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ABSTRACT

Dissolution of iron(I11)(hydr)oxides is a key process in the biogeochemical cycle of iron (Fe)
and biological Fe acquisition. Reactions that promote dissolution in the circumneutral pH-range, where
Fe(l1)(hydr)oxides are poorly soluble and dissolution is slow, are thus highly relevant. Previous studies
have shown synergistic effects on ligand-controlled dissolution of Fe(l11)(hydr)oxides with two or more
ligands. More dramatic effects on ligand-controlled dissolution rates have been observed in a few studies
conducted at low pH and under anoxic conditions, in which addition of small amounts of Fe(ll) increased

dissolution rates by factors of 10-100.

Despite its probable importance, Fe(ll)-catalyzed dissolution has not been investigated in the
environmentally relevant pH range of 6.0-8.5 under oxic as well as anoxic conditions. Moreover,
suggested mechanisms for Fe(ll)-catalyzed dissolution at low pH have not been further investigated and
may not apply at higher pH. More recent studies have shown that adsorption of Fe(ll) at higher pH can
lead to phase transformations and recrystallization. Destabilization of Fe(lll)-phases by transfer of

negative charge from Fe(ll) might provide an alternative pathway for accelerated dissolution.

This doctoral research examined the accelerating effects of Fe(ll) on ligand-controlled
dissolution of Fe(lI1)(hydr)oxide phases at pH 6.0, 7.0, and 8.5, under anoxic and oxic conditions. The
main goal was to determine the extent to which catalytic concentrations of Fe(ll) can accelerate ligand-
controlled dissolution under environmentally relevant conditions. A more general goal was to improve

our understanding of the mechanism of Fe(ll)-catalyzed ligand-controlled dissolution processes.

For these purposes, two structurally different Fe(l11)(hydr)oxide minerals, lepidocrocite (y-
FeOOH, Lp) and goethite (a-FeOOH, Gt), were synthesized and used in experiments with two ligands
with different functional groups, ethylenediamine tetra acetic acid (EDTA) and the biogenic ligand-
desferrioxamine (DFOB). Batch experiments were conducted with 1.13 mM suspensions of Lp or Gt
and 20 uM and 50 uM EDTA or DFOB. Fe(ll) was added or produced in-situ by illumination with UV-

A light on the surface of Lp or Gt. Experiments at pH 6.0 and 8.5 and some experiments at pH 7.0 were



conducted with 9.5 mM NaCl background solutions buffered with Good’s buffers. Most experiments at

pH 7.0 were buffered with 3 mM NaHCOs; and 2% CO; in N or air, to simulate natural conditions.

Fourier Transform Infrared spectroscopy coupled with Attenuated Internal Reflection (ATR-
FTIR) was used to follow the adsorption of EDTA and the dissolution of the solids in situ as a function
of time; structural changes on the surface and in the bulk mineral were followed simultaneously. These
experiments showed strong catalytic effects of 0.2-10 pM Fe(ll) and 50 uM EDTA on Lp dissolution
under anoxic conditions. At pH 6.0, the catalytic effect of added Fe(ll) on Lp dissolution was in the
range of 7-31. The catalytic effect was also observed with Fe(ll) produced photo-chemically.
Introduction of oxygen decreased the rate of dissolution and eventually inhibited the dissolution process.

No changes in bulk Lp were observed.

In batch experiments with Lp and 50 uM DFOB under anoxic conditions, addition of 1-5 uM
Fe(I1) accelerated the rate of dissolution by a factor of up to 80 at pH 7.0. A pseudo first order empirical
model, in which the rate of Fe(ll)-catalyzed dissolution was assumed to be directly proportional to the
free ligand concentration, was applied to quantify dissolution rates. Whether Fe(ll) was added before or

after DFOB had no significant effect on the observed dissolution rates.

In contrast to the negligible effect on dissolution rates, the order of addition was found to have
a significant effect on the fate of added Fe(ll) in isotope exchange and dissolution studies conducted
with "Fe and either EDTA or DFOB. When ’Fe(ll) addition occurred after DFOB or EDTA, most of
the added %'Fe remained in solution, suggesting that no or only minimal isotope exchange occurred when
S"Fe(11)-ligand complexes formed prior to or concurrent with adsorption on Lp. In contrast, when >"Fe(ll)
was added before EDTA or DFOB, extensive isotopic exchange occurred within our experimental
timeframe (minutes to hours) with Lp, but not with Gt. Upon ligand addition, the previously added *'Fe
reappeared in solution along with, but more slowly than, %¢Fe during Lp dissolution. With Gt, the rates

of release of >'Fe and °6Fe were in similar range.



Photochemical experiments were conducted with both continuous and intermittent
illumination (illumination periods of 5-15 min) with UV-A. At pH 7.0, continuous production of Fe(ll)
by UV-A increased rates of Lp dissolution by up to 30-fold under anoxic conditions and up to 5-fold
even under oxic conditions. After intermittent illuminations, accelerated dissolution continued during
subsequent dark periods under anoxic, but not under oxic, conditions, indicating that photoproduced

Fe(Il) was not protected from oxidation.

Kinetic models were applied to explore possible mechanisms leading to accelerated
dissolution and isotope exchange. The main reactions that can describe the observed results are
adsorption (of dissolved Fe(Il)-ligand complexes, Fe(ll), and/or of a ligand on Fe(ll) already associated
with a surface site), followed by electron transfer from surface Fe(ll)-ligand complexes to surface
Fe(lll)-sites and detachment of Fe(lll)-ligand complexes. Our experiments revealed a more complex
picture than that previously suggested based on studies at lower pH. The observed isotope exchange and
detachment of predominantly 5®Fe after addition of °’Fe clearly indicate charge transfer at the Lp surface.
The accelerating effect of adsorbed Fe(ll) is thus most likely due to the presence of mobile charge (in
the form of Fe(ll) sites) on the surface. Complexation of Fe(ll) surface sites with DFOB or EDTA is
expected to lead to quick oxidation of the complexed site by electron transfer to a neighboring site, due
to the low reduction potential of Fe(I)DOFB and Fe(IEDTA. The resulting Fe(l11) surface complex
detaches faster in the presence of neighboring Fe(ll) due to weaker Fe(ll)-Fe(lll) bonds than the
corresponding Fe(l11)-Fe(111) bonds in non-catalyzed ligand-controlled dissolution. The catalytic cycle
continues until the excess dissolved ligand is used up or Fe(ll) is oxidized by dissolved oxygen or other

oxidants.

The results presented in this thesis demonstrate that sub-micromolar and micromolar
concentrations of Fe(ll) accelerate ligand controlled dissolution of FeOOH under environmentally
relevant conditions. The catalytic effect of Fe(ll) was roughly proportional to the concentration of added
Fe(Il). Under anoxic conditions, rates of Lp dissolution were accelerated more than 15-fold by 1 uM

added Fe(ll) in the presence of EDTA at pH 6.0 and of DFOB at pH 7.0. Fe(ll) produced by short
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intermittent illumination with UV-A light showed roughly half the accelerating effect, presumably due
to oxidation of formed Fe(ll) by co-formed oxidants such as H.O,. The effects of Fe(ll) were weaker at
pH 8.5 than at pH 6.0 and 7.0. The dissolution at pH 8.5 under anoxic conditions with DFOB after
intermittent illumination was still accelerated by a factor of two, which is in agreement with the effect

observed with 2 uM added Fe(Il) and DFOB.

Traces of Fe(ll) in oxic environments and at redox interfaces could be formed by reducing
ligands, by light, and by iron-reducing microorganisms. Fe(ll)-catalyzed ligand-controlled dissolution
with formation of dissolved Fe(l1l) complexes is thus likely important in many natural systems such as
in soils, at oxic-anoxic interfaces in shallow lakes and ponds, in groundwater, and generally in

environments subject to dynamic redox conditions.
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Z USAMMENFASSUNG

Die Auflésung wvon Eisen(lll)(hydr)oxiden ist ein grundlegender Prozess im
biogeochemischen Eisenkreislauf und in der biologischen Eisenaquisition. Reaktionen, welche die
Auflésung im neutralen pH-Bereich, in dem Eisen(lll)(hydr)oxide schwer l6slich sind und die
Auflésung langsam ist, beschleunigen, sind deshalb von grossem Interesse. Friihere Studien zeigten
synergistische Effekte zwischen zwei oder mehreren Liganden in der ligandenkontrollierten
Auflésung von Fe(lll)(hydr)oxiden. Ausgepragtere Auswirkungen wurden in einigen Studien
beobachtet, die bei tiefen pH-Werten und unter anoxischen Bedingungen durchgefiihrt wurden und in
welchen geringe Konzentrationen von Fe(ll) die Auflésungsraten mit Liganden um Faktoren von 10-

100 erhohten.

Trotz der zu erwartenden Bedeutung in Umweltsystemen wurde die Fe(ll)-katalysierte
Auflésung im umweltrelevanten pH-Bereich von 6.0-8.5 und unter oxischen und anoxischen
Bedingungen bisher nicht untersucht. Ebenfalls sind die vorgeschlagenen Mechanismen fiir die Fe(ll)-
katalysierte Auflésung bei niedrigen pH-Werten nicht weiter untersucht worden und sind
moglicherweise bei hoheren pH-Werten nicht anwendbar. Neuere Studien haben gezeigt, dass bei
hoheren pH-Werten die Adsorption von Fe(ll) zu Phasenumwandlungen und Rekristallisationen
fiihren kann. Die beobachtete Destabilisierung von Fe(ll1)-Phasen durch die Ubertragung negativer
Ladung von adsorbiertem Fe(ll) auf die Festphasen konnte eine alternative Erklarung fiir die

beschleunigte Auflésung bieten.

Die vorliegende Doktorarbeit untersuchte die beschleunigenden Effekte von Fe(ll) auf die
ligandenkontrollierte Auflésung von Fe(l1)(hydr)oxidphasen bei pH 6.0, 7.0 und 8,5, sowohl unter
anoxischen und oxischen Bedingungen. Das Hauptziel dieser Studien war festzustellen, wie stark
katalytische Konzentrationen von Fe(ll) die ligandenkontrollierte Auflésung unter umweltrelevanten
Bedingungen beschleunigen kdnnen. Ein allgemeineres Ziel war ein verbessertes Verstandnis der

Mechanismen der Fe(l1)-katalysierten ligandenkontrollierten Auflésungsprozesse.

Zur  Untersuchung dieser Fragen wurden zwei strukturell  unterschiedliche
Fe(ll)(hydr)oxidmineralien, Lepidokrokit (y-FeOOH, Lp) und Goethit (a-FeOOH, Gt), synthetisiert

und in Experimenten mit zwei Liganden mit unterschiedlichen funktionellen Gruppen,
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Ethylendiamintetraessigsaure (EDTA) und Desferrioxamin (DFOB) eingesetzt. Die meisten
Experimente wurden mit 1.13 mM Suspensionen von Lp und Gt mit 20 uM und 50 uM EDTA oder
DFOB ausgefiihrt. Fe(ll) wurde zugesetzt, oder durch Belichtung mit UV-A Licht direkt auf der
Oberflache von Lp oder Gt gebildet. Experimente bei pH 6.0, pH 8.5 und einige Experiment bei pH
7.0 wurden in 9.5 mM NaCl mit 5 mM nicht-interferierenden Good-Puffern ausgefiihrt. Die meisten
Experimente bei pH 7.0 wurden mit 3 mM NaHCO; und 2% CO, in N, oder Luft gepuffert, um

mdglichst natlirliche Bedingungen zu simulieren.

Fourier-Transformations-Infrarot-Spektroskopie mit abgeschwéchter Totalreflektion (ATR-
FTIR wurde verwendet, um die Adsorption von EDTA und die Auflésung der Feststoffe in situ und
als Funktion der Zeit zu verfolgen. Mit ATR-FTIR konnten strukturelle Veranderungen an der
Oberflache und im Innern der Feststoffe gleichzeitig verfolgt werden. Diese Experimente zeigten
starke katalytische Effekte durch 0.2-10 uM zugesetztes Fe(ll) auf die Auflésung von Lp mit 50 pM
EDTA unter anoxischen Bedingungen. Bei pH 6.0 lag der Faktor der Beschleunigung der Auflésung
im Bereich von 7-31. Der Katalytische Effekt wurde auch mit Fe(ll) beobachtet, das durch
photochemische Reaktionen erzeugt wurde. Die Zufiihrung von Sauerstoff verminderte die
Auflosungsrate und hemmte schlieBlich den katalysierten Auflésungsprozess. Es wurden keine

Verénderungen in der Lp Festphase beobachtet.

In Batch-Experimenten mit Lp (1.13 mM) beschleunigte die Zugabe von 1-5 uM Fe(ll) unter
anoxischen Bedingungen die Aufldsungsrate mit 50 uM DFOB bei pH 7.0 um einen Faktor von bis zu
80. Ein empirisches Reaktionsmodell erster Ordnung, bei dem die Rate der Fe(ll)-katalysierten
Auflosung als direkt proportional zur Konzentration des freien Liganden angenommen wurde, diente
zur Quantifizierung der Aufldsungsraten. Die Reihenfolge der Zugabe von Fe(ll) und DFOB hatte

keinen signifikanten Einfluss auf die beobachteten Aufldsungsraten.

Im Gegensatz zu den vernachlassigbaren Auswirkungen auf die Auflésungsraten hatte die
Reihenfolge der Zugabe einen signifikanten Einfluss auf die Reaktionswege des zugesetzten Fe(ll),
wie sich in Isotopenaustausch- und Aufldsungsstudien mit *’Fe zeigte. Wenn *Fe(ll) nach DFOB
oder EDTA zugefiigt wurde, blieb der gréRte Teil des zugesetzten *’Fe in Losung, was darauf
hindeutet, dass kein oder nur ein minimaler Isotopenaustausch stattfand, nachdem *’Fe(l1)-Komplexe

vor oder gleichzeitig mit der Adsorption an Lp gebildet wurden. Im Gegensatz dazu fand innerhalb
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unseres experimentellen Zeitrahmens (Minuten bis Stunden) ein umfangreicher Isotopenaustausch mit
Lp statt, wenn >’Fe(Il) vor EDTA oder DFOB hinzugefiigt wurde, nicht aber mit Gt. Nach dem
Zufiigen von EDTA oder DFOB erschien mit der Auflésung von Lp das zuvor zugegebene *'Fe zwar
zusammen mit °Fe (aus Lp) in der Losung, aber langsamer als *°Fe. Mit Gt lagen die
Freisetzungsraten von °'Fe und *°Fe hingegen in einem &hnlichen Bereich. Diese Ergebnisse deuten
darauf hin, dass die Reaktionswege des hinzugeftigten Fe(ll) von der Reihenfolge der Zugabe und von

der Struktur der FeOOH-Phase abhéngig ist.

Photochemische Experimente wurden sowohl mit Kkontinuierlicher als auch mit
unterbrochener Belichtung (Belichtungsperioden von 5-15 min) mit UV-A durchgefihrt. Bei pH 7.0
fiihrte die kontinuierliche photochemische Bildung von Fe(ll) durch UV-A zu einer Erhéhung der
Auflésungsraten von Lp um bis um das 30-fache unter anoxischen Bedingungen und bis um das 5-
fache unter oxischen Bedingungen. Nach unterbrochener Belichtung setzte sich die beschleunigte
Auflosung in den nachfolgenden Dunkelphasen unter anoxischen, aber nicht unter oxischen
Bedingungen fort, was darauf hindeutet, dass durch photochemische Prozesse gebildetes Fe(ll) nicht

vor Oxidation geschitzt war.

Mit kinetischen Modellen wurden mogliche Reaktionsmechanismen untersucht, die zu einer
beschleunigten Auflésung und zum Isotopenaustausch fiihren kdnnen. Die Hauptreaktionen, welche
die beobachteten Ergebnisse beschreiben kdnnen, sind Adsorption (von geldsten Fe(ll)-Komplexen,
Fe(ll), und/oder von Liganden auf bereits mit Oberflachen assoziiertem Fe(ll)), gefolgt von
Elektronentransfer von Oberflachen-Fe(ll)-Komplexen auf Fe(lll) auf der Oberflaiche und der
Ablésung von Fe(lll)-Komplexen. Unsere Experimente zeigten ein komplexeres Bild als die zuvor
vorgeschlagenen Modelle basierend auf den Studien bei tieferen pH-Werten. Der beobachtete
Isotopenaustausch und die Ablésung von lberwiegend *°Fe nach Zugabe von *'Fe sind deutliche
Indikatoren fir Ladungstransfer auf der Oberflache von Lp. Die beschleunigende Wirkung von
adsorbiertem Fe(ll) kann daher durch mobile Ladungstrédger (in der Form von Fe(ll) auf der
Oberflache von Lp) erklart werden. Die Komplexierung von Fe(ll) durch DFOB oder EDTA fihrt
aufgrund des tiefen Redoxpotenzials von Fe(II)DOFB und Fe(I1)EDTA erwartungsgemass zu einer
raschen Oxidation des komplexierten Fe(ll) durch Elektroneniibertragung auf ein Fe(lll) lon auf der

Oberfl&che. Der dabei gebildete Fe(l11)-Oberflaichenkomplex kann sich in Gegenwart des benachbart
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gebildeten Fe(ll) aufgrund der schwacheren Fe(ll)-Fe(lll) Bildungen schneller von der Oberflache
ablosen als von den entsprechenden Fe(l11)-Fe(l1l) Bindungen in der nicht katalysierten Auflésung.
Der katalytische Zyklus wird fortgesetzt, bis der tberschiissige geldste Ligand aufgebraucht ist oder

das Fe(Il) durch geldsten Sauerstoff oder andere Oxidantien oxidiert wird.

Die in dieser Arbeit beschriebenen Ergebnisse zeigen, dass submikromolare und mikromolare
Konzentrationen von Fe(ll) die ligandenkontrollierte Aufldsung von FeOOH unter umweltrelevanten
Bedingungen stark beschleunigen kdnnen. Die katalytische Wirkung von Fe(ll) ist in erster N&herung
proportional zur Konzentration des zugesetzten Fe(ll). Unter anoxischen Bedingungen wurden die
Raten der Auflésung von Lp durch 1 uM Fe(ll) in Gegenwart von 50 pM EDTA bei pH 6.0 und 50
uM DFOB bei pH 7.0 um mehr als das 15-fache beschleunigt. Fe(ll), das durch kurzzeitige
Belichtung mit UV-A-Licht erzeugt wurde, zeigte etwa die Halfte des Beschleunigungseffekts,
vermutlich aufgrund der Oxidation des gebildeten Fe(ll) durch mitgebildete Oxidantien wie H,O,. Die
Effekte von Fe(ll) bei pH 8,5 waren schwécher als bei pH 6.0 und 7.0. Die Aufldsung bei pH 8.5
unter anoxischen Bedingungen mit DFOB nach kurzer Beleuchtung wurde um den Faktor zwei

beschleunigt, was mit dem beobachteten Effekt von 2 uM zugesetztem Fe(ll) tbereinstimmt.

Spuren von Fe(ll) unter oxischen Bedingungen und in Redox-Ubergangszonen kénnen durch
reduktive Liganden, Licht und durch eisenreduzierende Mikroorganismen gebildet werden. Die
Fe(ll)-katalysierte ligandenkontrollierte Auflosung von Fe(ll1)(hydr)oxiden unter Bildung gelGster
Fe(l1l)-Komplexe ist daher wahrscheinlich in zahlreichen natiirlichen Systemen von Bedeutung, zum
Beispiel im Bdden, in oxisch-anoxischen Ubergangszonen in Seen und anderen Oberflachenwéssern,

im Grundwasser und generell in Umweltsystemen mit dynamischen Redox-Bedingungen.
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Chapter 1

Background

Iron (Fe), as an essential micronutrient, is critical to all living organisms. Fe is one of the
most abundant elements on our planet; the biogeochemical cycling of Fe affects that of other elements,
regulating the dynamics of associated nutrients or contaminants. Commonly, Fe occurs in the
environment as either Fe(l11) (ferric) or Fe(ll) (ferrous) in the form of minerals. Under oxic conditions,
the insoluble oxides, hydroxides and oxyhydroxides phases, here collectively termed as
Fe(ll)(oxyhydr)oxides, are predominant. Dissolution of Fe(lll)(oxyhydr)oxide phases is one of the
key processes in Fe cycling and biological Fe acquisition. Despite the abundance of Fe in the Earth’s
crust, low solubility and slow dissolution processes of Fe(lll)(oxyhydr)oxides at circumneutral to
alkaline pH can lead to Fe deficiencies for biota.» 2

Under Fe-limiting conditions, plants and microorganism can acquire Fe by releasing ligands
(L) that promote the dissolution of Fe(lll)(oxyhydr)oxides.®* * Previous studies of
Fe(lll)(oxyhydr)oxide dissolution processes have identified three main pathways for dissolution.
Proton-promoted dissolution occurs under acidic conditions.®> Ligand-controlled dissolution leads to
formation of Fe(l11)-ligand complexes in solution.® " Reductive® ° and photo-reductive dissolution®3
leads to formation of Fe(ll) or, in the presence of ligands, to Fe(ll)-ligand complexes. Several previous
studies have demonstrated that Fe availability and rates of Fe(lll)(oxyhydr)oxide dissolution are
increased by natural ligands (e.g. siderophores such as desferrioxamine-B (DFOB), and aerobactin)*
15 and by synthetic ligands (e.g. ethylenediaminetetraacetate (EDTA)).X® ! Ligand-controlled
dissolution rates of Fe(lll)(oxyhydr) oxides are slow in the circumneutral pH range but can be
accelerated by synergistic effects of two or more ligands.'* 182 For example, the dissolution rates of
hematite 2 24, ferrihydrite 2°, and goethite with DFOB were accelerated 2-10 times by addition of
oxalate 8 19 22 2 gywannee river fulvic acid %, and ascorbate 2° at acidic pH conditions. Similar
synergistic effects were observed for the release of trace elements associated with the dissolution of

Fe(l11)(hydr)oxides. 2728 2°



Introduction

Earlier studies® ** %3 conducted under anoxic conditions found that trace concentrations of
Fe(Il) accelerated the rate of EDTA-controlled dissolution by factors of 10-100 at low pH, a much
greater effect than the 2-10-fold increase observed with synergistic ligands.'® This catalytic effect was
explained by following reaction steps®: (a) adsorption of ligands on mineral surface, resulting in
formation of Fe(lll)-ligand complex on the surface, (b) binding of added Fe(ll) to the Fe(lll) of
mineral surface through the adsorbed ligand, resulting in formation of a ternary complex with the
adsorbed ligand. (c) charge transfer from Fe(ll) to the Fe(lI1) through the bridging ligand, resulting in
detachment of Fe(lll)-ligand complex, and finally (d) rate-determining detachment of Fe(ll) from the
surface. The detached Fe(ll) forms a new ternary complex, leading to a catalytic cycle.

Accelerated dissolution of goethite was also observed under anoxic conditions at pH 6 when
experiments were conducted in the presence of both a reductant (ascorbate, citrate or esculetin) and a
ligand (DFOB or 2’-deoxymugineic acid), suggesting that dissolution was accelerated by formation of
Fe(I1).34 %

Fe(ll) can be formed not only by the addition of (thermal) reductants but also through
photochemical processes. In the presence of light, photoreduction of Fe(lll)(oxyhydr)oxides phases
can lead to reductive dissolution (i.e., release of Fe(ll) into solution) or to re-oxidation of Fe(ll).1% 3¢
Efficient reductive dissolution is possible only when the rate of Fe(ll) detachment is faster than the
competing re-oxidation processes. Photochemical experiments conducted in the presence of ligands
demonstrated faster rates of dissolution than were observed in (thermal) reductive dissolution,!? 13 36-38

Insight into the possible role of Fe(ll) in dissolution can also be gained from studies of the
adsorption and reactivity of Fe(Il) on Fe(lll)(oxyhydr)oxides surfaces conducted under conditions that
did not promote net dissolution. Observed ET, isotope exchange and mineral recrystallization in these
studies has been explained in terms of a conveyor belt model involving electron conduction through
the bulk solid and resulting in release of Fe(ll) at a distant surface site, with no net dissolution of the
mineral >3 In this model, mineral transformation is driven by crystal growth occurring at the site of
initial Fe(ll) adsorption. The possibility of such electron conduction through the bulk solid has not

been considered in previous studies of Fe(l11)(oxyhydr)oxide dissolution.



Chapter 1

Concept of this doctoral thesis

Previous studies suggest that Fe(ll)-catalysis could be important in the dissolution of
Fe(ll1)(oxyhydr)oxides phases in sub- and anoxic environments (e.g. in soils and sediments) and at the
oxic-anoxic interface in shallow lakes, wetlands and irrigated fields. In the subset of these
environments that are exposed to sunlight, photoproduction of Fe(ll) could lead to accelerated
dissolution. Under anoxic conditions (where Fe(ll) would not be subject to re-oxidation), the effect of
photoproduced Fe(ll) might be expected to persist in the dark; this possibility has not been explored
previously. In addition, bulk electron conduction, if it occurs in such systems, could potentially retard
the re-oxidation of Fe(ll) and thus allow catalysis by photo-produced Fe(ll) to persist in the dark even
under oxic conditions.

Therefore, a systematic investigation of the effects of Fe(ll) on ligand-controlled
Fe(lll)(hydr)oxide dissolution was conducted to provide a better mechanistic understanding of
dissolution processes. Experiments were conducted with both added and photo-produced Fe(Il) under
both anoxic and oxic conditions over the environmentally-relevant pH range 6-8.5.

This doctoral thesis addresses the following specific research questions:

1. What is the effect of added Fe(ll) with dissolution-promoting ligands on Fe(lI1)(hydr)oxide on
lepidocrocite (Lp) and goethite (Gt)) dissolution?

2. What is the effect of Fe(ll) on dissolution when produced in situ through photochemical reactions?
In addition, does the effect of photo-produced Fe(ll) persist in dark under oxic and anoxic conditions?
3. What is the fate of added Fe(Il) during Fe(lll)(hydr)oxide dissolution? Does the fate of added Fe(ll)
depends on the presence and absence of ligands?

4. s the fate of Fe(ll) dependent on Fe(l1l) phases? [There might be possible influence of mineralogy
and structure on the interaction of Fe(ll) with Fe(l11)(hydr)oxide phases.]

The results of this thesis are described in following three chapters:

Chapter 2: Fe(ll)-catalyzed ligand-controlled dissolution of iron(hydr)oxides. This chapter was
published in Environmental Science & Technology, 2019, 53 (1), 88-97. This chapter describes the
effect of Fe(ll) on Lp (y-FeOOH) dissolution that was examined in the presence and absence of a

synthetic ligand EDTA under anoxic conditions. Most experiments were conducted at pH 6 with



Introduction

Attenuated Total Reflectance Fourier Transform infrared spectroscopy (ATR-FTIR). Fe(ll) was added
or in-situ produced photochemically. >’Fe(l1) isotope exchange (batch) experiments were conducted to
assess the fate of added Fe(ll) before and during dissolution. A kinetic model was developed to
explain the accelerated FeOOH dissolution.
Chapter 3: Linking isotope-exchange with Fe(ll)-catalyzed dissolution of iron (hydr)oxides in
the presence of bacterial siderophore desferrioxamine-B. The effect of Fe(ll) added at micromolar
concentrations in the presence of the natural ligand DFOB on Lp dissolution was investigated at pH
7.0 (in carbonate-buffered suspensions). In addition, >’Fe(ll) was added before and after DFOB in
order to examine the isotope exchange before and during dissolution. 5’Fe(ll) isotope exchange
experiments were conducted with Lp at pH 6.0 (MES-buffered), pH 7.0 (MOPS and carbonate-
buffered) and pH 8.5 (PIPES-buffered) and with Gt at pH 7 (carbonate-buffered). Accelerated
dissolution was observed and could be described, for the entire course of dissolution, with a simple
pseudo first order empirical model. A mechanistic kinetic model was developed to describe the
accelerated dissolution and also to quantify isotope-exchange before and during dissolution.
Chapter 4. Photochemically induced Fe(ll)-catalyzed ligand-controlled dissolution of iron
(hydr)oxides. The effect of photochemically produced Fe(ll) on dissolution of Lp and Gt with the
organic ligands EDTA and DFOB was examined, under both oxic and anoxic conditions. Lp
dissolution experiments were conducted with EDTA at pH 6 and 7, and with DFOB at pH 7 and 8.5.
Gt dissolution was examined with EDTA and DFOB only at pH 7. Bicarbonate buffer was used at pH
7. Fe(ll)(hydr)oxide suspensions were subjected to intermittent or continuous irradiation with UV-A
light (320-420 nm) to produce Fe(ll) in-situ under both oxic and anoxic conditions. Photoproduction
of Fe(ll) was quantified in experiments conducted with a large excess of the strong Fe(ll) complexing
agent phenanthroline. The extent of accelerated dissolution was found to vary with the dissolution-
promoting ligand (i.e., EDTA vs. DFOB), with the solid and with pH. The observed effects could be
only partially explained by the concentration of photoproduced Fe(ll).

Each of the three main chapters is supplemented by separate sections that provide supporting
information. The final chapter provides a summary and synthesis of the findings of this thesis and their

environmental significance, along with the outlook for possible future studies.
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Chapter 2

Abstract

Dissolution of iron(lll)phases is a key process in soils, surface waters, and the ocean.
Previous studies found that traces of Fe(ll) can greatly increase ligand-controlled dissolution rates at
acidic pH, but the extent that this also occurs at circumneutral pH and what mechanisms are involved
are not known. We addressed these questions with infrared spectroscopy and *’Fe isotope exchange
experiments with lepidocrocite (Lp) and 50 uM ethylenediaminetetraacetate (EDTA) at pH 6 and 7.
Addition of 0.2-10 uM Fe(1l) led to an acceleration of the dissolution rates by factors of 7-31. Similar
effects were observed after irradiation with 365 nm UV light. The catalytic effect persisted under
anoxic conditions, but decreased as soon as air or phenanthroline was introduced. Isotope exchange
experiments showed that added *'Fe remained in solution, or quickly re-appeared in solution when
EDTA was added after >’Fe(ll), suggesting that catalyzed dissolution occurred at or near the site of
S"Fe incorporation at the mineral surface. Infrared spectra indicated no change in the bulk, but changes
in the spectra of adsorbed EDTA after addition of Fe(ll) were observed. A kinetic model shows that
the catalytic effect can be explained by electron transfer to surface Fe(lll) sites and rapid detachment
of Fe(I1)EDTA due to the weaker bonds to reduced sites. We conclude that the catalytic effect of
Fe(Il) on dissolution of Fe(ll1)(hydr)oxides is likely important under circumneutral anoxic conditions

and in sunlit environments.

12



Fe(I1)-Catalyzed Ligand-Controlled Dissolution of Iron(hydr)oxides

Introduction

The bioavailability of iron in oxic environments with circumneutral pH is limited due to the
low solubility and slow dissolution kinetics of iron (oxyhydr)oxide minerals® (here collectively termed
Fe(l1)(hydr)oxides). A common strategy of plants and micro-organisms for Fe acquisition involves
the release of ligands (L) that promote the dissolution of Fe(lll)(hydr)oxides. Laboratory and field
studies have demonstrated that iron availability and rates of Fe(lll)(hydr)oxide dissolution are
increased by natural ligands (e.g. siderophores such as desferroxamine-B (DFOB) and aerobactin) 2
and by synthetic ligands (e.g. ethylenediaminetetraacetate (EDTA).® It has been further found that
dissolution rates can be accelerated by synergistic effects between different ligands, for example
between oxalate and DFOB “* ® and other low molecular weight organic acids and siderophores.  ’
Similar synergistic effects were observed in the dissolution of Fe(lll)(hydr)oxides associated with
release of trace elements. 8 °

While the synergistic effects between ligands were reported to accelerate dissolution rates by
factors of 2-10, * a group of earlier studies found that a trace of Fe(ll) in presence of EDTA
accelerated the rate of ligand-controlled dissolution by factors of 10-100 at low pH under anoxic
conditions.’®® There were no follow-up studies on the catalytic effect of Fe(ll) to our knowledge
until recently, and it is not known if and under what conditions the strong catalytic effect is also
efficient at circumneutral pH. In a recent study, Wang et al. observed a synergistic effect between
DFOB or N,N'-di(2-hydroxybenzyl)-ethylenediamine-N,N’'-diacetic acid (HBED) and the reducing
ligand ascorbate in the dissolution of goethite at pH 6. 1" Similar synergistic effects were observed
between ascorbate and DFOB, 2'-deoxymugineic acid, citrate and esculetin. ** The Fe(ll)
concentrations resulting from ascorbate addition were not determined, but a careful analysis of the
results showed that Fe(ll) acted as a catalyst for accelerated dissolution. In a subsequent study using
density function theory, Kubicki et al. ** found that adsorption of Fe(ll) near an Fe(I11) corner site with
adsorbed oxalate lead to a weakening of bonds between the corner site and the lattice, explaining a
faster rate of detachment of this site from the lattice. A synergistic effect between oxalate and

ascorbate was also recently reported in the extraction of arsenic from contaminated soils. 2

13



Chapter 2

The catalytic effect of Fe(ll) in the earlier dissolution studies conducted at low pH has been
explained as follows: Fe(ll), either added or generated through reduction of surface Fe(lll) by a
reductant, can form ternary surface complexes, e.g. =Fe(lll)-L-Fe(ll) (bonds to the lattice are
symbolized by =). Electron transfer (ET) then leads to formation of =Fe(ll)-L-Fe(lll) and rapid
detachment of Fe(IlI)L into solution due to the relatively weaker Fe(Il)-L bonds compared to Fe(ll1)-L
bonds. Detachment of Fe(ll) then leads to formation of new ternary surface complexes and to
accelerated dissolution in a catalytic cycle.

Several more recent studies found that Fe(ll) adsorption on Fe(lll)(hydr)oxides, in the
absence of ligands, can lead to isotopic exchange and recrystallization of the mineral 2 and
suggested a mechanism for the recrystallization that might also provide alternative explanations for
Fe(ll) catalyzed dissolution. The recrystallization was explained by a model in which electrons
transferred from adsorbed Fe(ll) to the surface are mobile within the Fe(lll)(hydr)oxide bulk solid.
This leads to formation of Fe(lll) and growth at the site of initial Fe(ll) adsorption and to formation
and detachment of Fe(Il) and thus dissolution at a remote surface site. #* Based on the studies on
Fe(l)-catalyzed recrystallization and on the observations and suggestions by Wang et al. and
Schenkeveld et al. "8 delocalization of charge in the mineral structure could play an important role
in the accelerated Fe(ll)-catalyzed dissolution of Fe(lll)(hydr)oxides.

In a new approach to study dissolution of Fe(lll)(hydr)oxides, we applied Attenuated Total
Reflectance Fourier-transformed Infrared (ATR-FTIR) spectroscopy to examine the dissolution of
lepidocrocite (Lp) and to observe structural changes in the bulk and on the surface before and during
the dissolution process continuously with high time resolution (no filtration is required). We used
ATR-FTIR previously to study the structure and the photoreactions of surface complexes of citrate,?
DFOB and aerobactin ** and of dicarboxylates, * but not to follow changes in Lp structure and its
dissolution. In studies by Borer et al.,*>* we investigated light induced photo-reductive dissolution of
Lp in the absence and presence of DFOB and aerobactin, considering Fe(ll) as a reaction product but

not its potential autocatalytic role. 323

. In the current study, we address the catalytic effect of Fe(ll) in
the non-reductive ligand-controlled dissolution in the dark, with added and photo-generated Fe(ll).

Isotope experiments with *’Fe(ll) were used to probe the fate of added Fe(ll) and the importance of
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charge migration and isotopic exchange. Further, we applied kinetic modeling to test if proposed
mechanisms are able to describe experimental results. Lp was chosen due its relevance in the
environment and EDTA as a model ligand for non-reducing siderophores with predominantly
carboxylate groups and due to its applications in fertilizers to increase the solubility of iron in soils.
Fe(ll) catalyzed dissolution might be an important pathway in the dissolution of iron(l1l) phases in
sub- and anoxic environments, e.g. in soils and sediments, and in the oxic-anoxic interface in shallow
lakes, wetlands and irrigated fields. Photo-produced Fe(Il) might accelerate dissolution of iron(l1)
phases in sunlit oxic environments, e.g. in the ocean and in the atmosphere. Studies addressing these
questions at circumneutral pH (which have not been conducted so far) are of particular interest
because the solubility of Fe(lll) phases is minimal in this pH-range. In a parallel study, the effect of
added Fe(ll) is investigated with Lp, goethite, hematite and 2-line ferrihydrite and the ligands HBED

and DFOB over a larger pH range. *

Materials and Methods

Chemicals and Solutions

All chemicals used were of analytical grade and are listed in Table S1. Aqueous solutions
were prepared using high-purity doubly-deinonized (DDI) water (Barnstead Nanopure). To perform
studies on isotope exchange and Lp dissolution, a 20 mM °’Fe(ll) stock solution was prepared by
dissolving 5.7 mg *'Fe (Sigma-Aldrich, 95% pure) in 100 pl 2.5 M HCI and dilution to 5.00 ml with
DDI H,0. The *'Fe powder was 99% pure in Fe, with an isotopic composition of 95.06 % *'Fe, 3.04%
%®Fe and 1.86% ®Fe (Certificate of Analysis of the supplier).
Lp (y-FeOOH) synthesis and characterization

The synthesis of Lp was modified from Schwertmann 3 and is described in more detail in
the Supporting Information (SI). Briefly, 60 mM FeCl, was purged with a stream of air and titrated
with 1M NaOH to within a pH range of 6.65 - 6.76 in a strongly stirred solution, until NaOH
consumption ceased. After 2 h, the bright orange suspended particles were collected by centrifugation
and repeatedly washed by resuspension and centrifugation with DDI water. Finally, the solid was

collected and dried with stream of N,. The purity and the properties of the synthesized Lp were
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determined by X-ray diffraction (XRD), ATR-FTIR, and scanning electron microcopy (SEM), see SI,
Figures S1-S3. The specific surface area of Lp was measured as 63 m?/g by a multipoint N, Brunauer—

Emmett-Teller (BET) adsorption method (Quantachrome Nova 3200).

ATR-FTIR measurements

ATR-FTIR spectroscopy was employed to investigate the adsorption of EDTA onto Lp and
to follow the dissolution of Lp at pH 6 and 7. Measurements were performed on a Biorad FTS 575C
instrument equipped with a liquid N2-cooled mercury cadmium telluride (MCT) detector and a nine
reflection diamond ATR unit (SensIR Technologies, Danbury, CT), as described in detail in the SI.
Briefly, a thin layer of 40-60 pg Lp was deposited on the ATR crystal (diamond, ¢ 4 mm). IR
absorbance spectra of the layer were recorded after drying with a gentle stream of N,. Subsequently,
the layer was covered with 40 ml 9.5 mM NaCl (38 ml 10 mM NaCl) and 5 mM MES/MOPS (2 mi
100 mM MES/MOPS stock solution). Continuous purging of the aqueous solution with high purity N>
gas led to removal of dissolved O, and desorption of adsorbed CO; and served to stir the solution
during measurements. Residual O, concentrations after 3 h were < 10 nM (measured with a photo-
luminescent probe directly in the reaction cell, see Sl). At this point, a single-beam background
spectrum with the Lp-layer in contact with the anoxic background electrolyte was recorded.
Subsequently, difference absorbance (AA) spectra were measured continuously, every 43 s or 71 s.

EDTA and Fe(ll) addition. 50 uM EDTA (400 pul 5 mM EDTA deoxygenated stock
solution) was added 180-200 s after the background spectrum was measured. Fe(ll) (0.2-10 uM) was
added 1800 s after EDTA addition. Toward the end of the measurement after 6300 s, synthetic air or
1mM phenanthroline was added to examine the effect of Oz or phenanthroline on dissolution. The
same experiments were performed with addition of Fe(ll) 1800 s before addition of EDTA.
Experiments at each of the seven different Fe(Il) concentrations were performed in duplicate. All
procedures except the illumination with UV-light were performed under weak yellow light (>550 nm),
to avoid photochemical reactions with solid and dissolved Fe(l11) species.

Photochemically produced Fe(ll). A UV (365 nm, bandwidth 10 nm) light-emitting diode
(Dr. Groebel UVElektronik GmbH) was used to produce Fe(ll) at the Lp surface under both anoxic

(N2) and oxic conditions (synthetic, CO.-free air). The Lp-layer immersed in the aqueous solution, was
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illuminated at a distance of 7.25 cm from the lamp through a UV-transparent glass plate covering the
solution. Illumination was done twice for 900 s: (a) 2700-3600 s and (b) 6200-7100 s. The light
intensity of the irradiation at the Lp-layer was 150 W/m? (approximately double the irradiance of

natural sunlight in the range of 300-450 nm) as measured by ferrioxalate actinometry (see Sl).

SFe(11) isotope exchange and Lp dissolution with ICP-MS analysis.
"Fe(I1) was used to investigate the fate of the added Fe(ll) during the dissolution process.
Batch dissolution experiments were conducted under anoxic conditions at pH 6 at room temperature.
Lp suspensions (1125 pM = 0.100 g L) were prepared by dispersing 10.0 mg Lp in 100 ml aqueous
solution (9.5 mM NaCl and 5 mM MES). Suspensions were purged with N, for at least 4 h before
addition of EDTA or *'Fe(l1). Fe(ll) was either applied after or before EDTA: (a) 1.2 uM *’Fe(1l) was
injected 30 min after 50 pM EDTA addition, and (b) 1.0 or1.2 uM *’Fe(ll) was added 30 min before
EDTA addition. The time between Fe(ll) and EDTA addition made it possible to a) examine Lp
dissolution in the presence of EDTA and b) to investigate isotope exchange in the absence of EDTA.
Aliquots of 1.5 ml were withdrawn periodically, filtered through a 0.1 pm nylon filters (Whatman®
Puradisc 13 syringe filters) and diluted in 1% HNOs; (Merck, suprapure) for inductively coupled
plasma-mass spectrometry (ICP-MS, Agilent 7500ce) analysis. The dissolution of Lp was followed at
mass 56, with counts calibrated to represent the total concentration of all iron isotopes from Lp.
Dissolution rates were determined as the slope of the linear fit of the dissolved Fe concentration as a
function of time over the time-interval 600-2400s after Fe(ll) addition. We use the following
definitions:
[*°Fe]*uiss Concentration of dissolved *Fe multiplied with 1.092 to represent the total dissolved
iron (sum of all iron isotopes) released from Lp. (5.85% **Fe, 91.57% °°Fe, 2.12%
S"Fe, 0.28% *°Fe). This is the concentration of Fe as usually measured with ICP-MS at
mass 56, with counts calibrated with certified standard solutions. *Fe comes from
dissolution of Lp or from exchange of added *'Fe with *°Fe from Lp. We corrected for
the 3% *°Fe impurity in 1-1.2 pM added *Fe. This correction is small (<0.04 puM)
compared to the concentrations of *Fe released from Lp by isotope exchange and

dissolution.
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[>"Fe]aiss Concentration of dissolved *’Fe. Measured with ICP-MS at mass 57 and calibrated
with normal certified Fe standards, considering that they contain 2.12% *'Fe.

[°'Fe] wacer, siss  TO follow the concentration of *'Fe added as a tracer, we subtracted the >’Fe coming
from dissolution or isotope exchange with Lp:
[P"Feluacer, diss = [°'Feliss - 0.0212[*°Fe]"iss.
(The subtracted concentration of >’Fe from dissolution of Lp is 1.06 pM, when 50 uM

Fe(111) is dissolved in the presence of 50 uM EDTA).

Results and Discussion

Lp dissolution monitored with ATR-FTIR

Fig 1A shows the ATR-FTIR absorbance spectrum of a Lp layer and a SEM image of the Lp
in the inset. The Lp consists of plate-like (50-100 nm width and 200-500 nm length) aggregates of
200-500 nm long rods of 10 nm width and less than 10 nm thickness. The IR spectrum shows the
characteristic vibrations of Lp at 1160 cm™, 1021 cm™. The full spectrum shown in Figure S1 also
shows the characteristic band of rod-shaped Lp at 752 cm™ (in contrast to plate-shaped Lp where this
band is located at 742cm™).® Figure 1B shows ATR-FTIR difference absorbance (AA) spectra
recorded during EDTA adsorption over 1800 seconds at pH 6 under anoxic condition. Addition of 50
UM EDTA at t=180-220 s lead to characteristic IR absorbance bands in the range of 1700-1200 cm™
that increased in the first few minutes and then reached a stable level. There are two distinct peaks of
adsorbed EDTA at 1570 cm™ and 1408 cm™, which were assigned to the asymmetric and symmetric
vibrations of carboxylate groups, respectively. ** There was an increase, but no significant change in
the shape of the spectra during EDTA adsorption. This shows that at pH 6.0 one single surface
complex, or several complexes in constant proportions, were formed on the Lp layer. Complexes with
different spectral characteristics are formed at lower pH (SI, Figure S4). The adsorption of EDTA led
to a small decrease to the left of and a small increase to the right of the absorbance peak of Lp. These
small changes in absorbance must be due to local changes in the coordination environment of the Lp
lattice at the surface related to adsorption of EDTA, but are not interpreted further. Importantly, there
was only a minimal decrease at 1021 cm™ for the entire duration of the first 1800 s, indicating that

there was only minor dissolution of Lp in the presence of EDTA alone.
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Figure 1. (A) ATR-FTIR absorbance spectrum of lepidocrocite (Lp) and SEM image of Lp (inset).
(B) Difference absorbance spectra recorded during EDTA adsorption (offset by 20 units), upon
addition of 50 uM EDTA to a layer of 40-60 ug Lp in contact with 40 ml aqueous solution (10 mM
NaCl and 5 mM MES, pH 6.0). (C) Dissolution of Lp after addition of 1 uM Fe(ll) in presence of 50
UM EDTA. Spectra were recorded continuously every 43 s. Averages of every 10 continuous spectra
are shown for clarity. All measurements were conducted at pH 6 under anoxic condition by purging
the solution with high purity N2. The group of spectra in (B) shows adsorption of EDTA by the
increase of peaks at 1570 cm™ and 1408 cm™. The spectra in (C) show the strongly accelerated
dissolution of Lp by the decrease of the absorbance of Lp at 1021 cm™ after addition of 1 pM Fe(ll)
(treqny addition=1843 s). Introduction of synthetic air or 1 mM phenanthroline (Phen) (at t = 6300 s)

stopped the dissolution.

The group of spectra in (C) show a decrease in absorbance at 1021 cm™ indicating a strong
acceleration in dissolution of Lp after addition of 1 pM Fe(ll). Minor spectral changes (which will be
discussed later) were recorded in the spectra of adsorbed EDTA upon addition of 1 uM Fe(ll).
Introduction of synthetic air or 1 mM phenanthroline at 6300 s stopped the accelerated dissolution of
Lp. The effect of air indicates a rapid oxidation of Fe(ll) at the surface, which ends the catalytic effect
of Fe(ll) on dissolution. Phenanthroline addition caused rapid formation of Fe(ll)-phenanthroline

complexes in the solution and apparently also fast desorption of Fe(ll) from the surface or
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complexation of Fe(ll) at the surface, which ended the catalytic action of Fe(ll). These results show
the importance of the presence of Fe(ll) or Fe(I1)EDTA for the catalytic effect on the dissolution
processes. Similar observations were made when 10 uM Fe(ll) was added 3000 s after 50 uM EDTA

at pH 7 (see SI, Fig S5).
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Fig.2. Kinetics of EDTA adsorption and Lp dissolution (pH 6.0, anoxic conditions) monitored with
ATR-FTIR. Adsorption of EDTA was monitored at 1408 cm™ and dissolution of Lp at 1021 cm™. 50
UM EDTA was added (at t=180-200 s) after purging the aqueous solution covering the Lp layer with
N for at least 3-4 h, followed by addition of Fe(ll) (0.2-10 uM) after 1800 s. EDTA adsorbed rapidly
and reached equilibrium in < 600 s. Fe(Il) additions lead to accelerated dissolution of Lp. Slopes (at
1021 cm™) were determined from 3000-5000 s.

Fig. 2 shows the kinetics of EDTA adsorption and Lp dissolution at pH 6 under anoxic
condition (data points every 43 s). EDTA adsorption was examined at 1408 cm™ and Lp dissolution at
1021 cm™. EDTA adsorbed rapidly and reached equilibrium within 600 s after EDTA addition. There
is virtually no decrease of the absorbance at 1021cm™, indicating a low rate of dissolution in the
presence of only EDTA. Increasing concentrations of Fe(ll) (0.2-10 uM) were added 1800 s after 50
MM EDTA addition. A clear catalytic effect was observed already for sub-micro molar concentrations
of added Fe(ll) with a strongly accelerated decrease of absorbance at 1021 cm™. The same effect at
sub-micromolar concentrations were observed in a parallel study with two different ligands (HBED

and DFOB) and several Fe(I11)(hydr)oxides . The plots in Fig. 2 show that the dissolution rates
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started to increase quickly after addition of Fe(ll) and that the decrease in absorbance after Fe(ll)
addition was linear over time from 3000-6000 s. At the same time, the absorbance of EDTA at 1408
cm? showed no visible change for 0.2-1.0 uM added Fe(Il). With 6-10 uM added Fe(ll), the
absorbance decreased quickly and then remained at a stable level. This indicates that a steady-state
dissolution rate was reached within 30-120 s, which remained constant throughout our ATR-FTIR
experiments. The fast decrease in absorbance at 1408 cm™ and the changes in the spectra of adsorbed
EDTA for 6 uM and 10 uM Fe(I1) will be discussed in the last section. The order in which EDTA and
Fe(Il) were added did not alter the main observations. When 1 uM Fe(ll) was added 1800 s before 50
UM EDTA, no changes were recorded for Lp at 1021 cm™ (see S, Fig. S6). After EDTA was added,
approximately the same rate of decline in absorbance (-0.033 units after 6000 s) was reached as when
EDTA was added first (-0.032 units after 6000s) . 1 mM phenanthroline addition after ~ 8800 s again

stopped the accelerated Lp dissolution.
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Fig.3. Rates of Lp dissolution as a function of added (total) Fe(ll) concentrations. Rates expressed as
% h (left Y-axis) were calculated from the slopes of the lines in Fig. 2 divided by the initial
absorbance of Lp (at 1021 cm™) for each experiment. Rates expressed as pmol h™* m? (right Y-axis)
were calculated using the molecular weight (88.85 g mol™) and surface area (63 m? g*) of Lp. The

solid line corresponds to a kinetic model (Table 1) as described in the text.

To determine dissolution rates, slopes were calculated from the linear ranges of the
decreasing absorbances at 1021 cm™ in Figure 2. (The ranges were 900-1200 s for EDTA only and
3000-5000 s in the presence of Fe(ll)). The rates of Lp dissolution expressed in % of Lp dissolved per

time were calculated from the slopes divided by the initial absorbance of Lp at 1021 cm™ for each
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experiment. The initial absorbances of the Lp layers in the different experiments varied in the range of
0.7-0.9 and are listed in SlI, Table S2. Figure 3 presents the rate of Lp dissolution as a function of
added Fe(l1) concentrations. In the range of 0.2-2 uM Fe(ll), the rate of Lp dissolution increased close
to linearly with increasing concentrations of added Fe(ll), after which the increase leveled off. The
solid line corresponds to a fit with a kinetic model which is described in a later section.
Photochemically produced Fe(ll). The kinetics of EDTA adsorption and Lp dissolution,
during experiments in which Fe(ll) was photo-chemically generated at pH 6.0, are shown in Fig. 4..
EDTA (50 uM) was added after 180-220 s and EDTA adsorption reached an equilibrium within 600 s
under both anoxic and oxic conditions. Again, there was only very minimal Lp dissolution in the
presence of EDTA alone. Under UV-illumination (for 900 s) absorbances at 1408 and 1021 cm™
immediately started to change. The absorbance at 1408 cm™ (adsorbed EDTA) decreased and
stabilized at a lower level during illumination, while the absorbance at 1021 cm™ (Lp) decreased
linearly under both anoxic and oxic conditions. We attribute this mainly to photolysis of Fe(l11)-EDTA
surface complexes and formation of Fe(ll) directly on the Lp surface, due to the high photoreactivity
of the adsorbed EDTA, *® but intrinsic photo-processes of Lp with formation of Fe(ll) and OH-radicals
could also have contributed to EDTA degradation.®* From the decrease in the absorbance of Lp, we
estimate that 0.14-0.25 uM Fe(ll) were formed during each illumination (see Sl). After the
illumination stopped, photolyzed EDTA was replaced by EDTA from solution which can be seen by
the recovery of the absorbance at 1408 cm™. Also, Lp dissolution under oxic condition almost
instantly came to a halt after illumination. In contrast, under anoxic conditions, Lp dissolution
continued in the dark, yet at a slower rate. During a second UV-illumination (from 6200-7100 s) under
anoxic conditions, more Lp was dissolved than during the first illumination and the subsequent
dissolution rate in the dark continued at a faster rate. Apparently, Fe(ll) produced during the second
illumination was added to Fe(Il) formed in the first illumination and thus increased the concentration

of photogenerated Fe(ll) and the catalytic effect of Fe(ll) during and after the illumination.
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Fig.4. Kinetics of EDTA adsorption (monitored at 1408 cm™) and dissolution of Lp (monitored at

1021 cm™) at pH 6 (1=0.01 M) during photochemical experiments. Dashed lines represent experiments
performed under oxic conditions and solid lines under anoxic conditions. EDTA (50 uM) was added at
180-220 s. During UV-illumination (for 900 s) with a 365 nm UV-LED lamp, adsorbed EDTA is
photolyzed at the surface. After irradiation, photo-transformed EDTA is replaced by EDTA from
solution. Lp dissolution was strongly accelerated by UV-illumination under both oxic and anoxic
conditions. After irradiation stopped, there was no or very minimal continuing Lp dissolution under
oxic condition. In contrast, under anoxic condition, dissolution of Lp continued.

The catalytic effect was not observed under oxic conditions, where the second illumination
lead to the same rate and amount of dissolution as the first illumination and to essentially no
dissolution in the absence of light. We ascribe this to fast oxidation of the formed adsorbed Fe(ll) by
dissolved O,. Similar observations were made in experiments at pH 7 (see Sl, Fig S7). These results
demonstrate a continuing catalytic effect of photochemically produced Fe(l1) on non-reductive ligand-
controlled dissolution at pH 6 and 7 after illumination stops under anoxic conditions. Qualitatively, the
dissolution rates after illumination are similar to those with 0.2-0.5 puM added Fe(1l) immediately after
the illumination stops, and about half of these rates a few minutes later. Since Fe(ll) is formed directly
at the surface and equilibration with the solution might take a few minutes, the observed Fe(ll)

catalyzed dissolution rates agree well with the effect of the estimated 0.14-0.25 pM Fe(ll) in the

solution volume of 40 ml.
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>"Fe isotope exchange and Lp (lepidocrocite) dissolution

To determine the fate of Fe added as Fe(ll) before and during Lp dissolution, we performed
dissolution experiments in which we added Fe(I1) as >’Fe(ll).

Figure 5A shows Lp dissolution as a function of time before and after addition of 1.2 uM
S"Fe(ll) to a Lp suspension (1125 puM) containing 50 pM EDTA at pH 6.0 under anoxic conditions.
The dissolved concentrations of iron coming from dissolution of Lp, [*°Fe] qiss, are plotted as purple
triangles on the right y-axis. In agreement with the FTIR results, the dissolution of Lp was very slow
in the absence of Fe(ll). After addition of *’Fe(ll), the dissolution was strongly accelerated and
[°°Fe] qiss reached 42 puM after 16000s, approaching the expected limit of Fe(l11) solubility with 50 uM
EDTA. The dissolved concentrations of added *’Fe are plotted as orange squares on the left y-axis
([*"Fe]acer, diss). Importantly, added *'Fe remained in the solution in the presence of EDTA. This shows
that the added *'Fe (added as *’Fe(ll)) was not incorporated into the surface or bulk during dissolution.
A decrease in [°’Fe]wacer, diss Would have been observed if adsorption of >’Fe(ll) and incorporation as
"Fe(111) by electron transfer would have led to preferential dissolution of surface sits or surfaces
which are different from the sites of adsorption and incorporation.

In the presence of EDTA, rapid electron transfer at the Lp-surface could have resulted in
oxidation of added *’Fe(ll) to *’Fe(l11). We cannot comment on the oxidation state of >"Feyacer,diss in the
presence of EDTA,; addition of phenanthroline (phen) to filtered solutions resulted in only very low
and inconsistent UV absorbance, which did not allow quantification of Fe(Il)(phen)s. Even so, it is
clear that >'Fe added in the presence of EDTA was not incorporated into the solid.

Figure 5B shows °’Fe isotope exchange and Lp dissolution with reversed addition of >’Fe(ll)
and EDTA. In the following, we first discuss the observations before addition of EDTA, when the
oxidation state of measurable dissolved Fe can only be Fe(ll), followed by the observations after

EDTA addition, where the oxidation state of dissolved Fe is mixed, but predominantly Fe(lI).
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Figure 5. Dissolution of (1125 pM) Lp at pH 6.0 under anoxic conditions catalyzed by addition of

1.2 uM Fe(ll) as *"Fe(ll) either (a) 1800 s after the addition of 50 uM EDTA or (b) before EDTA
addition. Adsorption and isotopic exchange of added °>’Fe(ll) were observed when (b) 60 uM EDTA
was added 1800 s after Fe(ll). Symbols: (purple triangles, right axis) concentration of Fe released into
solution by Lp dissolution (reported values of [*®Fe]"qiss correspond to the sum of all Fe-isotopes from
Lp as described in Materials and Methods); (orange squares, left axis) concentration of the *Fe tracer
remaining in or released back into solution where [>'Fe]iacerdiss Was corrected for *’Fe released from
Lp; (red triangles, left axis) concentration of *°Fe in solution resulting from isotopic exchange of
added °'Fe with *°Fe in Lp (t < 1800 s); (green circles, left axis) sum of dissolved Fe measured as
[*"FeJtracer, diss and [*°Fe] uiss. Results of duplicate experiments are shown in open and closed symbols
(note that results shown in Fig. 5b with filled symbols were scaled to compensate for the addition of a
lower concentration (1.0 uM) of *'Fe(ll) in this experiment). Error bars correspond to the standard
deviations of ICP-MS measurements obtained from repeated calibrations. Solid black lines show
kinetic model fits (Table 1).
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In contrast to addition of *’Fe(ll) in the presence of EDTA, we observed an immediate
decrease in the concentration of the added 1.0-1.2 uM °’Fe(ll) (orange squares, left y-axis) in the
absence of EDTA, presumably by adsorption. This was followed by a slower decrease in [>’Fe(I1)],
coupled with an increase of [*®Fe(11)] uiss (red triangles, left y-axis), indicating isotope exchange
between Fe(ll) in solution and Fe from Lp over the 1800 s before EDTA was added. The sum of these
concentrations (green circles on the left y-axis) was 1.0-1.1 pM, meaning that 0.1-0.2 uM of the added
Fe(I1) remain adsorbed. Since [*°Fe] 4iss increased from 0 to 0.7 pM, up to 0.7 uM >’Fe(ll) must have
been incorporated into the surface as *’Fe(lll). Thus, before EDTA addition, both adsorption and
isotope exchange, but no dissolution was observed. This is in agreement with studies showing isotope
exchange between dissolved Fe(ll) and FeOOH that leads to recrystallization on longer time scales?%8

After addition of EDTA, a rapid increase of [*°Fe] siss (purple triangles, right axis ) due to
catalyzed Lp dissolution was observed. At the same time, the added (tracer) *’Fe that was previously
adsorbed and/or exchanged was released back into solution. Over 80% of the adsorbed/exchanged *’Fe
was in solution after dissolution of 10 uM Lp within the first 1000 s after addition of EDTA.

This observation shows that added >'Fe was not preferentially incorporated into surface sites
or surfaces that were less prone to dissolution upon addition of EDTA. Although this observation does
not exclude ET to other sites and other surfaces, such ET (if it occurs) does not result in the
preferential dissolution of those other sites or surfaces.

We can, in the main, exclude preferential dissolution distant from the site at which added
5"Fe was adsorbed, since addition of EDTA resulted in release of >80% of the added tracer *’Fe back
into solution. The initially adsorbed *’Fe (i.e., 1 uM of the added 1.2 uM °’Fe) corresponds to only 5.7
% of the total active surface site concentration of 17.5 uM (calculated for 100 mg Lp/L with a surface
area of 6.3-:10" nm?L assuming 1.67 active site per nm2* If ET had resulted in preferential
dissolution at different surface sites and surfaces (with only the natural abundance of >’Fe) then no
increase in [*'Fe]uacer, diss Should have been observed (recall that the reported [*’'Feluacer, diss Was
corrected for the natural abundance of >'Fe in Lp). Even if dissolution had occurred randomly at all
surface sites (enriched to 5.7 % °Fe), dissolution of 10 uM Lp would have resulted in a maximum

tracer concentration [*’Fe]uacer, diss Of 0.57 UM. Incorporation of a minor faction of >’Fe (added before
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EDTA) into more stable sites and surfaces is, however, consistent with the association of 10-20% of
the added >'Fe with the solid even after dissolution of 50 uM Lp (i.e., measured as [*°Fe] giss).

Our observations do not exclude charge injection and charge migration in the Lp surface and
bulk lattice that lead to recrystallization on a longer time scale. In the presence of a ligand that
promotes dissolution, mobile charge can be transferred back to previously adsorbed or incorporated
*"Fe and accelerate its dissolution. An alternative explanation for the fast dissolution of the added *'Fe
is the formation of a less crystalline or amorphous >’Fe(l11) phases that are dissolved more quickly
than Lp after addition of EDTA. However, a surface precipitate with addition of only 1-1.2 uM Fe(ll)
to a Lp suspension with estimated 17.5 UM surface sites seems less likely than adsorption and isotope

exchange by incorporation of *’Fe into the surface.

Possible phase changes

We observed no evidence for transformation of Lp to goethite or magnetite with 0.2-10 pM
added Fe(ll) (to which FTIR is very sensitive, see Figure S3) in our experiments. Previous studies
found exchange of **Fe between Lp and dissolved (0.2-1.0 mM) Fe(ll) at pH 6.5, ***? but only minor
formation of magnetite even with 1mM dissolved Fe(ll) after 2 days ** and no formation of goethite

over 7 days. *?

Kinetic model for the catalytic effect of Fe(ll)

In our experiments, ligand controlled dissolution was slow compared to Fe(ll)-catalyzed
dissolution. We define the measured catalytic effect (CE) as Ruiss L reqny / Ruiss L, Where Ruiss reqry and
Ruiss,. are the dissolution rates in the presence and absence of Fe(ll), respectively. As defined, CE was
1 without added Fe(l1) and ranged from 7-31 with 0.2-10 uM added Fe(ll), as listed in Table S3.

To explore reaction mechanisms that can explain the catalytic effect of Fe(ll), a kinetic model
was developed that allowed us to fit the model outputs to measured data by optimizing rate
coefficients and concentrations of active surface sites in the model. Tentative reaction mechanisms for
Fe(I1) catalyzed dissolution have been presented before for dissolution at low pH, X *4 but it has not
been shown that they can quantitatively explain experimental results. The model with reaction

equations is presented in Table 1 and is described in more detail in the SI.
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Table. 1. Kinetic model with list of reactions and fitted equilibrium constants, rate coefficients and
surface site concentrations for pH 6.0 and 9.5 mM NaCl.

site

Nr. | Reaction Nr. of | Description Fixed or fitted
Kork log(K) or log(k)
R1 |Fe'+L 2 | Fe'L K1 Complexation of Fe''in 10.3 @
solution
R2 |=Fe+L 2 | =Fe'-L K, Adsorption of ligand (L) 5.0 ®
R3 |=Fe"+Fe' |2 | =Fe"-Fe' Ks Adsorption of Fe" 55 ©
R4 |=Fe'-Fe'+L | 2 | =Fe"-Fe'-L | Ka Adsorption of L on adsorbed | 4.7
Fe"
R5 |=Fe"+Fe'L | & | =Fe"-Fe'"-L | Ks Adsorption of Fe''L 5.4
R6 | =Fe"+FeL | 2 | =Fe"-Fe"-L | Ks Competing adsorption of 5.7 ©
Fe'lL
R7 | =Fe"-Fe'-L | —» | =Fe'-Fe"-L | kyen) | Electron transfer 1
R8 | =Fe'-Fe"-L | —» | =Fe"+Fe"L | ks Fe(ll)-catalyzed detachment | -0.64
of Fe'-L
R9 | =Fe'+ — | =Fe"" -Fe'" ko Formation of new surface 6
LPbulk site
R10 | =Fe"-L — | = +FeL k1o Detachment of Fe''-L -2.5
R11 | =+ Lppui — | =Fe" k11 Formation of new surface 6

Fitted active surface site

conc. (last column, [=Fe"]/ [Lp] (M/M) and =Fe"//nm?

) for dissolution,

and surface site conc. for adsorption of EDTA, Fe(ll) and Fe(lll)EDTA in batch experiments
=Fe o Dissolution in batch and FTIR | 6.3e-5 ()
experiments 6.7e-3 =Fe"' /nm?
=Fe P2 Adsorption of EDTA with 7.4e-3®
FTIR (10 uM Lp) 0.79 =Fe" /nm?
=Fe'l P3 Ads. of Fe(ll) in batch 1.0e-3 ©
experiments 0.11 =Fe" /nm?
=Fe!" Pa Ads. of Fe(Il)EDTA 1.3e-3©
0.14 =Fe"' /nm?

Surface sites =Fe"-OH are abbreviated as =Fe'" and surface complexes =Fe''-O-Fe' as =Fe'"-Fe'".
Surface complexes that involve both ligand and Fe(ll) in close proximity are formulated as

=Fe"'-Fe'-L.
This could mean a ternary surface complexes or adsorbed EDTA next to a reduced site.

@ Conditional complex formation constant for Fe(I1)EDTA at pH 6 (see Sl). (Over 99.8% of Fe(ll) is

present as Fe'EDTA? with 50 uM EDTA).
) Best fits to adsorption isotherm for EDTA determined with FTIR, see Sl Figures S10 and S11.
© Best fits to adsorption isotherms of Fe(ll) and Fe(11)EDTA, see Sl Table S5 and Figure S11.

@ The rate coefficients of R4 are interdependent with the rate of Fe" detachment (back reaction R3),
formation of Fe'L (R1) and adsorption of Fe''L (R5), see SI.
(@ Arbitrary, fast and non-rate determining rate coefficients.
) Best fits to Lp-dissolution in batch (1.13 mM Lp) and FTIR (10 uM Lp = 35.6 ug/40ml)
experiments, see SI.
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We assumed that all equilibrium reactions are fast and not rate determining for dissolution on
the investigated time scale. As consequence of the fast equilibration in reactions R1-R5, the order of
the addition of EDTA and Fe(ll) should not change the observation of the catalytic effect, as was
experimentally observed (Figure S6). The competitive adsorption of formed Fe(II)EDTA (R6) can
explain the non-linear dissolution in the batch-experiments, with dissolution rates that decrease more
strongly from 1800-5000 s (Figure 5) than expected from the decreasing concentration of
uncomplexed EDTA. In the dissolution measured with FTIR (Figure 2) this effect was not observed
and dissolution proceeded linearly, which can be explained by the much lower Lp concentrations in
the AFR-FTIR experiments. With maximally 8% dissolution of 60 pg Lp in 40 ml, dissolved
Fe(IIEDTA concentration remained below 1.4 uM. When 20 uM Fe(l11) was added (Figure S8) the
dissolution rate also decreased. Similar non-linear dissolution kinetics were observed previously in the
photo-reductive dissolution of Lp with aerobactin, ** where decreasing rates in the presence of added
and formed Fe(l11) were also ascribed to competing adsorption of formed Fe(lll)-ligand complexes
with the free ligand. By variation of rate coefficients (see Sl), we found that either the electron transfer
(ET) in R7 or the detachment of Fe(llI)L can be defined as the rate determining step in this model.
Since Fe(IEDTA is strongly reducing, we assumed that ET is the faster step and adjusted the rate
coefficient for detachment of Fe(ll1)L (ks) in reaction R8 as the rate determining step. The listed fitted
rate coefficients lead to good fits of the currently available data, but they are tentative because the rate
coefficients for reactions R4 and R5 correspond to reactions (i.e., adsorption of EDTA on adsorbed
Fe(ll) or adsorption of Fe(INEDTA) that yield the same surface complex in our model. Since more
than 99.8% of Fe(ll) is complexed by EDTA, the rate coefficients for these reactions are not
independent, as explained in more detail in the SI.

Important parameters in the model are the concentrations of active sites for the dissolution
reactions (p: to p4). The site concentrations for the adsorption of Fe(ll), EDTA and Fe(I1)EDTA were
obtained from adsorption data as shown in Figure S11. They agree with ranges for iron(hydr)oxides
reported in the literature. *> 6 A lower concentration of sites that are active for dissolution has been

used in models describing the dissolution of hematite *’ and agrees with the understanding that
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dissolution proceeds on kink and step sites “ whose concentrations are smaller than the sum of
adsorption sites measured in adsorption experiments.

Structure of surface complexes. In the kinetic model, we formulate the surface complexes
that involve both Fe(ll) and EDTA as =Fe-Fe'-L, but they could alternatively be formulated as =Fe"-L-
Fe" or as complexes with Fe(ll) adsorbed next to a site were EDTA is adsorbed. Ideally, the infrared
spectra could provide information about the structure of the complex involving both Fe(ll) and EDTA.
Addition of Fe(ll) caused shifts in the spectra of adsorbed EDTA to higher energy and induced
spectral changes around several peak positions (see Sl, Fig. S9, SI Table S4). This clearly indicates
that the interaction of Fe(ll) with adsorbed EDTA led to formation of additional complexes at the
surface, or that additional complexes were formed by adsorption of Fe(lI)EDTA from solution.
However, the shifts could not be interpreted in terms of structures. In a recently published study on the
formation of oxalate complexes on Lp, we found that several surface complexes with different
structures were formed. For oxalate, detailed DFT calculations allowed us to draw conclusions about
the structures of these different surface complexes.*® DFT calculations with the larger ligand EDTA in
the presence of Fe(ll) are computationally more demanding and were not attempted in this study.
Reaction mechanisms and possible implications

Fe(ll) accelerates the dissolution of Lp by EDTA when added before or after addition of
EDTA. At pH 6, most of the added Fe(ll) (>80%) remains in solution even in the absence of EDTA. In
the presence of 50 uM EDTA, over >99.8% of dissolved Fe(ll) and >99.9% of Fe(lll) are complexed
with EDTA (Table S5). Most likely, the Fe(ll) catalyzed dissolution is driven by adsorption of
Fe(INEDTA and formation of mixed Fe(ll)-Fe(l11) ternary surface complexes (reaction R5 in Table 1),
followed by electron transfer and detachment of Fe(II)EDTA (R7-R8). We can currently not
determine the fraction of adsorbed Fe(II)EDTA and whether the newly formed Fe(ll) (R9) is
complexed with EDTA directly at the surface (reaction R4) or leaves the surface (back reaction of R3)
and reabsorbs as Fe(I)EDTA (R5) to continue the catalytic cycle. The model constitutes a useful list
of possible reactions that can explain our observation, but more work is required to quantitatively
determine the contribution of each of these reactions and to determine the corresponding rate

coefficients.
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Environmental significance

We observed that added and photo-produced Fe(ll) can accelerate the dissolution of Lp with
EDTA by a factor of 7-31 at pH 6 and at pH 7 under anoxic conditions. Fe(ll) catalyzed dissolution
could be an efficient strategy for accelerated mobilization and uptake of iron in environments with
changing redox conditions and in sunlit environments where Fe(ll) is produced photochemically.
Examples are soils where reducing conditions are not sufficient for reductive dissolution of Fe-bearing
phases, but where traces of Fe(ll) could lead to strongly accelerated Fe(ll)-catalyzed dissolution in the
presence of synthetic or natural ligands (e.g. siderophores), 8 as also shown in our parallel study for a
range of minerals with HBED and DFOB. *® Other environments where Fe(ll)-catalyzed dissolution
could be important are oxic-anoxic transition zones in lakes, wetlands, and irrigated agricultural fields.
Added Fe(Il) and photoproduced Fe(ll) did not appear lead to formation of mobile charge or Fe(ll)
that is protected from oxidation by oxygen, e.g. by charge residing in the bulk of the solid, at least not
with Lp. Nevertheless, steady state concentrations of photo-produced Fe(ll) at the surface of iron
oxide particles under sunlit conditions could make Fe(ll)-catalyzed dissolution an important pathway
in their photoreductive dissolution. It is also possible that negative charge from added or produced
Fe(ll) can persist longer in the bulk of more conductive iron(hydr)oxide minerals and that this results
in a longer lasting catalytic effect of Fe(ll) under oxic conditions. The time resolved ATR-FTIR
measurements and °’Fe isotope experiments presented here have proven useful and will be used to
investigate the effect of Fe(ll) on the dissolution of other Fe(lll)(hydr)oxide phases in different

environments.
Associated Content

Supporting Information. List of chemicals; lepidocrocite synthesis and
characterization (XRD and FTIR spectra); details on ATR-FTIR measurements, list of
duplicate experiments; FTIR spectra of adsorbed EDTA with pH and concentration
dependence, spectral changes with added Fe(ll)); input file for kinetic model, model fits for

dissolution kinetics and adsorption isotherms. (5 Tables, 12 Figures).
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Text S1. Synthesis of Lepidocrocite

The method for synthesis of lepidocrocite (Lp) was modified from Schwertmann. ° Briefly,
60 mM solution of FeCl, (71.6 g of FeCl,.4H,0 in 6 L DDI water, with a pH between 3.53 - 3.79) was
purged with N, for 2 h. NaOH (~15 mL, 1 M) was titrated slowly to the strongly stirred solution to
increase the pH to a range of 6.65 - 6.76. When the pH had stabilized, oxygen was bubbled through
the solution to initiate the Fe(ll) oxidation process. During the synthesis, the solution was continuously
and vigorously stirred and temperature was kept at 15°C. The flow of oxygen was adjusted in the
range of 360-1200 ml/min, keeping the base addition constant at 6 ml/min. The pH was kept
between 6.60- 6.75 throughout the synthesis with NaOH (731 ml, 1 M). During the synthesis, the
color changed from the initial green-yellow to green-blue, black and then to brown-orange. After 2 h, a
bright orange suspension was formed. The suspended particles were collected by centrifugation and
repeatedly washed by resuspension and centrifugation with DDI water until the electrical conductivity
of the suspension had decreased from 2500 puS/cm to 46 puS/cm. Finally, the solid was collected and
dried with stream of N.. Vigorous stirring and slow addition of NaOH to the reaction mixture, in
between the center and the walls of the reaction vessel right above the stirrer were essential to avoid

formation of goethite and magnetite as byproducts.

Text S2. Lepidocrocite characterization

X-ray Diffraction. The dried samples of lepidocrocite were analyzed by X-ray diffraction
analysis (X’Pert powder diffractometer with XCelerator, PANalytical, Almelo, the Netherlands) to
determine the phase purity and to estimate the particle size.

ATR-FTIR spectroscopy. A suspension of synthesized lepidocrocite (30 mg/ml) was
prepared in DDI H>O. One pl from the suspension was air dried on the ATR-element prior to record a
FTIR spectra on Biorad FTS 755C instrument equipped with a liquid Nz-cooled mercury cadmium
telluride (MCT) detector and a nine reflection ATR unit (SensIR Technologies, Danbury, CT).

Transmission Electron Microscopy. Direct imaging of lepidocrocite was taken in the
transmission electron microscope (HD2700Cs, Hitachi, Japan) to estimate the particle shapes and

dimensions.
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Text S3. Details on ATR-FTIR measurements

FTIR spectra (4000-400 cm™, 2 cm™ resolution, 32 or 64 scans) were recorded on a Biorad
FTS 575C instrument equipped with a liquid N2-cooled mercury cadmium telluride (MCT) detector
and a nine reflection diamond ATR unit (SensIR Technologies, Danbury, CT). Absorbance spectra
were obtained from single beam background spectra (lo) and single beam sample spectra (Is), with the
relation absorbance=logio(lo/ls). FTIR spectral analysis were performed with routines written in
Matlab.

The following procedure was employed before performing any dissolution experiments. A
single-beam spectrum of the blank ATR crystal was measured as the background spectrum for the
calculation of absorbance spectra of an initial Lp layer. A thin layer of 40-60 pug Lp was formed on the
ATR crystal (diamond, ¢ 4 mm) by spraying 2 pL of a 30 mg/mL Lp suspension with an ultra-
sonicator tip (Sonozap ultrasonic atomizer). IR absorbance spectra of the Lp layer were recorded after
drying the layer with a gentle stream of N». The layer was rinsed several times with a gentle stream of
DDI water and subsequently dried, until the absorbance did not decrease due to detachment of loosely
adhering particles. Subsequently, a 50 ml polypropylene beaker was mounted onto the ATR unit and
the layer was covered with 40 ml aqueous solution of 9.5 mM NaCl (38 ml 10 mM NaCl) and 5 mM
MES/MOPS (2 ml 100 mM MES/MOPS stock solution).

Continuous purging of the aqueous solution with high purity N, gas (Alpha gas N,, 99.999%
pure, O, < 0.1 ppm, H,0< 0.5 ppm) lead to desorption of adsorbed CO, from Lp and served to stir the
solution during measurements. O, concentrations were optically measured using PreSens Fibox 4 trace
oxygen sensor (PreSens precision sensing GmbH, Germany). Oxygen is measured with a luminescent
oxygen sensor spot fixed on the inner wall of the reaction cell. Residual oxygen concentrations after 3
h of purging with N, were < 10 nM. At this point a new single-beam background spectrum with the
Lp-layer in contact with the anoxic background electrolyte was recorded. Subsequently, absorbance
spectra were measured continuously, every 43 s or 71 s. Since these absorbance spectra display the
differences developing with the addition of EDTA and Fe(ll), they are termed difference absorbance

(AA) spectra.
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To measure the adsorption isotherm of EDTA on lepidocrocite at pH 6, 10-200 uM EDTA
were added to the deoxygenated aqueous solution (40ml 10 mM NaCl, 5 mM MES) covering
lepidocrocite layer in the ATR unit. FTIR spectra were recorded continuously to follow the
characteristic changes (increase/decrease) of absorbance. In an another experiment, 50 uM EDTA
was added to lepidocrocite layer at different pH ranges (pH 3-6) to observe the spectral changes of

adsorbed EDTA due to (de/)protonation.

Text S4. Actinometry

An actinometer solution (1 ml of 1.2 M K,C,0, and 1 ml of 400 mM FeCI3*6H,0 diluted to
20 ml with DDI H,0), was stirred with magnetic stirrer and irradiated with the UV-LED lamp through
a mask with a circular opening with 4 mm diameter at a distance of 7.25 cm for 120 s (the same
distance of the UV-lamp from the 4 mm diameter ATR-diamond crystal). After irradiation, 300 pL of
the actinometer solution was withdrawn and mixed with 150 uL 600 mM acetate buffer and with 600
ML 10 mM phenanthroline and diluted to 3.0 ml with DDI H,O. A UV-visible absorption spectrum of
this mixture in 1 cm quartz cell was then measured at 510 nm and the photon flux calculated as
described previously. The determined photon flux was 3.55 x 10™ photons/s corresponding to an

irradiation of 150 W/m?.

Text S5. Estimation of photochemically produced Fe(l1)

The decrease of the absorbance of Lp during the two irradiation periods was 0.01-0.012
absorbance units, which corresponds to 1.4-1.7% dissolution of the 40-60 ug Lp (initial absorbance of
ca. 0.8, see Table S2). Assuming that photo-reductive dissolution is the dominant process during
illumination, we thus formed 0.14-0.25 uM Fe(ll) calculated over the solution volume of 40 ml. We
note that in all ATR-FTIR measurements, EDTA was in excess (40 ml of 50 uM EDTA = 2 pumol )
compared to Lp in the layer (40-60 pg = 0.45-0.68 pumol Lp and 21-32 nmol surface sites with 63 m?
g and 5 sites nm?). EDTA was also in large excess over photoproducts formed. During illumination,
we observe mainly photo-reductive dissolution as described in previous studies > ® and possibly some
additional Fe(ll)-catalyzed non-reductive dissolution, while we observe only the latter after

illumination stops.

40



Fe(ll)-Catalyzed Ligand-Controlled Dissolution of Iron(hydr)oxides

Text S6. Kinetic model

Equilibrium reactions in the model are described as forward and back reactions in the input
file of the kinetic program ACUCHEM (see Table S5). This means that all equations with a double
arrow consist of two equations in the program code and the corresponding equilibrium constant is the
ratio of the forward over back-reaction rate coefficients (k#/ky). Since we did not aim to determine the
kinetics of complex formation for dissolved or adsorbed complexes, we entered a value of 1-10° s™ for
the unimolecular back reactions and an adjustable parameter for the forward reaction. This makes all
equilibrium reactions fast and not rate determining on the investigated time scale. The rate-
determining reactions are either the electron transfer (R7) or the detachment of Fe(I1)EDTA from the
reduced surface site (R8). By variation of rate coefficients, we found that either R7 or R8 or a
combination of both steps could be rate determining. Experimentally, we can only measure the rate of
formation of dissolved Fe(ll)L and we have currently no technique to measure the kinetics of the ET
and detachment separately. Since Fe(ll) complexed to EDTA is a strongly reducing species, we
assigned a fixed value to kyer) that is higher than the value for ks and adjusted the rate coefficient ks
for the detachment of Fe(lll)L as the rate determining step. When reactions R7 and R8 are combined
into one reaction (=Fe''-Fe"-L — =Fe'' + Fe'""'L), the same value for the combined rate coefficient is
obtained as the value for the Fe(ll)-catalyzed detachment (ks) listed in Table 1 (log(k8)= -0.64).
Important parameters in the model are the concentration of active sites for the dissolution reactions (p1
to ps). The site concentration for the adsorption of Fe(ll), EDTA and Fe(II)EDTA were obtained
from adsorption data and fits as shown in Figure S10. They agree with ranges for iron(hydr)oxides
reported in the literature. " ® The fitted concentration of active sites determined from dissolution
experiments were a factor of 50-75 smaller than for the sites for adsorption. Increasing their
concentration could be compensated by decreasing ker, but only in a narrow range. More than a
doubling of this site concentration lead to significantly worse fits. A lower concentration of sites that
are active for dissolution has been used in models describing the dissolution of hematite ° and agrees
with the understanding that dissolution proceeds on kink and step sites *° whose concentrations are

smaller than the sum of adsorption sites measured in adsorption experiments.
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It is important to point out that the purpose of the model is to show that the suggested
reactions can explain the experimental results and to explore the importance of the listed reactions, not
to determine rate coefficients. We currently don’t have sufficient data to uniquely determine the listed
rate coefficients.

Text S7. Structures and photo-reactivity

The observation that the photolysis of adsorbed EDTA starts with the onset of UV-
irradiation (Fig. 4) is an indication for inner-sphere complexation of EDTA with Fe(lll) at the surface.
Un-complexed EDTA is not photo-reactive and the yield of OH-radicals by UV-illumination of
Fe(I1)hydroxides is low ™ The EDTA must be bound as an inner-sphere complex with a metal to
ligand charge transfer (MLCT) absorption band that allows rapid light-induced charge transfer from a
bound ligand carboxylate group to a surface Fe(lll) site. The photoproduct of EDTA, ED3A © with a
lower IR- absorbance (due to fewer carbxolyate groups) is partly replaced by excess EDTA from
solution in a steady state exchange during UV-illumination and completely after the illumination
stops. The continuous formation of Fe(ll) on the surface ligand during photo-induced charge transfer
lead to both photodissolution and Fe(ll)-catalyzed ligand-promoted dissolution during illumination,
under both oxic and anoxic conditions. After illumination the Fe(ll)-catalyzed dissolution continued
under anoxic conditions, but not under oxic conditions. In experiments with phenanthroline (not
shown) the same behavior was observed as under oxic conditions. These observations show that Fe(ll)
formed by UV- irradiation is not protected from oxidation by O, and that it can easily be desorbed or
complexed by phenanthroline. Added and photo-produced Fe(ll) appear to have the same effect on the

dissolution of Lp.

42



Fe(ll)-Catalyzed Ligand-Controlled Dissolution of Iron(hydr)oxides

Table S1. List of chemicals used in the current study

Chemical name Chemical formula Supplier | Purity | Stock
solution
(mMV)
NaCl NaCl Merck >99% | 10
Fe(ll) FeCl,. 4H,0 Sigma- >99% | 10
Aldrich
Fe(l1) FeCls. 6H-0 Sigma- >98% | 10
Aldrich
MES (2-morpholino-ethanesulfonic CeH13NO4S. H20 Sigma- >99% | 100
acid monohydrate) Aldrich
MOPS (3-(N-) morpholino C7H15NO4S Sigma- >99% | 100
propanesulfonic acid) Aldrich
EDTA (Ethylenediamine tetra acetic | C10H14aN2Na20s. 2H.O | Merck >99% | 100
disodium dihydate)
Phenanthroline C12HgN2. H20 Fluka >99% | 10
Iron-10,000 pg/ml J.T Baker | For ICPMS standard
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Table S2. Initial IR absorbances of Lp at 1021 cm-?, before conducting Fe(Il) added Lp dissolution
study. Experiments were conducted in duplicates. Each experiment is listed below as n; and n.

(To record the initial absorbance, a thin layer of 40-60 pug Lp was formed on the ATR element
(diamond, ¢ 4 mm) by spraying 2 pL of a 30 mg/mL Lp suspension with an ultra-sonicator tip and
drying with a gentle stream of N, (The background single-beam spectrum for the calculation of the

absorbance spectrum was the spectrum of the blank ATR-crystal).

Added Fe(ll) concentration Lp IR-Absorbance
(UM) Ny Ny
0 0.80 0.87
0.2 0.84 0.86
0.5 0.88 0.60
1 0.80 0.87
2 0.87 0.72
4 0.75 0.87
6 0.78 0.87
10 0.90 1.05
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Table S3. Dissolution rates of lepidocrocite in presence of 50 uM EDTA with varied added Fe(ll)
concentrations. All experiments were conducted at pH 6 under anoxic condition and in duplicates.

Each experiment is listed below as n; and n..

Added [Fe(11)] Lp dissolution rate (% h™) Catalytic Effect
(M) ATR-FTIR measurements? (Fig.3) (CE)*
Ny n, Average (n1:nz)
0.0 0.17 0.14 0.16 1
0.2 0.86 1.28 1.07 7
0.5 2.10 2.47 2.29 14
1.0 2.97 3.19 3.08 19
2.0 3.12 3.99 3.56 22
4.0 3.90 4.35 4.13 26
6.0 4.41 3.93 4.17 26
10.0 5.50 4.43 4.97 31
Batch measurements® (Fig. 5) Ny CE
Only in presence of EDTA 0.16 1
1.2 uM *"Fe(11) was added 1800 s after EDTA addition 2.14 13
1.2 uM *"Fe(11) was added 1800 s before EDTA addition® 2.40 15

*CE = Rdiss,L,Fe(I1)/ Rdiss,L

Ruiss,Lreqiry 1S the rate of Fe(ll)-catalyzed dissolution in presence of a ligand and
Fe(l). Raiss. is the rate of dissolution in presence of a ligand alone.
With this definition, the CE is 1 if there is no catalytic effect.

@ In ATR-FTIR measurements, Lp concentration was 10-17 uM. 50 uM EDTA was added 1800 s
before Fe(Il) addition. Slopes for determining rates were calculated within

3000-5000 s (EDTA addition considered as t=0).

b In isotope exchange and dissolution batch studies, Lp concentration was 1125 uM. Slopes were

calculated within 2400-4200 s to determine the dissolution rates.

© In ATR-FTIR measurements, when 1 UM Fe(ll) was added 1800 s before EDTA addition, the
rate of Lp dissolution was calculated 2.20 % h™ (Fig. S6).
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Absorbance

Figure S1. ATR-FTIR absorbance spectrum of synthesized Lp (lepidocrocite). A thin layer of 40-60
pg Lp was formed on the ATR element (diamond, ¢ 4 mm) by spraying 2 pl. of a 30 mg/mL Lp
suspension with an ultra-sonicator tip and drying with a gentle stream of N, (The background single-

beam spectrum for the calculation of the absorbance spectrum was the spectrum of the blank ATR-

crystal).

The characteristic peaks at 1160 and 1021 cm™ correspond to in-plane bending (8-OH) and 752 cm™ to
outer-plane banding (5-OH) of Lp structure.
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The inset is the transmission electron microscope image of Lp structure.
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Figure S2. XRD powder diffractogram of the synthesized Lp (lepidocrocite) measured on X’Pert
powder diffractometer with XCelerator, PANalytical, Almelo, the Netherlands. The diffractogram is in
excellent agreement with lepidocrocite specta reported by Cornell and Schwertmann.® Lines of
magnetite (Mgt) and of goethite (Gt), which are common impurities in synthesized Lp, are not

detectable.
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Figure S3. ATR-FTIR spectra of dried layers of various samples: Lp: freshly made Lp- suspension, Lp
18 h 50 mM Fe(ll): Lp suspension with 10 mg Lp /100 ml exposed to 50 uM Fe(ll) at pH 8.0 under
anoxic conditions for 18h, 85% Lp + 15 % Gt: Lp- and goethite (Gt) suspensions were mixed to
achieve the indicated mass % mixture. Goethite was synthesized as described in Kang et al. ** 80% Lp
+ 20% magnetite (Mgt): suspensions mixed to achieve the % in weight. Magnetite was from MK-
nano, Fe304, 99% Pure, APS: 25 nm (https://www.mknano.com/Nanoparticles/Single-Element-
Oxides).

Samples of 2 ml suspensions were filtered through 0.2 um nylon filters and washed with 2 ml

nanopure H,O. The filtrate was re-suspended in 2-5 ul H,O and transferred onto the ATR-diamond
disk and dried in a stream of N before absorbance spectra were measured. Traces of goethite in
lepidocrocite and changes in goethite fractions can be detected with a sensitivity of better than 1%.
Formation of magnetite can be detected by a broad increase of absorbance.

In our experiments with 1-10 uM added Fe(ll), we did not detect formation of goethite or magnetite
on the time scale of our experiments. Our synthesized Lp contained a fraction of < 1.5% Gt impurity
(which was detectable with FTIR, but not in the XRD diffractogram). This fraction did not change
during our experiments. We did not observe formation of Gt or Mgt during our experiments with 0.2-

10 uM Fe(ll).
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Figure S4. ATR-FTIR difference (background subtracted) (A) absorbance spectra recorded during
EDTA adsorption onto lepidocrocite (Lp) and (B) kinetics at pH 3-6 under anoxic condition. The
spectrum of Lp in contact with 40 ml aqueous solution (0.01 M NaCl and 0.005 M MES) after purging
with high purity N for 3-4 h, before addition of 50 uM EDTA, was defined as background. The pH
adjustments were done with minute addition of 0.1 M HCI or NaOH only when EDTA adsorption
reached equilibrium at each pH.

The amplitude of EDTA absorbance (recorded as indicated wavenumbers) decreases with increasing
pH (pH 3-6), except at 1570 cm™. The spectral changes occurred upon pH variations indicate that the

type of surface complex formed at the surface of lepidocrocite is pH dependent
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Figure S5. ATR-FTIR difference absorbance spectra (background subtracted), at pH 7, recorded
during a) EDTA adsorption (offset by 20 units), upon addition of 50 uM EDTA to a layer of 50-60 ug

lepidocrocite (Lp) in contact with 40 ml agueous solution, and b) dissolution of Lp after addition of 10

UM Fe(ll) in presence of 50 uM EDTA (no offset). The spectrum of Lp in contact with aqueous
solution (0.01 M NaCl and 0.005 M MOPS) after purging with high purity N» for 3-4 h, before

addition of EDTA, was defined as background. Spectra were recorded continuously every 71 s.

Averages of every 6-10 continuous spectra are shown for clarity.

The group of spectra in a) shows two characteristic peaks of adsorbed EDTA at 1570 cm™ and 1408

cm™ upon addition of EDTA and very minor dissolution of Lp at 1025 cm™. The group of spectra in b)

shows the strongly accelerated dissolution of Lp at 1025 cm™ after addition of 10 uM Fe(ll) (trean

addition=3000 s, when tepTa addition= 800-900 S).
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Figure S6. Kinetics of EDTA adsorption (monitored at 1408 cm™) and lepidocrocite (Lp) dissolution
(monitored at 1021 cm™) with ATR-FTIR at pH 6 under anoxic conditions. 50 UM EDTA was added
1800 s after 1 uM Fe(Il) was added, followed by addition of 1 mM phenanthroline (Phen) after 8600 s.
The data are shown without normalizing to initial Lp absorbance (0.7-0.9 at 1021 cm™).

Fe(Il) addition didn’t cause any significant changes to Lp in absence of EDTA. EDTA addition at
1800 s immediately caused the accelerated dissolution of Lp. EDTA adsorbed fast and reached
equilibrium in < 200 s. Phen addition stopped the accelerated dissolution of Lp.
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Figure S7. Kinetics of EDTA adsorption (monitored at 1408 cm™) and dissolution of lepidocrocite
(Lp) (monitored at 1025 cm™) at pH 7 (1=0.01 M) under anoxic conditions during photochemical
experiments. EDTA (50 uM) was added at 180-220 s. During UV-illumination (for 60 s, 2 times) with
a 365 nm UV-LED lamp, adsorbed EDTA is photolyzed at the surface. After irradiation, photo-
transformed EDTA is replaced by EDTA from solution. Lp dissolution was strongly accelerated by

UV- illumination. After irradiation stops under anoxic condition, Lp dissolution continued.
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Figure S8. Kinetics of EDTA adsorption (monitored at 1408 cm-1) and lepidocrocite (Lp) dissolution
(monitored at 1021 cm-1) with ATR-FTIR at pH 6 under anoxic conditions. 50 uM EDTA was added
(at t=180-200 s) after purging the aqueous solution covering the Lp layer with N2 for at least 3-4 h,
followed by addition of 1 uM Fe(ll) after 1800 s and addition of 20 uM Fe(l11) after 6000 s. The data
are shown without normalizing to initial Lp absorbance (0.7-0.9 at 1021 cm-1).

EDTA adsorbed fast and reached equilibrium in < 200 s. 1 uM Fe(ll) addition lead to accelerated
dissolution of Lp. Addition of 20 uM Fe(111) slowed down the accelerated dissolution.
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Figure S9. ATR-FTIR spectra of aqueous 1:1 complex of 50 mM (a) Fe(I1)-EDTA and (b) Fe(lll)-
EDTA in top panel. In bottom panel, ATR-FTIR difference absorbance spectra recorded during (c)
EDTA adsorption (offset by 60 units), upon addition of 50 uM EDTA to a layer of 50-60 ug
lepidocrocite (Lp) in contact with 40 ml aqueous solution, (d) EDTA adsorption, upon addition of 10

UM Fe(ll) after 1800 sec of 50 uM EDTA was added (offset by 30 units), and (e) adsorption of 1:1
aqueous complex of 50uM Fe(111)-EDTA onto lepidocrocite (no offset). All the measurements were

conducted at pH 6 under anoxic condition (also see Table S4).
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Table S4. Comparison of experimental IR frequencies

Assignments | Aqueous | Aqueous | Aqueous | Adsorbed | Addition of 10uM | Adsorbed
EDTA Fe(ll)- Fe(ll1)- EDTA Fe(ll)to Lp in Fe(l11)-
EDTA EDTA the presence of EDTA
EDTA
1742
Vas C-O * 1613 1607 1607 1607
Vas C-O * 1575 1589 1570 1580
vs C-O * 1456 1467 1467 1537 1548
vs C-O* 1433 1445 1445 1437 1446
vs C-O* 1402 1408 1393 1408 1416 1393
n.a. 1357
n.a. 1322 1328 1328 1325 1325 1325

* vosC-0 and vsC-0 are simplified labels. They describe the asymmetric and symmetric carboxylate
C-O stretching vibrations that contribute most to the intensity in these spectral regions. The vibrational
modes giving rise to the several peaks and shoulders that also contain various contributions of vC-C,
ON-H, 8CH; and other vibrations.

n.a. = non-assigned.
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Figure S10. ATR-FTIR difference (background subtracted) absorbance spectra recorded during EDTA
(10-200 pM) adsorption onto a layer of 50-60 g lepidocrocite (Lp) in contact with 40 ml aqueous
solution at pH 6 under anoxic condition. The spectrum of Lp in contact with aqueous solution (0.01 M
NaCl and 0.005 M MES) after purging with high purity N2 for 3-4 h, before addition of EDTA, was
defined as background. The spectra shown here are the spectra of EDTA when it reached adsorption
equilibrium at each concentration.

The spectra show characteristic absorbance of EDTA onto Lp in the range of 1700-1200 cm-1. The
two characteristic peaks of adsorbed EDTA at 1570 cm-1 and 1408 cm-1 correspond to asymmetric
and symmetric vibrations of carboxylic group, respectively. The spectra show that increasing
concentrations (10-200 uM) of aqueous EDTA do not cause significant spectral changes of adsorbed
EDTA, except a small increase of the shoulder at 1603 cm-1 (which might indicate a slightly higher
contribution of protonated surface complex, see Fig. S2), indicating that the type of surface complex

formed at the surface of Lp at pH 6 is largely independent of EDTA concentration.
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Figure S11. The maximum (absorbance) of EDTA adsorption monitored at 1408 cm™ on lepidocrocite
(Lp), with ATR-FTIR at pH 6, plotted as a function of added EDTA concentrations. 10-200 uM
EDTA were added after purging the aqueous solution (10 mM NaCl and 5 mM MES) covering the
Lp layer (60 pg) with N, for at least 3-4 h. The absorbance at 1408 cm™ was fitted with a Langmuir
type model (line) to estimate the equilibrium constant for the adsorption of EDTA (see kinetic model).
Note that added and equilibrium EDTA concentrations are to within 1% the same in these experiments
with only 60 pg Lp and 40 ml aqueous solution (e.g. 6.3 nmol surface sites with 1site/nm? versus 800
nmol EDTA in solution with 20 uM EDTA). The surface was considered saturated at [EDTA].q =200
MM. With [FeOOH] = 10uM in the FTIR experiments and a surface site of concentration of 0.79
sites/nm? determined by batch experiments gives 0.072 puM for [EDTA].gs at saturation. A saturated

surface concentration of 0.79 sites/nm? was similar to 1.12 site/nm? obtained by Nowack et al.®
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Table S5. Kinetic model: input-file for ACUCHEM @
; INPUT file for ACUCHEM (AC99.EXE)

; Question marks are replaced by adjustable numerical values (fitting parameter or initial conc.)

input 0010

R1f, Fe2+L =Fe2l, 2.17e+16; 1 Dissolved Fe2L complex formation ®
R1b, Fe2L=Fe2+1L, le6

R2f, (SFe3) +L = (SFe3)L, ? ;2 Adsorption of ligand

R2b, (SFe3)L = (SFe3)+L, 1e6

R3f, (SFe3) + Fe2 = (SFe3)Fe2, ? ;3 Adsorption of Fe2

R3b, (SFe3)Fe2 = (SFe3) + Fe2, 1e6

R4f,  (SFe3)Fe2 + L = (SFe3)Fe2L, ? 4 Adsorption of L on adsorbed Fe2
R4b, (SFe3)Fe2L = (SFe3)Fe2 + L, 1e6

R5f,  (SFe3) + Fe2L = (SFe3)Fe2L, ? 75 Adsorption of Fe2L

R5b, (SFe3)Fe2L = (SFe3) + Fe2L, 1e6

R6f,  (SFe3) + Fe3L = (SFe3)Fe3L, ? ; 6 Competing adsorption of Fe3L
R6b, (SFe3)Fe3L = (SFe3) + Fe3L, 1e6

R7f,  (SFe3)Fe2L = (SFe2)Fe3L, 10 7 Electron transfer

R8f, (SFe2)Fe3L = (SFe2) + Fe3L, ? ; 8 Detachment of Fe3L
(rate-determining)

ROf,  (SFe2) + bulk = (SFe3)Fe2, le6 ;9 Formation of new surface site

(non-rate determining)

R10f, (SFe3)L =(S) + Fe3L, ? ;10  Detachment of Fe3L
R11f, (S) + bulk = (SFe3), 1e6 ;11 Formation of new surface site
end

X Initial concentrations

(SFe3), ? ;8
Fe2,? ;9
L,? ;10
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bulk,? 111
Fe3L,? ; 12
end
0.0001
? ;13 longest time-point (of 50) in the model in seconds
end
& Additional information for output which is not used by AC99.EXE
9
Fe3L
Fe2L
L
Fe2
(SFe2)Fe3L
(SFe3)L
bulk
(SFe3)Fe2
(SFe3)Fe3L

@ W. Braun, J.T. Herron, D.K. Kahaner, Acuchem: a computer program for modeling complex
chemical reaction systems, Int. J. Chem. Kinet. 20 (1988) 51-62.

(b) The conditional equilibrium constant for the complex formation of EDTA with Fe(ll) at pH
6.0 in 9.5 mM NaCl was calculated with Visual Minteq (https://vminteq.lwr.kth.se/). With 50 uM
EDTA and 1-10 pM dissolved Fe(ll), 99.86% of Fe(ll) is present as Fe'EDTA?, and only 5-10-12 M
is present as non-complexed Fe**. Towards the end of Lp-dissolution with 50 pM EDTA with 1-2 pM
dissolved Fe(ll) and 45 uM dissolved Fe(lll), 99.86% of dissolved Fe(ll) is still present as
Fe''(EDTA)? and Fe(lll) is to 97.96% present as Fe''(EDTA) and to 2.06% as Fe''(OH)(EDTA)?.
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Figure S12. Kinetic model: data and model output

Data (red and magenta symbols) and model output (blue symbols and blue or green lines).

The x-axes indicate time (min) or concentrations (UM) as indicated for the different panels
below. The y-axes indicate concentrations (UM). The red circles in panels 5, 7 and 9 show
the measured concentrations of adsorbed EDTA, Fe(ll) and Fe(II1)EDTA as a function of
added concentrations, the red triangles as a function of measured dissolved concentrations
in equilibrium. The blue diamonds show the modeled adsorbed equilibrium concentrations
as function of added concentrations, the blue triangles as a function of the calculated
dissolved equilibrium concentrations.

1 Batch dissolution experiment: [Fe(II)EDTA] vs. time after addition of Fe(ll). [Lp]o=1.13
mM.

2 FTIR dissolution experiments with added Fell: [Fe(IINEDTAluiss. VS. time. [Lp]o = 10 pM.

3 FTIR dissolution experiments with added Fell: [Fe(II1)EDTA]giss. at t=3600 vs.

added [Fe(ID]. [Fe(IID[EDTA]q4iss Was calculated from dissolution rates measured

by FTIR. [Lplo =10 pM.

[EDTA]ads Vvs. time for fast equilibrium. [Lplo = 10 uM.

[EDTA]Jads vs. added and equilibrium conc. of [EDTA]iss. [LpJo = 10 M.

[Fe(I1)]ags Vvs. time for fast equilibrium. [Lp]o = 28.1 mM.

[Fe(I1)]ags vs. added and equilibrium conc. of [EDTA]giss. [LP]o = 28.1 mM.

[Fe(HHNEDTA]ads vs. time for fast equilibrium.

[Fe(HHT)EDTA]aus vs. added and equilibrium conc. of [Fe(II1)EDTA]giss. [Lplo = 28.1 mM.

©O©oo~NO O

Adsorption isotherms for Fe(ll) and Fe(II)EDTA were measured in batch experiments with 2.5 g
Lp/L (10 mM NaCl, 5 mM MES pH 6.0), reaction time 30 min. Fe-concentrations were measured
with ICP-MS (Agilent 7500ce).*?
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Chapter 3

Abstract

Dissolution of Fe(lll) phases is a key process in making iron available to biota and in the
mobilization of associated trace elements. Recently we demonstrated that submicromolar
concentrations of Fe(ll) can significantly accelerate rates of ligand-controlled dissolution of
iron(oxyhydr)oxide phases at circumneutral pH. In our previous work, we could estimate the extent of
charge (associated with Fe(ll) adsorption) over the surface in dissolution experiments with
lepidocrocite (Lp) and the synthetic ligand ethylenediaminetetraacetate (EDTA) at pH 6.0. Here, we
extend these studies by conducting experiments with Lp at pH 6.0, 7.0 and 8.5 and with goethite (Gt)
at pH 7.0 and the bacterial siderophore desferrioxamine-B (DFOB), and by applying a kinetic model
that can account for the observed isotope exchange and catalytic effect of Fe(ll).

The fate of added Fe(ll) was strongly dependent on the order of addition of Fe(ll) and ligand.
S"Fe(l1) added after DFOB remained in solution and accelerated dissolution occurred by formation of
dissolved Fe(11)DFOB followed by transfer of negative charge to the surface. When >'Fe(11) was added
first, isotope exchange in solution could be observed at pH 6.0, while at pH 7.0, >'Fe(Il) was almost
completely adsorbed. Phenanthroline added after 30 min desorbed predominantly *°Fe(lI1) from Lp, in
contrast to predominantly *’Fe(I1) desorption from Gt. This shows that electron transfer from adsorbed
%"Fe to *°Fe of the mineral surface occurred extensively on a time scale of hours on Lp, but much less
on Gt. During dissolution of Lp with DFOB, ratios of released **Fe and 'Fe were largely independent
of added Fe(Il) and DFOB concentrations. Our results show that addition of Fe(ll) leads to a highly
dynamic system of charge transfer between dissolved and adsorbed species and to isotope exchange at
the surface, with the dissolution of Lp by ligands accelerated by factors up to over 50. Our
experiments were conducted in the environmentally important pH range from 6.0-8.5, in solutions
buffered with carbonate at pH 7. The role of Fe(ll) in the dissolution of Fe(lll) phases (which is not

yet sufficiently recognized) likely plays an important role at anoxic/oxic interfaces in aquatic systems.
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Introduction

Iron (Fe) mobilization by natural ligands (e.g. siderophores) from poorly soluble
Fe(lll)(oxyhydr)oxide phases is a key Fe-acquisition strategy for organisms in Fe-deficient
conditions.*™* Siderophore-promoted dissolution rates of Fe(I11)(oxyhydr)oxides have been reported to
be slow at circumneutral pH ranges but can be accelerated by synergistic effects of two or more
ligands.**® For example, the dissolution rates of hematite '* °, ferrihydrite %, and goethite with
bacterial siderophore deferoxamine-B (DFOB) was accelerated 2-10 times by addition of oxalate *> **
16,17 "suywannee river fulvic acid %, and ascorbate ** at acidic pH conditions.

Very recently, we demonstrated that, at circumneutral pH, submicromolar concentrations of
added Fe(Il) significantly accelerate dissolution rates of Fe(lll)(oxyhydr)oxides with the synthetic
ligands ethylenediaminetetraacetate (EDTA) and hydroxybenzyl ethylenediaminediacetic acid
(HBED) and also with the bacterial siderophore desferrioxamine-B (DFOB).?* % The catalytic effect
of Fe(ll) at pH 6 with EDTA could be described by a kinetic model in which accelerated dissolution
was attributed to electron transfer (ET) to surface Fe(l11) followed by detachment of Fe(lI1)EDTA.

In other studies, recrystallization of Fe(111)(oxyhydr)oxides minerals observed in °’Fe isotope
tracer studies was attributed to adsorption of added °’Fe(ll) followed by interfacial ET and bulk
conduction.?*? Thus, during recrystallization, mineral growth occurs at the adsorption site and bulk
ET leads to Fe(ll) release at a distant site with zero net dissolution of the mineral.2>*® Although Fe(ll)
adsorption is pH-dependent, the net interfacial ET per adsorbed Fe(ll) was found to be independent of
solution pH.*2%

We included these processes in interpreting the release of *’Fe at pH 6 that we observed in
our recent study? of lepidocrocite (Lp) dissolution with ’Fe(ll) and EDTA. The kinetic model used in
that study, however, did not explicitly include isotope exchange nor did we quantify the ratio of >'Fe
release over *°Fe release during dissolution.

Here we addressed these questions by performing experiments under anoxic conditions (pH
6.0, 7.0 and 8.5) with Lp and varying concentrations of Fe(ll), >’Fe(ll) and DFOB. Experiments were
buffered with MES (pH 6.0) and PIPES (pH 8.5). At pH 7.0, experiments were conducted using a

carbonate system since this is more relevant for environmental systems and avoids the possible
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interference® associated with Goods buffers; some experiments were conducted with MOPS for
comparison. We used an empirical kinetic model to compare rates of dissolution from initiation to
completion with initial rates that we reported previously. We used a mechanistic kinetic model to
describe isotopic exchange before and during Lp dissolution in the presence and absence of *'Fe(ll)
and DFOB at pH 6.0 and 7.0. We also conducted some experiments with goethite (Gt) in order to
assess the effect of the solids (Gt and Lp) on the fate of added °’Fe(ll). Finally, we conducted
experiments with both Lp and Gt in the presence of phenanthroline to examine isotopic exchange in

the absence of dissolution.

Materials and Methods

Chemicals and Solutions

Aqgueous solutions were prepared using high-purity doubly-deionized (DDI) water
(Barnstead Nanopure). All chemicals used were of analytical grade and are listed in the supporting
information (SI), Table S1. The detailed synthesis procedure and characterization of Lp and Gt were
described in our recent studies.?> 2 Pure crystalline Lp and Gt were synthesized; surface areas as
measured by BET were 63 m? g** for Lp and 105 m? g™ for Gt. A 20 mM *’Fe(ll) stock solution was
prepared by dissolving 5.7 mg *’Fe (Sigma-Aldrich, 95% pure) in 100 pl 2.5 M HCI and dilution to
5.00 ml with DDI H,O for conducting studies on isotope exchange and dissolution.
Iron (hydr)oxide Dissolution in Batch Experiments with Fe(l1) or >’Fe(ll)

Batch dissolution experiments were conducted under anoxic conditions at room temperature
(22-24 °C) with suspensions of 1125 uM Lp or Gt, 20 or 50 uM DFOB, and varied concentrations of
Fe(Il) (1, 2, 5 uM). Isotope experiments were conducted with 2 uM of 3Fe(ll). Most experiments
were conducted at pH 7.0 in 3 mM NaHCOs solution, purged with a high purity gas mixture of 2 %
CO- in Na. Additional experiments were conducted at pH 6.0 (5 mM MES), pH 7.0 (5mM MOPS) and
at pH 8.5 (5 mM PIPES). In the series of connected experiments with different Fe(ll) concentrations,
each experiment was conducted once. All *’Fe(ll) isotope experiments were conducted in duplicate.

Specifics of the conditions for all experiments are summarized in Table S2.
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Briefly, suspensions were prepared by dispersing 10 mg Lp or Gt in 100 ml aqueous
solution. The 130 ml reaction flasks were sonicated for 10-15 min to obtain homogeneous
suspensions. All suspensions were purged with high purity N; (either with or without 2% CO,) for at
least 3 h before initiation of the experiments (t=0). After dissolved O, concentrations dropped to below
20 nM (monitored with a PreSens Fibox 4 trace oxygen sensor), experiments were started by addition
of small volumes of N2-purged stock solutions to reach 20 or 50 uM DFOB and 0-5 uM Fe(ll). In one
set of experiments Fe(ll) was added first, followed by addition of DFOB after 1800 s; in a second set,
DFOB was added first, followed by addition of Fe(ll) after 1800 s. 2 ml samples were withdrawn
periodically, filtered through 0.1 um nylon filters (Whatman® Puradisc 13 syringe filters) and diluted
in 1% HNOs (Merck, suprapure) for inductively coupled plasma-mass spectrometry (ICP-MS, Agilent
7500cx) analysis. The dissolved concentrations of Fe ([Fe]diss) was measured with repeated ICP-MS
measurements.

Isotope Exchange and Dissolution studies. To investigate the fate of added Fe(ll), we added
an °’Fe(ll) tracer 1800 s before or after DFOB addition to Lp or Gt suspension. Solid dissolution was
followed by measuring the concentration of dissolved iron ([**Fe]siss) with ICP-MS at mass 56,
calibrated to represent the concentration of the total natural abundance iron (5.85% *Fe, 91.75% 5Fe,
2.12% °'Fe, 0.28% °Fe). This is the concentration of Fe released from the solid during isotope
exchange and dissolution, which is referred to as *°Fe for ease of reading.

The dissolved concentration of >'Fe ([°’Fe]qiss) Was measured with ICP-MS at mass 57. The
concentration of °Fe released from the solid during isotope exchange and dissolution
(0.0212[°Fe]"qiss) Was subtracted from [>’Fe]qiss. to obtain the dissolved concentration of tracer *’Fe
([57Fe]tracer, diss.)-

°"Fe isotope exchange without dissolution. In order to assess isotopic exchange at pH 7.0
without dissolution, we added phenanthroline (100 pM) 1800 s after >’Fe(l1) (2 uM) addition to Lp or
Gt suspension. Since phenanthroline has a high affinity for Fe(ll), we assume that it complexed both
Fe(ll) in solution as well as surface-bound Fe(ll) that was easily released from the surface. The

resulting (total) Fe(Il) in solution was measured with ICP-MS.
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Kinetic modeling

In the present work and our previous studies,” we have used a variety of approaches for
kinetic modeling: (i) empirical modeling based on initial dissolution rates®, (ii) empirical modeling
based on the full time course of dissolution (this work), and (iii) detailed mechanistic modeling (both
this and previous work?).

The empirical modeling over the full time course of Lp dissolution at pH 7.0 with Fe(ll)
added 1800 s after 20 or 50 uM DFOB was conducted so that apparent rates constants (kapp) for the
full time course could be compared with those derived previously for initial dissolution. We applied a
pseudo first order model that assumes that the rate of dissolution (Rc¢) is proportional to the free ligand
concentration in the solution. In short, the increase in [Fe]diss Over time can be expressed in terms of a
single adjustable parameter Kcapp [$™] and the fixed parameter Lt (total added [L]) where the reaction

rate decreases as [Fe]aiss approaches Lt

d[Fe]

R; = % = kC,app(LT - [Fe]diss)

Note that, for this analysis, the dissolution rate with the ligand in the absence of Fe(ll), Ry, is assumed
to be negligible in comparison with Rc.

For detailed mechanistic kinetic modeling, we used the kinetic program ACUCHEM®’ and
MATLAB (MATLAB, The Math Works Inc.,, Natick, Massachusetts, United States,

www.mathworks.com). The model was used to determine whether the proposed mechanisms (i.e.,

reactions included in the model) could explain the measured data. The Nelder Mead Simplex
Optimization routine in MATLAB was applied to optimize the rate coefficients of rate determining
reactions by minimization of the sum of squared differences between measured data points and model

output for several experiments simultaneously.
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Results and Discussion
Dissolution of Lp in a carbonate buffer

Dissolution experiments were conducted with Lp (1125 uM) at pH 7.0 in a carbonate buffer
for comparison with previous studies in MOPS buffer and to compare previously-reported®
dissolution rates (based on the initial reaction) with rates describing the full course of the dissolution
reaction. As seen in Figure 1, addition of either 20 or 50 uM DFOB alone (grey diamonds) resulted in
only a very slow increase of dissolved Fe concentrations ([Fe]qiss) over time. In experiments where 1-5
uM Fe(Il) was added after DFOB, accelerated dissolution was observed. Note that the time interval
between addition of the two reactants, here DFOB first followed by Fe(ll), was always 1800 s.

Because of the low solubility of Fe(lll) at pH 7, dissolved Fe measured in the Lp suspensions
can be assumed to be Fe(lll) complexed by DFOB. The extent of Lp dissolution is ultimately limited
by the total ligand concentration ([L]r). With addition of 5 uM Fe(ll), [Fe]qiss (green squares) increased
rapidly indicating accelerated dissolution and reached a plateau within 8000 s at values approaching
the total concentration of DFOB (i.e., 20 uM in Fig. 1a and 50 uM in Fig. 1b). At lower added Fe(ll)
of 1 or 2 uM, Lp dissolution proceeded more slowly (blue circles and orange triangles) and did not
reach a plateau within the experimental timeframe.

An empirical kinetic model with a single adjustable parameter kcapp [s] and the fixed
parameter Lt (see the sub-section Kinetic modeling in the Materials and Methods section) is sufficient
to describe the full time course of the dissolution experiments at both DFOB concentrations and all
three concentrations of added Fe(ll). The fits to this empirical model are shown by the lines in Figure
1. The later time course of the experiments (particularly for 50 uM DFOB) tends to be underestimated
by the model. This suggests that, at longer times, some Fe(ll) in the system may be lost to oxidation by

trace contamination with fugitive oxygen, thus interfering with the catalytic effect of Fe(ll).
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Figure 1. Lepidocrocite (Lp) dissolution after addition of Fe(ll) to a Lp suspension (1125 uM) in the
presence of (A) 20 uM DFOB and (B) 50 uM DFOB, under anoxic conditions at pH 7 (carbonate-
buffered). Error bars correspond to the standard deviations of ICP-MS measurements obtained from
repeated calibrations. Fe(ll) was added 1800 s after DFOB addition. Solid lines represent empirical

model fits.

The extraction of the apparent rate coefficient, kcapp [S™] , from the data shown in Figure 1
provides the basis to examine the consistency of these data. As shown in Figure 2, the values of Kc app
agree within 95% for 20 and 50 uM DFOB and increase linearly with the added Fe(ll) concentrations

over the range studied.
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Figure 2. Rate coefficients (kapp) as a function of added Fe(ll) concentrations at pH 7 (carbonate-
buffered). ki app. (When [Fe(I1)] = 0 uM), and kc app. (When [Fe(I1)] = 1, 2, 5 pM) were determined from
the fits to the empirical model. Solid lines represent linear fits.

This empirical model also provides a basis for comparison with the observations reported in
our previous study conducted in MOPS buffer. In that study, we defined a catalytic effect (CE) as the
ratio of Rc to Ri, where, in both cases, the reaction was far from completion. (For the definitions of Rc
and R, see the sub-section “Kinetic modelling” in the “Materials and Methods” section.) The
comparison of CE values derived from the current study and those reported previously® shows that

CE is larger in carbonate- than in MOPS -buffered systems (Table S3 and Fig. S1).

5"Fe isotope exchange and lepidocrocite (Lp) dissolution

The use of *'Fe as an isotopic tracer provides additional insight into the process of
accelerated Lp dissolution process. Experiments were conducted at pH 6.0 (MES), 7.0 (carbonate and
MOPS) and 8.5 (PIPES) with 2 uM *"Fe(ll) and 50 uM DFOB. The order of addition of >’Fe(ll) and
DFOB was varied with one reactant added 1800 s before the other. In all cases, rapid increase in the
dissolved concentration of *°Fe ([*°Fe] qiss) corresponding to the natural abundance Fe released from
Lp (shown as triangles in Figure 3) was observed only after both Fe(Il) and DFOB had been added,
without regard to the order of addition. In contrast, the order of addition of Fe(ll) and DFOB did have
a significant effect on the time course of the dissolved concentrations of tracer °’Fe ([>'Fe]uacer, diss)

shown as the open and closed squares in Figure 3.
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Figure 3. °'Fe isotope exchange and Lp dissolution under anoxic conditions as a function of time at
(A) pH 6 (MES), (B) pH 7 (carbonate buffer), and (C) pH 8.5 (PIPES). 2 uM *'Fe(I1) was added to a
Lp suspension (1125 uM) 1800 s before (filled symbols; error bars correspond to the ranges of
duplicate experiments) or after (empty symbols; error bars as in Fig.1) 50 puM DFOB addition.

Symbols: purple triangles (right axis): concentration of Fe released into solution by Lp dissolution
([°°Fe] uiss.); orange squares (left axis): dissolved concentration of tracer *’Fe corrected for the natural
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abundance of >'Fe in Lp ([*’Fe]uacer giss); Pink triangles (left axis): concentration of *°Fe” in solution
resulting from isotopic exchange of >’Fe with *°Fe in Lp (t < 1800 s); green circles (left axis): sum of
dissolved concentration of Fe measured as [>'Fe]uacer, diss. and [°Fe] aiss. (t < 1800 s).

Lines in Figure 3 A and B represent the kinetic model fits to the measured data (solid lines show
model fits to filled symbols, dotted lines to empty symbols). In Figure 3A and 3B, the orange lines
show the fit to the >’Fe data with the optimized equilibrium for exchange between (=Fe"")*’Fe'! and
="Fe'"Fe" sites (Kex = [ "Fe'"")Fe" J/[(=Fe'"")*'Fe'"] = 4.3-4.6 (pH 7) or 4.2-4.5 (pH 6); R6 in the
kinetic model). The dashed orange lines show release of *’Fe that is too fast with no exchange (Kex

=10®), or too slow with more exchange (Kex =10).

S"Fe(11) added first. When *"Fe(ll) was added first (i.e., before DFOB), [*"Fe]acer, diss. (solid
orange squares) decreased over time at pH 6.0 and was nearly or completely undetectable at pH 7.0
and 8.5. At pH 6.0 (Fig. 3A), a concurrent increase in [*°Fe] qiss. (pink filled triangles) was observed.
The sum of [*"Fe]iacer, dgiss. and [*°Fe] qiss. (green circles) corresponds to the added *’Fe(ll) concentration
(2.0 uM) at t=0 and then decreases (over 1800 s) by 20%. This suggests that some of the added
"Fe(11) is immediately adsorbed to the surface and undergoes isotopic exchange with surface-bound
Fe(I1) resulting in detectable concentrations of dissolved *Fe, which is presumably still in the +II
oxidation state. Further adsorption appears to occur more slowly and also to be accompanied by
isotopic exchange. These observations agree with our previously reported? finding with *’Fe(ll) and
Lp and with studies on isotope exchange with Gt** 3 and hematite®” **. At pH 7.0 (Fig. 3B) and 8.5
(Fig. 3C), [*°Fe] uiss. Wwas nearly or completely undetectable (i.e., before DFOB addition). This is
consistent with the immediate and (nearly) complete loss of tracer >’Fe(ll) from solution at these pH
values.

Upon addition of 50 pM DFOB, accelerated dissolution, shown by increasing [*°Fe] giss.
(filled purple triangles) over time, was observed at all pH values. Lp dissolution was more rapid and
proceeded further toward completion at pH 7.0 than at either pH 6.0 or 8.5. In all cases, between 50%
(pH 8.5) and 85% (pH 7.0) of the *'Fe tracer was released back into solution by the end of the
experimental time period.

DFOB added first. As already discussed for the results shown in Fig. 1, addition of DFOB
alone causes only very slow Lp dissolution. Upon addition of *'Fe(ll), increasing [*°Fe] uiss. (0pen

purple triangles) was observed over time. The overlap of filled and open purple triangles in Figs. 3B
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and C indicate that the order of >’Fe(ll) and DFOB addition did not affect the accelerated Lp
dissolution process. In contrast, the behavior of the *’Fe(ll) tracer was distinctly different when DFOB
was added before rather than after °’Fe(I1). The open orange squares in Figs. 3B and C show that, at
pH 7.0 and 8.5, 75-100% of the added *'Fe tracer is measured as [*'Fe]iacer diss. OVeEr the entire
experimental period. Pre-equilibration of Lp with DFOB inhibits the adsorption of *’Fe(ll) and
presumably also the isotopic exchange with surface Fe(l11) that was observed in the absence of DFOB.
A reasonable fit to the data at pH 6.0 and 7.0 was achieved with the detailed, mechanistic Kkinetic

model (lines in Fig. 3) as described below.

Kinetic model

In our recent study, we presented a Kinetic model for the dissolution of Lp with EDTA at pH
6.0 that was able to describe the entire course of the dissolution.?? Here, we extended this model to the
dissolution of Lp with DFOB and added reactions to describe the observed adsorption and release of
"Fe. We also tested possible explanations for the delayed release of *’Fe when *’Fe(ll) was added
before the ligand. In particular, the model allows us to estimate the charge delocalization between
added 5’Fe(11) and *°Fe(lI1) in Lp before and during the dissolution process. Table 1 lists important
reactions steps in the kinetic model describing the dissolution of Lp with DFOB and the acceleration
by added Fe(ll).

When DFOB is added before *"Fe(ll), it adsorbs reversibly to the surface at Fe(l11)-sites (R1)
and causes slow, ligand-controlled dissolution (R2). Upon addition of °'Fe(ll), dissolved
S"Fe(I)DFOB is formed quickly (R3). Adsorption of °’Fe(Il)DFOB, ET, and detachment of
>"Fe(111)DFOB are aggregated in reaction R4. We assume that upon adsorption, negative charge is
transferred to Lp, due to strongly reducing properties of Fe(ll) complexed to DFOB, but we cannot
resolve the individual reaction steps experimentally. After detachment from the surface,
S"Fe(111)DFOB does not undergo further reactions.

When °"Fe(ll) is added first, it is reversibly adsorbed (R5) and charge transfer to Fe(l1l) can
occur at the surface (R6). In the absence of DFOB, adsorption, charge transfer and desorption (R5-R7)
can explain the isotope exchange between >'Fe(11) and Fe(ll), which was observable in solution at pH
6.0. It was not measurable at pH 7.0 because dissolved equilibrium concentrations are too low. Note

74



Linking Isotope Exchange with Fe(l1)-Catalyzed Dissolution of Iron(hydr)oxides

that we assumed that charge transfer at the surface is fast and that equilibration of charge between Fe-

and °’Fe-surface is reached quickly, while adsorption and desorption reactions are slower.

Table.1. Kinetic model with list of reactions and equilibrium constants (K) and rate coefficients (k).

Nr. Reaction @ Description KIk® | KIk®
pH 7 pH 6
R1 =Fe" + L 2 | =Fe'lL Adsorption of ligand (L) on surface 3.0e5 © | 3.0e4-
Fel 3.0e5 ©
R2 =Fe'lL — | =Fe" + Fe'L Non-catalyzed dissolution 35¢5 [nd @
R3 S7Fell + L 2 | “Fe'L Dissolved *’Fe''L complex formation | 3.79e2 | 5.26e4
© C]
R4 =Fe +57FellL — | =Fe" +7FeL ET from *’Fe''L to surface Fe'"" and 5.2e3 200-600
detachment of >’Fe"'L
R5 =Fe'' + S7Fe!! 2 | =Fe"-0->Fe'" Adsorption and desorption of 5Fe'' on | 7.2e6 6.3e4
surface Fe'!
R6 =Fe'-0->"Fe! 2 | =°7Fe"-0-Fe" ET between >’Fe and *Fe on the 43-46 | 4.2-45
surface (Kex). U )
R7 =>Fe"" + Fe' 2 | =7Fe"-0-Fe" Adsorption and desorption of Fe'' on 7.2e6 6.3e4
surface SFe'"
R8 sFe'-0-"Fe'+L | — | =Fe" +°7Fe"'L Adsorption of L on adsorbed *'Fe'', 81 <5
ET and detachment
R9 =7Fe"-0-Fe'+L | - | =°"Fe" + Fe''L Adsorption of L on adsorbed Fe'" , ET | 81 <5
and detachment
R10 | =Fe"+Bulk — | =Fe"-O-Fe" Re-formation of surface site with 1el0 1e10
@ adsorbed Fe'"
R11 | =>"Fe" + Bulk — | =Fe"-0->"Fe" Re-formation of surface site with 1el0 1e10
@ adsorbed °’Fe'

@ In the surface complexation reactions, the type of surface complex (e.g. monodentate and/or
bidentate) is not specified. Surface hydroxyl groups are thus omitted and reactions are not balanced for
OH’, H* and H,0. For example in R1, =Fe"' + L — =Fe"'L represents the sum of surface complexation
reactions, such as =Fe"OH + HL — =Fe"'L + H,0 and =Fe"(OH); + H,L — =Fe"'L + 2H,0. Bonds between
Fe-ion that might consist of several (1-ox0) and (u-hydroxo) bonds are represented in simplified form
as Fe-O-Fe.

%®Fe is abbreviated as Fe. All reactions with Fe and *'Fe isotopes in solution and on the surface include
the additional of the four possible permutations. For example in R4: (=Fe"") + °*'Fe'L —» (=Fe") +
S"Fe!''L also R4b: (=Fe"") + Fe''L — (=Fe'") + Fe"'L, Rdc: (="'Fe"") + Fe''L — (=°"Fe"") + Fe"'L, and
R4d: ""Fe'"") +°'Fe''L —» (=°"Fe') +°’Fe"'L. The full list of reactions is provided in Table S4.

® K and k are fitted equilibrium constants and rate coefficients (units in mol/L and s). Numbers in
normal font are fitted values; numbers in slanted font are values form previous work, from the
literature, or are non-rate determining rate coefficients. More explanations are provided in the SI.

© Values from Borer et al. 2009; *® @ Fitted value for pH 7.0, not determined for pH 6.0. (Not critical
for model fits at pH 6.0); © Calculated with DFOB complex formation constants reported by Kim et
al., 2010.%° See SI for more information.
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0 Kex is the “equilibrium” constant quantifying the equilibration of negative charge between *Fe and
Fe of *'Fe adsorbed on the surface. Note that this equation does not imply a thermodynamic
preference, but a factor for the probability of charge residing on *°Fe and *’Fe in a system of connected
sites. (=>'Fe'"Fe' and (=Fe"")*"Fe" do not have to be neighboring sites, only rapid charge transfer
between the sites has to be possible.

©@ In the model, bulk-Lp contains only *Fe (again, abbreviated as Fe) (reactions R10 and R11). This is
in agreement with the experimental results, in which the measured >°Fe concentrations are scaled to
represent the concentrations of the sum of Fe-isotopes in Lp.

Ligand that is added after Fe(ll) or is present in excess over added Fe(ll) (which was always
the case in our experiments) can react with surface-bound Fe(ll). Ligand adsorption to surface-bound
Fe(ll), charge transfer, and detachment are summarized in reactions R8 and R9. We again assumed
that charge transfer is rapid (due to strongly reducing properties of Fe(ll) complexed to DFOB). Once
formed, the adsorbed Fe(lIl)L detaches more quickly than in reaction R2, due to weaker Fe(Il)-O-
Fe(l11) bonds to neighboring atoms compared to Fe(l11)-O-Fe(lll) bonds. The larger rate coefficients
associated with reactions R7 and R8 compared to dissolution in the absence of Fe(ll) (R3) account for
the Fe(ll)-catalyzed accelerated dissolution. Reactions R6 and R8-R9 explain the release of >'FeL and
FeL and their ratios over the course of the dissolution. Finally, reactions R10 and R11 describe rapid
formation of new surface sites.

As explained in Table 1 (see footnotes), some equilibrium constants and rate coefficients
were fixed (italic font) and others optimized (normal font). Modelling was performed to determine
whether the suggested reactions steps could fit the measured data. Values for these parameters could
not be uniquely determined because of correlations among them. For example, the values for the
adsorption equilibrium constants in R1, R3 and R5 cannot be determined independently from the
values of the rate coefficients for dissolution in R2, R4, R8 and R9. However, equilibrium constants
obtained in previous work can be used to constrain fitted values of rate coefficients. We are most
confident regarding the value of the equilibrium constant Kex for the exchange of charge in reaction
R6. Without appreciable charge migration (Kex =10°°), the model predicts a very quick release of *’Fe
after addition of the ligand (dashed orange line in Figure 3B), in disagreement with the data. With the
optimized value (Kex =4.3) we obtain a good fit to the data (solid orange line), while a larger value

(Kex = 10) leads to a much slower release of *’Fe than experimentally observed (dashed orange line).
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The validity of the assigned values for Ke is also illustrated by the plot of [°’Fe]uacer, diss aS a
function of [*°Fe]”qiss (Fig. 4). The data for pH 7.0 and 8.5 (for both 20 and 50 pM DFOB and for both
carbonate and MOPS buffers) collapse onto a single curve. The offset of the curve for pH 6.0
corresponds to the presence of some dissolved Fe(ll) at the time of DFOB addition. At the start of the
dissolution, the ratio of >Fe /*Fe (i.e., the slope of the line for pH 7.0) is 0.23, which means that the
release of *°Fe is 4.3-fold greater than that of *’Fe independent of DFOB concentration (or pH). During
dissolution, the ratio of >’Fe/*®Fe in solution continually decreases because less and less °’Fe is present

at the surface, as new surface sites are formed from bulk **Fe (R11).

20 e Keg 7 10°
16 - =43
:
ey R e
HF.e -
g 0.8 {faE? : '._.__...---"'<'>50 uM DFOB, pH 6
- H, ek ) A50 uM DFOB, pH 7 (carbonate-buffered)
0.4 f A20 uM DFOB, pH 7 (carbonate-buffered)
©50 uM DFOB, pH 7 (MOPS-buffered)
%50 UM DFOB, pH 8.5
0.0 T T T T

0 10 20 30 40 50
[SGFe] *diss. (HM)

Figure 4. Release of tracer *'Fe in solution as a function of dissolved *°Fe” (Fe released from Lp)
during accelerated Lp dissolution (t > 1800 s). 2 uM *'Fe(11) was added 1800 s before DFOB addition
under anoxic conditions. Most data were already shown in Figure 3 except data for 50 uM DFOB in
MOPS system and 20 uM DFOB in carbonate system. The data with time course are shown in Sl,
Figure S2. The tracer *'Fe corrected for the natural abundance of *’Fe in Lp. The thick black line
shows the fit to the >’Fe data at pH 6.0 and 7.0 with the optimized equilibrium for exchange between
(=Fe"")*"Fe" and (="Fe'")Fe" sites (Kex = [(=>"Fe"")Fe! J/[(=Fe"")*'Fe'"] = 4.3-4.6 (pH 7) or 4.2-4.5 (pH
6); R6 in the kinetic model). The thin lines show release of >’Fe that is too fast with no exchange (Kex

=10®), or too slow with more exchange (Kex =10).
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Our combined data thus shows that adsorption of Fe(ll) to Lp leads to exchange of charge on
the surface before and during dissolution, largely independent of pH and ligand concentrations. As the
model fits (solid lines in Figure 3A and 3B) show, the model is able to explain our observed
dissolution rates in the absence and presence of Fe, and the isotope exchange and release of *'Fe and

%®Fe during dissolution.

5"Fe isotope exchange and goethite (Gt) dissolution.

Several previous studies® 3> 0 reported >’Fe(ll) isotope exchange with Gt in the absence of
ligand over time scales of days to months, leading to ET and isotope exchange between aqueous
SFe(l1) and solid *®Fe. Here we examine isotope exchange only on shorter time scales of minutes to
hours. When *'Fe(ll) was added before DFOB, [*’Feluacer, diss. (S0lid orange squares) decreased over
time at pH 7.0 as shown in Figure 5. Since adsorption was almost complete within 1800 s, [*'Fé]iacer,
diss. and possible formation of [*°Fe] qiss. could not be detected.

Addition of 50 uM DFOB led to accelerated dissolution, shown by increasing [*®Fe] giss.
(filled purple triangles) and total dissolved Fe (green filled circles). Notably, [°"Fe]iacer, diss. increased
at a similar rate as [*°Fe] uiss, In contrast to Lp where [°°Fe] qiss increased by a factor of around 4 faster
than [*'Fe]uacer, diss. This indicates that within our experimental time scale, the extent of isotope
exchange was much more limited in Gt as compared to Lp. As also reported in our previous work®,
dissolution of Gt is slower than that of Lp at pH 7.0, at a rate which is in good agreement with our
previously reported rate. Figure S3 shows the data from this study together with those from our
previous work. We did not attempt to apply our kinetic model to Gt, because the dissolution was slow

and there was not sufficient data on the progress of dissolution.
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Figure 5. °Fe isotope exchange and goethite dissolution at pH 7 (carbonate-buffered) under anoxic
conditions. 2 uM *"Fe(l1) was added to a goethite suspension (1125 uM) 1800 s before 50 uM DFOB
addition. Error bars correspond to the range of duplicate measurements. Data points under negative
values represent measurements which were below the detection limit. Lines serve as visual-guides.

Symbols: purple triangles (right axis): concentration of Fe released into solution by goethite
dissolution ([*°Fe]’qiss); orange squares (left axis): dissolved concentration of tracer *'Fe corrected for
the natural abundance of >’Fe in goethite ([*’Fe]uacer, diss); green circles (left axis): sum of dissolved
concentration of Fe measured as [>’Fe]uacer diss. and [*°Fe] uiss. representing the total dissolved Fe

concentration.

S"Fe isotope exchange without dissolution

Phenanthroline was added after adsorption of *’Fe(ll) in order to desorb Fe(Il) and to allow
analysis of its isotopic composition. Control experiments were performed with phenanthroline added
before >'Fe(ll).

Lepidocrocite. As shown in Figure 6A, *'Fe (Il) added before phenanthroline was almost
completely adsorbed within 1800s, consistent with the data shown in Figure 3B. Upon addition of 100
uM phenanthroline, 1.15 pM total Fe(ll), of which 22% was °'Fe(ll) and 78% was *°Fe(ll), was
desorbed. Although only 60% of the added Fe(ll) was desorbed, the ratio of [®°Fe(11)] uiss / [>'Fe]tacer,
diss Of 3.6 indicates that extensive charge transfer occurred and the ratio is comparable to the ratio of
around 4.3 at the start of accelerated Lp dissolution with DFOB. In a control experiment with *'Fe

(11) added after phenanthroline, all added *'Fe (open circles) remained in solution.
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A. Lepidocrocite
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Figure 6. Adsorption and desorption of 5’Fe (tracer) and **Fe” on (A) lepidocrocite and (B) goethite at
pH 7 (carbonate-buffered) under anoxic conditions. 2 pM *'Fe(I1) was added to (A) lepidocrocite or
(B) goethite suspension (1125 uM) 1800 s before (filled symbols) or after (empty symbols) 100 uM
phenanthroline addition. Data points under negative values represent measurements which were below
the detection limit. Error bars correspond to the range of duplicate measurements. Lines are to guide
eyes through the data points. When phenanthroline was added after *’Fe(l1) addition (t > 1800s), most
of *°Fe” released back to solution for Lp. Conversely, most of tracer >’Fe released back into solution
for goethite. In both the cases, only half of the (added) Fe released back to solution.
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Goethite. Very different results were obtained with Gt, as shown in Figure 6B. *'Fe(ll)
added before phenanthroline was again almost completely adsorbed, with no detectable release of *°Fe.
Addition of phenanthroline lead to release of adsorbed Fe(ll), although more slowly than with Lp. In
contrast to Lp, much more *Fe(11) than *®Fe was released. From 4000-9000 s, 0.85 uM total Fe(ll), of
which 76% was >’Fe(l1) and 24% was %°Fe(11), was desorbed. The ratio of [**Fe(11)] "diss / [>"FeJuracer, diss.
was 0.31, in contrast to the ratio in Lp of 3.6. These contrasting results show that much less charge

transfer from added *'Fe to *®Fe in the solid must have occurred with Gt than with Lp.

Possible Mechanism for Lp dissolution and Pathways for 5’Fe Isotope Exchange

DFOB added first. In the presence of the ligand, interaction of dissolved *’Fe(I1)DFOB with
the surface leads fast transfer of charge to surface Fe(lll) and formation of dissolved *'Fe(l11)DFOB.
This proposed mechanism is supported by the observation that virtually all the *’Fe added after DFOB
remains in solution. Excess dissolved ligand can then complex surface-bound Fe(ll), causing fast ET
to a neighboring Fe(l1l) and subsequent detachment of Fe(II1)DFOB. The ET and detachment steps
can then repeat until all the free DFOB is consumed.

S"Fe(11) added first. Adsorption of 5’Fe(ll) is most likely to occur at a terrace edge. Charge
can be transferred along the surface layer and possibly also into the bulk solid. Addition of DFOB
again leads to complexation of Fe(ll) at the surface, fast transfer of charge to neighboring Fe(ll1) sites,
and detachment of Fe(I11)DFOB. The ratio of [*"Fe]iacerdiss 10 [°Fe] aiss corresponds to the fraction of
the charge that resides on *°Fe and *'Fe at the Lp surface. The model fits indicate that *°Fe(ll) is 4.3
times more abundant than 5’Fe(l1) at the surface.

Assuming equal probabilities for charge distribution over available surface sites, this would
mean that each unit of negative charge is in average distributed over 5.3 Fe-sites. In our previous
study, we assumed a surface site concentration of 17.5 uM (calculated for 100 mg Lp/L and 1.67
active site per nm?). With 2 uM of added Fe(l1) and charge distribution over 5.3 sites per added Fe(ll),
the charge would be distributed over 10.6 uM surface sites and thus over most of the surface. The
release of *'Fe at pH 7 with DFOB occurred more slowly than at pH 6.0 in our recent study with
EDTA, indicating that charge distribution at pH 7.0 before and during dissolution was more extensive.
This can be rationalized by the nearly complete adsorption of Fe(ll) at pH 7.0, compared to only
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around 20% adsorption at pH 6.0. Even after dissolution of 38 um Fe(l11), which is over two times the
concentration of surface sites, we observed the reappearance of only 85-90% of added *Fe in solution.
The model accounts for this by “dilution” of *’Fe sites through the regeneration of surface sites from
the bulk solid.

It is also possible that some of the charge migrates into the solid and is thus unlikely to be
released by dissolution. A few studies ***? have shown that induced negative charge might “heal”
defect sites in structurally defective crystal surfaces such that adsorbed °’Fe is incorporated into more

stable surface sites or into the bulk, from which it is released more slowly.

Environmental Significance

We found that, in anoxic, carbonate-buffered suspensions at pH 7.0, micromolar
concentrations of added Fe(ll) can accelerate the rates of Lp dissolution with DFOB up to a factor of
80. The catalytic effect observed at pH 7.0 in carbonate- buffered suspensions was larger than our
recently reported effects in MOPS-buffered system. Since aquatic systems are generally carbonate
buffered, it is likely that the acceleration of ligand-controlled dissolution by traces of Fe(ll) in natural
waters would be at least as large as observed in laboratory experiments with MOPS and other Good’s
buffers. Our results are most relevant for soils and surface waters with pH values around 7. Recent
analytical developments have demonstrated that strong organic ligands found in the ocean contain
compounds with structures similar to DFOB.** Thus the mechanisms identified for DFOB may also
be important for ligands secreted by marine biota.

The interfacial Fe(ll)/Fe(lll) ET plays a crucial role in numerous natural processes, for
example, in Fe cycling and bioavailability, (trace) metal incorporation and release. We show that ET
and isotope exchange during sorption and accelerated dissolution are very different for Lp and Gt,
presumably reflecting the difference in structure and mineralogy. We suggest that future studies are
extended to different Fe(l11)(oxyhydr)oxide phases. Fe(lll) phases formed under natural conditions are
often less crystalline and contain co-precipitated cations and anions.** Future work should test if these
phases are also susceptible to Fe(ll)-accelerated dissolution. The application of >’Fe isotope tracer and

dissolution experiments can provide relevant information about the mobility and effect of negative
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charge in Fe(lll)phases and there dissolution behavior in the presence of ligands and low

concentrations of Fe(ll).
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Table S1. List of chemicals used for the current study

Stock
Chemical Name Chemical formale Supplier Purity | solution
(mM)
Sodium Chloride NaCl Merck >99% 10
Iron(I1) Chloride FeCl,. 4H,0 Sigma-Aldrich | >99% 10
Iron(111) Chloride FeCls. 6H,0 Sigma-Aldrich | >98% 10
Iron (*"Fe- 95 atom %, >*Fe 0.04 %, _ _
*'Fe Sigma-Aldrich | >99.9% 20
*°Fe 3.04 %, *°Fe 1.86 %)
Iron -10,000 pg/ml Fe J.T Baker ICP-MS standard
Mesylate salt of Desferrixamine B C2sH4gNsOs.CH4O3S | Sigma-Aldrich | >92.5% 100
MES (2-morpholino-ethane sulfonic
) CeH13NO4S.H,0 Fluka >99% 100
acid monohydrate)
MOPS (3-(N-) morpholino propane ] )
o C7H15NO.S Sigma-Aldrich | >99% 100
sulfonic acid)
PIPES (Piperazine-1,4-bis(2-ethane ] )
o CsH18N206S: Sigma-Aldrich | >99% 100
sulfonic acid))
Sodium (bi)carbonate NaHCO; Sigma-Aldrich | >99% 3
0-Phenanthroline C12HgN2.H,0 Fluka >99% 10
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Table S2. List of experiments and experimental conditions. All experiments were conducted under
anoxic conditions in duplicates (n =2). The initial concentration of lepidocrocite or goethite was 1125
MM. (To read the table below: column “Experiments” = first reactant + second reactant; the first reactant
was added 1800 s before the second reactant)

[DFOB] | [Fe(1D] | [P'Fe(1N]
Nr. Experiments® (UM) (uM) (uUM) Buffers (/pH)
1 20 uM DFOB 20 0
2 | 20 uM DFOB + 1 uM Fe(ll) 20 1
3 | 20 uM DFOB + 2 uM Fe(ll) 20 2
Carbonate
4 | 20 uM DFOB + 5 uM Fe(ll) 20 5 (3 mM NaHCOs,
5 | 50 uM DFOB 50 0 NA p(CO;)=0.02atm)
6 | 50 uM DFOB + 1 uM Fe(ll) 50 1 (pH 7.0)
7 | 50 uM DFOB + 2 uM Fe(ll) 50 2
8 | 50 uM DFOB + 5 uM Fe(ll) 50 5
9 20 pM DFOB + 2 pM 57Fe(ll) 20 2 Carbonate
— (3 MM NaHCOs,
10 | 2 uM ’Fe(ll) + 20 uM DFOB 20 2 p(CO,)= 0.02atm)
11 | 50 pM DFOB + 2 uM >’Fe(ll) 50 - 2.2
(pH 7.0)
12 | 2 uM >’Fe(ll) + 50 uM DFOB 50 2
MES (5 mM)
57 -
13 | 2 uM Fe(ll) + 50 uM DFOB 50 2 (oH 6.0}
14 | 50 pM DFOB + 2 uM ’Fe(ll) 50 2.2 MOPS (5 mM)
15 | 2 uM Fe(ll) + 50 uM DFOB 50 2 (pH 7.0)
16 | 50 uM DFOB + 2 uM ’Fe(ll) 50 5 PIPES (5 mM)
17 | 2 uM “7Fe(ll) + 50 uM DFOB 50 ) 5 (pH 8.5)
18 | 2 uM >’Fe(ll) + 50 uM DFOB 50 2 Carbonate
= H hroli (3 mM NaHCO;3,
19 | 2 uM ~’Fe(ll) + 100 uM phenanthroline NA - 2 p(CO,)= 0.02atm)
20 | 2 uM 57Fe(ll) + 100 uM phenanthroline NA 2 (pH7.0)

@ Exp. Nr. 1-17 and 20 were conducted with lepidocrocite (Lp), except exp. nr. 18-19 with goethite.
Exp. Nr. 1-8 were conducted to examine the effect of added Fe(ll) in carbonate-buffered suspensions.
Exp. Nr. 9-18 were conducted to study the isotope exchange and dissolution.

Exp. Nr. 19-20 were conducted to assess the isotopic exchange at pH 7.0 without dissolution.
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Table S3. Dissolution rates of lepidocrocite and catalytic effect of Fe(ll), in the presence of DFOB (20
MM or 50 pM) with varied Fe(Il) concentrations. Listed dissolution rates from Kang et al. (2018) were
used in order to compare with the empirical model fits to the measured data of this study. The catalytic
effect is defined as the ratio of the rate of dissolution in the presence of ligand and Fe(ll) over the rate of

dissolution in the presence of the ligand alone.

Experiments [Fe(ll)] | Rate of Dissolution * Catalytic Buffers (/pH)
Effect
UM nMs? | nmols!m?

20 uM DFOB 0 0.21 0.03 1

20 uM DFOB + 1 uM Fe(ll) 1 2.71 0.43 13 Carbonate
H7.0

20 UM DFOB +2 uM Fe(ll) | 2 3.37 0.53 16 (pH 7.0)

20 uM DFOB + 5 uM Fe(ll) 5 8.63 1.37 41

20 pM DFOB 0 - 0.07 1 MOPS

(pH 7.0)

20 UM DFOB +2 uM Fe(ll) | 2 ; 0.29 4 (Kang et.al., 2018)

50 uM DFOB 0 0.31 0.05

50 uM DFOB + 1 uM Fe(ll) 1 5.59 0.89 18 Carbonate

50 uM DFOB + 2 uM Fe(ll) 2 11.66 1.85 38 (pH 7.0)

50 M DFOB + 5 pM Fe(ll) 5 27.17 431 88

50 uM DFOB 0 0.20 0.03 1 MOPS

50 UM DFOB + 2 uM Fe(ll) 2 2.03 0.32 10 (pH 7.0)
MES

2 UM Fe(ll) +50 uM DFOB 2 0.97 0.15 - (pH 6.0)

50 uM DFOB 0 0.47 0.08 PIPES

50 LM DFOB + 2 uM Fe(ll) 2 0.94 0.15 2 (0H 8.5)

Rc = k¢ app (LT — [Felaiss); Kcapp. IS apparent rate constant that was obtained from the empirical
model fits to the measured data. The listed rates of accelerated dissolution were calculated at the
second data points after the addition of Fe(ll), with L; — [Fe] ;s (free ligand concentration) at these
time points (see Fig. 1 in main chapter). There was no difference b/w Fe(I1)- and *’Fe(l1)- added rates.
The order of addition of Fe(ll) (i.e., before or after or DFOB addition) had no significant effect on
rates. The rates of the non-catalyzed dissolution (i.e. ligand alone) were determined from linear fits to
the data without addition of Fe(ll).
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Linking Isotope Exchange with Fe(l1)-Catalyzed Dissolution of Iron(hydr)oxides

Nr. Reaction Description K/ k K/ k
pH 7 pH 6
R1 =Fe' + L 2 | =Fe'L Adsorption of ligand L on 3.0e5 | 3.0e4-
surface Fe'" 3.0e5
R2 =Fe'lL — | =Fe" + Fe'lL Non-catalyzed dissolution 3.5e-5 | n.d.
R3 | °Fe'+L 2 | “Fe'L Dissolved *'Fe''L. complex | 3.79e2 | 5.26e4
formation
R3b | Fe'+L 2 | Fe'L Dissolved Fe''L. complex 3.79e2 | 5.26e4
formation
R4 =Fe" +°7FelL — | =Fe" +°7Fe"L ET from °'Fe''L to surface 5.2e3 | 200-600
Fe'" and detachment of
57FeIIIL
R4b | =Fe" +Fe'L — | =Fe" +Fe'L ET from Fe''L to surface 5.2e3 | 200-600
Fe''' and detachment of
FeIIIL
R4c | ="7Fe" +Fe'L — | =°7Fe" +Fe"L ET from Fe''L to surface 5.2e3 | 200-600
'Fe'l"and detachment of
FeIIIL
R4d | =7Fe" +7Fe'L | — | =%7Fe" +%7Fe""L | ET from °'Fe''L to surface 5.2e3 | 200-600
'Fe'l"and detachment of
57FeIIIL
R5 =Fe'' +°’Fe 2 | =Fe"-0-""Fe" Adsorption and desorption 7.2e6 | 6.3e4
of >’Fe'' on surface Fe'"
R5b | =Fe'" + Fe' 2 | =Fe"'-0-Fe" Adsorption and desorption 7.2e6 | 6.3¢e4
of Fe' on surface Fe'"
R6 | =Fe"-0-5Fe' 2 | =Fe"-0-Fe'" ET between *'Fe and Fe 4.3-4.6 | 4.2-45
on the surface
R7 | ="7Fe'" + Fe' 2 | =*Fe"-0-Fe'" Adsorption and desorption | 7.2e6 | 6.3e4
of Fe' on surface °’Fe'"
R7b | =*7Fe'" + *’Fe 2 | =*7Fe"-0-°"Fe" Adsorption of and 7.2e6 | 6.3e4
desorption of °’Fe'' on
surface °’Fe'"!
R8 z=Fe"-0-°'Fe'"+ L | » | =Fe" +>"Fe'L Adsorption of L on 81 <5
adsorbed >'Fe"" | ET and
detachment
R8b | =Fe"-0-Fe'+L — | =Fe" +Fe''L Adsorption of L on 81 <5
adsorbed Fe'', ET and
detachment
R9 =’Fe".0-Fe"+L | » | =°Fe" +Fe''L Adsorption of L on 81 <5
adsorbed Fe'', ET and
detachment
R9b | =Fe"-0-°"Fe'+ | » | =°'Fe" +°’Fe""L | Adsorption of L on 81 <5
L adsorbed °’Fe'" | ET and
detachment
R10 | =Fe" + Bulk — | =Fe"-0-Fe" Re-formation of surface site | 1e10 | 1el10
with adsorbed Fe'"
R11 | =°’Fe" + Bulk — | =Fe"-0->’Fe" Re-formation of surface site | 1e10 | 1e10
with adsorbed °’Fe"
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Figure S1. *"Fe isotope exchange and Lp dissolution as a function of time (anoxic conditions; pH 7.0).
Comparison of carbonated-buffered (filled symbols) and MOPS-buffered (empty symbol) systems.
(A) 2 uM *"Fe(I1) was added 1800 s after 50 uM DFOB addition. (B) 2 uM *’Fe(l1) was added 1800 s
before 50 pM DFOB addition. All experiments were conducted in duplicates. Error bars correspond
to the standard deviations of ICP-MS measurements obtained from repeated calibrations. Lines are to
guide eyes through the data points. Symbols: triangles (right axis): concentration of Fe released into
solution by Lp dissolution ([*°Fe] uiss); squares (left axis): dissolved concentration of tracer °’Fe

corrected for the natural abundance of °’Fe in Lp ([>'Fe]uacer, diss.)-
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Figure S2. °’Fe isotope exchange and Lp dissolution as a function of time (A) with 50 uM DFOB at
pH 7.0 (MOPS- buffered), and (B) with 20 uM DFOB at pH 7 (carbonate-buffered). 2 pM >"Fe(I1)
was added to a Lp suspension (1125 pM) 1800 s before (filled symbols) or after (empty symbols)
DFOB addition under anoxic conditions. Error bars correspond to the standard deviations of ICP-MS
measurements obtained from repeated calibrations. Lines serve as visual guide. The data for *>'Fe
(filled squares) and *°Fe (filled triangles) after 1800 s are also shown in main Fig. 4.

Symbols: (purple) triangles (right axis): concentration of Fe released into solution by Lp dissolution
([°°Fe] uiss); (orange) squares (left axis): dissolved concentration of tracer *'Fe corrected for the
natural abundance of *’Fe in Lp ([*'FeJiacer, diss.)-
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Figure S3. Goethite dissolution at pH 7 under anoxic condition. °’Fe(ll) was added , as a tracer for Fe(ll),
1800 s before DFOB (50 pM) to a goethite suspension (1125 pM) in carbonate-buffered system.
Experiments were conducted in duplicates (n=2). Note that Kang. et. al conducted goethite dissolution
experiments in MOPS-buffered conditions by adding both DFOB and Fe(ll) at a same time. The inset
figure is to highlight the first 20 000 s measurements. Lines serve as visual guides.

Goethite dissolution is slower than Lp dissolution (Kang et. al.). Our results show that only 1.14 pM
goethite dissolution was measured after 5 hr. (20 000 s), when ° Fe(Il) was added 1800 s before 50 pM
DFOB. When compared to measurements by Kang et. al., goethite dissolution within the same time
frame was found almost in agreement. Although the concentration of dissolved Fe measured as 1.57 uM
by Kang et. al., the differences in measurments could be due to the difference in the applied DFOB
concentrations and to the reversed addition of Fe(ll). Currently we lack experiments to explain these
differences. However, the key purpose of applying *’Fe(ll) before DFOB was to examine the release of

*"Fe during accelerated goethite dissolution (as shown by Fig. 5 in the main chapter).
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Abstract

In sunlit environments, Fe(ll) can be continuously formed on the surface of iron(hydr)oxides,
at rates that depend on the presence of adsorbed organic ligands. Previous studies addressed the photo-
induced dissolution of iron(hydr)oxides, but did not distinguish between photochemical formation of
dissolved Fe(ll) and Fe(ll)-accelerated formation of dissolved Fe(lll) that can continue after
illumination stops. Here we studied the effect of photochemically produced Fe(l1) on the dissolution of
lepidocrocite (Lp) and goethite (Gt) (1.13 mM) with 50 uM EDTA or DFOB, mainly at pH 7.0 in
bicarbonate-CO- buffered suspensions. The rate of photochemical Fe(ll) production in the absence of
EDTA or DFOB, was more than 25 fold higher in Lp than in Gt. Fe(ll) formation rates in the presence
of EDTA was higher than that of DFOB. Continuous illumination with UV-A light (320-420 nm)
increased Lp dissolution rates with EDTA or DFOB by factors up to 30 under anoxic condition, in
contrast to factors of up to 5.5 under oxic condition. Short periods (5 min or 15 min) of illumination
increased dissolution rates by 10- 40 fold; under anoxic conditions, accelerated dissolution persisted in
dark after illumination ceased. Under oxic conditions, dissolution rates increased only during
illumination, but quickly decreased to nearly pre-illumination levels after illumination stopped. Light-
absorption (which occurred to over 98% in our suspensions) thus led to formation of Fe(ll) that
efficiently catalyzes dissolution, but is not protected from oxidation. Under oxic conditions, dissolved
Fe(lll) reached 35 uM with DFOB after 10 h of continuous illumination, while with EDTA, only 15
MM dissolved iron was formed after 280 min and then decreased to below 2 puM after 10 h. While
different ligands can accelerate dissolution by photochemical Fe(ll) formation, only photo-stable
ligands such as DFOB can maintain Fe(lll) in solution during extended exposure to UV-light under
oxic conditions. Accelerated dissolution of Fe(lll)-phases by photochemically formed Fe(ll) is most
likely to be relevant at anoxic/oxic interfaces in shallow lakes, ponds and flooded areas (e.g. rice

paddies) and in algal bloom environments.

96



Photochemically Induced Fe(ll)-Catalyzed Ligand-Controlled Dissolution of Iron(hydr)oxides

Introduction

Dissolution of Fe(lll)(oxyhydr)oxides is one of the key biogeochemical processes in the
cycling and (bio)availability of Fe in environment. Under sunlight, photochemical reactions can lead
to reduction of Fe(lI1) to Fe(ll), for example in surface water', seawater*®, atmospheric dust’*°, and
ice'!. Laboratory studies have demonstrated that (solar) UV light induces photo reductive dissolution
of Fe(lll)(oxyhydr)oxides in the presence of organic compounds such as ligands secreted by
phytoplankton and algae in oceans, and by microbes and plants in soils.” ***> These light-induced
processes are of interest as they influence the redox speciation of Fe(l1)/Fe(l11) in the environment and
indirectly affect the mobility of (trace) elements that are associated with Fe(l1l) phases.

In the presence of ligands, the photo-reductive dissolution of iron(hydr)oxides can be
explained by two possible processes, which can also occur in parallel. Adsorbed ligands can act as
electron hole scavengers on the surface of semiconducting Fe(l1l) phases, and/or light induced ligand
to metal charge transfer (LMCT) in surface complexes can form Fe(ll) on the surface and induce
dissolution.®>*” Thus, solar UV illumination can lead to formation of Fe(ll), which under oxic
conditions is oxidized by dissolved oxygen. Under continuous illumination, steady state
concentrations of Fe(ll) are established quickly and depend on the relative rates of photochemical
formation and oxidation of Fe(ll) by oxygen. The rates of photo reductive dissolution in the presence
of ligands were reported to be higher than their corresponding dark reduction rates.'® 182° In previous
studies, dissolved Fe(ll) and total dissolved Fe were quantified while mineral suspensions were
continuously exposed to solar UV illuminations.'” 22 However, the possibility that photo-produced
Fe(Il) could continue to accelerate dissolution even after illumination ceased was not considered.

In our recent studies,?*%

we examined the effect of added Fe(ll) on dissolution of
Fe(lll)(oxyhydr)oxides, showing that micro-molar concentrations of Fe(ll) could lead to up to a 30-
fold acceleration of dissolution rates under anoxic conditions. We further demonstrated that
photochemically formed Fe(ll) also accelerates dissolution rates under both anoxic and oxic
conditions. By measuring lepidocrocite (Lp) dissolution in situ with infrared spectroscopy, we were

able to observe accelerated dissolution during intermittent UV illumination in the presence of the

synthetic ligand ethylenediamine tetraacetic acid (EDTA) at pH 6. After UV illumination, accelerated
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dissolution was observed to continue in the dark under anoxic conditions but not under oxic
conditions.

Here, we extend our previous work by quantifying photo-produced Fe(ll) in the absence of
solid dissolution, comparing the solids Lp and goethite (Gt), and comparing the synthetic ligand
EDTA with the biogenic siderophore desferrioxamine B (DFOB). As in our previous work, we
conducted experiments under both anoxic and oxic conditions and at pH 6.0 (MES buffered), 7.0
(CO2-carbonate buffered) and 8.5 (PIPES-buffered). In contrast to our previous, in situ studies, we
conducted batch dissolution experiments under both intermittent (5 or 15 min) and continuous UV
illumination. Experiments with continuous UV illumination were particularly helpful for the
interpretation of experiments with intermittent illumination under oxic conditions where only subtle

effects could be observed.

Materials and Methods

Chemicals and Solutions

All chemicals used were of analytical grade and are listed in the Supporting Information (SI),
Table S1. Aqueous solutions were prepared using high-purity doubly-deionized (DDI) water
(Barnstead Nanopure). The synthesis and characterization of Lp and Gt were described in our recent
studies.?* %
Photochemical experiments

Suspensions of Lp and Gt with EDTA or DFOB (100 ml) were irradiated in 120 ml Pyrex
bottles with UV-A light in a box with 8 Philips TL20W/05 (actinic blue) lamps. The lamps have a
broad emission spectrum from 310-450 nm (maximum at 365 nm) and closely simulate solar
illumination in the UV-A spectral range.” The emission spectrum of the UV-source and the spectra of
Lp, Fe(II1)EDTA and Fe(111)DFOB are shown in the SI (Figure S1).

Photon flux. The photon flux entering the Pyrex bottles was measured by ferrioxalate
actinometry.?® 100 ml of a 6 mM ferrioxalate actinometer solution (which absorbed all incoming light

of our UV-A light source) was exposed to UV-light. The light flux was determined as 1.37 umol

photons/s, which is comparable to the light flux of 1.63 pmol photons/s measured when the
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actinometer was exposed to sunlight on a clear day (11:30 am, November 7, 2018). Over 95% of the
light in this spectral range was absorbed by the 1.13 mM suspensions of Lp and Gt (Figure S1).

Photoproduction of Fe(ll). The photoproduction of Fe(ll) was measured at pH 7.0 under
anoxic conditions, by adding 470 uM phenanthroline (phen) to the Lp or Gt suspensions (without and
with 50 uM EDTA or DFOB). We assume that with the large excess of phen, all photochemically
formed Fe(ll) forms dissolved Fe(ll)(phen)s complexes. Fe(ll)(phen)s in filtered samples was
quantified by measuring UV-spectra and calculation of concentrations from the absorbance at 510 nm
(e510nm = 11000 M'lcm'l).

Formation of FEEDTA and FeDFOB from Lp and Gt. All experiments were conducted
with initially 100 ml suspensions containing 100 mg/L (1.125 mM) FeOOH (Lp or Gt) and 50 uM
EDTA or DFOB. For pH 7.0, the background electrolyte was 3 mM NaHCOs;. Before and during
illumination, suspensions were continuously purged with a mixture of 2% CO; in N, (anoxic) or 2%
COz in air (oxic) for the experiments at pH 7.0 (buffered by CO; and 3 mM NaHCOs). Experiments at
pH 6.0 (9.5 mM NaCl and 5 mM MES) and at pH 8.5 (9.5 mM NaCl and 5 mM PIPES) were sparged
with N2 (anoxic) or synthetic air (oxic). Suspensions were irradiated either continuously or
intermittently; the periods of intermittent illumination were mainly 5 min for experiments with EDTA
(except as noted in the text or figure captions) and 15 min for experiments with DFOB. Samples were
withdrawn periodically with a syringe and immediately filtered through 0.1 puM Nylon filters.
Subsequently, UV-VIS spectra (200-800 nm) were measured to quantify the formed Fe(II)EDTA or
Fe(I1)DFOB complexes in 1 cm path-length quartz cuvettes. Examples of data processing are shown
in Sl, Figure S3, S4. Note that with this method, we measure the sum of Fe(ll) and Fe(ll1) complexes,
as both Fe(INEDTA and Fe(II)DFOB are quickly oxidized upon contact with air. We thus refer to
dissolved iron as [Feldiss in the figures and the discussion of the experiments, although at higher
concentrations Fe(II1)EDTA or Fe(I11)DFOB dominate over the Fe(ll) species, because only a few pM
of Fe(ll) were produced by UV-illumination. In the oxic experiments, all dissolved Fe(lll) is present

as Fe(I1)EDTA or Fe(l11)DFOB.
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Results and Discussion
Photochemical formation of Fe(ll) in Lp and Gt suspensions without and with
dissolution-promoting ligands

Photochemical Fe(ll) formation was quantified by adding a large excess of the Fe(ll)-
complexing ligand phen. Suspensions were illuminated intermittently for 5 min; concentrations of
Fe(Il)(phen)s subsequently (i.e., without illumination) reached stable values (£ 5%) as shown for Lp
and DFOB in Figure S2. As shown in Figure 1, the concentration of Fe(ll)(phen)s in suspensions of
either Lp and Gt increases linearly as a function of the duration of illumination. This linear increase
confirms that the low concentrations of Fe(ll)(phen)s formed in our experiments did not lead to
significant light adsorption or interactions with Lp or Gt. Photochemical Fe(ll) formation rates were

determined from the slopes of the linear fits as indicated in Figure 1 and tabulated in Table 1.
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Figure 1. Fe(ll) produced in 5 min illumination intervals with UV-A light in 1.13 mM lepidocrocite
(Lp) and goethite (Gt) suspensions. The Fe(ll) production was measured with phenanthroline in the
absence of ligands, and in the presence of 50 uM EDTA or DFOB at pH 7.0 (carbonate-buffered,

anoxic).
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Table 1. Dissolution rates and catalytic effects (CEp) of Fe(lll)(hydr)oxides (before, during and after
illumination) in the presence of 50 UM ligand mainly at pH 7.0; rates at pH 6.0 and 8.5 are reported in
italic font. Photochemically produced Fe(ll) was quantified with phen at pH 7.0 under anoxic

conditions.

Rate of photon absorption during illumination: 1,038,000 (nM/min)

lllumin. | Sum of Fe(ll) Quantum yield of

Fe(ll) formation Rate

time produced Fe(ll) formation
(anoxic) (anoxic)
(min) (M) (nM/min) OFe(l)

Photochem. Fe(ll) Formation

Lp EDTA 5 3.2 640 - - 6.2 x10* -

Lp DFOB 15 2.9 193 - - 1.9x 10* -

Gt EDTA 5 2.7 540 - - 5.2x10* -

Gt DFOB 15 0.17 10 - - - -

Lp  none 15 1.25 83 - - 7.7 x10° -

Gt  none 15 0.05 3 - - - -

Dissolution rates CE, CE, |Dissolution
(nM/min) rates (% h?)
anoxic oxic anoxic oxic anoxic oxic

[Fe(1l1)]4iss formation in the dark

Lp EDTA - - 31 25 - - 0.17 0.13

Lp DFOB - - 19 19 - - 0.10 0.10

Gt EDTA - - 1.3 - - 0.01 -

Gt DFOB - - - - - -

[Feldiss formation during continuous UV-A

Lp EDTA 831 121 27 4.8 4.43 0.65
DFOB 312 105 16 5.5 1.66 0.56

[Feldiss formation after intermittent UV-A

Lp EDTA 5 3.2 238 - 8 - 1.27 -
EDTA 5 3.2 - - - - -
EDTA 5 3.2 - - - - -
EDTA 15 9.6 427 - 14 - 2.28 -

Lp DFOB 15 2.9 173 - 9 - 0.92 -
DFOB 15 2.9 198 - 10 - 1.06 -
DFOB 15 2.9 131 - 7 - 0.70 -

Gt EDTA 5 2.7 51 - 39 - 0.27 -
EDTA 5 2.7 55 - 42 - 0.29 -
EDTA 5 2.7 37 - 28 - 0.20 -

pH 6.0, Lp/ EDTA in the dark 26 26 - - 0.14 0.14
Lp/ EDTA after 5 min intermittent UV-A 859 - 33 - 4.58

pH 8.5

Lp DFOB none (i.e. dark) 39 30 0.21 0.16

Lp DFOB 5 84 2 0.45
DFOB 5 88 2 0.47
DFOB 5 79 2 0.42
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In the absence of the dissolution-promoting ligands EDTA or DFOB, 0.05 uM Fe(ll)(phen)s
was measured after Gt was exposed to 15 min of illumination, corresponding to a maximum rate of
photochemical Fe(ll) formation of 0.003 uM/min. This value was substantially higher with Lp (0.083
uM/min; note that reported value in table is calculated for 15 min) consistent with the intrinsic
photochemical activity of Lp reported previously by Borer et al. and ascribed to light absorption in the
bulk with formation of mobile charge carriers and Fe(I1) and OH-radicals on the surface.*’

Higher rates of photochemical Fe(ll) formation were observed in the presence of EDTA and
DFOB for both solids. The most significant enhancement was observed for Gt in the presence of
EDTA, which increased the rate of photochemical Fe(ll) formation by at least a factor of 180 in
comparison with the solid alone. With Lp, the rate of photochemical Fe(ll) formation was increased by
a factor of 7.7 by EDTA but only by a factor of 2.3 by DFOB. The effect of DFOB on photochemical
Fe(I1) formation rates was similar for Gt and Lp.

The pronounced effects of EDTA may be due to the high photoreactivity of its surface
complexes or to efficient hole scavenging by adsorbed EDTA. In order to produce comparable
concentrations of around 3 puM Fe(ll) in subsequent Lp dissolution experiments, we applied

intermittent illumination periods of 5 min for EDTA and 15 min for DFOB (see Table 1).

Effect of UV-A illumination on Lp dissolution

In the presence of EDTA. Figure 2 shows the measured concentrations of total, dissolved Fe
([Felaiss) in Lp suspensions in the presence of EDTA as a function of time at pH 6 and 7 under anoxic
and oxic. Note that all dissolved Fe is assumed to be complexed by EDTA (see Materials and
Methods). The initial 90 min of the reaction was allowed to proceed without any UV illumination.
During this initial period, Lp dissolution was very slow under all conditions (see Table 1 for rates), in
good agreement (+ 20 % relative difference) to the rates reported in our previous study.* (Dissolution
rates of this study with previous study are listed in Sl, Table S2)

Anoxic suspensions were exposed to a single, 5-min illumination period (90-95 min). At
both pH 6 and 7, a distinct increase in [Fe]qiss. Was observed immediately after the illumination period
(no samples were collected during illumination). Continued increases in [Fe]diss. Were observed after

illumination ceased indicating continuing accelerated dissolution of Lp. At pH 6, the reaction reached
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completion within 150 min; [Fe]qiss (Orange squares in Fig. 2) approached the total concentration of
EDTA (i.e.,, 50 uM). At pH 7, [Feldiss. increased more slowly (orange triangles in Fig. 2), but

accelerated dissolution also persisted after illumination and the reaction reached completion at 420

min.
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Figure 2. Lp dissolution in the presence of 50 uM EDTA. UV-A intermittent illumination intervals of
5 min (shown by purple bars) applied to Lp (1125 uM) suspension at pH 6 and 7. A single
illumination (90-95 min) was applied under anoxic conditions, and three intermittent illuminations
(90-95, 180-185, 270-275 min) were applied under oxic conditions. After 5 min illumination,
accelerated Lp dissolution (anoxic) occurred rapidly until all free ligand was complexed with Fe in the
dark. In contrast, Lp dissolution under oxic conditions was not faster after illumination than before
illumination, at both pH 6 and 7. Slopes were determined from the liner fits to the data points, as
shown by solid lines.

Dissolution rates (Table 1) were computed from linear regression lines as shown in figures.
The rate of Lp dissolution were 8 times faster after than before illumination in the presence of EDTA
at pH 7. The persistence of accelerated dissolution at pH 7 after the cessation of illumination under
anoxic conditions is consistent with the photochemical production of 3.2 uM Fe(ll) in Lp suspensions

with 50 uM EDTA measured in the presence of a large excess of phen (Fig. 1). At pH 6, the rate of Lp

dissolution was 31 times faster after than before 5 min illumination.
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Under oxic conditions at both pH 6 and 7, intermittent illuminations resulted in slight
increases in [Fe]diss. at the end of the illumination period, but further dissolution was not significantly
accelerated compared to that prior to illumination. The (apparent) step increase in [Fe]qiss. is consistent
with our prior in situ observation of accelerated Lp dissolution during illumination under oxic
conditions. Our prior experiments also showed no persistence of the accelerated dissolution
subsequent to illumination. Adsorbed Fe(ll) and dissolved complexed Fe(I1)EDTA are known to be
oxidized quickly by dissolved oxygen.’® ?* Thus our observations indicate that photochemically

formed Fe(ll) (whether in the bulk or on the surface of Lp) is not protected from fast oxidation.
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Figure 3. Comparison of Lp dissolution with 50 uM EDTA at pH 7.0, under anoxic and oxic
conditions. Under anoxic conditions, continuous UV-illumination was applied from 90-400 min.
Under oxic conditions, a single illumination of 15 min from 90-105 min was followed by continuous
illumination from 180-500 min. Replicate experiments are shown with open symbols. Slopes were
determined from the liner fits to the data points, as shown by solid lines. Anoxic continuous
illumination led to very rapid formation of Fegiss up to 43uM, while oxic continuous illumination led to

slower formation of only 15 pM Fegiss and a decrease of [Fe]qiss with longer illumination times.
Observations under continuous illumination (Fig. 3) can provide additional insight into the
effects of intermittent illumination. Under anoxic conditions, [Fe]qiss in Lp exposed to continuous

illumination in the presence of EDTA at pH 7 increased rapidly and nearly linearly to a final

concentration of 43 uM (orange triangles). The dissolution rate during illumination was 27 times faster
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than the initial rate (prior to UV illumination). A less pronounced effect (5-fold increase) was
observed under oxic conditions. The rate under continuous illumination is consistent with the step
change in [Feldiss. Observed after 15-min intermittent illumination (Fig. 3, blue triangles). Under
continuous illumination, [Fe]diss. reached a maximum value of 15 uM at 240 min and then decreased,
suggesting photolysis of Fe(I1)EDTA complexes.

In the presence of DFOB. Figure 4 shows comparable experiments (though conducted at pH
7 and 8.5) with DFOB instead of EDTA. Before illumination, [Fe]qiss. increased only slowly and at the
same rates (Table 1) under anoxic (orange) and oxic (blue) conditions. The dissolution rate was 2
times faster at pH 8.5 than at pH 7.0. The dissolution rate at pH 7 under anoxic condition is in good

agreement with our previously-reported values.?® (see Sl, Table S2)
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Figure 4. Lp dissolution in the presence of 50 uM DFOB. Three intermittent illuminations with UV-A
of 15 min each, are indicated with purple bars (90-105, 180-195, 270-285 min). Fegiss was formed at
accelerated rates after intermittent illuminations under anoxic, but not under oxic conditions, both at
pH 7.0 and pH 8.5. Note that no data was collected during intermittent illumination. Continuous
illumination was applied from 480-600 min. For pH 7.0, anoxic (open orange circles) and oxic (open
blue circles) no intermittent illuminations were applied prior to continuous illumination (480-600
min), which led to accelerated dissolution under both anoxic and oxic conditions. The acceleration was
a factor of 2-3 larger under the anoxic condition. Colored solid lines represent the linear fits to selected

data points for slope determination.
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Under anoxic conditions, intermittent UV-illumination periods led to accelerated Lp
dissolution that persisted in the dark. At pH 7, [Fe]adiss (orange circles) reached 50 puM in 450 min in
response to three intermittent 15 min illuminations, corresponding to a ca. 9-fold increase in the
dissolution rate. Our measurements with phen indicate that 2.9 uM of Fe(ll) were produced during
each 15 min illumination. In our previous study,?® addition of 1 uM Fe(ll) resulted in an 18-fold
increase in Lp dissolution in the presence of DFOB. Although the effect with added Fe(ll) is larger
than we observed in the photochemical experiments, it is possible that some photo-produced Fe(ll)
might be oxidized due to concurrent formation of oxidants such as H,O,. Figure 4 also shows the
result of exposing Lp suspensions in the presence of DFOB (pH 7) to continuous illumination without
prior intermittent illumination (orange open circles). Under continuous illumination, the Lp dissolution
rate was accelerated by a factor of 16 (nearly twice that observed with intermittent illumination). At
pH 8.5, nearly-linear Lp dissolution continued with the first 15-min UV illumination at a rate 2-fold
the initial dissolution rate (prior to UV illumination) (Table 1).

Under oxic conditions, reliable estimates of accelerated dissolution rates could be obtained
only under continuous illumination. This was examined only for pH 7, where a 5.5-fold increase in the
dissolution rate was observed. This dissolution rate is roughly consistent with the step changes in
[Felaiss. Observed after intermittent illumination.

EDTA vs DFOB (Oxic). Since dissolution under oxic conditions is more easily assessed
during continuous illumination, we conducted such experiments with DFOB at pH 7. In Figure 5,
results with DFOB are shown together with the results with EDTA (previously shown as blue triangles
in Fig. 3). In contrast with EDTA, [Fe]diss in the presence of DFOB does not decline after reaching a
maximum value. The Lp dissolution rate under continuous illumination (initially 5.5-fold faster than
the rate without UV illumination) appears to slow down after 480 min with [Fe]qiss reaching a plateau
at ca. 35 uM. Thus, both DFOB and EDTA appear to have similar effects on Lp dissolution under
continuous illumination initially; the persistence of the accelerating effect with DFOB is consistent
with its being a more photo-stable ligand'” ?* than EDTA. Although DFOB appears to be able to
complex Fe(l11) over time periods of hours in irradiated solutions, the decrease in dissolution rate and

the eventual plateau in [Felaiss suggests that Fe(ll) may react with oxidants accumulated during the
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illumination (e.g. H.0,)*" and/or that DFOB may undergo some photo-degradation over longer periods

or illumination.
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Figure 5. Lp dissolution (oxic; pH 7.0) in the presence of 50 uM EDTA or DFOB. One intermittent
illumination from 90-105 min is indicated by a purple bar. From 180-600 min, continuous illumination
was applied. Replicate experiments are shown with open symbols. Note that data for EDTA was
shown already in Fig. 3. Lp dissolution with DFOB continued in the light, indicating that Fe(l111)DFOB
complexes are not or only slowly photolyzed. With EDTA, [Fe]diss declines rapidly after 280 min, due
to photolysis of Fe(IIEDTA complexes and degradation of EDTA. Slopes were determined from the

liner fits to the data points, as shown by solid lines.

As discussed above, the effects of intermittent illumination under oxic conditions are very
difficult to assess. Additional experiments with both EDTA and DFOB (Fig. S5) showed only
inconsistent effects. Transformation of Lp to any other Fe(lll) phase was not detected with IR
(infrared) spectroscopy after continuous illumination of Lp in the presence of either EDTA or DFOB

(Fig. S6).

EDTA vs DFOB (anoxic). Figure 6 shows a comparison of the effects of EDTA and DFOB
for single UV illuminations of 5 and 15 min at pH 7. The data for the 5 min illumination with EDTA
was also shown in Figure 2 (filled orange triangles). For both illumination periods, the effect of

EDTA is greater than that of DFOB; this is particularly noticeable when the illumination period is the
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same for both ligands. This effect of the illumination period for EDTA as well as the difference
between EDTA and DFOB are consistent with the concentrations of photoproduced Fe(ll) shown in
Figure 1 for Lp (3.2 uM for 5-min and >8 uM for 15-min illumination with EDTA and 2.9 uM for 15-

min illumination with DFOB).
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Figure 6. Comparison of EDTA vs DFOB in Lp dissolution (anoxic; pH 7.0). UV-A illuminations
from 90-105 min for EDTA and DFOB, and 90-95 min for EDTA indicated with purple bar, were
applied to 1.13 mM Lp suspensions in the presence of 50 uM DFOB or EDTA. Note that data for

EDTA with 5 min illumination was already shown in Figure 2.

Effect of intermittent UV-A illumination on goethite dissolution

Figure 7 shows Gt dissolution at pH 7 in the presence of EDTA and DFOB before and after
intermittent illuminations. Before illumination, Gt dissolution was very slow (R = 0.01% hr? with
EDTA, and not detectable with DFOB). Intermittent illumination under anoxic conditions with EDTA
resulted in a step change in [Fe]diss. (0pen orange triangles). Accelerated dissolution persisted after
illumination ceased. The accelerating effect was roughly 36-fold (average of three rates) for each of
the three intermittent illumination periods (Table 1). In contrast, intermittent illumination of Gt in the
presence of DFOB had no effect under anoxic conditions (open orange circles); neither was any effect

observed under oxic conditions (data not shown).
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Figure 7. Goethite dissolution in the presence of 50 uM EDTA or DFOB at pH 7.0. Intermittent
illumination intervals with UV-A, indicated with purple bar, were applied from 90-95, 180-185, 270-
275 min. Lines represent the linear fits to the data. Intermittent illumination led to accelerated
dissolution in the dark only in the presence of EDTA under anoxic condition. With DFOB, [Fe]diss
remained too low for the determination of dissolution rates even under anoxic condition and was not
measurable under oxic condition.

Under oxic conditions with EDTA, the first intermittent illumination (5 min) appeared to

result in a small step-increase in [Fe]diss. (0pen blue triangles), but no persistent accelerated dissolution

was observed and even the step-increase was not observed in subsequent intermittent illuminations.

Contrasting photochemical properties of Lp and Gt under anoxic conditions

Because the ligand-promoted (i.e., dark) dissolution rate of Gt was so much slower than that
of Lp, the largest effect of intermittent illumination was observed with Gt/EDTA (average 36-fold
acceleration). For Lp dissolution, the enhancement with EDTA (under intermittent illumination) was a
factor of 8 (see Figure 8). This difference cannot be explained by the photoproduction of Fe(ll) since
this was nearly the same for both solids: 2.7 uM for Gt and 3.2 uM for Lp in 5 min of illumination
(Table 1). In contrast, the lack of any detectable effect of intermittent illumination with DFOB and Gt
is consistent with the negligible Fe(ll) photoproduction (0.17 uM over 15 min). In addition, the similar

effects of EDTA and DFOB on Lp dissolution subject to intermittent illumination for 5 or 15-min
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periods was consistent with the concentration of Fe(ll) generated photochemically over these

illumination periods (3.2 uM for EDTA over 5 min and 2.9 uM for DFOB over 15 min).
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Figure 8. Comparison of Lp and Gt dissolution in the presence of 50 uM EDTA at pH 7 under anoxic
conditions. The data are already shown for Lp in Fig.2 and for Gt in in Fig. 7. After one 5 min of UV
illumination, accelerated Lp dissolution continued until all free EDTA in solution was used up. In

contrast, three 5 min intermittent UV illuminations led to only 20 uM [Fe]aiss in Gt suspension.

Environmental Implications

Fe(ll)(hydr)oxides are ubiquitous on soil-water interfaces and as suspended particles in the
water column of aquatic environments that are exposed to sunlight. Understanding the role of
photoreactions in the dissolution pathways of Fe(l11)(hydr)oxides in redox dynamic environments is an
important step to better comprehend the cycles of Fe and other (trace) elements in natural
environments. The findings from this study, that Fe(ll) produced upon very brief exposure to light can
act as a catalyst for continued accelerated dissolution, may allow us to predict the bioavailability of
iron and the mobility of associated trace elements in different environments.

Under anoxic conditions, brief periods of illumination accelerate the dissolution of
Fe(lll)(hydr)oxides (both Lp and Gt) by factors up to 40 with EDTA and DFOB, even after
illumination stops. Anoxic environments that can be reached by sunlight exist in shallow lakes®,
ponds *! and reservoirs®* *, Spatially limited and transient anoxic zones have been observed in algal
bloom environments.®* Sub-oxic and anoxic micro-environments caused by microbial reduction were
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found in overall oxic water in cyanobacterial aggregates in surface blooms® or in settling fecal pellets
and aggregates®. Light-induced dissolution of Fe-phases could thus play an important role in algal
blooms, where rapid growth of cyanobacteria can be limited by bio-accessible iron.** Concentrations
of ligands with reactive hydroxamate moieties were positively correlated to cyanobacterial biomass in
lakes with low Fe bioavailability.*’

Under oxic conditions, intermittent UV-illumination did not lead to accelerated dissolution
after illumination stops. Continuous illumination, however, led to acceleration of the dissolution of Lp
by factors of around 5 at pH 7.0, for both EDTA and DFOB. The rate of dissolution of Gt under oxic
condition was very slow and could not be quantified in our experiments. In the photo-dissolution of
Lp, EDTA and DFOB showed strongly contrasting behavior in their ability to mobilize Fe. With
EDTA, a peak concentration in [Fe]siss of 14 uM was reached after 240 min then declined. With
DFOB, a concentration of 16 UM was reached after 240 min and increased to 35 uM after 600 min.
These observations show that photo-stable ligands are required to sustain higher concentrations of
dissolved Fe under sunlit conditions. EDTA and most likely similar ligands with photo-active
carboxylate groups can accelerate dissolution, but they are photodegraded rapidly. Ligands such as
DFOB with hydroxamate groups are more photo-stable and are able to keep Fe in solution. In natural
environments, ranges of ligands are present and may have different functions in the mobilization and
bioavailability of Fe. The acceleration of dissolution processes by photochemically formed Fe(ll) are
highly dependent on structure of the Fe phase, the functional groups of the ligand, and the oxygen

concentrations.
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Table S1. List of chemicals used for the current study

Stock
Chemical Name Chemical formale Supplier Purity ?ﬁqlk/ln)on
Sodium Chloride NaCl Merck >99% 10
Iron(l1) Chloride FeCl, 4H,0 Sigma-Aldrich | >99% 10
Iron(111) Chloride FeCls. 6H,0 Sigma-Aldrich | >98% 10
EDTA (Ethylenediamine tetra
acetic disodium dihydate) Ci1oH14N2Na20s. 2H,0 | Merck >99% 100

Mesylate salt of Desferrixamine B | C2sH4sNeOs.CH403S Sigma-Aldrich | >92.5% | 100

MES (2-morpholino-ethane

. . CeH13NO4S.H,0 Fluka >99% 100
sulfonic acid monohydrate)
PIPES (Piperazine-1,4-bis(2-ethane ) .

o CsH18N206S: Sigma-Aldrich | >99% 100
sulfonic acid)
Sodium (bi)carbonate NaHCO3 Sigma-Aldrich | >99% 3
0-Phenanthroline C12HgN2.H-0O Fluka >99% 10
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Table S2. List of reported dissolution rates and catalytic effects.

Experimental conditions Added [Fe(l1)] Lp dissolution rates Catalytic Effect
Y % ht nM min? nmol s* m?
Biswakarma et al. 2020*
20 uM DFOB, pH 7.0 0 0.08 15.2 0.04 1
(carbonate buffer) 1 0.55 103 0.27 7
2 1.03 194 0.51 13
5 2.14 40 1.06 26
Kang et al 2019?
20 uM DFOB, pH 7.0 0 - - 0.07 1
(MOPS) 2 - - 0.29 4
Biswakarma et al. 2020*
50 uM DFOB, pH 7.0 0 0.11 20.2 0.05 1
(carbonate buffer) 1 1.44 270 0.71 13
2 2.81 527 1.40 26
5 6.42 1204 3.18 60
50 uM DFOB, pH 7.0 0 0.06 12 0.03 1
(MOPS buffer) 2 0.65 122 0.32 10
50 uM DFOB, pH 8.5 0 0.15 28.4 0.08 1
(PIPES buffer) 2 0.30 56.3 0.15 2
Biswakarma et al. 2019°
50 uM EDTA, pH 6.0 0.0 0.16 0.08 1
(MES buffer) 0.2 1.07 0.53 7
0.5 2.29 1.14 14
1.0 3.08 1.53 19
2.0 3.56 1.77 22
4.0 4.13 2.05 26
6.0 4.17 2.07 26
10.0 4.97 2.48 31

1.2 Rates measured by formation of dissolved Fe in suspensions.

® Rates measured by decrease of FeOOH infrared bands in ATR-FTIR experiments.

117



Chapter 4

3.0 24

25 20

UV-A Photonflux (300-500 hm: 1.37 uM s1)

2.0

15 12

Absorbance
Photonflux (nmol s nm?)

1.0

Fe(I)EDTA

0.5 50 uM

Fe(Ill)DFOB
50 uM

0.0
200 250 300 350 400 450 500 550 600 650 700

Wavelength (nm)

Figure S1. Emission spectrum of the UV-source and absorbance spectra of 1.13 mM Lp, 1.13 mM Gt, 50

UM Fe(I11)EDTA and 50 uM Fe(111)DFOB.
The integrated light flux from 300-500 nm was 1.37 uM photons s* and was >98% absorbed by the

suspensions in pyrex bottles of 4 cm diameter.
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Figure S2. Determination of the photo-produced Fe(ll) in a suspension of 10 mg Lp/100 ml (1125 uM
Lp) with 50 uM DFOB and 473 pM phenanthroline at pH 7 (3 mM NaHCOg3, 2% CO; in Np). 2.0 ml
aliquots were withdrawn and filtered (0.1 pum nylon filter) and spectra were measured in 1 cm quartz-
cuvettes. Spectra (baseline corrected) are shown in Fig. S1A (top), corresponding Fe(ll)-concentrations
(calculated from the absorbance at 510 nm) are shown in Fig. S1B (bottom). Each 5 min illumination
produced 1.0£0.1 uM Fe(I1). Hlumination periods (300 s) in Fig. S1B (bottom) are indicated with empty

blue bars.
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Figure S3. Formation of Fe(IIEDTA in a suspension of 10 mg/100 ml (1125 uM Lp) with 50 uM
EDTA at pH 7 (3 mM NaHCQ3, 2% CO; in Ny). 2.0 ml aliguots were withdrawn and filtered (0.1 um
nylon filter) and spectra were measured in 1 cm quartz-cuvettes. Spectra (baseline corrected) are shown
in Fig. S2A (top), corresponding Fe(111)(EDTA)-concentrations (calculated from the absorbance at 255
nm) are shown in Fig. S2 B (bottom). UV-Illumination periods (90-95 min is indicated with blue

recatangles.
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Figure S4. Formation of Fe(I11)DFOB in a suspension of 10 mg/100 ml (1125 uM Lp) with 50 uM
DFOB at pH 7 (3 mM NaHCOs3, 2% CO; in air). 2.0 ml aliquots were withdrawn and filtered (0.1 pm
nylon filter) and spectra were measured in 1 cm quartz-cuvettes. Spectra (baseline corrected) are shown
in Figure A (top), corresponding Fe(l11)(DFOB)-concentrations (calculated from the absorbance at 430
nm) are shown in Figure B (bottom). UV-Illlumination periods (90-105 min and 180-720 min) are

indicated with blue recatangles.
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Figure S5. Comparison of EDTA vs DFOB in Lp dissolution (oxic; pH 7.0). Three intermittent
illuminations (15 min for DFOB and 5 min for EDTA) were applied to 1.13 mM Lp suspension. [Fe]giss.

was minimally increased after each illumination.
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Figure S6. Infrared spectra of Lp before and after 480 min illumination with UV light in aerated
suspensions of 1125 uM Lp and 50 uM EDTA or 50 uM DFOB at pH 7.0 (3 mM NaHCOs3, 2% CO; in
air).

Samples (4 ml) were filtered through 4 mm diamter, 0.1 um nylon filters. Collected solids in
the filter were rinsed with 2 ml H>O to remove most of the adsorbed ligands, and stored at -20 C until
measurement of IR-spectra. Solids were re-suspended from the filter with 10-20 ul H20, and the
suspensions were dried in a stream of N2 on the 4 mm diameter diamond ATR-disk of the ATR-FTIR
instrument (Biorad FTS 575C). The spectra shwon are the spectra of dried solids.

The spectra are compared to spectra of Lp before illumination, to Lp mixed with 15% Gt and to
Lp with 20% magnetite (Mgt). For easier comparion, spectra were scaled to a common absorbance
maxium of 1.0 at 1121 cm™. No changes could be detected in the illuminated samples. As shwon,

formation of Gt or Mgt would have been easily detected by FTIR.
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Chapter 5

Iron (Fe) is an essential micro-nutrient for all living organisms. Despite the high abundance of
Fe on our planet, the bioavailability of Fe at circumneutral to alkaline pH is limited. Low solubility and
slow dissolution processes of Fe(lll)(oxyhydr)oxides in oxic conditions cause Fe-limitations, which
leads to Fe deficiencies for organisms.! Under Fe-deficient conditions, plants and micro-organisms can
acquire Fe by releasing ligands (L) that promote the dissolution of Fe(lll)(oxyhydr)oxides. Previous
studies have demonstrated synergistic effects on ligand-promoted dissolution of Fe(l11)(oxyhydr)oxides
with two or more ligands of synthetic and/or natural origin.2* Earlier studies reported accelerated rates
of dissolution under anoxic conditions at low pH (3-5) by addition of Fe(l1) in the presence of a ligand.>
" Recent laboratory studies have observed the synergistic effect between a ligand and a reductant on
accelerated dissolution at circumneutral pH.® ° No systematic investigations, however, on the effect of
Fe(I) on ligand-controlled dissolution at high pH (> 5) had been conducted before this doctoral study
was performed.

More recent studies have shown that adsorption of Fe(ll), in the absence of ligands, at
circumneutral pH leads to phase transformations and recrystallization of Fe(l11)(oxyhydr)oxides with
no net dissolution. The process of recrystallization has been explained in terms of a “conveyor belt”
model.>13 In this model, after the adsorption of Fe(ll) electron conduction through the bulk solid leads
to release of Fe(ll) at a distant site. This model suggests that negative charge could reside in the bulk
where the charge is protected from oxidation under oxic conditions. If this is the case, Fe(ll) might
accelerate dissolution processes also under oxic conditions and at circumneutral pH range. However,
studies on the possibility of electron conduction through bulk solid in the presence of dissolution-
promoting ligands had not been performed before this thesis was conducted.

This doctoral thesis systematically examined the accelerating effect of Fe(ll) on
Fe(l1)(hydr)oxide dissolution in the presence and absence of dissolution-promoting ligands. The effect
was studied at pH 6.0, 7.0 and 8.5, which is more relevant to natural systems than studies at low pH (3-
5) conditions. Under these conditions, oxic and anoxic conditions were compared to account for the

effects of Fe(ll) oxidation which is much faster than at pH 3-5.
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The overall aim of the thesis was to mechanistically understand the effect of Fe(ll) on ligand-
controlled dissolution. Specific aim was to investigate whether bulk electron conduction through solids,
if it occurs, could retard the oxidation of Fe(Il) and cause accelerated dissolution of Fe(l11)(hydr)oxides
under oxic conditions.

The study was conducted with two structurally different and laboratory synthesized
Fe(l1)(hydr)oxide minerals: 1.13 mM lepidocrocite (Lp; y-FeOOH) and goethite (Gt; a-FeOOH). Two
ligands with different functional groups, ethylenediamine tetra acetic acid (EDTA) and the biogenic
ligand- desferrioxamine (DFOB) were used as ligands that thermodynamically drive FeOOH dissolution
by forming stable Fe(lll)-L complexes in solution. To test whether electron transfer on the surface or
through the bulk occurs, we conducted studies with >'Fe isotopes. In selected experiments, Fe(ll) was
added as *"Fe(lIl) and the release of >’Fe and *°Fe isotopes in the presence and absence of ligands was
followed.

In main, there are two different experimental designs, which we applied in the thesis:

1) Experiments with added Fe(Il) (see details in Table 1)

A) Batch measurements with Fe(I11)/DFOB, *"Fe(I1)/EDTA and *'Fe(11)/DFOB

B) Spectroscopic measurements with Attenuated Total Reflectance Fourier Transformed Infrared
spectroscopy (ATR-FTIR) with added Fe(I1)/EDTA
2) Experiments with photochemically produced Fe(ll) (see details in Table 2)

A) Batch measurements with EDTA and DFOB

B) ATR-FTIR with EDTA

A parallel companion study was conducted by Kang et. al to explore the effect of Fe(ll) on the
dissolution of Lp, two types of Gt, 2-line ferrihydrite and hematite with N,N’-di(2-hydroxybenzyl)-
ethylene-diamine-N,N’-diacetate (HBED) and DFOB.* Batch dissolution experiments were conducted
under anoxic conditions with the same mineral suspension concentrations as we applied in our

experiments.
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Table 1. Summary of experimental conditions in which added Fe(Il) or 5"Fe(ll) was applied to
investigate lepidocrocite (Lp) and goethite (Gt) dissolution under anoxic conditions. A. Batch
dissolution experiments. B. Spectroscopic measurements were performed with ATR-FTIR. The effect

of Fe(Il) on Lp dissolution was examined under anoxic conditions followed by addition of oxygen.

Ligand (L) Fe(ll) or *’Fe(ll) pH Chapter
Description/Code®
(uM) (uM) (Buffers®)
— DFOB 7.0
EJ Lp-L-Fe(ll) (20; 50) 0,125 (carbonate) 3
s EDTA (50) 1 6.0 2
=| © Lp-L->"Fe(l1)
1G] <« DFOB ) .
5| T (20; 50) 2 6.0; 7.0 8.5 3
3 '% DFOB 7.0
= .57 .
% Gt-L-~"Fe(ll) (50) 2 (carbonate) 3
[Tp]
o
E EDTA (50) 1 6.0 2
2 Lp->"Fe(I1)-L
2 " W DFOB 2 6.0; 7.05;, 8.5 3
£l (20; 50) 0, 7.058.
3 ®©
g |
v | g DFOB 7.0
o 57 _
fﬁ S Gt-"Fe(ll)-L (50) 2 (carbonate) 3
[5°} Q
o o]
< =
= hen 7.0
I} _57 _ p
= Lp-~Fe(ll)-phen (100) 2 (carbonate) 3
57 i phen 7.0
Gt-""Fe(ll)-phen (100) 2 (carbonate) 3
2 0,0.2,0.5,1,2,4,6
= §§ EDTA (50) AR 6.0
w
< €3 | Lp-L-Fe(l)R 2
< g~
o 2 EDTA (50) 10 7.0

? Code= Fe(lll)(hydr)oxide-1°t reactant-2" reactant-method.
bMES buffer at pH 6.0; MOPS or carbonate buffer at pH 7.0; PIPES buffer at pH 8.5.

¢Experiments were conducted both with MOPS and carbonate buffer at pH 7.0.

128



Conclusion

Table 2. Summary of main experimental conditions in order to assess the effect of photochemically
produced Fe(ll) (Fe(ll)n,) on dissolution. UV-lamps were used to produce Fe(ll) through either
intermittent or continuous illumination into the system. A. Batch dissolution experiments were
conducted and samples were analyzed with UV-VIS spectrometry and ICP-MS, as discussed in the

Chapter 4. B. Spectroscopic measurements were performed with ATR-FTIR, as described in the Chapter

2.
Ligand (L) continuous/intermittent
Description/Code (M) UV-illumination pH oxic/anoxic
(Fe(I)nv )
EDTA; DFOB : anoxic
Lp-L-Fe(Il)cont. hy (50) continuous 7.0
oxic
*E intermittent anoxic
Q
g Lp-EDTA-Fe(ll)ny EDTA (50) (3.2 uM/ 5min) 6.0;7.0 .
9] oxic
(o
)
§ intermittent anoxic
© _ _ .
@ Lp-DFOB-Fe(ll)ny DFOB (50) (2.9 UM/ 15min) 7.0; 8.5 .
< oxic
. . anoxic
intermittent
Gt-EDTA-Fe(ll)ny EDTA (50) (2.7 uM/ 5min) 7.0 .
oxic
2
x S anoxic
L? § intermittent 6.0;7.0
E 2 | Lp-EDTA-Fe(ll)n -IR | EDTA(50) =
QJ .
o S Oxic
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Key Results
Fe(ll) accelerates Fe(l11)(hydr)oxide dissolution with ligands at high pH (6.0, 7.0, 8.5) under
anoxic conditions.

Effect of added Fe(Il). In the absence of Fe(ll), DFOB alone led to very slow Lp and Gt
dissolution rates which are in agreement with the rates reported by Kang et. al.}* EDTA alone also led
to very slow Lp dissolution which is in agreement with previous studies.'> ¢ Conversely, in the presence
of micromolar concentrations of added Fe(ll), accelerated Lp dissolution rates were observed with
DFOB by up to 60- fold (refer to experimental conditions in Table 1; Lp-L-Fe(ll) : DFOB was added 30
min before Fe(ll) at pH 7.0 (carbonate buffer)). In the parallel study, Kang et. al reported accelerated
Lp dissolution rates with DFOB and Fe(ll) at pH 7.0 (MOPS buffer), which is in good agreement to our
reported rates with MOPS-buffered systems. The rate of Lp dissolution is higher in carbonate- than in
MOPS- buffered systems.

In spectroscopic measurements (Lp-L-Fe(Il)-IR; Table 1), accelerated Lp dissolution with EDTA
up to 31- fold was observed by submicromolar concentrations of added Fe(ll) at pH 6.0. No phase
changes in the Lp occurred during dissolution experiments.

Overall, the effect of added Fe(Il) on Lp dissolution with biogenic ligand DFOB was higher at
pH 7.0 than at pH 6.0 and pH 8.5. The effect with synthetic ligand EDTA was higher at pH 6.0 than at

pH 7.0, possibly due to weaker adsorption of EDTA onto Lp at pH 7.0 than at pH 6.0.

Effect of photochemically produced Fe(ll). Continuous UV-illumination led to accelerated
dissolution with Lp/EDTA and with Lp/DFOB (Lp-L-Fe(ll)cont. hv; Table 2). Intermittent illumination
under anoxic conditions resulted in the accelerated Lp dissolution which persisted in the dark (Lp-EDTA-
Fe(ll)ny and Lp-DFOB-Fe(ll)ny; Table 2). Brief doses of intermittent illuminations can drive the accelerated

dissolution upto completion of the reaction in the dark rapidly with Lp/EDTA, but only slowly with
Lp/DFOB and Gt/EDTA. The effect of photochemically produced Fe(ll) on dissolution was much
higher with continuous illumination (up to 40 fold acceleration) than with intermittent illumination (up

to 8 fold acceleration).

130



Conclusion

Fe(ll)-catalyzed dissolution rate is decreased or (nearly) ceased under oxic conditions.

Addition of synthetic air decreased the Fe(ll)-accelerated rates of Lp dissolution (Lp-L-Fe(l)-IR;
Table 1), which was observed under anoxic conditions as mentioned above.

Photochemical experiments conducted under oxic conditions (Lp-L-Fe(ll)cont. nv; Table 2),
showed that continuous illumination led to accelerated Lp dissolution with DFOB and EDTA. With
EDTA after certain period, dissolution rates decreased, indicating that EDTA and associated complexes
could be photolyzed, which is in contrast to DFOB. Intermittent illuminations (Lp-EDTA-Fe(ll)ny, Lp-
DFOB-Fe(ll)ny, and Gt-EDTA-Fe(ll)ny; Table 2) did not lead to any accelerated dissolution which continued
in the dark. Similar results were obtained in our spectroscopic measurements (Lp-EDTA-Fe(ll)n,-IR; Table
2). Overall, results indicate that electron transfer on the surface or in the bulk does not lead to formation

of Fe(ll) that is protected from oxidation under oxic conditions.

Using isotopically-labelled Fe(ll) to interrogate isotope exchange at the mineral surface.

Fate of added Fe(ll) is dependent on order of addition. The fate of added Fe(ll) and isotopic
exchange before and during dissolution are strongly dependent on the order of Fe(ll) addition, as shown
with Lp/EDTA in Chapter 2 and with Lp/DFOB in Chapter 3.

When 5’Fe(Il) was added after ligand (Lp-L-°’Fe(ll); Table 1), >’Fe remained in solution
suggesting no to minimal isotopic exchange between solution and surface. When ’Fe(Il) was added
before ligands (Lp->’Fe(ll)-L; Table 1), 5’Fe(Il) adsorption and the predominant ¢Fe(Il) desorption
occurred from Lp, indicating extensive isotopic exchange at pH 6.0. At pH 7.0 and 8.5, tracer >’Fe(l1)
was lost immediately from solution due to nearly complete adsorption of tracer >'Fe(ll). Subsequent
concentrations of desorbed Fe(ll) in the absence of ligands were too low for determination of isotopic
composition. We, therefore, probed the isotopic composition of adsorbed Fe(ll) at pH 7.0 with
phenanthroline (phen), which is a ligand that preferentially complexes with Fe(ll) and thus lead to
desorption of Fe(ll), but not to dissolution. Addition of phen caused the release of both 5¢Fe(ll) and
"Fe(I1) in solution, but the concentration of %®Fe was higher than %’Fe(ll) indicating the occurrence of

isotope exchange on the surface of Lp (Lp->’Fe(ll)-phen; Table 1).

131



Chapter 5

When ligand was added after 5’Fe(l1) addition, the previously exchanged/sorbed tracer *'Fe
reappeared into solution at pH 6.0, 7.0, 8.5, implying that the site of adsorption of added 5’Fe(Il) and
dissolution might be the same or neighboring sites. In our study, bulk electron conduction would
possibly not occur as most of the exchanged/sorbed tracer 'Fe released back to solution with the
concurrent release of *Fe- complexed to ligand. These observations indicate that the Fe(Il)-catalyzed

ligand-controlled dissolution can be faster process than Fe(ll)-catalyzed recrystallization.

Fate of added Fe(ll) is dependent on Fe(l11) phases. When tracer >’Fe(ll) was added before
ligand to Gt suspension, rapid decrease of >'Fe observed in solution due to the adsorption (Gt->"Fe(ll)-L;
Table 1). Like for Lp, the subsequent release of Fe(ll) was also not detectable for Gt due to very low
concentration of desorbed Fe(ll). When phen was added, the substantial desorption of %’Fe(Il)-phen
complexes were observed which is in contrast to our observations with Lp (Gt->"Fe(ll)-phen; Table 1).
This might indicate that isotope exchange occurs in Gt within a longer time scale than in Lp.

Upon ligand addition, the rates of >’Fe release and >°Fe were in similar range for Gt, in contrast
to Lp. These contrasting fates of added tracer ’Fe during Lp and Gt dissolution can be attributed to the
differences in the structure and mineralogy of solids. Isotope tracer experiments with different Fe(lll)
phases thus enable us to understand mechanistic differences of Fe(ll)- catalyzed dissolution processes
of different Fe(lll) phases.

In recent recrystallization studies, the release Fe(ll) was suggested to occur from a distant site
through bulk electron conduction mechanism within a long time scale (hrs to weeks).™* " Note that in
our study the reaction time between >’Fe(I1) and Fe(l11) was only 1800 s. On the short time scale of our
experiments, and with low Fe(ll) concentrations, we most likely observe isotope exchange only on the
surface. Our time scales are not sufficiently long and the Fe(ll) concentrations are not sufficiently high

to observe isotope exchange with the bulk.
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Using kinetic models to identify possible reaction mechanisms

Kinetic models were developed to explain the experimental data and to discuss possible reaction
mechanisms of accelerated dissolution and isotope exchange. A (pseudo) first order empirical model,
which considers the entire course of dissolution, was applied to determine the accelerated dissolution
rates. The model assumed that the accelerated rate of dissolution is directly proportional to the added
Fe(I) and free ligand concentration in solution. A simple rate coefficient was derived, as discussed in
Chapter 3, from the model to further determine the rates of dissolution.

Two detailed mechanistic kinetic models were developed to describe different reaction steps in
dissolution process of Lp with EDTA and DFOB (Chapter 2 and 3). The model, as discussed in Chapter
2, showed that the Fe(ll)-catalyzed dissolution can be explained by formation of surface Fe(ll)-L
complexes (both by adsorption of dissolved Fe(ll)-L complexes and by adsorption of dissolved ligand
on adsorbed Fe(ll)), followed by electron transfer to a neighboring site and detachment of Fe(ll1)-L
complexes. The main difference between two models is that the model for EDTA includes the adsorption
of Fe(IINEDTA on the mineral surface, while the model for DFOB does not include adsorption of
Fe(111)DFOB. While adsorption of Fe(I11)EDTA to Fe(lI1)(hydr)oxide has been observed?®, adsorption
of Fe(111)DFOB to Lp has shown to be minimal or non-detectable.’® The second model is an extended
model of the first one, which provides new information about electron transfer and charge distribution
on the surface of Lp or Gt, which was missing in the model with EDTA. The model can further explain
the relative rates of release of >’Fe and *Fe before and during accelerated dissolution by estimating only

the distribution of charge on the surface.
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Environmental Significance

In recent times, interfacial electron transfer and isotope exchange with Fe(ll)/Fe(lll) have
widely been investigated due to their possible roles in the wide-spread biogeochemical processes.® -
22 For example, only Fe(l1) adsorption on Fe(I11)(hydr)oxides can lead to the formation of new or mixed
Fe-phases, crystal growth and recrystallization of the mineral.1® 1 23 24 previous Fe(ll) catalyzed
recrystallization studies have not considered the mobility of electrons on the surface and possibly in the
bulk in the presence of ligands. Such mobility of electrons could possibly lead to Fe(ll) that is protected
from oxidation by dissolved O, but still leads to accelerated dissolution. It could also lead to preferential
dissolution of surfaces different form the surface where the adsorption of Fe(ll) occurs.

The results of this thesis show that electron transfer between adsorbed *’Fe(1l) and Fe(lll)
surfaces sites does occur, but that the mobile charge is not protected from oxidation and does not lead
to sustained accelerated dissolution under oxic conditions. Illumination also did not lead to generation
of Fe(ll) in the bulk or on the surface that leads to accelerated dissolution under oxic conditions.
Furthermore, in all our experiments, no evidence for phase transformation of Lp to Gt or magnetite with
added Fe(l1l) was found with ATR-FTIR, in contrast to previous studies with higher concentration of
Fe(ll). % 2 These results signify that the mechanism of bulk electron conduction most likely does not
explain the Fe(ll)-catalyzed ligand-controlled dissolution.

The accelerating effect of Fe(ll) on ligand-controlled dissolution was observed for a variety of
ligands and Fe(l11)(oxyhydr)oxides. As previous studies suggested,® ° Fe(l1)-catalyzed dissolution could
be an important pathway in the dissolution of Fe(lll) phases in sub- and anoxic environments, for
example, in soils and sediments, and in the oxic—anoxic interface in lakes, wetlands and irrigated fields.*
%.21.28 The reported dissolution rate was larger at pH 7.0 carbonate- than in MOPS- buffered suspensions
with biogenic ligand, suggesting that Fe(ll)-catalyzed dissolution might be highly relevant pathway in
soils and waters with pH values around 7 where Fe-deficiency is usually high in organisms.

In environments that are exposed to sunlight, both photo-reductive and photochemically
formed Fe(I1) can accelerate dissolution of Fe(l11) phases. Continuous UV-A illumination can accelerate
dissolution of Fe(lll) phases in sunlit oxic environments, for example, in the ocean and in the

atmosphere. As the results discussed in Chapter 4, intermittent UV-A light can also efficiently drive the
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dissolution of Fe(lll) phases at oxic-anoxic interfaces, for example in shallow lakes and ponds with algal
bloom and phytoplankton environments. Studies have shown the occurrence of transient anoxic zones
and sub-oxic environments in lakes, and ponds.?®> * Intermittent exposure of sun light to such
environments can possibly lead to accelerated dissolution of Fe(lll) phases and to increase the
bioavailability of Fe among organisms.

Ligands with carboxylate functional groups (for e.g., EDTA) are likely prone to photolysis on
surfaces and in solution, which limits their ability to form stable Fe(l11)-L complexes and to keep Fe(ll1)
in solution. Conversely, photo-stable ligands such as DFOB can form dissolved Fe(ll1)-DFOB
complexes under continuous illumination in oxic conditions. The results highlight the importance of
those ligands which can stabilize Fe(l11) in solution. These results could also be highly relevant to marine
biota which are involved acquiring Fe as their micro-nutrient in stress conditions.

Commonly, the dissolution of Fe(lll)(oxyhydr)oxides in natural systems is controlled by
reductive and ligand-controlled processes. This thesis explored systematically the interplay of redox and
ligand-controlled processes occurring at redox dynamic environments. Results presented in this thesis
demonstrate consistently large catalytic effect of traces of Fe(ll) on Fe(lll)(hydr)oxide dissolution in a
pH range where dissolution of Fe(l11)-phases is slower and Fe(ll) adsorption is higher than in acidic pH.
Results from this study advances our current mechanistic understanding of dissolution processes in the
presence of ligands and reductants as well as their significance in natural systems. Plants and
microorganisms thus, as beneficiaries of the interplay of ligands and/or reductant, can acquire Fe in sub-
and anoxic aquatic or terrestrial systems in circumneutral to alkaline pH ranges. The Fe(ll)-catalysis is
thus highlighted here as one of the key processes in biogeochemical Fe cycling and biological Fe

acquisition.
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Future Outlook

Speciation of Fe during initial phase of accelerated dissolution. Addition of Fe(ll) in the
presence of ligands leads to the fast formation of dissolved Fe(Il)-L complexes. Currently we assume
that these Fe(ll)-L complex transfers the electron to the same or neighboring site of the solid and releases
back as Fe(lll)-L complex. However, the oxidation states of added Fe within the initial phase of
dissolution remained unknown. This was experimentally challenging to determine due to the strong
interference of fast formation of dissolved Fe-L complexes upon addition of submicromolar
concentrations of added Fe(ll). If we manage to determine oxidation state, we can more precisely
comment on the mechanism of dissolution. The one way to tackle this experimental challenge could be
to have the UV-VIS spectrometer inside a glovebox and conduct the dissolution experiment in real-time
measured with UV-VIS in order to decouple the initial formation of Fe(I1)-L and/or Fe(l11)-L complexes.

Theoretical calculation to explain surface structures. In a collaborative study with oxalate and
Lp, we investigated the mechanism of ligand-promoted dissolution with theoretical calculations based
on density functional theory (DFT). We specifically explored the structures of surface complexes and
their properties with Lp and oxalate.®? The study demonstrated that ligand-promoted dissolution of Lp
with oxalate is not proportional to the total surface concentrations of adsorbed oxalate, but to the
concentration of bi-dentate mononuclear complexes (BM) which are the most reactive species during
dissolution.

DFT calculations will be useful in order to interpret the spectra we obtained with Lp and EDTA
in ATR-FTIR measurements. DFT calculations can identify major structures of surface complexes that
agree best with experimental IR results. Comparison of both experimental and theoretical studies can
provide us consistent understanding on adsorption mechanisms of ligands and the contributions of
various surface complexes and their structures.

It is noteworthy that DFT calculations were challenging to perform with Lp and oxalate as they
were time consuming and required much computing power. DFT calculations with the larger ligand
EDTA in the presence of Fe(ll) were not attempted in this thesis as they can be computationally more

demanding.
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Mechanistic exploration of molecular environments. Experimentally, time-resolved X-ray
absorption spectroscopy (TR-XAS) might provide molecular level structural information of
Fe(l11)(oxyhydr)oxides with Fe(ll), which would be helpful to better understand the redox state of Fe
and bonding environments with or without ligands. Ultrafast pump-probe technique coupled with optical
transient absorption spectroscopy might be the state-of-art technique to track the electrons into surface
or bulk solids. Coupled with photochemical experiments, we can better understand the mobility of
electrons within a solid in the presence or absence of ligands, which might explain if at all electrons
conduct through the bulk in the presence of a dissolution-promoting ligand.

Isotope tracer experiments revealed that the fate of added Fe(Il) highly depends on the type of
Fe(lll) phases. This raises a question whether a general mechanism can explain Fe(ll)-catalyzed
dissolution processes for Fe(l11)(oxyhydr)oxides. Therefore, future studies with various Fe(lll) phases
are necessary to understand the fate of added Fe(ll) and relative differences in mechanisms of
accelerated dissolution of different Fe(l11)-phases in different time scales (hours to months).

Trace metal release coupled with Fe(ll)-catalyzed dissolution. Fe(ll)-catalyzed dissolution
might lead to release of (trace) elements in a redox dynamic environment.® 34 % The application of 'Fe
isotope tracer experiments in investigating isotope exchange and dissolution processes of Fe(l11)- phases
can most likely build a foundation for further studies on understanding trace metal release in minerals
in redox dynamic environments.

Fe(ll)-catalyzed dissolution of amorphous and mixed Fe(l11)-phases in the field. Recent studies
have shown that changes in redox conditions often lead to the formation of amorphous to poorly
crystalline Fe(l11) phases.® In this thesis, pure crystalline Fe(ll1)(hydr)oxide phases were tested. The
effect of Fe(ll) should also be tested with amorphous to poorly crystalline Fe(ll1)- phases formed in
natural environments. In nature, Fe(lll) phases are often available in mixed forms; for example Fe-
bearing clay minerals, Fe sulfides, (hydr)oxides of Fe and manganese, Fe mixed with humic
substances.? The effect of Fe(I1) on these mixed Fe phases is worth exploring due to their high relevance
in the environments. The synergistic effects of redox and ligand-controlled processes on such systems
may also provide new opportunities for understanding the biogeochemical processes of mixed phases at

environmental redox interfaces.
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