The environmental immobility of
TcO2 and expected stability in suboxic and anoxic environments
has led to the proposition of reductive conversion of TcO4

− to
TcO2 as a strategy for environmental remediation of
technitium.25–30 It has since been discovered, however, that TcO2

and UO2 are susceptible to reoxidation by naturally occurring
oxidants, even in anoxic conditions, by geochemically relevant
oxidizing agents.31–33 This includes Mn(III)-ligand complexes,
such as Mn(III)-pyrophosphate.34,35 This study further expands
on this phenomenon by investigating the oxidative effects of
other Mn(III)-ligand complexes due to the oxidizing potential of
Mn(III) and high solubility of these complexes.36

Manganese is a naturally occurring element that is widely
present in soil, water, and rocks. Manganese oxides are of
particular interest as they are widely present in both terrestrial
and aquatic environments, most oen appearing in soils and
sediments.37 While Mn(III) is known to be a strong oxidant, its
relevance has long been overlooked because of its tendency to
rapidly disproportionate into Mn(II) and Mn(IV).38 However, it
has since been discovered that Mn(III) can be stabilized by
naturally occurring ligands during enzymatic oxidation of
Mn(II) to Mn(IV).38 Select Mn(III)-ligand complexes have been
© 2026 The Author(s). Published by the Royal Society of Chemistry
investigated for the redox properties.39,40 Mn(III)-ligand
complexes have been detected in suboxic and anoxic waters, but
the specic ligands responsible for Mn(III) stabilization in these
conditions remain largely unidentied.41 Citrate and tartrate,
which are commonly found in the environment and utilized by
bacteria, are potential candidates for Mn(III) complexation and
were therefore selected for investigation in this study.42

Previous research has demonstrated that Mn(III)-ligand
complexes are highly pH sensitive.39,43 Below pH 8, Mn(III)-
citrate and Mn(III)-tartrate become increasingly unstable and
are prone to dissociation and reduction to Mn(II).40 While the
manganese oxidation capacity of microbial activity is generally
higher under acidic conditions, recent studies have shown that
certain strains can still induce manganese oxidation up to pH
10.44 Additionally, sites with nuclear waste contamination can
also cause highly alkaline conditions due to a combination of
the waste material itself and the impact of cementitious
barriers.45,46 Understanding the pH dependence of Mn(III)-
ligand stability is therefore critical for evaluating their potential
to oxidize UO2 and TcO2 in the environment.

While Mn(III) has been recognized as a potential oxidant
capable of remobilizing reduced radionuclide phases under
anoxic conditions, most experimental studies have focused on
Mn(III) stabilized by strong inorganic or synthetic ligands, such
as pyrophosphate or EDTA.34,35,39,47 These ligands, while effective
at maintaining Mn(III) in solution, may not be representative of
the organic ligands that dominate many natural and engineered
subsurface environments. In contrast, low-molecular weight
organic acids such as citrate and tartrate are commonly
produced by microbial activity, are abundant in soils and
sediments, and participate actively in metal complexation and
redox cycling.42 Despite their environmental relevance, the
ability of Mn(III)-organic acid complexes to oxidize reduced
uranium and technetium phases under alkaline, anoxic condi-
tions remains poorly studied. Addressing these gaps is critical
for accurately assessing the long-term stability of reduced U and
Tc phases in contaminated environments.

Give these knowledge gaps, the objective of this study was to
evaluate and quantify the oxidative dissolution of UO2 and TcO2

by soluble Mn(III)-citrate and Mn(III)-tartrate. The effects of
ligand identity (citrate and tartrate), pH, and ligand concen-
tration on Mn(III) reactivity were assessed to broaden the
understanding of the radionuclide geochemical fate and
transport. Insights gained from these reactions will enhance
radionuclide transport models, predicting the potential spread
of contamination in the environment. Additionally, these nd-
ings may inform the behavior of other redox-active radionu-
clides and contaminants that could undergo Mn-mediated
oxidation, contributing to their increased mobility and envi-
ronmental persistence.

2. Experimental
2.1 UO2 synthesis

The synthesis of uranium dioxide was developed from existing
literature.48 A mass of 200 mg of uranyl nitrate (Certied ACS,
Fisher Chemical) was dissolved in 10 mL of ultra-pure water
Environ. Sci.: Adv., 2026, 5, 1106–1115 | 1107
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(18.2 MU cm, Barnstead Nanopure). While stirring the uranyl
nitrate solution, 10 mL of acetone (ACS Grade, Fisher Chemical)
was added. Aer 10 minutes, 10 mL of diethylene glycol (99%,
Thermo Scientic) was combined with the solution. It was then
mixed for two hours, then transferred to a PTFE lined hydro-
thermal autoclave reactor and heated at 215 °C for three days.
Once cooled, the precipitate was collected via centrifugation
and washed with ultra-pure water and ethanol (99.5+%, Acros
Organics) until the supernatant ran clear. The remaining
precipitate was dried at 50 °C overnight in a conventional oven.
XRD (Empyrean, PANalytical) was run using a 1.8 kW copper X-
ray tube (1.54 Å) from 2q of 20° to 70° for product conrmation.

2.2 TcO2 synthesis

The TcO2 solid was synthesized from a NH4TcO4 stock (Oak
Ridge National Laboratory) following a method adapted from
Stanberry, et al.34 Synthesis was performed inside of an anaer-
obic glovebox (I-Lab, Inert) using ultra-high purity nitrogen
(99.999%, Aigas), with 1.5 mL microcentrifuge tubes acting as
the reaction vessels and Na2S2O4 used in excess as a reducing
agent. For each sample, a 1 mL solution of 1.75 mM NH4TcO4,
160 mM Na2S2O4 (85%+, ACROS Organics), and 150 mM NaOH
(Laboratory Grade, Fisher Chemical) was prepared andmatured
for at least 24 hours. Each sample was then washed ve times
with ultra-pure water to remove dithionite from the solid,
centrifuging (Mini 10K, Huyanu) at 10 000 rpm for 10 minutes
to remove the supernatant. The solid was le in a minimal
amount of water until it was used for experimentation. The
supernatant was collected and analyzed with liquid scintillation
counting (LSC, AccuFLEX LSC-8000, Hitachi) to track any tech-
netium that may have been extracted during the washing
process. The limit of detection (LoD) and limit of quantication
(LoQ) for Tc with LSC are 176 pM and 238 pM, respectively.

2.3 Mn(III)-ligand complex synthesis

TheMn(III)-ligand complex stocks were synthesized outside of the
glovebox, following a method derived from Kostka, et al.47 For
both Mn(III)-citrate and Mn(III)-tartrate, sodium citrate dihydrate
(>98%, Fisher Chemical) or potassium sodium L-(+)-tartrate
tetrahydrate (>98%, Tokyo Chemical Industry), respectively, was
dissolved in ultra-pure water with moderate heat and stirring to
make a 250 mM ligand stock. The solution was adjusted to pH 9
using NaOH and HCl (Laboratory Grade, Fisher Chemical).
Mn(III) acetate dihydrate (98%, Acros Organics) was added slowly
tomake a 5mMsolution ofMn(III), making sure tomaintain pH 9
during addition. Once completely dissolved, the heat was
removed, and the solution was allowed to stir overnight. The
solution was then ltered with a 0.2 mm polyethersulfone (PES)
membrane lter to remove any potential MnO2 particulates and
pH adjusted to pH 8 or 10 based on the desired experimental
condition. The stock was then brought to the target stock volume,
degassed to remove any dissolved oxygen, and brought into an
anaerobic glovebox where it was allowed to equilibrate for at least
24 hours. The nal concentration of the Mn(III)-ligand complex
stocks were conrmed before experimentation using leuco-
berbelin blue as described below.
1108 | Environ. Sci.: Adv., 2026, 5, 1106–1115
2.4 Mn(III) quantication using leucoberbelin blue method

The concentration of Mn(III) in the Mn(III)-ligand stocks and
batch kinetic samples was measured using leucoberbelin blue
(LBB) as described in literature.49 The absorbance of the
samples was measured at 624 nm, and a calibration curve was
prepared with potassium permanganate (99.0%, Beantown
Chemical) at 0.2 mM LBB (65% dye content, Sigma-Aldrich).
The difference in electron transfer from Mn(VII) in potassium
permanganate and Mn(III) in the samples was accounted for in
the calibration, and an equivalent of 1–20 mM Mn(III) was used
in the calibration curve. The potassium permanganate stock
was standardized via titration with sodium oxalate (99%, Alpha
Aesar) to account for degradation over time.
2.5 Job plots

The manganese-to-ligand ratio in the Mn(III)-citrate and Mn(III)-
tartrate complexes was studied using the method of continuous
variation (Job plot). For each complex, a series of solutions was
prepared where the total combined concentration of Mn(III) and
ligand was maintained at 10 mM, while the mole fraction of
ligand was varied between 0.1 to 0.9. To prepare each mixture,
appropriate amounts of manganese(III) acetate dihydrate (98%,
Acros Organics) and a 10 mM ligand stock solution were
combined in a 50 mL centrifuge tube to match the desired mole
fraction and maintain a total metal + ligand concentration of
10 mM. While adding the manganese(III) acetate, the pH was
continually adjusted with NaOH and HCl to maintain the
desired pH. The solutions were then diluted to 50 mL with ultra-
pure water. Solutions were rotated overnight, aer which the pH
was readjusted as needed. The absorbance of each solution was
measured at 430 nm for Mn(III)-citrate and 472 nm for Mn(III)-
tartrate to monitor the effective Mn(III)-ligand concentration.
Direct absorbance was used in place of the LBB method of
quantifying exact total Mn(III) concentrations since no signi-
cant difference was found between the calculation of the
ligand mol fraction from these two methods. Job plots were
then constructed by plotting absorbance as a function of ligand
mole fraction. This process was repeated at pH values from 8.0
to 9.5 in 0.5-unit increments. The mole fraction corresponding
to the maximum absorbance at each pH was calculated and
used to examine pH-dependent trends in complex formation
and variations in Mn(III) complexation with citrate and tartrate.
2.6 Batch kinetic experiments

For the purpose of simulating an oxygen-free environment, all
experiments were performed in an anaerobic glovebox that was
kept below 0.1 ppm of O2. All batch kinetic dissolution experi-
ments were performed in triplicate. Batch dissolution studies
were conducted using 18.5 mmol of solid UO2 in 10 mL of the
desired solution composition or 1.75 mmol of washed Tc(IV) in
12 mL of the desired solution composition in 15 mL test tubes.
Experiments were conducted at 1 to 3 mM of the Mn(III)-ligand
complexes. Molar ratios of U(IV) : Mn(III) were tested at 1 : 0.54 and
1 : 1.62, while molar ratios of Tc(IV) : Mn(III) were tested at 1 : 8.57
and 1 : 17.1. The pH was adjusted using HCl and NaOH, and
© 2026 The Author(s). Published by the Royal Society of Chemistry
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Fig. 1 Kinetic dissolution trials of UO2 (left) and TcO2 (right) with 3 mM Mn(III)-tartrate at pH 10 showing the aqueous concentrations of U, Tc,
Mn(III) and total manganese over time.
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regulated to pH 8 or 10 since the ligand complex is known to
degrade beyond this range. Aliquots of the sample were removed
and ltered with a 0.22 mm PTFE lter over a span of up to 2
weeks and analyzed for aqueous Mn(III) using LBB as described
above, total aqueous manganese and uranium using ICP-MS,
and/or aqueous technetium concentrations using LSC. Control
experiments for UO2 and TcO2 were rst conducted in water in
the absence of any Mn or ligand, then also conducted in the
presence of free ligand and the absence of Mn to account for any
ligand assisted dissolution. The control data used in the results
gures are from the latter of these two control experiments, as
this would account for the largest amount of non-oxidative
dissolution of UO2 and TcO2. Control experiments for the
Mn(III)-ligand complexes were conducted at 3 mM Mn(III)-ligand
in the absence of any solid phase to consider Mn(III) and total
aqueous manganese loss via alternative mechanisms.
2.7 Inductively coupled plasma-mass spectrometry (ICP-MS)

Total uranium and manganese concentrations in the batch
kinetic trials were monitored using ICP-MS (iCAP RQ, Ther-
moscientic). Samples were prepared in 2% nitric acid (Trace
Metal Grade, Fisher Chemical). Instrumental dri was
accounted for and corrected with the use of the internal stan-
dards In, Re, Sc, Tb, and Ge. The instrument utilized kinetic
energy discrimination (KED) to eliminate diatomic interfer-
ences. The LoD and LoQ for uranium are 0.79 pM and 2.4 pM,
and for manganese are 11.3 pM and 34.3 pM, respectively.
3. Results
3.1 Mn(III)-citrate and Mn(III)-tartrate stability

The stability of Mn(III)-citrate and Mn(III)-tartrate was rst
examined in the absence of any mineral phases. There is no
available literature that addresses the direct measurement of
formation constants for Mn(III)-citrate and Mn(III)-tartrate.
Experimentally, in 3 mM solutions of the respective Mn(III)-
ligand complexes, signicant loss of Mn(III) was observed over
time. Mn(III)-citrate was found to be more stable at pH 8, while
Mn(III)-tartrate showed greater stability at pH 10. Although
Mn(III) loss could initially be attributed to the
© 2026 The Author(s). Published by the Royal Society of Chemistry
disproportionation of manganese, this process would result in
the formation and precipitation of Mn(IV). However, ICP-MS
analysis showed that the total aqueous manganese concentra-
tion remained constant over time, inconsistent with Mn(IV)
precipitation. Additionally, solid-phase characterization from
the uranium dioxide dissolution experiments showed no
evidence of manganese precipitation (SI). As such, the observed
Mn(III) loss is attributed to ligand-mediated electron transfer, in
which the ligand reduces Mn(III) to Mn(II), maintaining the total
manganese concentration in solution and preventing Mn(IV)
precipitation.39,43 Although no studies have been conducted to
directly characterize this oxidized ligand, the single electron
transfer fromMn(III) would then likely form radical species from
the oxidized ligand, which may also contribute to the oxidation
of UO2 or TcO2 conducted in this study.39,43

The example kinetic curves (Fig. 1) are specic to one set of
parameters, 3 mM of Mn(III)-tartrate at pH 10, but illustrate the
general trends seen amongst the rest of the trials as well. The
given radionuclide, U or Tc, has a relatively rapid increase
before dissolution slows and then plateaus. Inversely, the
Mn(III) concentration has a relatively rapid decline before
consumption slows and then plateaus. In the case of the tech-
netium trials, the Mn(III) was entirely consumed and thus the
plateau occurs at zero mM. These kinetics do not follow pseudo-
zero, pseudo-rst, or pseudo-second order reactions.

Due to the instability of the Mn(III)-ligand complex, the
amount of Mn(III) reduction and uranium or technetium
oxidation is not expected to follow the anticipated ratios, based
on the general scheme reactions shown below:

2Mn(III)-L + UO2 / 2Mn(II)-L− + UO2
2+ (1)

3Mn(III)-L + TcO2 + 2H2O/ 3Mn(II)-L− + TcO4
− + 4H+ (2)

The additional pathways for Mn(III) reduction provided by
the ligands presents a complex system in which kinetic
models would require the differentiation of Mn(II) production
via electron transfer from the ligand or from the minerals
present. Additionally, contributions to Mn(III) consumption
for the technetium trials may be due to the presence of tech-
netium suldes. It is noted in Stanberry et al., which utilizes
Environ. Sci.: Adv., 2026, 5, 1106–1115 | 1109
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Fig. 2 Example Job plot of Mn(III)-citrate at pH 8, showing the absorbance at 430 nm as a function of the mole fraction of ligand (left). The mole
fraction at which corresponds to the point of maximum absorbance represents the mole fraction ratio in the Mn(III)-citrate complex at this pH.
The relationship between the mole fraction of ligand and pH is also shown (right) for Mn(III)-citrate (red circle) and Mn(III)-tartrate (gray square)
from pH 8 to 9.5. A horizontal line at a mole fraction of ligand of 0.5 is present in red for reference.
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the same method of TcO2 solid synthesis, that technetium
suldes are thought to be present and contributing to the
increased consumption of Mn(III) beyond the expected 3 : 1
ratio.34 This increased consumption of Mn(III) for the techne-
tium trials is thus suspected to be due to a combination of
these factors.

To better understand the behavior of Mn(III)-ligand
complexes, further studies of Mn(III)-citrate and Mn(III)-tartrate
were performed. Job plots were utilized to determine the
manganese : ligand ratio at pH 8.0 to 9.5. These results are
summarized in Fig. 2, which shows the ligand mole fraction as
a function of pH. For Mn(III)-citrate, the citrate mole fraction
remained relatively constant around 0.5, consistent with the
formation of a 1 : 1 Mn(III) : citrate complex. This stoichiometry
is consistent with prior aqueous speciation and kinetic studies
that Mn(III)-citrate as a predominantly 1 : 1 complex in solution
under circumneutral to mildly basic conditions.39,43 This is
reasonable, as citrate has a −3 charge in this pH range and can
effectively charge-balance the Mn(III) cation. In contrast, the
mole fraction of tartrate in Mn(III)-tartrate ranged from
approximately 0.60 to 0.75, with a slight increase at higher pH.
This suggests the presence of Mn(III)-tartrate complexes with
a higher ligand-to-metal ratio. A charge balanced complex such
as Mn(III)2tartrate3 would have a mole fraction of ligand of 0.6,
which may represent the dominant species near pH 8.
Fig. 3 Final aqueous uranium concentration (orange) and change in aq
citrate (left) and Mn(III)-tartrate (right). Control experiments show the diss
3 mM Mn(III)-ligand complex in the absence of UO2.

1110 | Environ. Sci.: Adv., 2026, 5, 1106–1115
Complexes with an even larger excess of ligand seem to
predominate for Mn(III)-tartrate at higher pH. The authors have
found no applicable literature addressing Mn(III)-tartrate stoi-
chiometry, and attempts to further investigate the complexes
using 1H-NMR were inconclusive due to signal overlap with H2O
and were not pursued further (SI).

3.2 UO2 dissolution

The UO2 used in these trials was shown to be stable in water
over the period of these studies. This is consistent with previous
ndings demonstrating that the synthesized UO2 remained
stable in water for up to 50 days.48 Control experiments with
UO2 in the presence of citrate or tartrate without Mn(III) showed
minor uranium release into the aqueous phase, attributed to
ligand-assisted dissolution. In trials with Mn(III)-citrate at pH 8,
a similar extent of uranium dissolution was observed, indi-
cating that little to no UO2 oxidation occurred under these
conditions. However, at pH 10, the uranium dissolution was
magnied in the presence of Mn(III)-citrate, providing evidence
that these complexes are capable of oxidizing UO2 under more
alkaline conditions. The Pourbaix diagram of uranium under
these experimental conditions (SI) shows a higher redox
potential needed to oxidize uranium at pH 8 than at pH 10.
Additionally, given that the loss of Mn(III) in the Mn(III)-citrate
complex was higher at pH 10 even in the absence of UO2, there
ueous Mn(III) concentration (purple) from UO2 oxidation with Mn(III)-
olution of UO2 with ligand in the absence of Mn, and the stability of the
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Fig. 4 Final aqueous technetium concentration (blue) and change in aqueous Mn(III) concentration (purple) from TcO2 oxidation with Mn(III)-
citrate (left) and Mn(III)-tartrate (right). Control experiments show the dissolution of TcO2 with ligand in the absence of Mn, and the stability of the
3 mM Mn(III)-ligand complex in the absence of TcO2.

Fig. 5 Final aqueous uranium concentration (orange), technetium
concentration (blue) and change in aqueous Mn(III) concentration
(purple) from UO2 and TcO2 combined oxidation with Mn(III)-citrate
and Mn(III)-tartrate at pH 8. Control experiments show the dissolution
of UO2 and TcO2 with ligand in the absence of Mn, and the stability of
the Mn(III)-ligand complex in the absence of UO2 or TcO2.
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was likely a higher number of radicals being formed at pH 10
due to the electron exchange between Mn(III) and citrate. This
higher concentration of radical species might contribute more
signicantly to the oxidation of UO2, causing the higher amount
of UO2 oxidation at pH 10 with Mn(III)-citrate. The loss of Mn(III)
observed in the citrate trials did not differ signicantly between
control and UO2-containing systems, which is consistent with
the low concentration of uranium oxidized relative to the excess
Mn(III) present (Fig. 3).

Mn(III)-tartrate showed minimal impact on UO2 dissolution
at pH 10, but increased aqueous uranium concentrations at pH
8, in contrast to the behavior observed with Mn(III)-citrate. The
loss of Mn(III) in the control experiments was comparable for
Mn(III)-tartrate at both pH 8 and 10, indicating comparable
radical activity from the oxidation of tartrate across the pH
range of this study. The increase in uranium oxidation at pH 8
could then be due to differences in the Mn(III)-tartrate specia-
tion. As previously discussed, Job plots indicate that Mn(III)-
citrate forms a 1 : 1 metal-to-ligand complex, while Mn(III)-
tartrate forms multi-ligand complexes, with an increasing
metal-to-ligand ratio at higher pH. The presence of additional
tartrate ligands at elevated pH may result in steric hindrance,
reducing the ability of the complex to interact with and oxidize
the UO2 surface. As with the citrate trials, Mn(III) degradation in
the tartrate systems was comparable between control and UO2-
containing experiments, consistent with the limited extent of
UO2 oxidation observed.

Post-dissolution characterization of the residual solid phase
using DLS, SEM, and XRD conrmed that the hydrodynamic
radius, particle distribution, and crystal structure remained
consistent with the pre-dissolution UO2 (SI). These results
indicate that UO2 remained the dominant solid phase
throughout the kinetic trials, with no evidence of manganese
precipitation as discussed earlier.

Overall, while both Mn(III)-citrate and tartrate exhibit the
capacity to oxidize UO2, the extent of uranium release is rela-
tively minor compared to the total 1.85 mM uranium present in
the system and the excess Mn(III) available. In comparison,
literature reports involving Mn(III)-pyrophosphate show more
pronounced UO2 oxidation, likely due in part to differences in
UO2 synthesis methods and the greater oxidation resistance of
© 2026 The Author(s). Published by the Royal Society of Chemistry
the UO2 particles used in this study.35 Additional studies have
been conducted on environmentally relevant oxidizing agents
which show that UO2 oxidation also occurs in the presence of
iron (hydr)oxides and manganese (hydr)oxides.31,50,51 While
formal kinetic rate constants were not measured in the present
work, the extent of oxidation observed over similar experi-
mental timeframes suggests that UO2 oxidation proceeds
comparably in these systems.
3.3 TcO2 dissolution

The TcO2 used in these trials was shown to be resistant to
dissolution by the free ligands when in the absence of Mn(III).
This indicates that there was no ligand assisted dissolution and
thus tests of the TcO2 solid in water were not necessary. In trials
with Mn(III)-citrate, considerable dissolution was seen at both
pH 8 and 10, although marginally higher at pH 8. At both pHs
there was slightly more dissolution with the higher
Environ. Sci.: Adv., 2026, 5, 1106–1115 | 1111
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Table 1 Summary of final concentrations of U and Tc after dissolution at pH 8

Solution Radionuclide (s) [U] (mM) [Tc] (mM)

3 mM Mn(III)-citrate UO2 0.0044 � 0.001 —
3 mM Mn(III)-tartrate UO2 0.0279 � 0.003 —
3 mM Mn(III)-citrate TcO2 — 0.125 � 0.007
3 mM Mn(III)-tartrate TcO2 — 0.133 � 0.0006
3 mM Mn(III)-citrate UO2 and TcO2 0.0305 � 0.003 0.136 � 0.014
3 mM Mn(III)-tartrate UO2 and TcO2 0.0141 � 0.002 0.120 � 0.002
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concentration of Mn(III)-citrate, although there was less of an
increase with higher concentration than expected. TcO2 disso-
lution reached between 60 and 85% and plateaued once the
Mn(III)-citrate had been entirely consumed. This indicates that
dissolution may continue to proceed further with higher
concentrations of Mn(III)-citrate. As discussed above with UO2,
this enhanced technetium dissolution could also be due to
radical species formed by the electron exchange between Mn(III)
and citrate, as opposed to direct oxidation of Tc from Mn(III).
However, negligible variation in the extent of TcO2 oxidation
was evident across pH 8 and 10, despite a greater amount of
Mn(III) loss at pH 10, indicating the possibility of a higher
amount of radicals formed at this pH. Similarly, the redox
threshold necessary to oxidize TcO2 is higher at pH 8 than at pH
10 based on Pourbaix diagrams (SI), but this did not seem to
hinder oxidation at pH 8 (Fig. 4).

Trials with Mn(III)-tartrate also had considerable dissolution
at both pH 8 and 10. Unlike with Mn(III)-citrate, there was
a more signicant difference between the two pH values for
Mn(III)-tartrate. The trials at pH 8 had signicantly more
dissolution than at pH 10. This further aligns with the ndings
of the Job plots which indicate that the presence of additional
tartrate ligands at elevated pH may result in steric hindrance,
reducing the ability of the complex to interact with and oxidize
the TcO2 surface. As with Mn(III)-citrate, there was signicantly
greater dissolution for the higher concentration of Mn(III)-
tartrate. Overall dissolution of TcO2 also ranged much more
widely here than it did for Mn(III)-citrate, with dissolution
ranging between 25 and 90% and once again plateauing once
the Mn(III)-tartrate had been entirely consumed in most cases.

In comparison to the TcO2 dissolution with Mn(III)-pyrophos-
phate previously studied by Stanberry, et al. there was a similar
percentage of dissolution achieved in most cases.34 It is important
to note, however, that dissolution occurredmuch faster withMn(III)-
pyrophosphate than it did withMn(III)-citrate orMn(III)-tartrate. The
former saw a plateau within a matter of hours while the latter saw
a plateau aer a week or more. This indicates that while all three of
these ligand complexes are able to oxidize TcO2, and are thus
a threat to technetium remobilization, Mn(III)-pyrophosphate does
so on a much faster timescale. Additional literature has shown
other environmentally relevant species, including manganese
oxides, can contribute to TcO2 oxidation and remobilization.52,53

3.4 UO2 and TcO2 combined dissolution

A combined dissolution trial of UO2 and TcO2 was conducted to
assess potential competitive interactions between uranium and
1112 | Environ. Sci.: Adv., 2026, 5, 1106–1115
technetium dissolution when exposed to Mn(III)-ligands simul-
taneously (Fig. 5). Uranium dissolution stayed comparable to
dissolution in the absence of TcO2, although a higher amount of
dissolution was noted with Mn(III)-citrate than with Mn(III)-
tartrate. Technetium dissolution was also comparable to results
in the absence of UO2. These results are summarized in Table 1.
In general, the combined presence of UO2 and TcO2 caused
slightly increased dissolution of both radionuclides with
Mn(III)-citrate and slightly decreased dissolution with Mn(III)-
tartrate, however the magnitude of this dissolution remained
relatively constant for each species. These results suggest that
there is minimal competition between the oxidation of these
species, and that technetium is more readily oxidized by Mn(III)-
ligand complexes than UO2, likely due to the higher oxidation
resistance of the synthesized UO2 particles as discussed previ-
ously. Complete Mn(III) loss was seen with UO2 and TcO2

present, consistent with previous results from the TcO2 disso-
lution trials, likely due to residual suldes in the technetium
synthesis as discussed previously.
4. Conclusions

This study investigated the redox behavior of environmentally
relevant Mn(III)-citrate and Mn(III)-tartrate in promoting the
oxidation of UO2 and TcO2, given the signicant inuence of
oxidation state on the solubility and environmental mobility of
these radionuclides. Overall, UO2 was resistant to oxidation by
both of these Mn(III)-ligand complexes, highlighting the selec-
tive and ligand-dependent nature of Mn(III)-mediated redox
processes under anoxic conditions. These differences are
attributed to a combination of radical formation during Mn(III)
oxidation of citrate or tartrate, pH dependent oxidation poten-
tials of UO2 and TcO2, and variations in Mn(III)-ligand specia-
tion. Mn(III)-citrate forms predominantly 1 : 1 complexes, while
Mn(III)-tartrate forms multi-ligand complexes whose pH
dependent structure may introduce steric constraints that
inuence redox activity. Technetium oxidation occurred more
readily than uranium across the investigated conditions,
underscoring fundamental differences in how Mn(III)-ligand
complexes interact with redox sensitive radionuclide phases.
For Mn(III)-tartrate, however, oxidation was signicantly lower
at pH 10, likely due to the radical species and steric hindrance
previously mentioned, suggesting that Mn(III) decay pathways
compete with direct mineral oxidation. These ndings
demonstrate that Mn(III)-citrate and Mn(III)-tartrate can oxidize
UO2 and TcO2 to varying extents, depending on the pH and
© 2026 The Author(s). Published by the Royal Society of Chemistry
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Mn(III)-ligand concentration. Further analysis of the Mn(III)-
citrate and Mn(III)-tartrate complexes would be benecial to
determine the oxidation potential of these complexes. Alto-
gether, environmental conditions that facilitate the formation
of Mn(III)-ligand complexes should be considered in predictive
models describing the stability and mobility of redox-sensitive
radionuclides and other contaminants. These results expand
the recognized role of Mn(III) from strongly chelated complexes
or from mineral phases to include environmentally abundant
organic ligands capable of mediating radionuclide oxidation
under anoxic conditions.
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