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Summary

Iron is essential for phytoplankton growth, and recent research has confirmed that it 
is a limiting micronutrient in large parts of the oceans. An important pathway by which 
new iron is introduced into surface waters is by atmospheric deposition of iron containing 
aerosols (e.g., mineral dust). Particulate iron is however not directly available to most 
phytoplankton species. Since iron bioavailability is primarily controlled by dissolved 
iron, any process that facilitates the transformation of particulate iron into dissolved 
forms of iron may increase the bioavailable amount of this limited micronutrient. To 
overcome iron starvation, microorganisms have evolved different iron acquisition and 
uptake systems. One of the strategies is to exude strong iron binding ligands, so called 
siderophores, into the water column. Due to the high affinity and specificity of these 
chelate compounds for iron, siderophores are able to retain iron from iron-bearing 
minerals or iron(III) (hydr)oxide phases by dissolving these phases and preventing the 
loss of dissolved iron in the water column by precipitation and scavenging processes. 
Iron bound to siderophores may be utilized by phytoplankton by different uptake 
mechanisms. 

In sunlit surface waters, the dissolution of iron-bearing minerals or iron(III) (hydr)
oxides can be significantly enhanced by photoreductive processes leading to the 
formation of kinetically labile Fe(II). Hitherto, photoreductive dissolution of iron(III) 
(hydr)oxides in the presence of siderophores has not been investigated. The aim of this 
thesis was to investigate the effect of (sun)light on siderophore-controlled dissolution 
of iron(III) (hydr)oxide phases under controlled laboratory conditions. 

Interactions of siderophores with iron(III) (hydr)oxide surfaces is key to understanding 
the dissolution reactivity of these compounds. The interactions of two siderophores, 
desferrioxamine B and aerobactin, with the surface of lepidocrocite (γ-FeOOH) 
were investigated at the macroscopic and also at the molecular level by ATR-FTIR 
spectroscopy. In addition, rates of siderophore-promoted dissolution were studied as a 
function of the surface concentrations of siderophores. Dissolution experiments were 
also performed with other iron(III) (hydr)oxides phases in the presence and absence of 
these siderophores. Furthermore, we investigated siderophore-promoted dissolution of 
lepidocrocite under irradiation of artificial sunlight at different wavelengths. 

The spectroscopic and macroscopic adsorption experiments suggested that DFOB 
is predominantly coordinated to the surface of lepidocrocite at acidic pH by inner-
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sphere coordination of two to three hydroxamate groups. In the case of aerobactin, the 
experimental findings suggested that the carboxylic acid groups are involved in the 
coordination of aerobactin to the surface of lepidocrocite. The surface interactions of 
the hydroxamate groups, however, could not be determined in these experiments.

Rate constants determined for the dissolution of lepidocrocite revealed that DFOB is 
far more effective than aerobactin in promoting dissolution of lepidocrocite. This was 
explained by the formation of less dissolution active surface complexes of aerobactin 
at the surface of lepidocrocite as compared to DFOB. In this study, we provided 
evidence for the photoreactivity of solution Fe(III)-aerobactin complexes. Dissolution 
experiments conducted under simulated sunlight indicated that the potentially 
photoreactive iron binding group of aerobactin (α-hydroxycarboxylic acid) might form 
a photoreactive surface complex leading to photoreductive dissolution of lepidocrocite. 
Interestingly, dissolution rates determined under irradiation increased similarly in the 
presence of DFOB and aerobactin as compared to the rates determined in the dark. This 
observation was explained by the formation of Fe(II) at the surface of lepidocrocite by 
photochemical mechanisms intrinsic to the lepidocrocite solid, (i) by surface scavenging 
of photoelectrons generated in the semiconducting bulk and (ii) by photolysis of surface 
Fe(III)-hydroxo groups. Evidence for these processes was provided by dissolution 
experiments showing that dissolved Fe(II) is formed in irradiated lepidocrocite 
suspensions in the absence of organic ligands. Concomitant with the formation of Fe(II), 
we also observed the formation of reactive oxygen species. 

Despite the observed photostability of aqueous Fe(III)-DFOB complexes, dissolution 
experiments conducted at pH 8 and under irradiation of light with different wavelengths 
indicated that the specific coordination of DFOB at the surface of lepidocrocite facilitates 
a light-induced ligand-to-metal charge-transfer resulting in photoreductive dissolution 
of lepidocrocite. The major conclusion of this thesis was that both the photoreactive 
properties of lepidocrocite and the formation of photoreactive surface complexes of 
siderophores with α-hydroxycarboxylic acid and unexpectedly hydroxamic acid groups 
may contribute to the enhancement of dissolution rates under irradiation. Based on the 
high response of photoreductive dissolution of lepidocrocite observed in the visible 
range (395-435 nm) in the presence of DFOB, we suggested that photoreduction of 
particulate iron in the presence of hydroxamate siderophores may occur deep into the 
photic zone of oceanic waters. 
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Zusammenfassung

In vielen ozeanischen Gewässern wird das Wachstum von Phytoplankton von der 
geringen Verfügbarkeit des Mikronährstoffs Eisen limitiert, welches unter anderem 
als eisenhaltige Aerosolpartikel über atmosphärische Deposition in eisenlimitierte 
Oberflächengewässer eingetragen wird. Partikuläres Eisen kann jedoch von den meisten 
marinen Mikroorganismen nicht aufgenommen werden. Da die Bioverfügbarkeit von 
Eisen generell durch den gelösten Anteil bestimmt wird, tragen biotische und abiotische 
Prozesse, welche partikuläres Eisen in gelöstes Eisen überführen, zur Erhöhung 
der Bioverfügbarkeit bei. Eine wesentliche Strategie von Mikroorganismen, die 
Bioverfügbarkeit von Eisen zu erhöhen, besteht in der Ausscheidung von Siderophoren. 
Siderophore sind niedermolekulare organische Liganden mit hoher Affinität und 
Selektivität für gelöstes Eisen. Aufgrund dieser hohen Affinität für Eisen, können 
Siderophore partikuläres Eisen in Form von Fe(III) (Hydr)oxiden in gelöste und damit 
bioverfügbare Eisenkomplexe überführen, welche eine wichtige Eisen-Quelle für eine 
Vielzahl von marinen Mikroorganismen darstellen. 

Die Auflösung von Fe(III)-haltigen Mineralen kann über die Bildung von Fe(II) an der 
Mineraloberfläche, z.B., durch die Photolyse von adsorbierten Liganden, beschleunigt 
werden. Bislang ist jedoch nicht bekannt, ob und wie stark natürliches Sonnenlicht 
die Siderophor-induzierte Auflösung von Fe(III) (Hydr)oxiden über einen reduktiven 
Mechanismus beschleunigt.

Ziel dieser Arbeit war es, die Siderophor-induzierte Auflösung von Eisen(hydr)oxiden 
in Gegenwart von Licht unter kontrollierten Laborbedingungen zu untersuchen.

Die Interaktionen zwischen Siderophoren und der Oberfläche von Eisen(hydr)
oxiden bestimmen massgeblich die Geschwindigkeit ihrer Auflösung. Daher wurde in 
dieser Arbeit die Adsorption von zwei Siderophoren, Desferrioxamin B (DFOB) und 
Aerobaktin, auf Lepidokrokit (γ-FeOOH) sowohl auf der makroskopischen wie auch auf 
der molekularen Ebene mittels ATR-FTIR Spektroskopie untersucht. Zusätzlich wurden 
Auflösungsraten von Lepidokrokit als Funktion der adsorbierten Menge an DFOB oder 
Aerobaktin bestimmt. Auflösungsexperimente mit anderen Eisenhydroxiden wurden 
ebenfalls durchgeführt. Desweiteren wurde der Einfluss von Licht unterschiedlicher 
Wellenlängen auf die DFOB-induzierte Auflösung von Lepidokrokit untersucht. 

Die Befunde der Adsorptionsexperimente sowie der spektroskopischen Unter-
suchungen zeigen, dass zwei bis drei Hydroxamatgruppen des DFOB-Moleküls 
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vorwiegend über innersphärische Komplexierung an der Oberfläche von Lepidokrokit 
koordiniert sind. Während die Carboxylgruppen von Aerobaktin definitiv an der Bindung 
des Moleküls an Lepidokrokit beteiligt sind, ist eine Aussage über das Bindungsverhalten 
der  Hydroxamatgruppen in Aerobactin auf der Basis unserer Experimente nicht 
möglich. 

Im Vergleich zu Aerobaktin löste DFOB den Lepidokrokit deutlich schneller auf. 
Diese Beobachtung wurde dadurch erklärt, dass Aerobaktin Oberflächenkomplexe 
bildet, die eine geringere Auflösungsreaktivität aufweisen.

In dieser Arbeit konnte zudem gezeigt werden, dass Fe(III)-Aerobaktinkomplexe in 
Lösung photoreaktiv sind und unter Lichteinstrahlung ein Elektronentransfer zwischen 
der α-Hydroxycarboxylgruppe und Fe(III) stattfindet. Die Auflösungsexperimente 
mit Lepiodokrokit und Aerobaktin deuten auf einen photoreduktiven Auflösungs-
mechansimus hin, ausgelöst durch einen Elektronentransfer zwischen der koordinierten 
α-Hydroxycarboxylgruppe und der Oberfläche von Lepidokrokit. Unter Lichteinstrahlung 
wurde Lepidokrokit durch DFOB und Aerobaktin stärker aufgelöst als im Dunkeln. Diese 
Beobachtung legt einen photoreduktiven Auflösungsmechanismus nahe, welcher von der 
Mineralphase bestimmt wird. Die Beschleunigung der Liganden-induzierten Auflösung 
unter Lichteinfluss kann durch einen Halbleitermechanismus in der Mineralphase oder 
direkt an der Oberfläche erklärt werden. In Abwesenheit von Siderophoren wurde die 
Bildung von Fe(II) in Lösung unter Lichteinfluss nachgewiesen, und damit konnte der 
Mechanismus der photoreduktiven Auflösung bestätigt werden. Die photoreduktive 
Bildung von Fe(II) Spezies in Abwesenheit von Siderophoren ging mit der Bildung 
reaktiver Sauerstoffspezies einher.

Trotz der bekannten Photostabilität von Fe(III)-DFOB Komplexen in wässriger 
Lösung, deuteten Auflösungsexperimente unter Lichteinstrahlung unterschiedlicher 
Wellenlänge darauf hin, dass DFOB an der photoreduktiven Auflösung von Lepidokrokit 
durch einen licht-induzierten Elektronentransfer von koordinierten Hydroxamatgruppen 
zu Oberflächen-Fe(III) direkt beteiligt ist.

Zusammenfassend kann festgestellt werden, dass sowohl die intrinsische 
Photoreaktivitität von Lepidokrokit als auch die Photoreaktivität von Siderophor-
Oberflächenkomplexen, an denen α-Hydroxycarboxyl- und auch Hydroxamatgruppen 
beteiligt sind, zur beschleunigten Auflösung von Lepidokrokit unter Lichteinstrahlung 
beitragen. Die starke DFOB-induzierte Auflösung von Lepidokrokit unter 
Lichteinstrahlung im Wellenlängenbereich von 395-435 nm zeigt, dass die Auflösung 
von partikulärem Eisen durch Siderophore mit Hydroxamatgruppen bis tief in die 
euphotische Zone ozeanischer Gewässer stattfinden kann.    
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Introduction

Iron is an essential micronutrient for almost all known organisms. While iron is the 
forth most abundant element in the Earth’s crust, the insolubility of iron at neutral pH 
limits the availability of this nutrient in many terrestrial and aquatic systems [1-4]. The 
oceanic environment is particularly extreme from the standpoint of iron scarcity. In 
remote oceanic waters dissolved iron concentrations are in the sub-nanomolar range 
[5]. It has been shown by in-situ iron addition experiments that especially oceanic 
areas classified as high-nutrient, low-chlorophyll regions (Northeast Pacific, Equatorial 
Pacific and Southern Ocean) are iron-limited [6-8]. The extent to which iron limits 
primary productivity in open ocean waters depends on both the abundance of iron and its 
bioavailability. Forms of iron that are more kinetically labile are regarded as being more 
biologically available [9]. Dissolved Fe(II), dissolved inorganic Fe(III) species with a 
low degree of hydrolysis, and weak iron-organic species are examples of kinetically 
labile iron. In contrast, crystalline iron(III) (hydr)oxides phases are not considered 
bioavailable to microorganisms [10-12], but may still serve as a nutrient source after 
transformation to more labile iron forms. To overcome iron starvation, microorganisms 
have developed different mechanisms to acquire iron. One of these mechanisms is the 
exudation of siderophores, low-molecular weight chelate compounds (0.5-1.5 kDa) 
which form extremely strong Fe(III)-complexes and thus retain dissolved iron in the 
water column and prevent inorganic precipitation and scavenging removal. The uptake 
of iron bound to siderophores involves cellular transport systems or enzymatic systems 
facilitating the release and uptake of iron [13-17].

The speciation and solubility of dissolved iron in seawater is strongly affected by 
organic complexation [18-23]. It has been revealed in numerous studies that > 99% of 
dissolved iron is organically complexed [18, 22-24]. Due to experimental and analytical 
limitations, the nature of these organic complexes is largely unknown, but these 
complexes are presumed to be of biological origin [25]. Recently, evidence has been 
provided which suggests that some component of the natural organic Fe-binding ligands 
in surface seawater consists of siderophores [26, 27]. Over 500 different siderophores 
from culturable organisms are known today [28]. Iron binding groups in siderophores 
include hydroxamate and catecholate groups, and less commonly α-hydroxycarboxylate 
and carboxylate groups [14].

Siderophores are assumed to play a key role in the transformation of iron(III) (hydr)
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oxide mineral phases into more bioavailable iron forms. Recent studies have shown that 
siderophores are able to promote dissolution of iron(III) (hydr)oxides and to prevent 
precipitation of dissolved Fe(III) [29-33]. Siderophore-promoted dissolution of colloidal 
iron is an important process in remote ocean waters where the input of new iron is 
strongly determined by atmospheric deposition of iron-bearing aerosols (e.g. dust). Dust 
deposition events have been observed to lead to an increase in primary productivity in 
some ocean reagions, however the biological response to dust deposition events was 
not strong in all cases [34-36]. 

Dissolution rates of iron(III) (hydr)oxides or Fe(III)-bearing minerals can be 
significantly enhanced in sunlit surface waters, if photoreductive processes leading 
to kinetic labile Fe(II) are involved. In the presence of photoreductive ligands, which 
might be associated with microbial exudates [37] or with photochemically transformed 
anthropogenic precursors of deposited aerosols [38, 39], iron(III) (hydr)oxides phases 
can undergo photoreductive dissolution. Numerous laboratory studies have investigated 
photoreductive dissolution of iron(III) (hydr)oxides in the presence of photoreductive 
ligands such as carboxylic acids and α-hydroxycarboxylic acids [40-43], but the effect 
of siderophores on photoreductive dissolution has not been investigated before this PhD 
project was initiated. Siderophores are known to interact with the surface of iron(III) 
(hydr)oxides and may facilitate the transfer of photochemically produced surface Fe(II) 
into solution. It has been proposed that siderophores might be directly involved in the 
photoreductive dissolution of iron(III) (hydr)oxide phases, by forming photoreactive 
Fe(III) complexes at the surface of these phases [9]. This assumption is based on the 
observation that siderophores containing α-hydroxycarboxylic acid functional groups 
form photoreactive Fe(III)-siderophore complexes in which the Fe(III) center is reduced 
by a light-induced ligand-to-metal charge-transfer reaction [44, 45]. Photoreductive 
dissolution of iron(III) (hydr)oxide phases may be promoted even in the absence of any 
organic ligands. It was observed that dissolved Fe(II) accumulated under irradiation 
of organic-free suspensions of lepidocrocite (γ-FeOOH) at pH 4 [46]. Even at pH 8, it 
has been recently reported that photoreductive dissolution of freshly formed amorphous 
ferric hydroxides in artificial and organic-free seawater samples results in measurable 
dissolved Fe(II) concentrations [47].

The overall objective of this thesis was the investigation of the light-induced 
dissolution of iron(III) (hydr)oxides in the presence of siderophores. The specific 
research objectives were: 

(i) to investigate the interactions of two model siderophores, desferrioxamine 
B (DFOB) and aerobactin, with the surface of lepidocrocite (γ-FeOOH) at the 
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molecular level by ATR-FTIR spectroscopy.

(ii) to investigate if the α-hydroxycarboxylic acid group in aerobactin is coordinated 
to the surface of lepidocrocite such that photolysis of the surface Fe(III)-complex 
formed by this functional group is feasible.

(iii) to investigate the dissolution of lepidocrocite as a function of the adsorbed 
amount of siderophores (DFOB, aerobactin) and thus to assess the dissolution 
reactivity of the siderophores in the dark and under irradiation of artificial 
sunlight.

(iv) to investigate the mechanisms of photoreductive dissolution in the absence of 
organic ligands.

(v) to investigate the effect of light at different wavelengths on photoreductive 
dissolution in the absence and presence of siderophores.

The results of this work are divided into 7 chapters:

 Chapter 1 is based on work that was conducted during my diploma thesis “Effect • 
of siderophores on the light-induced dissolution of colloidal Fe(III) (hydr)oxides”. 
The manuscript for publication was written during the initial phase of this PhD 
project and was the starting point for further experimental work. The main focus 
was the interplay between siderophores and an additional photoreductive ligand 
(oxalate) in the siderophore-promoted dissolution of lepidocrocite and goethite at 
pH 6.

Chapter 2 reports an ATR-FTIR spectroscopic investigation of a model • 
α-hydroxycarboxylic acid ligand (citrate) at the surface of lepidocrocite. The aim 
of this chapter was to assess the possibility of investigating photoredox reactions of 
surface complexes of adsorbed organic ligands by ATR-FTIR spectroscopy. This 
chapter focuses on the surface-mediated photolysis of the α-hydroxycarboxylate 
functional group in citrate, which is also a functional metal binding group in 
many siderophores (e.g., in aerobactin).

Chapter 3 describes an ATR-FTIR spectroscopic study on the interactions of DFOB • 
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and aerobactin at the surface of lepidocrocite. Adsorption of these siderophores 
was investigated in a broad pH range. The aim of this work was to determine 
the coordination of siderophore functional groups to the surface. In addition, it 
was tested if the α-hydroxycarboxylate group in aerobactin is coordinated and is 
photolyzed at the surface of lepidocrocite under UV-visible irradiation.

Chapter 4 presents the results of a kinetic study on the dissolution of lepidocrocite • 
by DFOB and aerobactin. In contrast to Chapter 1, the investigated pH range 
was extended to pH 3-8. Dissolution experiments were performed in the dark 
and under artificial sunlight. The aim of this work was to provide information 
on the dissolution reactivity of adsorbed siderophores. This was achieved by 
parameterizing dissolution rates according to the rate law of ligand-promoted 
dissolution.

Chapter 5 describes a kinetic and modeling study of photoreductive dissolution • 
of lepidocrocite and other iron(III) (hydr)oxides in the absence of any organic 
ligands. The aim of this work was to provide information on the processes leading 
to the formation of dissolved Fe(II) and reactive oxygen species in irradiated 
organic-free suspensions of lepidocrocite. A central focus in this work was the 
development of a kinetic model describing the numerous processes involved 
during photoreductive dissolution of iron(III) (hydr)oxides in the absence of 
siderophores.

Chapter 6 is related to a study investigating the wavelength dependence of • 
photoreductive dissolution in the absence and presence of DFOB. The aim of 
this study was to provide information on the spectral quality of light required to 
induce photodissolution of lepidocrocite in the absence or presence of DFOB. 

Chapter 7 presents the overall conclusions of this thesis.• 

Not included in this thesis is the co-authored review article “Siderophores and 
dissolution of iron-bearing minerals in marine systems” [48].
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abstract

Siderophores play an important role in biological iron acquisition in iron limited aquatic 
systems. While it is widely accepted that the solubilization of iron bearing mineral 
phases is a key function of siderophores, the mechanism of siderophore-promoted 
mineral dissolution in aquatic systems is largely unknown. In this study, we investigated 
the effect of siderophores (desferrioxamine B (DFOB) and aerobactin) on light-induced 
dissolution of goethite and lepidocrocite in the presence or absence of oxalate in aerated 
and deaerated suspensions at pH 6. For the irradiated two-ligand system (oxalate/
siderophore) the experimental results suggest that oxalate acts as the electron donor for 
the formation of surface Fe(II), and the siderophore acts as an efficient shuttle for the 
transfer of surface Fe(II) into solution. Furthermore, even in the absence of an electron 
donor such as oxalate, both DFOB and aerobactin accelerated the light-induced dissolution 
of lepidocrocite as compared to the thermal dissolution. Experiments with dissolved 
Fe(III)-DFOB and Fe(III)-aerobactin complexes suggest that this enhancing effect is not 
due to photolysis of corresponding surface complexes but to efficient transfer of reduced 
surface Fe(II) into solution, where surface Fe(II) may be formed, e.g. through photolysis 
of surface Fe(III)-hydroxo groups. Based on this study we conclude that the interplay of 
light and siderophores may play a key role in the dissolution of colloidal iron(III) (hydr)
oxides in marine systems, particularly in the presence of efficient electron donors. 



10

Introduction1. 

Iron bioavailability has been shown to limit or co-limit primary productivity in 
several oceanic waters, particularly in ‘High Nutrient, Low Chlorophyll’ (HNLC) 
regions [1, 2]. A significant external iron source to these and other oceanographic 
regimes is atmospheric input [1, 2]. For example, it has been estimated that atmospheric 
deposition of aeolian iron-containing mineral dust accounts for 84-93 % of the external 
iron input to the subarctic Pacific, which lies in the path of an extended aerosol plume 
that originates in China [3]. At the relatively low pH values (3 - 6) of atmospheric 
waters, solid iron phases (e.g. crystalline iron oxides and iron aluminium silicates) in 
the aerosols are subject to photoreductive dissolution [4-10]. Besides crystalline iron 
oxides (this term will be used for the various Fe(III) oxides, Fe(III) oxo-hydroxides, 
and Fe(III) hydroxides), photoproduced Fe(II) also enters open ocean surface waters 
by wet deposition. However, without significant stabilization of Fe(II) by some organic 
ligands, Fe(II) undergoes fast oxidative precipitation in seawater [11]. 

 The extent to which iron limits primary production in open ocean waters depends 
on both the abundance of iron and its bioavailability. Particulate and colloidal iron is 
believed to be unavailable to phytoplankton [12-14], and the solubility of iron in open 
ocean waters is extremely low, log [Fe(III)] < -9 [15]. Regarding dissolved iron, it has 
been proposed that eukaryotic phytoplankton species utilize only inorganic iron species 
[16]. However, more recent studies have shown that some eukaryotic algae are able to 
utilize iron bound to (strong) organic chelators via a cell surface reductase mechanism 
[17-22]. 

Unlike eukaryotic algae, marine bacteria acquire iron through a siderophore-
mediated uptake system [23]. Siderophores are low-molecular-weight organic ligands 
(0.5–1.5 kDa) with a high affinity and specificity for iron. Under iron-limiting 
conditions, siderophores are excreted by cyano- and heterotrophic bacteria [24-28]. The 
stability constants of Fe(III)-siderophore complexes are in the range of log K = 25-50 
[29]. Besides increasing the solubility of iron, siderophores also accelerate iron oxide 
dissolution [30-33]. Iron binding groups of bacterial siderophores typically include 
hydroxamate, catecholate, α-hydroxycarboxylate, and less often carboxylate groups 
[23].

Hitherto, there is no clear picture of the roles of siderophores for iron acquisition by 
the phytoplankton community. The acquisition of iron from iron-siderophore complexes 
by eukaryotic phytoplankton (e.g. diatoms) is obscure and controversially discussed in 
literature. Although eukaryotic phytoplankton generally do not produce siderophores, 
it has been shown that some species may utilize siderophore bound iron under iron-
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limiting conditions, by a cell surface reductase mechanism [18, 21]. Other studies 
however have pointed out, that strong iron-siderophore complexes are not available to 
eukaryotic phytoplankton in iron-replete waters [34, 35]. For an in-depth discussion of 
these contrasting results, we refer to Maldonado et al. [21]. 

It has been reported, that most (>99%) dissolved ferric iron in the HNLC upper 
ocean water is complexed by strong organic ligands having conditional stability 
constants in seawater similar to siderophores [36-40].  The nature of these ligands was 
partly elucidated by Macrellis et al. [41]. They have determined size classes as well 
as conditional Fe-binding affinities of iron binding compounds collected in the central 
California coastal upwelling system. The size class and conditional stability constants 
of these ligands were similar to known siderophores. Moreover, hydroxamate as well as 
catecholate Fe(III)-binding groups were found in all compounds for which strong iron 
binding was detected.

roles of siderophores in the light-induced redox cycling of dissolved iron1.1 

The effect of siderophores on the redox chemistry of dissolved iron is dominated by 
two processes: (i) stabilization of the trivalent state of iron due to the much higher affinity 
of siderophores for Fe(III) compared to Fe(II), and (ii) photolysis of certain Fe(III)-
siderophore complexes resulting in the formation of Fe(II). It has been demonstrated 
that Fe(III) complexes with the marine siderophores petrobactin (Fig. 1) [42] and 
various aquachelins [43] are photolyzed under irradiation, yielding Fe(II) and increased 
bioavailability of iron to phytoplankton (as has been demonstrated for the photolysis 
of the Fe(III)-aquachelin B complex). The photoreactivity of Fe(III)-petrobactin and 
Fe(III)-aquachelin complexes is imparted by the α-hydroxycarboxylate functional group, 
which decarboxylates under irradiation. This is consistent with earlier observations of 
the photoreactivity of α-hydroxycarboxylic acids complexed to transition metals [44, 
45]. According to a recent study of the photochemical reactivity of siderophores based 
on characteristic iron(III)-binding groups, siderophores containing only hydroxamate 
groups such as DFOB (Fig. 1) form photostable iron complexes [46]. 

The stabilization of the trivalent redox state of iron by siderophores can be related to 
the stability constants of the Fe(II)- and Fe(III)-complexes [47]:

              (1)

where the redox potential of the hexaaquated iron Eaq°  is + 770 mV (vs. normal hydrogen 
electrode). Due to the much higher affinity of siderophores to Fe(III) than to Fe(II)  
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( Fe(III)
110β >> Fe(II)

110β ), redox potentials observed for most Fe-siderophore complexes are in 
the range of -350 to -750 mV. These strongly negative redox potentials facilitate Fe(II) 
oxidation in the presence of oxygen. In the reported case of Fe(II)-DFOB complexes, 
the oxidation to Fe(III)-DFOB is instantaneous [48]. Based on above consideration, 
measured Fe(II) concentrations may not be a suitable indicator for photoreductive 
dissolution of iron oxides in the presence of siderophores in the laboratory or in marine 
in situ studies.
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fig. 1: Chemical structures of the microbial siderophores DFOB, aerobactin, and petrobactin 
[73].

roles of siderophores in the thermal dissolution of iron oxides1.2 

The dissolution of iron oxides requires the breaking of bonds between surface Fe(III) 
and lattice neighbors (e.g. lattice oxygen). Surface chemical processes that weaken these 
bonds can accelerate iron oxide dissolution. Protonation of surface sites, adsorption of 
ligands, and (photo)reduction of surface sites by reductive agents all lead to polarization 
of metal-oxygen bonds and therefore promote dissolution [49]. 

Siderophores react with iron oxides in the dark via a ligand-controlled dissolution 
mechanism [33] with a rate law proposed by Furrer and Stumm [50]: 
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adsLL LkR ][⋅=        (2)

where RL is the dissolution rate, kL is a first order rate constant and [L]ads is the 
adsorbed ligand concentration. Siderophores also accelerate other ligand controlled 
dissolution mechanisms. A recent study of thermal steady-state dissolution kinetics of 
goethite in the presence of DFOB and oxalate at near neutral pH has revealed that the 
rate determining step in the overall dissolution reaction is the detachment of surface 
Fe(III) by oxalate, followed by a ligand exchange reaction between DFOB and Fe(III)-
oxalate complexes in solution [32]. 

Mechanism and rate law of light-induced dissolution of iron oxides1.3 

Photodissolution of iron oxides has been subject to many studies [4, 5, 8, 9, 51-53]. 
The dissolution process generally involves two steps:

-  Photoexcitation and charge transfer resulting in the reduction of surface Fe(III) to  
  Fe(II) 

- detachment of reduced surface Fe(II) from the mineral surface. 

Different mechanisms can result in the formation of surface Fe(II): (i) ligand-to-metal 
charge transfer (LMCT) within organic Fe(III) surface complexes or within surface 
Fe(III)-hydroxo groups, leading to the reduction of surface Fe(III) and the oxidation 
of the ligand, and (ii) generation of photo-electrons and photo-holes within the iron 
oxide lattice (semiconductor mechanism) through photoexcitation of O2- → Fe3+ charge 
transfer bands and migration of photo-electrons to surface Fe(III) and photo-holes to 
an adsorbed electron donor. (Di)carboxylate and hydroxycarboxylate functional groups 
are important electron donors and are ubiquitous in biogenic organic compounds.  
Furthermore, (di)carboxylic and hydroxycarboxylic acids are also introduced to remote 
ocean surface waters by wet deposition of photochemically transformed anthropogenic 
precursors [54, 55]. 

Irrespective of the mechanism involved, the rate determining step in the dissolution 
of crystalline iron oxides is the detachment of Fe(II) from the mineral surface [53, 56, 
57], and the rate of Fe(II) formation is linearly dependent on the concentration of the 
adsorbed ligand, acting as an electron donor (see Eq. (2)). In the presence of oxygen 
and depending on pH, detachment of reduced surface iron may be outcompeted by 
reoxidation of surface Fe(II). Unless stabilized by ligands, detached Fe(II) is subject 
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to oxidative precipitation in circumneutral surface waters, resulting in the formation 
of amorphous iron oxide phases [58]. These freshly formed amorphous iron oxide 
phases are more readily dissolved than crystalline iron oxides. Hence, photoreductive 
dissolution is an important process, potentially increasing the bioavailability of iron in 
circumneutral surface waters [13, 58-60]. 

Purpose of this study1.4 

Solubilization of crystalline iron oxides originating from tropospheric deposition 
increases the pool of iron that may be available to the marine biota. Several studies have 
shown that photoreductive dissolution of crystalline iron oxides phases in the presence 
of humic substances or model compounds such as oxalate, acting as electron donors, is 
extremely slow above acidic pH values [9, 51, 61]. Hitherto, the effect of siderophores 
on photoreductive dissolution has not yet been studied. Although we did not attempt to 
mimic natural conditions in iron deficient areas of the open ocean, we have investigated 
the interplay of siderophores and oxalate in photodissolution of iron oxides. In this 
study, we worked with two model siderophores: DFOB, a trihydroxamate siderophore 
and aerobactin, a dihydroxamate / α-hydroxycarboxylate siderophore (Fig. 1).

Materials and methods2. 

Materials2.1 

Desferrioxamine B was obtained as mesylate salt [C25H46N5O8NH3
+(CH3SO3

-)] 
from Ciba Geigy (Desferal). Iron-free aerobactin (C22H32O12N4) was purchased from 
EMC microcollections GmbH in Tübingen, Germany and used as received. All other 
chemicals were reagent grade and solutions were prepared with high purity 18.2 
MΩ.cm water (Milli-Q, Millipore). pH measurements were carried out with a combined 
glass electrode (Metrohm), standardized with pH-buffer solutions (Merck). Goethite 
(α-FeOOH) was synthesized using a method described by Schwertmann and Cornell 
[62], dialyzed and freeze-dried. Lepidocrocite (γ-FeOOH) was prepared according to a 
procedure developed by Brauer [63] by oxidation of FeCl2 with NaNO2 in the presence 
of hexamethylentetraamine at 60 °C for 3 h. In order to remove excess chloride, the 
lepidocrocite suspension was washed several times by centrifugation and resuspension in 
high purity water. The precipitate was freeze-dried. Powder X-ray diffraction confirmed 
that the synthesized solids are goethite and lepidocrocite. The specific surface area as 
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determined by the BET method is 170 m2/g for lepidocrocite and 38 m2/g for goethite. 
The point of zero charge (PZC) of lepidocrocite produced according to the method by 
Brauer is 7.5 [64]. For goethite, an isoelectric point (IEP) of 8.3 was determined by 
measuring the electrophoretic mobility of suspended particles. 

dissolution experiments2.2 

Dissolution experiments were performed with two experimental systems. The first 
set-up (solar simulator) consisted of a 1000 W, high pressure xenon lamp (OSRAM), 
from which the originating light (spectrum similar to that of sunlight) was filtered 
by the bottom window of the Pyrex glass vessel acting as a cutoff filter at 305 nm 
[53]. All experiments were carried out in a Pyrex glass vessel with a water jacket at 
constant temperature (25 ± 1 °C). The incident light intensity, I0, was 1200 W/m2, as 
measured by ferrioxalate actinometry. The reaction volume was typically 350 ml and 
the irradiated surface area was 50 cm2. The solutions were vigorously stirred with a 
Teflon-coated stirrer. The ionic medium used for the dissolution experiments was 0.01 
M KClO4. Suspensions of 0.08 g/L goethite or 0.02 g/L lepidocrocite were irradiated 
for several hours in the presence of 80 μM DFOB and/or 200 μM K-oxalate. Goethite 
suspensions including organic ligands were prepared 17 h before irradiation and stored 
in the dark to circumvent thermal fast initial dissolution reactions during irradiation 
experiments. By adding appropriate amounts of diluted HCl or NaOH, the pH of the 
solutions was kept constant at pH 6 during the entire experiments. Two different types 
of experiments were performed: steady-state experiments, in which DFOB and oxalate 
were both added to goethite or lepidocrocite suspensions before irradiation; and non-
steady-state experiments in which oxalate reacted with the iron oxides under irradiation 
before adding DFOB. Oxygen-free (deaerated) conditions were maintained by purging 
N2 through the suspensions and sporadically applying a weak vacuum. 

The second experimental set-up was a light box equipped with 8 Philips TL20W/05 
lamps (spectrum ranging from 300 to 460 nm with a maximum at 365 nm) on two 
opposite sides inside the box. Dissolution experiments were carried out in 4 ml 
polymethylmethacrylat (PMMA) cuvettes with two optical sides with excellent 
transmission in the range of 280 – 800 nm. The cuvettes with dimensions of 1 cm × 1 
cm × 4 cm were always placed on a magnetic stirrer plate at the same height. Because 
light transmission also occurred through the two non-optical sides of the cuvettes, an 
incident light intensity I0 of approximately 55 W/m2 was estimated by ferrioxalate 
actinometry. An average photolysis quantum yield of 1.16 was used for the light 
intensity calculation. Suspensions containing 0.02 g/L lepidocrocite, 0.01 M KClO4, 
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45 μM DFOB or aerobactin at pH 6 were irradiated for over 4 h. The suspensions 
were stirred with small magnet bars. An integrated ventilator kept the temperature at 
about 32 °C to 34 °C. Dark experiments were carried out at the same temperature in a 
temperature controlled water bath. 

In all dissolution experiments, samples of the suspensions were periodically 
taken, immediately filtered, and acidified with a small amount of 65 % suprapure 
HNO3 (Merck). Single use syringe filters with 0.2-μm pore size (Sartorius) were 
used for goethite suspensions. Preliminary tests showed that significant fractions of 
a lepidocrocite suspension passed through membrane filters with 0.2-μm pore size. 
Therefore membrane filters with a pore size of 0.025 μm (Schleicher and Schuell) were 
used to filter lepidocrocite suspensions. We operationally define iron that passes through 
these filters as total dissolved iron [Fetot]. Total dissolved iron was measured by ICP-MS 
(Agilent 7500 Series; iron standards from Fluka). 

Photolysis of dissolved fe(III)-siderophore complexes2.3 

Solutions of 45 μM 1:1-Fe(III)-DFOB and 1:1-Fe(III)-aerobactin complexes were 
prepared by adding the equivalent amount of siderophore to a solution of 45 μM 
FeCl3⋅6H2O at pH 1. The pH of the solutions was varied by titrating these unbuffered 
solutions manually with NaOH. No electrolyte was added. The ionic strength of 
solutions with pH > 3 was approximately 0.1 M, due to the initial acidification to pH 1 
with HCl and titration with NaOH back to higher pH. Light and dark experiments were 
performed with the second experimental set-up. UV-visible absorption of the irradiated 
and non-irradiated solutions were recorded with a UV-visible spectrophotometer (Cary 
1E) using a micro-cuvette (5 cm pathlength, 0.7 ml volume). Analogous experiments 
were carried out with 0.15 g/L lepidocrocite suspensions in the presence of 45 μM 
aerobactin and 0.01 M KClO4. After irradiation, samples were filtered and the spectra 
of the filtered solutions were recorded. 

results3. 

Photolysis of fe(III)-siderophore complexes in homogeneous and 3.1 
heterogeneous systems

Aqueous Fe(III)-aerobactin complexes exhibited pH-dependent peak shifts in the 
UV-visible spectrum consistent with published results [65]. Decreasing the pH from 
6 to 3.5 led to a shift of the absorption peak maximum from 395 nm to about 430 nm. 
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Similar peak shifts were observed upon irradiation of a solution of 1:1 Fe(III)-aerobactin 
at constant pH of 6.3 for two and six hours (Fig. 2), whereas the spectrum of the non-
irradiated Fe(III)-aerobactin solution did not change over time. The irradiated solution 
(pH 6.3) exhibited a UV-visible spectrum similar to that of a non-irradiated solution at 
pH 3.5 (with absorption maximum at 430 nm), which is consistent with a light-induced 
change in the coordination sphere of Fe(III)-aerobactin complexes analogous to the 
pH-dependent change in the coordination sphere. We have also observed peak shifts in 
irradiated solutions of Fe(III)-aerobactin complexes at lower pH. At pH 5 a peak shift 
from 402 nm to 427 nm occurred upon irradiation, whereas at pH 4 a peak shift from 
423 nm to 430 nm was observed. Irradiation of a Fe(III)-DFOB solution for 6 h at pH 6 
did not result in changes in the UV-visible absorption spectra (data not shown), which 
is in agreement with recent reports [46].

To investigate photolysis of Fe(III)-aerobactin complexes at the lepidocrocite surface, 
lepidocrocite suspensions were irradiated in the presence of aerobactin for 6 h at pH 
6. The spectra of two filtered solutions (independent replicates) showed an absorption 
maxima at 430 nm (Fig. 3) which also was found for an irradiated homogeneous Fe(III)-
aerobactin solution at pH 6.3 (Fig. 2).
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fig. 2: UV-visible spectra of 1:1 Fe(III)-aerobactin complexes (45 μM) irradiated for 2 and 6 
hours or kept in the dark. I0 = 55 W/m2 (blue actinic light source with a spectral range between 
300 - 460 nm). T = 32 °C, pH 6.3, ionic strength ~ 0.1 M.
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fig. 3: UV-visible spectra of two filtered suspensions (independent replicates) containing 0.15 
g/L lepidocrocite and 45 μM aerobactin, after 6 h irradiation with I0 = 55 W/m2 (blue actinic 
light source with a spectral range between 300 - 460 nm). T = 32 °C, pH 6, electrolyte = 0.01 M 
KClO4.

effects of dfoB or aerobactin and light on the dissolution of lepidocrocite 3.2 
and goethite 

The results of lepidocrocite dissolution experiments in the presence of aerobactin or 
DFOB are shown in Fig. 4. No significant dissolution was observed in the absence of 
these siderophores, even in a deaerated, irradiated lepidocrocite suspension.  Thermal 
lepidocrocite dissolution rates were accelerated in the presence of DFOB and aerobactin 
(2.0 and 2.8 nmol min-1 m-2, respectively). Irradiation caused further acceleration of 
dissolution rates relative to thermal dissolution rates by a factor of four (8.2 and 11.5 
nmol min-1 m-2) in the presence of DFOB and aerobactin, respectively. 

No thermal or photodissolution of goethite was observed in the presence of DFOB 
as the only organic ligand (detection limit ~0.1 μM Fe) under aerated or deaerated 
conditions on the time scale of the dissolution experiments (data not shown). 

Photodissolution of lepidocrocite and goethite in the presence of dfoB and/3.3 
or oxalate

Dissolution rates of lepidocrocite in the presence or absence of DFOB and oxalate 
are summarized in Table 1 and Fig. 5. Under aerated conditions at pH 6, oxalate did not 
promote significant photodissolution, whereas DFOB did (see also Fig. 4). However, 



19Chapter 1

0
2
4
6
8

10
12
14
16
18

0 100 200 300
Time (min)

[F
e t

ot
] (

μM
)

Aerobactin, irradiated
Aerobactin, dark
DFOB, irradiated
DFOB, dark
no siderophore, irradiated

fig. 4: Dissolution in aerated 0.02 g/L lepidocrocite suspensions in the presence of 45 μM 
aerobactin or DFOB. Suspensions were either irradiated with I0 = 55 W/m2 (blue actinic light 
source with a spectral range between 300 - 460 nm) or kept in the dark. Lepidocrocite suspensions 
(deaerated) were also irradiated in the absence of siderophores. T = 32 °C, pH 6, electrolyte = 0.01 
M KClO4. [Fetot] = total dissolved iron measured by ICP-MS.

 
under deaerated, irradiated conditions, appreciable dissolution rates were observed in 
the presence of oxalate only. Photodissolution of lepidocrocite under aerated conditions 
was greatly enhanced by DFOB when oxalate also was present. There was no significant 
difference in photodissolution rates in the two-ligand system under aerated and deaerated 
conditions.

Results of goethite dissolution experiments are summarized in Table 2 and Fig. 6. 
The dissolution rates were generally lower than those observed for lepidocrocite under 
the same conditions. For example, the lepidocrocite dissolution rate in the presence of 
80 μM DFOB and 200 μM oxalate in the dark was 6.2 nmol m-2 min-1, and hence more 
than an order of magnitude higher than the corresponding dissolution rate for goethite 
(0.1 nmol m-2 min-1).  Furthermore, no thermal- or photodissolution of goethite was 
observed in the presence of either DFOB or oxalate on the time scale of the experiments. 
Only for goethite suspensions containing both DFOB and oxalate, dissolution rates 
were increased upon irradiation and dissolution rates were smaller in aerated than in 
deaerated suspensions (Fig. 6). As mentioned above, oxygen had no effect on light-
induced dissolution rates of lepidocrocite in the presence of both DFOB and oxalate 
(Fig. 5). 
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Table 1: Dissolution rates in irradiated lepidocrocite suspensions at pH 6 in the presence of DFOB 
and/or oxalate (0.02 g/L lepidocrocite, electrolyte = 0.01 M KClO4; T = 25 °C, I0 = 1200 W/m2).

[DFOB] 
(μM) [Oxalate] (μM) Deaerated Dissolution rate  

 (nmol m-2 min-1)
- - No n.d.
- - Yes n.d.

80 - No 5.4
80 - Yes 7.3
- 200 No Small, non linear
- 200 Yes 11.8

80 200 No ~24.3
80 200 Yes ~24.3

n.d.: no detectable increase in iron concentrations over the course of the dissolution experiment
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fig. 5: Dissolution in irradiated 0.02 g/L lepidocrocite suspensions in the presence/absence of 80 
μM DFOB / 200 μM oxalate. I0 =1200 W/m2 (xenon lamp with a spectral range between 300 - 800 
nm), T = 25 °C, pH 6, electrolyte = 0.01 M KClO4. Closed symbols stand for aerated suspensions, 
open symbols for deaerated suspensions. [Fetot] = total dissolved iron measured by ICP-MS.
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Table 2: Dissolution rates in irradiated goethite suspensions at pH 6 in the presence of DFOB and/
or oxalate (0.08 g/L goethite, electrolyte = 0.01 M KClO4; T = 25 °C, I0 = 1200 W/m2).

[DFOB]  
(μM)

[Oxalate] 
(μM)

Deaerated Dissolution rate  
(nmol m-2 min-1)

80 - No n.d.
80 - Yes n.d.
- 200 No n.d.
- 200 Yes n.d.

80 200 No 0.59
80 200 Yes 2.9

n.d.: no detectable increase in iron concentrations over the course of the dissolution experiment
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fig. 6: Dissolution in 0.08 g/L goethite suspensions in the presence of 80 μM DFOB and 200 μM 
oxalate under different conditions. I0 = 1200 W/m2 (xenon lamp with a spectral range between 
300 - 800 nm), T = 25 °C, pH 6, electrolyte = 0.01 M KClO4. Suspensions were kept first for 17 
hours in the dark to circumvent fast dissolution during irradiation experiments. After this time 
span, total dissolved iron concentrations as measured by ICP-MS were 0.3-0.4 μM.
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non-steady-state experiments with lepidocrocite and goethite in the two-3.4 
ligand system dfoB/oxalate

To investigate whether kinetically labile surface sites (e.g., photoproduced Fe(II), or 
freshly formed iron oxide phases) accumulate at the mineral surface in the presence of 
oxalate, we conducted non-steady-state experiments. Deaerated or aerated lepidocrocite 
and goethite suspensions were first exposed to oxalate for a few hours, before adding a 
spike of DFOB. In Fig. 7A – C the dissolutions kinetics in non-steady-state experiments 
is compared to that in the steady-state experiments, in which DFOB and oxalate were 
added simultaneously to lepidocrocite or goethite suspensions. As soon as DFOB 
was added to irradiated, lepidocrocite (aerated) and goethite (deaerated) suspensions, 
containing oxalate (at 70 min and 200 min, respectively), the dissolution rate equaled 
that of the corresponding steady-state experiment (Fig. 7A, B). Hence, on the time scale 
of this experiment we observed no accumulation of kinetically labile surface sites in 
irradiated suspensions at pH 6. 

Goethite suspensions were first conditioned in the dark for 17 h with oxalate and 
oxalate/DFOB in non-steady-state and steady-state experiments, respectively, before 
irradiating the suspensions. Within this conditioning period, no detectable thermal 
dissolution by oxalate took place, whereas thermal dissolution was obvious in the 
presence of both oxalate and DFOB, resulting in dissolved iron concentrations of 0.3 
– 0.4 μM (at 0 min) in deaerated and aerated suspensions (Fig. 7B, C). In irradiated, 
aerated goethite suspensions (Fig. 7C), the addition of DFOB led to fast initial dissolution 
which then slowed down to match the steady-state dissolution rate. No photodissolution 
was observed in aerated goethite suspensions before DFOB was added. The fast release 
of 0.3-0.4 μM dissolved iron after the addition of DFOB can be rationalized in terms of 
thermal formation of kinetically labile surface iron by oxalate during the conditioning 
phase and the efficient detachment after the addition of DFOB at 200 min.
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fig. 7: Comparison of steady-state dissolution and non-steady-state dissolution in irradiated 0.02 
g/L lepidocrocite suspensions (A) and 0.08 g/L goethite suspensions (B and C). In steady-state 
experiments 80 μM DFOB and 200 μM oxalate were added simultaneously to the iron oxide 
suspensions, whereas in non-steady-state experiments, oxalate was first left to react with the 
iron oxides, before DFOB was added (at 70 min and 200 min for lepidocrocite and goethite 
suspensions, respectively). (A) aerated and irradiated lepidocrocite suspensions; (B) deaerated 
and irradiated goethite suspensions; (C) aerated and irradiated goethite suspensions. T = 25 °C, 
pH 6, I = 1200 W/m2 (Xenon lamp with a spectral range between 300 - 800 nm), electrolyte 
= 0.01 M KClO4. Goethite suspensions were kept first for 17 hours in the dark to circumvent 
fast dissolution during irradiation experiments. After this conditioning phase, total dissolved iron 
concentrations as measured by ICP-MS were 0.3-0.4 μM for steady-state experiments and 0 μM 
for non-steady-state experiments in (B) and (C).
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discussion4. 

Photolysis of fe(III)-siderophore complexes4.1 

We measured UV-visible absorption spectra of Fe(III)-siderophore complexes before 
and after irradiation in order to investigate the photoreactivity of these complexes. 
Irradiation of 1:1 Fe(III)-aerobactin solutions at pH 4, 5, and 6.3 led to light-induced peak 
shifts in the absorption spectra with a final absorption maximum at approximately 430 
nm (for pH 6.3 solution, see Fig. 2). These peak shifts clearly indicate the photoreactivity 
of dissolved Fe(III)-aerobactin complexes. It is likely that the photoreactivity of 
aerobactin is imparted by the α-hydroxycarboxylate binding group. This suggests 
that the coordination of Fe(III) by both oxygen atoms of the hydroxyl and carboxyl 
moieties of the α-hydroxycarboxylate group is a prerequisite for photolysis to occur. We 
hypothesize that photolysis of the Fe(III)-aerobactin complex is likely to result in the 
destruction of the α-hydroxycarboxylate group and the formation of a 3-ketoglutarate 
residue in analogy to the structurally similar petrobactin (see Fig. 1) [42]. The changes 
in absorption spectra of the Fe(III)-aerobactin complex therefore reflect the loss of 
iron coordination by the α-hydroxycarboxylate group. This interpretation is supported 
by similar spectral changes due to pH shifts and hence changes of the coordination 
sphere of Fe(III)-aerobactin complexes. Harris et al. [65] have observed UV-visible 
absorption spectra of Fe(III)-aerobactin complexes as a function of pH and concluded 
that pH dependent shifts are due to changes in the coordination of iron by the citrate 
moiety. Raising solution pH from 3.5 to 6 increases the fraction of [Fe3+(aerobactin6-)]3-, 
in which Fe(III) is coordinated by both hydroxamate binding groups as well as the 
hydroxyl and carboxyl moieties of the α-hydroxycarboxylate group. According to 
speciation calculations, the fraction of this species constitutes 16 %, 74 % and 97 % 
at pH 4.0, pH 5.0 and pH 6.0, respectively, in 1:1 Fe(III)-aerobactin solutions (I = 0.1 
M). Thermodynamic data for the speciation calculation are listed in Table 3. A linear 
relationship between the pH-dependent fraction of [Fe3+(aerobactin6-)]3- and the observed 
absorption peak maximum is found in non-irradiated 1:1 Fe(III)-aerobactin solutions 
(Fig. 8). At pH 3.5 the absorption peak maximum lies at approximately 430 nm, whereas 
at pH 6 the peak maximum occurs at 395 nm. Irradiation of 1:1 Fe(III)-aerobactin 
solutions with pH > 3.5 leads to a peak shift to 430 nm, indicating photodegradation 
of the citrate moiety in the photoreactive species [Fe3+(aerobactin6-)]3- and hence loss of 
one binding group. 

We have not observed changes in the UV-visible spectra of Fe(III)-DFOB complexes 
due to irradiation. This is consistent with previous reports on the photostability of 
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Fe(III)-DFOB complexes [46]. 

Table 3: Thermodynamic stability constants at 25 °C and infinite dilution

Reaction Log K298 
a

Aerobactin5-  +  H+  =  HAerobactin4- 
Aerobactin5-  +  2H+  = H2Aerobactin3- 
Aerobactin5-  +  3H+  =  H3Aerobactin2-  
Aerobactin5-  +  4H+  =  H4Aerobactin-  
Aerobactin5-  +  5H+  =  H5Aerobactin  

Aerobactin5- + Fe3+  = FeH-1Aerobactin3- + H+ 
Aerobactin5- + Fe3+   = FeAerobactin2-  
Aerobactin5- + Fe3+ + H+  = FeHAerobactin-  
Aerobactin5- + Fe3+ + 2H+  = FeH2Aerobactin 
Aerobactin5- + Fe3+ + 3H+  = FeH3Aerobactin+ 

Fe3+ + OH- =  FeOH2+   
Fe3+ + 2OH- =  Fe(OH)2

+  
Fe3+ + 3OH- =  Fe(OH)3 (aq)  
Fe3+ + 4OH- =  Fe(OH)4

- 
2Fe3+ + 2OH- =  Fe2(OH)2

4+  
3Fe3+ + 4OH- =  Fe3(OH)4

5+ 

10.51
20.30
25.25
29.16
32.49

20.67
25.72
29.75
33.06
35.46

11.81
23.4
30.2
34.4
25.14
49.7

FeH-1Aerobactin3- is the photoreactive species [Fe3+(aerobactin6-)]3- 

a values are taken from Martell et al. (2001) and corrected to zero ionic strength using the Davies 
equation.
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fig. 8: Observed absorption maxima of non-irradiated solutions of 1:1 Fe(III)-aerobactin 
complexes (45 μM) at different pH vs. the calculated fraction of the [Fe3+(aerobactin6-)]3- species. 
The program CHEAQS vers. L19 was used for speciation calculations [74].
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Thermal and photodissolution of lepidocrocite by dfoB and aerobactin4.2 

The rate of siderophore-controlled iron oxide dissolution is influenced by the 
configuration and bonding of Fe-siderophore surface complexes. Similar rate constants 
of ligand-promoted dissolution of goethite in the presence of the trihydroxamate 
siderophore DFOB or monohydroxamate aHA (acetohydroxamic acid, see Fig. 9) have 
been reported [66]. These authors have therefore concluded that only one hydroxamate 
group of DFOB participates in the formation of a bidentate mononuclear surface complex 
on goethite. In the case of aerobactin, the α-hydroxycarboxylate moiety as well as the 
hydroxamate moieties may participate in surface complex formation. The affinities of 
these functional groups for inner-sphere coordination of Fe(III) at the mineral surface 
are not known, but may be assessed from the stability constants of aqueous complexes 
of analogous compounds [67]. The overall stability constant of a typical 1:1 Fe(III)-
monohydroxamate complex is much higher than that of an equivalent 1:1 Fe(III)- 
α-hydroxycarboxylate complex (Fig. 9). For example, the stability constant of 1:1 
Fe(III)-acetohydroxamic acid (monohydroxamate complex) is 8 orders of magnitude 
higher than that of 1:1 Fe(III)-glycolic acid (α-hydroxycarboxylate complex) [68]. 

N

CH3O

HOH

OH O

OH H

H

    Acetohydroxamic acid aHA
         

Log KFeL = 10.95

Glycolic acid

Log KFeL = 2.9

fig. 9:  Chemical structures of acetohydroxamic acid and glycolic acid and the stability constants 
[68] of aqueous 1:1 Fe(III)-ligand complexes at ionic strength I = 1 M and 25 °C.

Therefore, we assume that weaker inner-sphere surface complexes are formed 
with α-hydroxycarboxylate binding groups than with hydroxamate binding groups 
and that hydroxamate groups will have a stronger effect on dissolution rates than 
α-hydroxycarboxylate groups. Such a correlation between ligand affinity and dissolution 
rates of iron oxides has been observed by Duckworth and Martin [69]. They have studied 
surface complexation and dissolution of hematite by various dicarboxylic acids at pH 
5 and have observed a linear relationship between the ligand-promoted dissolution 
rate constants and the Langmuir binding constants. Based on above considerations, we 



27Chapter 1

propose surface coordination of aerobactin on iron oxides by a hydroxamate binding 
group. The hypothesis that the α-hydroxycarboxylate group does not participate in 
surface complexation is consistent with the observation of equal light-induced and 
thermal lepidocrocite dissolution rates by DFOB and aerobactin (Fig. 4), despite the 
different photoreactivity of dissolved Fe(III)-aerobactin and Fe(III)-DFOB complexes. 
This indicates that both siderophores coordinate surface Fe(III) with the hydroxamate 
group and not with the α-hydroxycarboxylate group in the case of aerobactin, and that 
both siderophores do not promote photoreduction of Fe(III) surface sites by a ligand-to-
metal charge-transfer mechanism. UV-visible absorption spectra of filtered lepidocrocite 
suspensions that were irradiated in the presence of aerobactin (Fig. 3) exhibited the 
same spectral features as photolyzed Fe(III)-aerobactin complexes in solution (Fig. 
2), typically having an absorption maximum at 430 nm. Most likely, the transfer of 
surface iron into solution occurs via the hydroxamate binding group of aerobactin, and 
once dissolved Fe(III) is fully coordinated, photolysis of the Fe(III)-aerobactin complex 
occurs. 

Possible mechanisms of Fe(III) photoreduction at the lepidocrocite surface in the 
presence of DFOB or aerobactin are photolysis of surface Fe(III)-hydroxo groups or 
excitation of the O2- → Fe3+ charge-transfer bands with subsequent migration of the 
generated photo-electron to the oxide surface. Irrespective of the exact photochemical 
mechanisms that lead to the formation of surface Fe(II), both DFOB and aerobactin 
clearly promote the transfer of iron to the solution.  This is consistent with the 
acceleration of the rate determining detachment of Fe(II)  in ligand-promoted, reductive 
dissolution [56].

Thermal and photodissolution of goethite and lepidocrocite in the two-ligand 4.3 
system dfoB/oxalate

Oxalate is known to form photoreactive surface complexes at goethite and 
lepidocrocite surfaces and to promote fast photodissolution in the absence of oxygen 
[8, 53]. In the presence of oxygen and depending on pH, reoxidation of Fe(II) at the 
mineral surface may outcompete detachment of Fe(II) [8, 9]. In our study, the presence 
of oxygen reduced the rate of lepidocrocite photodissolution in the presence of oxalate 
to less than 50 % relative to dissolution rates of deaerated suspensions at pH 6 (Fig. 5 
and Table 1). This indicates that fast reoxidation of surface Fe(II) in aerated suspensions 
outcompetes its slow detachment from the lepidocrocite surface. However, in the 
presence of both oxalate and DFOB, photodissolution of lepidocrocite was significantly 
accelerated with similar rates in aerated and deaerated suspensions (Fig. 5). Considering 
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that DFOB does not act as an electron donor (see discussion above), we conclude that 
DFOB is an efficient shuttle for the transfer of surface Fe(II) into solution. 

The presence of oxygen has a bigger impact on light-induced dissolution of goethite 
in the presence of DFOB and oxalate (Fig. 6), as compared to lepidocrocite. This can be 
explained in terms of different thermodynamic stabilities of these two iron oxide phases. 
With goethite, detachment of reduced iron is likely to be slower than with lepidocrocite, 
resulting in competitive reoxidation of Fe(II) [8]. These authors have reported that 
no dissolution took place in irradiated, aerated goethite and hematite suspensions at 
pH 3. However, as shown in Fig. 6, photodissolution of goethite does take place in 
aerated suspensions, even at pH 6, if DFOB is added to the system. The likely role of 
siderophores in the formation of dissolved iron through photoreductive dissolution of 
iron oxides is shown schematically in Fig. 10. 
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fig. 10: General mechanism of light-induced dissolution in the presence of siderophores. 
Following photoexcitation of surface hydroxo complexes or surface ligand complexes and charge 
transfer, surface Fe(III) is reduced to Fe(II). For simplicity, the O2- → Fe3+  semiconductor charge 
transfer mechanism is omitted. Detachment of Fe(II) is the rate determining step in the overall 
photodissolution reaction. A competing reaction is the reoxidation of surface Fe(II). Depending 
on the thermodynamic stability of the iron oxide, siderophore-promoted detachment may or may 
not outcompete the surface reoxidation reaction. The dissolution of reoxidized surface Fe(III) is 
promoted by siderophores in a slow ligand controlled dissolution reaction with similar rates as 
the dark reaction. In solution Fe(II)-siderophore complexes are oxidized immediately to Fe(III)-
siderophore complexes by oxygen.
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To investigate, if kinetically labile sites (Fe(II) and reoxidized surface sites) 
accumulate at irradiated oxide surfaces in the presence of oxalate, non-steady-state 
dissolution experiments were performed. Goethite and lepidocrocite suspensions were 
irradiated in the presence of oxalate before adding the siderophore DFOB (Fig. 7A-C). 
The accumulation of labile surface sites is expected to result in a fast non-steady-
state dissolution reaction after the addition of the siderophore. Accumulation and fast 
non-steady-state release of labile Fe(III) surface sites have been observed previously 
in thermal dissolution experiments involving oxalate and DFOB [70]. Furthermore, a 
labilizing effect of light on the dissolution of colloidal iron oxides by unknown organic 
chromophores in seawater has been observed by Wells et al. [58]. We did not observe 
such a light-induced labilization of surface sites on goethite and lepidocrocite in the 
presence of oxalate. The sudden increase in dissolved iron, which occurred upon 
addition of DFOB to an aerated and irradiated goethite / oxalate suspension (Fig. 7C) 
is most likely due to the labilizing effect of oxalate during the conditioning phase in the 
dark (17 h). The thermal formation of about 0.3-0.4 μM kinetically labile surface iron 
by oxalate is consistent with the results by Reichard et al [70]. 

conclusions5. 

Considering that the deposition of atmospheric aerosols to ocean waters may provide 
a significant source of iron in the form of solid oxides, photodissolution processes may 
be important for increasing the bioavailability of iron to the marine biota. According 
to our laboratory study, siderophores, including a non-photoreductive siderophore, 
greatly accelerate light-induced dissolution of crystalline iron oxides. Addition of a 
second organic ligand, acting as the electron donor, further accelerates the dissolution 
process. This synergistic effect of siderophores and photoreductive ligands may be an 
important process in iron solubilization in iron deficient marine surface waters, where 
photoreductive ligands as well as siderophores are present [37, 41, 54, 71, 72]. 
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abstract

The photodecomposition of citrate adsorbed to γ-FeOOH (lepidocrocite) was 
investigated by batch photodissolution experiments and by in situ attenuated total 
reflection infrared spectroscopy (ATR-FTIR). Batch photodissolution experiments in 
suspensions of 125 mg/L γ-FeOOH and 100 μM 14C radio-labeled citrate revealed that 
the α-hydroxycarboxylic acid functional group of citrate was selectively photooxidized 
at pH 4 and pH 6. ATR-FTIR spectra recorded during the irradiation of γ-FeOOH-
layers with adsorbed citrate showed that the primary photoproduct of citrate was 
acetonedicarboxylic acid. In the presence of excess citrate, the adsorbed photoproduct 
was exchanged in a ligand-exchange reaction indicating that citrate forms stronger 
surface complexes than acetonedicarboxylic acid. The primary photooxidation reaction 
was resolved from the subsequent ligand-exchange reaction by the application of a 
relatively high photon flux (5-10 W/cm2, 300-500 nm). Despite consecutive ligand-
exchange reactions, the photoconversion of adsorbed citrate to acetonedicarboxylic acid 
was almost complete at pH 4 within 22 min. At pH 6, only a small photodecomposition 
was observed. This result was interpreted in terms of (i) different fractions of inner- and 
outer-sphere citrate surface complexes at pH 4 and pH 6 and (ii) different photoreactivity 
of different inner-sphere complexes. Furthermore, both batch photodissolution 
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experiments and ATR-FTIR spectroscopy revealed that adsorbed acetonedicarboxylic 
acid was further decomposed to acetoacetate at pH 4, but not at pH 6. This study 
shows that the photooxidation of adsorbed citrate leads to the same products as the 
photodecomposition of dissolved ferric-citrate complexes. Moreover, it highlights the 
potential of ATR-FTIR spectroscopy for investigating photoreactions at iron oxide 
surfaces at the molecular level. 

Introduction1. 

Photoreductive dissolution of oxide mineral phases by organic ligands and 
photooxidation of the involved organic ligands are typically studied by batch 
photoirradiation experiments. A drawback of such experiments is that the numerous 
underlying processes occurring at the oxide mineral surface cannot be directly 
investigated. Only a surface sensitive technique such as attenuated total reflection 
infrared spectroscopy (ATR-FTIR) is capable of providing information on the 
individual processes at the mineral-water interface. The investigation of photochemical 
processes at mineral-water interfaces by ATR-FTIR is a relatively new research 
field. Although ATR-FTIR spectroscopy has been widely used to study adsorption 
of organic ligands on mineral interfaces, there have been only few studies reporting 
photochemical processes at such interfaces. The major focus of these recent studies 
was the investigation of photocatalytic processes at TiO2 surfaces [1-11]. So far, only 
two studies have demonstrated the applicability of studying photochemical processes 
at iron (hydr)oxide surfaces by ATR-FTIR [8, 10]. Compared to TiO2, iron(III) (hydr)
oxides are perceived as poor photocatalysts for industrial applications, but as ubiquitous 
natural mineral phases iron(III) (hydr)oxides are known to play a central role in many 
natural biogeochemical processes. Of particular interest is the photochemical reduction 
of iron (hydr)oxides in aquatic environments by low molecular weight organic acids. 
The potential of such organic acids to induce photodissolution of iron oxides and thus 
to increase the bioavailability of iron in aquatic environments has been reported in 
many studies [12-19]. The photodecomposition of carboxylic acids at iron (hydr)oxide 
surfaces and the concomitant photodissolution of the iron (hydr)oxides may proceed by 
two different mechanisms [20, 21]: (1) As a result of the semiconducting properties of 
iron (hydr)oxides [22, 23], photoelectrons and photoholes may be generated with the 
photoholes oxidizing adsorbed organic acids and the photoelectrons reducing surface 
Fe(III) lattice sites. However, this mechanism may be strongly hampered by the efficient 
recombination of photo-holes and photo-electrons within the iron oxide bulk [23-26] (in 
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contrast to TiO2 phases). (2) The photooxidation of carboxylic acids may also proceed 
by a light-induced ligand-to-metal charge transfer reaction within the Fe(III)-carboxylic 
acid surface complexes. On the basis of the available information, it is not possible 
to unambiguously decide which mechanism dominates the photodecomposition of 
carboxylic acids at iron oxide surfaces. However, we may assume that photoreductive 
dissolution of iron (hydr)oxides in the presence of organic acids, for which the 
photoreactivity of aqueous Fe(III)-complexes have been reported (e.g., oxalic acid, 
citric acid) [13, 27-29], is likely to proceed by a similar ligand-to-metal charge-transfer 
reaction at the surface. 

In this work, we report the decomposition of citric acid at the surface of γ-FeOOH 
(lepidocrocite). Citrate is a model compound for polycarboxylic acids that are ubiquitous 
in atmospheric and surface waters and that rapidly undergo photoredox reactions in the 
presence of Fe(III) [28]. Citric acid was chosen because the solution photochemistry 
of Fe(III)-citrate complexes is well known [27, 28] and because it represents the class 
of α-hydroxycarboxylic acid compounds that are known to induce photodissolution of 
iron oxides in natural environments even at high pH (e.g., seawater) [13, 19]. In this 
study, batch photodissolution experiments with lepidocrocite and radio-labeled citrate 
as well as ATR-FTIR spectroscopy were applied to investigate the photooxidation of 
citrate at the lepidocrocite surface. An important goal of this work was to show the 
potential of ATR-FTIR spectroscopy for unraveling the numerous processes that may 
take place during the photooxidation of organic molecules at iron oxide surfaces. To 
resolve the initial photooxidation reaction at the surface from other possible parallel and 
subsequent dark reactions (e.g., desorption of adsorbed photoproducts, ligand-exchange 
at the surface, etc.), a high photon flux at the mineral-water interface was applied. 

experimental section2. 

Synthesis of lepidocrocite 2.1 

Lepidocrocite was synthesized by the oxidation of FeCl2 with NaNO2 in the presence 
of hexamethylentetraamine (urotropin) at 60°C for 3 h [30] To remove excess chloride 
and oxidation byproducts, the precipitate was washed several times by centrifugation 
and resuspension in high purity water (Milli-Q, Millipore). The washed precipitate 
was then freeze-dried and stored at –20°C. X-ray powder diffraction confirmed that 
the solid powder was pure lepidocrocite and transmission electron microscope images 
showed aggregates of needle-shaped crystals of 100-200 nm length and 10-20 nm 
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width. Lepidocrocite synthesized in the presence of urotropin typically results in the 
formation of such aggregates (see Fig. 4.14c in Cornell and Schwertmann [31]). The 
specific surface area of 130 m2/g (determined by the Brunauer-Emmet-Teller (BET) 
method) as well as the point of zero charge (PZC) of 7.4 (determined by the pH titration 
of lepidocrocite suspensions in various ionic strength media) are close to reported 
values [32].

Batch dissolution experiments 2.2 

Unlabeled and 14C-labeled citric acid (1,5-14C-citric acid, specific activity 112 mCi/
mmol), 1,3-acetonedicarboxylic acid (3-oxoglutaric acid), and lithium-acetoacetate 
were obtained from Sigma Aldrich and were used as purchased. 

(Photo)dissolution experiments were carried out in a Pyrex glass vessel with a water 
jacket at 25 ± 1°C. To a solution of 100 μM citric acid spiked with 14C-labeled citric 
acid (ratio of labeled / unlabeled citric acid ~ 1/5000), a stock solution of lepidocrocite 
was added. The resulting solid concentration was 125 mg/L and the ionic strength was 
0.01 M (NaClO4). Dissolution experiments were conducted at pH 4 and pH 6, the pH 
of the suspensions was maintained by addition of small volumes of HClO4 and NaOH 
with a Dosimat (Metrohm). The suspensions were constantly purged with N2 to ensure 
oxygen free conditions and were vigorously stirred with a Teflon-coated stirrer. The 
experiments were conducted in the absence of oxygen to prevent oxidation of Fe(II) and 
to prevent redox cycling of iron that could considerably complicate the interpretation 
of the results. After 30 min, the suspensions were either irradiated or left in the dark. 
The light source was a 1000-W high-pressure xenon lamp (OSRAM) with a spectrum 
similar to that of sunlight. The bottom window of the pyrex vessel served as a high-
pass filter where only light with wavelengths greater than 305 nm passed through. The 
solution volume was 350 mL and the irradiated area 50 cm2. A light intensity of 1250 
W/m2 inside the vessel was determined by ferrioxalate actinometry. Samples (8 mL) 
were periodically withdrawn from the reaction vessel and were immediately filtered 
through 0.025 μm pore size membrane filters (Whatman Schleicher and Schuell). 
Filtered samples for total iron analysis (ICP-AES, Varian Vista MPX) were acidified 
with supra-pure nitric acid, and samples for the determination of labeled 14C-citric acid 
were acidified with HCl to approximately pH 2.5 and were degassed with N2 for 5 min. 
Acidifying and degassing filtered samples prior to determination of 14C-labeled carbon 
served to remove 14C-labeled CO2 from the filtered solutions. Solution concentrations 
of 14C were determined by measuring the β-counts with a scintillation counter (Liquid 
Scintillation Analyzer 2200CA, Packard). 



41Chapter 2

Preparation of lepidocrocite thin film layers for aTr-fTIr experiments 2.3 

The circular diamond ATR crystal surface (12.6 mm2) was coated with approximately 
30 μg of lepidocrocite by spreading 2 μl of a sonicated 15 mg/mL lepidocrocite 
suspension on the ATR crystal surface and gently drying the thin film under a stream of 
N2. The thin film was rinsed with high purity water and was dried again. A maximum 
of 10% of the lepidocrocite film was detached from the ATR surface by this rinsing 
procedure. Assuming an average layer density of 1000-2000 kg/m3, the height of the 
more or less homogeneous layer was in the range of 1-2.5 μm. The layer is of similar 
thickness as the penetration depth of the probing evanescent wave in the ATR-FTIR 
experiments. Estimations for effective penetration depths for TiO2/water films have 
been reported recently [33]. Thin oxide films of the aforementioned thickness facilitate 
the rapid exchange of adsorbates between solution and oxide surface and thus are ideal 
for probing the adsorption of adsorbates to the oxide surfaces.   

aTr-fTIr adsorption and photoirradiation experiments 2.4 

Spectra were recorded on a Bio-Rad FTS 575C instrument equipped with a mercury 
cadmium telluride (MCT) detector and a horizontal nine reflection diamond ATR 
unit with KRS-5 optics (SensIR Technologies, Danbury, CT). Scans were taken from 
400 to 4000 cm-1 at 2 cm-1 resolution. Data analysis was performed with Matlab (The 
MathWorks, Inc.).

A 50 mL liquid cell was tightly screwed down to the ATR unit with a silicon O-ring 
seal between the liquid cell and the ATR unit. The liquid cell was covered with a UV 
transparent polymethylmethacrylate (PMMA) window (Plexiglas GS 2458, Degussa) 
to allow UV irradiation from above. Light from a 103 W high-pressure mercury 
lamp (HBO 103W/2, OSRAM) was passed through a glass filter (cutoff wavelength 
300 nm) and was focused by a quartz lens onto the ATR crystal/oxide layer/water 
interface inside the liquid cell. The filtered light spectrum of a high-pressure HBO lamp 
consisted of non-overlapping spectral bands at 312, 334, 365 (strong), 404, 435, 546, 
and 578 nm. The light intensity of the focused beam (covering the surface area of the 
ATR crystal) was measured by ferrioxalate actinometry. 300 μL of a vigorously stirred 
0.2 M ferrioxalate solution was irradiated with the focused light beam in time steps 
of 1 s for a total of 7 s. As only light below 500 nm was (totally) absorbed by the 0.2 
M ferrioxalate solution with a path length of ~6 mm, the calculated light intensity of 
5-10 W/cm2 refers only to the wavelength range 300-500 nm. This wavelength range 
is ideal to study photochemical processes of iron(III) complexes with carboxylic or 
α-hydroxycarboxylic acids. Iron complexes with these ligands generally do not absorb 
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light above 500 nm and ligand-to-metal charge-transfer transitions are also not expected 
above 500 nm. 

For the ATR-FTIR photoirradiation experiments, an oxide layer was formed on the 
ATR crystal and ~50 mL of high-purity water adjusted to an ionic strength of 0.01 M 
with NaCl was added to the liquid cell. NaCl was used as an ionic strength adjuster, 
because chloride anions (adsorbed or in solution) have no characteristic IR vibration 
bands in the wavenumber range studied that could mask or overlap characteristic 
IR bands of adsorbed citrate (in contrast to oxo-anions like ClO4

-). The presence of 
NaCl had no measurable effect on the results of the photoirradiation experiments with 
adsorbed citrate. The solutions in the liquid cell were purged with high-purity N2 gas to 
exclude the formation of carbonates by sorption of CO2 from air and to stir the solution. 
After purging the solution above the oxide layer with N2 for 45 min, a background 
spectrum of the water-solid interface was measured (51 co-added scans). Then a small 
volume of an organic acid stock solution (citrate, acetonedicarboxylic acid) was added 
to reach a concentration of 200 μM, and the pH was adjusted with HCl or NaOH to 
the desired value. Absorbance spectra measured against the background spectrum 
were recorded, and it was found that after 30-40 min adsorption of the investigated 
organic acids to lepidocrocite reached a stable maximum. Subsequently, the mineral-
water interface was irradiated and absorbance spectra were recorded in time-steps of 1 
min (51 co-added scans per spectrum). The relatively high-intensity irradiation setup 
(no IR-Filter was used) lead to a temperature increase in the liquid cell of not more 
than 7 °C (from initially 25 °C) within the irradiation time of 22 min. A consequence 
of the heat generation was a negative baseline drift that leveled off during prolonged 
irradiation and a development of a vibration band that was associated with the bending 
mode of water at ~1638 cm-1. It was therefore necessary to conduct reference irradiation 
experiments in the absence of organic acids. The reference spectra, in the following 
called “heat-spectra” were subtracted from the absorbance spectra recorded in the 
presence of organic acids. Generally the subtraction method worked very well, so that 
the baseline drift could be corrected without the need of applying a scaling factor. 
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results and discussion3. 

Batch photoirradiation experiments with 3.1 14c-labeled citrate

Dark and irradiated experiments were conducted with suspensions of 125 mg/L 
lepidocrocite and 100 μM 14C-labeled citric acid at pH 4 and pH 6. Only the two 
terminal carboxylic acid groups of citrate were 14C-labeled, not the carboxyl moiety of 
the α-hydroxycarboxylic acid functional group. In Fig. 1a,b, the results of the dark and 
irradiated batch dissolution experiments are shown. 
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fig. 1: (Photo)dissolution experiments in 0.125 g/L lepidocrocite suspensions in the presence 
of 100 μM citric acid under oxygen-free conditions at pH 6 (a) and pH 4 (b). Total iron (circles) 
was measured by ICP-AES and 14C activities (triangles) were measured by liquid scintillation of 
filtered samples. Suspensions were kept in the dark (filled symbols) or were irradiated (empty 
symbols). Adsorption of citrate to the oxide surface was observed in the 30 min previous to 
irradiation starting at 0 min.  Experimental conditions: ionic strength I = 0.01 M (NaClO4), T = 25 
°C, irradiance = 1250 W/m2 (simulated sunlight).
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For the dark experiments, where citrate was not photooxidized, total dissolved citrate 
was determined by measuring the 14C activity in the filtered samples normalized to the 
initial activity before lepidocrocite was added (at –30 min). 30 min after the addition 
of lepidocrocite, the dissolved citrate concentration (filled triangles) decreased to ~89% 
and 85% at pH 6 and pH 4, respectively. This decrease is consistent with adsorption 
of citrate to the surface of lepidocrocite. During the dark experiments, adsorption of 
citrate was complete after 30 min and no further significant change in the 14C signal was 
observed thereafter. 

The adsorption of citrate to the surface and the formation of surface Fe(III)-citrate 
complexes is the prerequisite for ligand promoted dissolution of lepidocrocite in the 
dark and for photoreductive dissolution under irradiation. Thermal dissolution of 
lepidocrocite (dark experiments) at pH 6 and pH 4 resulted in the solubilization of 
3.3 and 14.5 μM Fe(III), respectively, within 420 min (Fig. 1a,b, filled circles). In the 
irradiated (oxygen-free) suspensions, the dissolution rate was greatly enhanced. This 
enhancement is interpreted in terms of photolysis of surface Fe(III)-citrate complexes 
and the concomitant release of ferrous iron into the solution. The difference between total 
dissolved iron in the irradiated (oxygen-free) and in the dark experiments is a measure 
of the photoreductive dissolution of lepidocrocite. By comparing the dissolution rates, 
we may assume that the contribution of thermal dissolution to the overall dissolution in 
irradiated suspensions is negligible.  Thus, under irradiation the formation of aqueous 
Fe(III)-citrate complexes with subsequent ligand-to-metal charge-transfer within the 
solution complex should not contribute significantly to the overall photooxidation of 
citrate. At pH 6, the light-enhanced dissolution rate decreased over time and a steady-
state concentration of 120 μM total dissolved iron was determined after 400 min in the 
deaerated suspension. The major finding of the experiments at pH 6 (Fig. 1a) is that the 
light-enhanced dissolution of lepidocrocite, presumably initiated by a ligand-to-metal 
charge-transfer reaction within the surface Fe(III)-citrate complex was not accompanied 
by a decrease in the 14C-signal. Thus, it was the unlabeled α-hydroxycarboxylic 
group of citrate that was photooxidized at the surface of lepidocrocite. The formation 
of 120 μM Fe(II) (more than the initial citrate concentration of 100 μM) supports a 
photoredox reaction in which more than one electron is transferred. It has been 
shown that the photolysis of solution Fe(III)-ferric complexes leads to the formation 
of acetonedicarboxylic acid [27, 34, 35] (see Fig. 2). This photoproduct has also been 
observed in irradiated suspensions containing amorphous iron (hydr)oxides and citrate 
[36]. Hydroxyl groups in α-position to carboxylic acid groups are known to enhance 
decarboxylation reactions, because the OH group can be transformed into an aldehyde 
or ketone group by two consecutive electron-transfer reactions [27] (see Fig. 2). Thus, 
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a maximum of 200 μM Fe(II) could be formed by the photooxidation of initially 100 
μM citrate to acetonedicarboxylic acid. The observation that less than 200 μM Fe(II) 
(or total iron) was formed at pH 6 is an indication for incomplete release of Fe(II) into 
the solution or readsorption of aqueous Fe(II). This will be discussed later in detail. 
Bearing in mind that the 14C activity in the irradiated experiments is a measure of both 
total dissolved citrate and acetonedicarboxylic acid, the close match of total dissolved 
14C activities in the dark and the irradiated experiment at pH 6 indicates a similar 
adsorption behavior for citrate and acetonedicarboxylic acid. In this case, potential 
ligand-exchange reactions at the surface between photoproduced acetonedicarboxylic 
acid and excess citrate would not alter the total amount of adsorbed ligands (and thus 
not alter the 14C activity in solution). 

decomposition of the photoproduct 3.2 

As all β-keto-carboxylic acids, acetonedicarboxylic acid is unstable and is known to 
decompose in solution to acetoacetic acid and ultimately to acetone by non-oxidative 
decarboxylation [37] (see Fig. 2). 
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fig. 2: Photooxidation reaction of Fe(III)-citrate complexes leading to the formation of 
acetonedicarboxylic acid. As all β-keto-carboxylic acids, acetonedicarboxylic acid is subject to 
further non-oxidative decarboxylation reactions. The formation of acetoacetic acid and acetone as 
possible decomposition products of acetonedicarboxylic acid are also shown. 

Decarboxylation of acetonedicarboxylic acid would lead to a decrease of the 14C 
activity in the batch photodissolution experiments, as CO2 was degassed prior to 
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activity measurements (see Experimental Section). At pH 6, we observed no decrease 
of the 14C activity under irradiation (Fig. 1a, empty triangles). At pH 4, however, the 
situation was different. In the first phase of the irradiated experiment, spanning the first 
200 min, the 14C activity in the solution (Fig. 1b, empty triangles) was stable at the 
same level as the 14C-activity obtained in the dark experiment (fast initial decrease due 
to adsorption). After 200 min of irradiation, a linear decrease in the 14C activity was 
observed, indicating slow decomposition of acetonedicarboxylic acid. As reported by 
Hay et al. [37], the uncatalysed decarboxylation of acetonedicarboxylic acid is at its 
maximum at pH 3.5 and decreases at lower and higher pH values. In addition, Hay et 
al. [37] have shown that the decomposition of acetonedicarboxylic acid is catalyzed by 
divalent metal cations. The presence of higher solution concentrations of Fe(II) at pH 4 
may additionally explain why a decrease of the 14C activity was only observed at pH 4. 
The dissolution curve also gives valuable information about the various decomposition 
reactions. There is an inflection point in the dissolution curve at approximately 200 min 
shortly after the onset of acetonedicarboxylic acid decomposition. Moreover, during the 
course of the irradiated experiment a total of 250 μM Fe was dissolved. This is more than 
what would be expected by the complete conversion of citrate to acetonedicarboxylic 
acid by two consecutive electron-transfer reactions (see Fig. 2). The fact that more 
than 200 μM iron was dissolved indicates that acetonedicarboxylic acid (in addition 
to decomposition by uncatalysed and metal-catalyzed nonoxidative decarboxylation in 
solution) must be involved in the photoreductive dissolution of lepidocrocite at longer 
irradiation times. As a dicarboxylic acid, acetonedicarboxylic acid might contribute 
to thermal dissolution of lepidocrocite at pH 4, although at a lower rate than citrate. 
It is also conceivable that acetonedicarboxylic acid is photooxidized at the surface 
by ligand-to-metal charge transfer or by trapping photoholes formed within the iron 
oxide bulk.  These additional reactions are expected to occur in the late stages of the 
photodissolution experiments, where acetonedicarboxylic acid accumulates and is less 
affected by ligand-exchange reactions at the surface of lepidocrocite in the presence of 
(excess) citrate. 

readsorption of fe(II) 3.3 

In the batch photodissolution experiments, the incomplete release of Fe(II) from 
the surface of lepidocrocite or the readsorption of Fe(II) to the surface, directly to a 
surface site or as a ternary surface complex involving citrate or the photoproduct, has 
to be considered for the interpretation of the dissolution rates. From an experimental 
perspective, readsorption of Fe(II) cannot be distinguished from an incomplete release 
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of Fe(II) into the solution. The affinity of oxide surfaces for Fe(II), however, can be 
assessed by Fe(II) adsorption studies. Recent publications have reported pH edges 
for the adsorption of Fe(II) to lepidocrocite in the pH range of 5-7 [38, 39]. Thus, 
at pH 6 (and not at pH 4), photoproduced Fe(II) is likely to readsorb at the surface 
resulting in smaller solution concentrations. Readsorption of Fe(II) may serve as 
an explanation for the nonlinear dissolution at pH 6 (Fig. 1a) for which a decrease 
of the dissolution rate was observed even in the early stages of the photodissolution 
experiment. Fe(II) complexes of citrate and acetonedicarboxylic acid may also readsorb 
to the surface, but we expect this interaction to be of minor importance. A simple 
speciation calculation with a 2-pK constant capacitance model (2-pK CCM) supports 
this view. The readsorption of Fe(II) to lepidocrocite was calculated with the adsorption 
reactions and surface stability constants listed in Table 1. The surface site density of 
lepidocrocite and the capacitance of the double layer were estimated and the computer 
program Visual Minteq [40] was used for the thermodynamic calculations. One of the 
unknown parameters in this calculation is the total Fe(II) concentration. As indicated in 
Fig. 1a, there was no net photodissolution observed at pH 6 after 400 min. Therefore, 
we may assume that citrate has been fully photooxidized within the first 400 min and 
that a maximum solution concentration of 200 μM Fe(II) could have been formed. In 
accordance with the constant capacitance adsorption model, a significant fraction, 72 
μM Fe(II) of the 200 μM Fe(II), adsorbs to the surface. The resulting value of 128 μM 
Fe(II) in solution is in close agreement with the observed concentration of 120 μM Fe(II) 
(Fig. 1a). Of course, such calculations are very sensitive toward the estimated surface 
site density of the lepidocrocite phase. From proton and fluoride exchange experiments, 
Bondietti [32] determined a surface site density of 600-890 μmol/g of lepidocrocite. 
The lepidocrocite phase used in this study was synthesized by the same urotropin 
method, and measured BET and PZC values are in very close agreement to those values 
determined by Bondietti [32]. Therefore, a surface site density of 5 sites/nm2 is very 
reasonable. The effect of citrate on the readsorption of Fe(II) has been neglected in these 
calculations, because citrate was constantly photooxidized during the photodissolution 
experiments and the ratio of citrate/Fe(II) strongly decreased on prolonged photolysis. 
Assuming that the photoproduct of citrate, acetonedicarboxylic acid, forms only weak 
Fe(II)-complexes, the Fe(II) speciation in solution is dominated by free Fe(II) in the late 
stages of the photodissolution experiments. Therefore, the loss of Fe(II) to the surface 
by readsorbing Fe(II)-ligand complexes may be fully neglected. Contrary to this view, 
Waite and Morel [19] have concluded that readsorption of Fe(II) to lepidocrocite in the 
presence of citrate at pH 6.5 proceeded in a ligand-like manner, as the Fe(II)-citrate 
complex. The apparent contradiction can be reconciled when the ratio of citrate/Fe(II) 
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in their study is considered, which was at least 2 orders of magnitude higher than in this 
study. Thus in their study, the Fe(II) speciation in solution was dominated by Fe(II)-
citrate complexes and loss of Fe(II) from the solution was likely to proceed by the 
adsorption of Fe(II)-citrate complexes to the lepidocrocite surface. 

The surface reactions described in the batch photoirradiation experiments are so far 
hypothetical, derived from measurements of dissolved species and formulated in analogy 
to known solution reactions (e.g., photolysis of dissolved Fe(III)-citrate complexes). 
Surface specific spectroscopic techniques are needed to observe and investigate surface 
reactions in situ and in real time. In the following sections, we will show that ATR-
FTIR is a sensitive and suitable method to follow surface reactions of citrate and its 
photoproduct on the surface of lepidocrocite in contact with aqueous solutions, and 
that this technique is able to provide insight that cannot be gained by batch experiments 
alone.  

Table 1: Fe(II) adsorption to lepidocrocite (2-pK constant capacitance model)

Reactions Log10 K

≡FeOH + H+ ↔  ≡FeOH2
+  6.46a

≡FeOH ↔  ≡FeO- + H+ -8.07a

≡FeOH + Fe2+ ↔  ≡FeOFe(II)+ + H+ -2.13b

≡FeOH + Fe2+ + H2O ↔  ≡FeOFe(II)OH + 2H+ -8.53b

Conditions

- pH 6, ionic strength: 0.01 M
- surface site density: 5 sites/nm2

- total surface sites: 135 μM (125 mg/L, 130 m2/g)
- total Fe2+: 200 μM
- specific capacitance: 2 F/m2

a From Bondietti [32]. Values determined at 0.4 M ionic strength. 
b From Zhang et al. [39]. Values determined at 0.6 M ionic strength.

aTr-fTIr photoirradiation experiments 3.4 

The spectroscopic analysis of photoredox reactions at mineral surfaces can be 
complicated by various side reactions such as desorption of photoproducts, competitive 
adsorption of unaltered ligands and photoproducts by ligand-exchange at the surface, 
and further (photochemical) decomposition of photoproducts. This is especially the case 
if the time scale of the photolysis reaction and the subsequent processes are similar. 
By applying a high light flux, photolysis rates may be achieved that are fast compared 
to the timescales of the consecutive processes. To resolve the initial photooxidation 
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reaction from the subsequent reactions, the light flux was maximized and the scan time 
for recording FTIR spectra was minimized. A light flux of 5-10 W/cm2 (300-500 nm) 
and a scan time of 1 min per measured spectra (51 co-added scans per spectra) were 
used to study the photooxidation of citrate at the surface of lepidocrocite. Under the 
chosen conditions, only 2 and 4 nmol citrate was adsorbed at the lepidocrocite layer 
at pH 6 and pH 4, respectively. With the comparatively high light flux of 45-90 μmol 
photons/min at the lepidocrocite layer, the photooxidation of adsorbed citrate should 
be observed within minutes. Moreover, the high light flux can compensate for radiation 
losses by the strong light-absorbing lepidocrocite layer.

During these ATR-FTIR photoirradiation experiments, the concentration of dissolved 
citrate was expected to decrease only slightly, because of the high ratio of citrate/Fe 
(200 μM citrate in a total volume of 50 mL in contact with a 30 μg lepidocrocite layer). 
Thus, the amount of adsorbed citrate was not affected by the slight decrease of dissolved 
citrate (in contrast to the batch photodissolution experiments, where the ratio of citrate/
Fe was much smaller). The pH of the solution was measured before and directly after 
irradiation and no pH shifts were observed. 

 

aTr-fTIr spectra of adsorbed citrate and acetonedicarboxylic acid 3.5 

Prerequisite for ATR-FTIR photoirradiation studies as described above is that the 
spectra of the reactants and the photoproducts are distinguishable. FTIR spectra of 
citrate and acetonedicarboxylic acid adsorbed to the lepidocrocite layer at pH 4 and pH 
6 were recorded and were used as reference spectra for the photoirradiation experiments. 
As shown in Fig. 3 for pH 4, these ligands have distinct spectral features in the range of 
1200-1470 cm-1, such that the photooxidation of citrate to acetonedicarboxylic acid at 
the surface of lepidocrocite can directly be followed in the IR spectra. 

At pH 6 and even also at pH 4, both citric acid and acetonedicarboxylic acid are adsorbed 
as the (fully) deprotonated species. This is indicated by a very small contribution of the 
generally strong C=O stretching vibration of protonated carboxylic groups located above 
1700 cm-1. Adsorbed citrate has a broad asymmetric and symmetric carboxyl stretching 
vibration at 1570 and 1393 cm-1, respectively. In acetonedicarboxylate, the asymmetric 
carboxyl stretching vibration is also located at 1570 cm-1. However, the assignment 
of the symmetric carboxyl stretching vibration(s) is ambiguous. The difficulty of 
interpreting the FTIR spectra of adsorbed acetonedicarboxylic acid arises because it is 
affected by a keto/enol tautomerism. In aqueous solution, the keto form dominates [37], 
whereas at the surface of lepidocrocite the enol form of the inner-spherically adsorbed 
acetonedicarboxylate may be favored, if a stronger binding environment for an Fe(III) 
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center is provided by the enol functional group. Unlike citrate, where the locations of 
the symmetric and asymmetric carboxyl stretching vibrations (peak maxima) were only 
slightly shifted upon adsorption to the surface (spectra of dissolved citrate not shown), a 
dramatic change occurred in the spectrum of acetonedicarboxylic acid after adsorption. 
In solution, the fully deprotonated acetonedicarboxylate exhibits a large peak located 
at 1377 cm-1 and a far smaller peak at 1417 cm-1 (data not shown). The 1377 cm-1 peak 
can be unambiguously assigned as the symmetric carboxylate stretching vibration and 
the peak at 1417 cm-1 as a typical C-H deformation vibration seen in many aliphatic 
carboxylic acids. After adsorption of acetonedicarboxylic acid to lepidocrocite, the 
spectra changes dramatically, with two intense peaks evolving at 1437 and 1379 cm-1. 
Most likely, this spectral change is the result of the formation of enol-like inner-sphere 
acetonedicarboxylate complexes. Probably both bands at 1437 and 1379 cm-1 belong 
to different symmetric carboxyl stretching vibrations, but without further ab initio 
calculations this spectral interpretation remains speculative. 
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fig. 3: Spectra of citric acid and acetonedicarboxylic acid adsorbed to lepidocrocite at pH 4. 
Conditions: [citric acid] = 200 μM, [acetonedicarboxylic acid] = 200 μM, I = 0.01 M, T = 25 °C. 

heat generation during aTr-fTIr photoirradiation experiments 3.6 

In the ATR-FTIR photoirradiation experiments, the recorded spectra were corrected 
for spectral changes occurring due to heat generation at the mineral-water interface. 
The exact temperature at the interface could not be measured; however, the temperature 
of the water column in contact with the oxide layer (50 mL) increased by not more than 
7 °C during the experiments. The limited warming resulted in a reproducible decrease 
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of the baseline over a large spectral region and to an increasing band at 1638 cm-1
, 

where the center of the O-H bending mode of liquid water is located. Fig. 4 shows 
the spectral changes observed during the irradiation of the lepidocrocite-water interface 
in the absence of organic ligands at pH 5. The negative band evolving at 1022 cm-1 
indicates that part of the lepidocrocite layer (less than 10%) detached from the diamond 
ATR crystal. The overall negative baseline drift and the increase of the water bending 
mode at 1630 cm-1 were also observed when the ATR crystal-water interface (without 
lepidocrocite) was irradiated. Thus, these spectral changes are completely attributed 
to the heating of the water solution in contact with the ATR crystal. To compensate for 
this heat artifact, such series of “heat spectra” were subtracted from the absorbance 
spectra recorded in the photoirradiation experiments with the organic ligands (see also 
experimental section).  

The effect of the temperature rise during photoirradiation on the adsorption of 
additional citrate has been neglected in this study. In preceding photoirradiation 
experiments with apparently non-photoreactive organic acids, we have observed an 
overall increase of IR band intensities of only 5% to maximum 25%. The gradual 
increase in the adsorption capacity for citrate can be neglected if the photooxidation 
of citrate and therefore the depletion of citrate at the mineral-water interface are much 
faster (as is the case in this photoirradiation setup). 
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fig. 4: Photoirradiation of the lepidocrocite-water interface without any organic ligands. Spectra 
were recorded in time steps of 1 min. For clarity, only every second spectrum is shown. Arrows 
indicate the direction of spectral changes during irradiation. The spectra recorded before and 
at the end of irradiation (0 and 22 min) are shown as a bold black line and a bold gray dashed 
line, respectively. Conditions: pH ~5, I = 0.01 M, 5-10 W/cm2 (300-500 nm), T = 25–32 °C 
(solution). 
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aTr-fTIr photoirradiation experiment at ph 4 3.7 

In Fig. 5a,b, the results of the ATR-FTIR photoirradiation experiment at pH 4 are 
shown. The spectral changes in the sequence of the recorded spectra are indicated 
by arrows and are consistent with the photooxidation of adsorbed citrate to adsorbed 
acetonedicarboxylic acid (Fig. 5a). Over the course of the experiment, the decline 
of citrate peaks at 1570, 1393, and 1253 cm-1 was accompanied by the development 
of acetonedicarboxylic acid peaks at 1437, 1379, and 1315 cm-1 (cf. Fig. 3). The 
development of a negative peak was observed at 1022 cm-1 in the wavenumber region of 
the first δ-OH in-plane vibrations of structural OH groups in lepidocrocite. The negative 
peak can be explained by dissolution of lepidocrocite, and/or by partial detachment 
of the oxide layer from the ATR crystal. In Fig. 5b, the fractions of citrate and the 
evolving acetonedicarboxylic acid were calculated by fitting the sequence of spectra in 
Fig. 5a with linear combinations of the reference spectra shown in Fig. 3. Deviations 
in the fitting range of 1200 and 1470 cm-1 were less than 0.001 absorbance units. The 
reference spectrum of citrate in Fig. 3 is identical to the spectrum shown in Fig. 5a 
before irradiation (at 0 min). Thus, the fraction of citrate can be calculated quantitatively.  
At the end of the irradiation period, citrate was almost totally oxidized. The reference 
spectrum of acetonedicarboxylic acid (Fig. 3) was recorded in a separate experiment 
and represents the maximum surface concentration in equilibrium with initially 200 μM 
acetonedicarboxylic acid at pH 4. Therefore, the calculated fractions of the evolving 
acetonedicarboxylic acid in the photoirradiation experiment (where no excess of 
acetonedicarboxylic acid was present in solution) are less well constrained. Potential 
parallel and consecutive reactions involved in the heterogeneous photooxidation of 
citrate that may affect the surface concentrations of citrate and acetonedicarboxylic acid 
will be presented later.  

aTr-fTIr photoirradiation experiment at ph 6 3.8 

As shown in Fig. 6, the photooxidation of citrate adsorbed to lepidocrocite at pH 
6 occurs at a much lower rate than at pH 4 (Fig. 5a). There is only a small decrease 
of citrate bands and a small increase of the typical acetonedicarboxylic acid bands. 
Interestingly, the spectra of adsorbed citrate and acetonedicarboxylic are almost 
identical to the spectra at pH 4, yet the extent of citrate photooxidation at the surface 
at pH 6 is apparently much smaller. This difference may be attributed to (i) different 
fractions of inner/outer-sphere complexes at pH 4 and pH 6, and (ii) different inner-
sphere complexes at pH 4 and pH 6 exhibiting different photoreactivity. 
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fig. 5: (a) Photooxidation of citric acid adsorbed to lepidocrocite at pH 4 as a function of time 
(spectra shown as described in Fig. 4). Conditions: [citric acid] = 200 μM, I = 0.01 M, 5-10 
W/cm2 (300-500 nm), T = 25-32°C (solution). (b) The fractions of adsorbed citric acid and 
acetonedicarboxylic acid (photoproduct) were calculated by fitting the spectra shown in Fig. 5a 
with reference spectra of adsorbed citric acid and adsorbed acetonedicarboxylic acid (see Fig. 
3). 

A higher outer-sphere fraction at pH 6 is expected to result in a lower overall 
photooxidative conversion of citrate because only inner-spherically adsorbed citrate is 
able to be photooxidized by ligand-to-metal charge transfer. Indeed, carboxylic acid 
ligands are expected to have higher fractions of outer-sphere complexes with increasing 
pH values as demonstrated by a recent ATR-FTIR adsorption study of oxalic acid on 
goethite [41]. Various inner-sphere complexes with different photoreactivity may also 
form. Citrate complexes in which only the outer carboxylic groups are coordinated 
to Fe(III) are expected to be less photoreactive than complexes in which the central 
α-hydroxycarboxylate group is also coordinated. In a previous study, it was shown that 
the quantum yield for the photoreduction of dissolved Fe(III) in the presence of citrate 
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was similar at pH 4 and 6 for certain Fe(III)/citrate ratios [27]. The situation at an iron 
oxide surface appears to be more complex and a range of different photoreactive citrate 
complexes may explain part of the differences at pH 4 and 6. Unfortunately, the ATR-
FTIR spectra of adsorbed citrate at pH 4 and pH 6 are too similar to the spectrum of 
fully deprotonated citrate in solution (data not shown) so that no valuable information 
about different inner-sphere and outer-sphere surface complexes can be gained from 
the ATR-FTIR spectra alone. The only significant spectral change that occurred upon 
adsorption to lepidocrocite was a broadening of the asymmetric carboxyl stretching 
vibrations of citrate. 

Interestingly, the initial photooxidation rate of citrate in the batch photodissolution 
experiments as indicated by the light-enhanced dissolution of lepidocrocite in the first 
60 min is very similar at pH 4 and pH 6 (see Fig. 1a,b; empty circles). At first glance, 
this observation is not consistent with the ATR-FTIR photoirradiation experiments. The 
apparent contradiction can be reconciled when the ratio of citrate/lepidocrocite in the two 
different experimental setups is considered. In the batch photodissolution experiments, 
the initial ratio was 100 μM citrate / 125 mg/L lepidocrocite (~135 μM Fe(III) surface 
sites), whereas in the ATR-FTIR photoirradiation experiments the initial ratio was 200 
μM citrate / 0.6 mg/L lepidocrocite (30 μg lepidocrocite layer in contact with a 50 mL 
solution, equivalent to ~0.65 μM Fe(III) surface sites). Thus, the surface coverage of 
citrate on lepidocrocite was much lower in the batch photodissolution experiments and 
we may expect citrate to be adsorbed to a higher extent at reactive surface sites. As a 
result, the photooxidation rate of adsorbed citrate may be less dependent on the pH in 
the batch photodissolution experiments (in contrast to the ATR-FTIR photoirradiation 
experiments where a much lower fraction of total adsorbed citrate is assumed to be 
adsorbed at reactive surface sites).

Parallel and consecutive reactions during photoirradiation experiments3.9 

The desorption of photoproduced acetonedicarboxylic acid from the surface, ligand-
exchange reactions between excess citrate and adsorbed acetonedicarboxylic acid, and 
decomposition of acetonedicarboxylic acid are reactions that may proceed on a similar 
time scale as the preceding photolysis reaction of adsorbed citrate. Mass transfer 
reactions or diffusion processes like adsorption or desorption of single organic acid 
ligands to oxide phases have been shown to occur on a time scale of minutes to tens of 
minutes in the same non-vigorously stirred ATR-FTIR setup as used in this study [42]. 
The applied light flux in the ATR-FTIR photoirradiation experiments was maximized 
to accelerate the initial photolysis reaction relative to these aforementioned consecutive 
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fig.6: Photooxidation of citric acid adsorbed to lepidocrocite at pH 6 as a function of time 
(spectra shown as described in Fig. 4). Conditions: [citric acid] = 200 μM, I = 0.01 M, 5-10 W/
cm2 (300-500 nm), T = 25-32 °C (solution).

 
reactions. After the first few minutes of illumination, the effects of the consecutive 
reactions are assumed to grow. Thus, on a longer time scale, the fractions of adsorbed 
citrate or acetonedicarboxylic acid as calculated in Fig. 5b will be strongly affected by 
the aforementioned reactions. In the following, the effect of ligand-exchange reactions 
and the decomposition of the intermediate photoproduct (acetonedicarboxylic acid) will 
be discussed in detail. A quantitative discussion of these consecutive reactions on the 
kinetics of citrate photooxidation, however, is beyond the scope of this study.   

  

Ligand-exchange reactions 3.10 

In the ATR-FTIR photoirradiation experiments, only adsorbed citrate was 
photooxidized, while citrate in solution was largely unaffected. The large excess of 
dissolved citrate may induce ligand-exchange reactions at the surface of lepidocrocite 
between acetonedicarboxylic acid and citrate. Additional ATR-FTIR experiments were 
conducted in the dark to investigate the relevance of ligand-exchange. The results are 
shown in Fig. 7a,b. In a first experiment, a 200 μM citrate solution was equilibrated 
with a lepidocrocite layer at pH 4 for half an hour, before 200 μM acetonedicarboxylic 
acid was added (Fig. 7a). The solution above the oxide layer was only gently mixed 
by constantly purging with N2, in the same manner as during illumination. Thus, the 
kinetics of potential ligand-exchange reactions may be somewhat different in vigorously 
stirred systems (e.g., batch dissolution experiments). As can be seen in Fig. 7a, adsorbed 
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citrate is virtually unaffected by the presence of acetonedicarboxylic acid even after 2 
h. In Fig. 7b, a 200 μM acetonedicarboxylic acid solution was first equilibrated with the 
oxide layer before 200 μM citrate was added. Within 2 h, a significant spectral change 
was observed, consistent with the formation of surface citrate complexes and desorption 
of acetonedicarboxylic acid. Fig. 8 shows the fractions of adsorbed ligands calculated 
by fitting the spectral data in Fig. 7b with reference spectra of adsorbed citrate and 
acetonedicarboxylic acid (Fig. 7a,b at 0 min). Desorption of acetonedicarboxylic acid 
(filled circles) is initially fast and constantly decreases over the course of the experiment. 
Approximately 40 and 60% of adsorbed acetonedicarboxylic acid was exchanged at the 
surface by citrate within 20 min and 2 h, respectively. 
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fig. 7: Ligand-exchange reactions at the surface of lepidocrocite at pH 4. (a) Desorption of citrate 
in response to the addition of acetonedicarboxylic acid. (b) Desorption of acetonedicarboxylic 
acid in response to addition of citric acid. Citrate and acetonedicarboxylic acid were equilibrated 
with the oxide layer for 30 min, before the counter ligand was added. The spectra before the 
addition of the counter ligand and after 2h of reaction time are shown. Conditions: [citric acid] = 
200 μM, [acetonedicarboxylic acid] = 200 μM, I = 0.01 M, T = 25 °C.
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The results in Fig. 7a,b lead to the conclusion that citrate forms much stronger surface 
complexes than acetonedicarboxylic acid at pH 4 and that citrate is able to exchange 
adsorbed acetonedicarboxylic acid. Very similar results were obtained at pH 6 (data not 
shown). The calculated fraction of 40 % of acetonedicarboxylic acid that is exchanged 
by excess citrate within 20 min most likely represents the upper limit of the potential 
ligand-exchange reaction occurring in the ATR-FTIR photoirradiation experiment at pH 
4 (Fig. 5). We conclude that this is the upper limit, because the concentration of citrate 
at the mineral-water interface is constantly depleted during irradiation, in contrast to the 
ligand-exchange experiments conducted in the dark. 
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fig. 8: The fractions of adsorbed acetonedicarboxylic acid (filled circles) and citric acid (empty 
circles) in the ligand-exchange reaction at pH 4 shown in Fig. 7b (desorption of acetonedicarboxylic 
acid in response to addition of citric acid). 

decomposition of the intermediate photoproduct(s) 3.11 

In the batch photodissolution experiments, the decreasing 14C activity in solution was 
interpreted as the decomposition of the intermediate photoproduct acetonedicarboxylic 
acid (Fig. 1b, empty triangles). To investigate if the proposed decomposition of 
acetonedicarboxylic acid also occurs at the surface of lepidocrocite under irradiation 
and to determine the reaction products, additional ATR-FTIR experiments were 
conducted. 50 mL solutions containing 200 μM acetonedicarboxylic acid in equilibrium 
with a layer of lepidocrocite at pH 4 and 6 were irradiated for 22 min. At pH 6, we 
observed no decrease of band intensities (data not shown), whereas at pH 4 (Fig. 9) a 
measurable change occurred. Interestingly, a small overall decrease of band intensities 
was accompanied by a rather pronounced decrease of the peak located at 1379 cm-1. 
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These spectral changes are consistent with the conversion of acetonedicarboxylic acid 
to acetoacetic acid (see also Fig. 2). 

As shown in Fig. 10, the IR spectra of adsorbed acetonedicarboxylic acid and 
adsorbed acetoacetic acid, both β-keto-carboxylic acids, are very similar. Unlike 
adsorbed acetonedicarboxylic acid, adsorbed acetoacetic acid only exhibits very weak 
vibrations in the region of 1379 cm-1. Therefore, the only evidence for the conversion of 
acetonedicarboxylic acid to acetoacetic acid is provided by the observed decrease of the 
peak intensity at 1379 cm-1. 

Hay et al. [37] have shown that the decarboxylation rate of aqueous acetonedicarboxylic 
is strongly pH dependent and that divalent metal ions catalyze the decomposition 
reaction. The batch photodissolution experiments and the ATR-FTIR experiments 
(cf. Fig. 1 and 9) both show that the decomposition of acetonedicarboxylic acid at the 
surface of lepidocrocite is also pH dependent. Decomposition of acetonedicarboxylic 
acid was observed only at pH 4 under irradiation, indicating that photoexcitation is 
the driving force. Thermal excitation as an explanation for the decomposition reaction 
can be excluded because at pH 6 decomposition of acetonedicarboxylic acid was not 
observed, although the mineral-water interface was also heated up during the course of 
the photoirradiation experiment. 

The decomposition of acetonedicarboxylic acid to acetoacetic acid at pH 4 was not 
taken into account for the calculation of the fractions of citrate and acetonedicarboxylic 
acid shown in Fig. 5b. Considering the very similar IR spectra of acetonedicarboxylic 
acid and acetoacetate, the fractions of these two (photo)products cannot be determined 
precisely. Furthermore, acetoacetate is a β-keto-acid and is also prone to decarboxylation 
(see Fig. 2). In this study, acetone as the ultimate decomposition product of citrate has 
not been considered because it adsorbs very weakly, if at all, to iron oxide surfaces.
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fig. 9: Light-induced decomposition of acetonedicarboxylic acid adsorbed to lepidocrocite at pH 
4 as a function of time (spectra shown as described in Fig. 4). Conditions: [acetonedicarboxylic 
acid] = 200 μμM, I = 0.01 M, 5-10 W/cm2 (300–500 nm), T = 25-32 °C (solution). 
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= 600 μM, I = 0.01 M, T = 25 °C.
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conclusions 4. 

In this work, we have exemplified that ATR-FTIR spectroscopy combined with 
UV-visible irradiation is a powerful tool that provides direct evidence of photoredox 
processes occurring at the mineral-water interface of iron (hydr)oxides. From batch 
photodissolution experiments conducted in this work, it was concluded that citrate is 
photooxidized at the surface of lepidocrocite (γ-FeOOH) at pH 4 and pH 6 and that only 
at pH 4 the proposed photoproduct, acetonedicarboxylic acid, is further decomposed. 
ATR-FTIR spectroscopy provided key information that led to the identification of 
acetonedicarboxylic acid as the primary photoproduct and acetoacetic acid as its 
decomposition product at pH 4. Thus, the photooxidation of citrate at the surface 
of lepidocrocite follows the same photooxidation route as dissolved Fe(III)-citrate 
complexes. 

With the aid of a high irradiation flux, it was possible to observe the photooxidation 
of citrate at the surface of lepidocrocite despite subsequent ligand-exchange reactions 
between the photoproduct acetonedicarboxylic acid and excess citrate from the 
solution. From additional ligand-exchange experiments, it was concluded that citrate 
forms much stronger surface complexes than acetonedicarboxylic acid. An upper limit 
of 40% of acetonedicarboxylic acid exchanged at the surface by excess citrate in the 
photoirradiation experiments was estimated. 

ATR-FTIR spectroscopy has proven to be a valuable tool for investigating the 
photoreactivity of adsorbed ligands formed at different conditions. In contrast to the 
almost complete photooxidation of citrate at the surface of lepidocrocite at pH 4 within 
the measurement period (22 min), photooxidation of citrate at pH 6 was apparently 
much smaller. It was concluded, that either less inner-sphere surface complexes or less 
reactive inner-sphere complexes were formed at pH 6. This latter point emphasizes the 
importance of understanding the reactivity of adsorbed ligands in terms of the surface 
coordination.  
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abstract

The adsorption of two model siderophores, desferrioxamine B (DFOB) and aerobactin,  
to lepidocrocite (γ-FeOOH) was investigated by attenuated total reflection infrared 
spectroscopy (ATR-FTIR). The spectra of adsorbed DFOB indicated that two to three 
hydroxamic acid groups of adsorbed DFOB are deprotonated in the pH range from 4.0 
- 8.2. Deprotonation of hydroxamic acid groups of adsorbed DFOB at pH values well 
below the first acid dissociation constant of solution DFOB species (pKa = 8.3) and well 
below the point of zero charge of lepidocrocite (pHPZC = 7.4) suggested that the surface 
speciation at the lower end of this pH range (pH 4) is dominated by a surface DFOB 
species with inner-sphere coordination of two to three hydroxamic acids groups to the 
surface. Maximum adsorption of DFOB occurred at approximately pH 8.6, close to the 
first pKa value of the hydroxamic acid groups, and decreased at lower and higher pH 
values. 
The spectra of adsorbed aerobactin in the pH range 3 to 9 indicated at least three 
different surface species. Due to the small spectral contributions of the hydroxamic 
acid groups of aerobactin, the interactions of these functional groups with the surface 
could not be resolved. At high pH, the spectral similarity of adsorbed aerobactin with 
free aerobactin deprotonated at the carboxylic acid groups indicated outer-sphere 
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complexation of the carboxylate groups. With decreasing pH, a significant peak shift of 
the asymmetric carboxylate stretch vibration was observed. This finding suggested that 
the (lateral) carboxylic acid groups are coordinated to the surface either as inner-sphere 
complexes or as outer-sphere complexes that are strongly stabilized at the surface by 
hydrogen bonding at low pH. Additional ATR-FTIR experiments coupled with UV-Vis 
irradiation could not provide conclusive information on the surface coordination of the 
photochemically reactive α-hydroxycarboxylic acid group.

Introduction1. 

In recent years, an increasing number of studies have addressed the role of 
siderophores in mineral weathering and nutrient iron cycling [1-6]. The adsorption 
and coordination of siderophores to the surface of iron bearing minerals such as 
iron(III) (hydr)oxides are important key parameters determining the dissolution of 
these phases, particularly in the absence of additional organic matter or ligands. In this 
regard, recent studies have shown that siderophore-promoted dissolution of goethite 
is surface-controlled, as indicated by the strong correlation between dissolution 
rates and the surface concentration of adsorbed siderophores [7-9]. Siderophores are 
multidentate ligands with metal binding groups including hydroxamate and catecholate 
groups, and less commonly α-hydroxycarboxylate and carboxylate groups [10]. Recent 
studies showed that siderophores with α-hydroxycarboxylic acid groups form Fe(III)-
complexes in solution that are susceptible to direct photolysis under simulated or natural 
sunlight, leading to the oxidation of the metal binding group and to the reduction of 
the coordinated Fe(III) atom [11]. In contrast, hydroxamate and catecholate groups 
coordinated to Fe(III) in hexadentate siderophore complexes are not affected by light-
induced intra-molecular redox reactions [12]. 

To date, only a small number of studies have provided spectroscopic information on 
the interaction of siderophores with iron (hydr)oxides or other mineral surfaces. Often, 
the interaction of smaller analog compounds with oxide surfaces has been studied 
by spectroscopic techniques [13, 14]. Other research groups have investigated the 
interactions of siderophores with Fe(III) in solution as a proxy for possible interactions 
at iron (hydr)oxide surfaces by X-ray and IR spectroscopic techniques [15-17].  

Attenuated total reflection infrared spectroscopy (ATR-FTIR) is a promising 
spectroscopic technique to study the interactions of siderophores at mineral oxides 
surfaces. However, the size and the complexity of siderophores complicate the analysis 
and interpretation of vibration data. It has been shown by ATR-FTIR that pyoverdine - 
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a mixed catecholate and hydroxamate siderophore – forms covalent bonds between the 
catecholate groups and TiO2 or Fe2O3 particle films [18, 19]. By the use of grazing-angle 
specular-reflection FTIR, it was shown that parabactin – a catecholate siderophore – 
forms a surface complex on aluminum oxide [20]. Recently, a thermo-IR spectroscopic 
study [21] provided some insight into the interactions of desferrioxamine B (DFOB), 
a trihydroxamate siderophore, with Ca-montmorillonite (clay mineral). ATR-FTIR 
spectroscopy has also been used to study dissolution processes of goethite in situ in the 
presence of oxalic acid and DFOB [22]. The development of chemical force microscopy 
has also promoted the investigations of siderophore-surface interactions [23, 24]. 

In this study, we investigated the adsorption of DFOB and aerobactin to lepidocrocite 
(γ-FeOOH) by ATR-FTIR spectroscopy. Lepidocrocite is an iron(III) (hydr)oxide 
mineral that is found in hydromorphic soils, aquatic environments, and iron ore deposits. 
This iron(III) (hydr)oxide mineral is well suited for ATR-FTIR studies because of its 
high surface area, resulting in spectroscopically measurable surface concentrations of 
adsorbed DFOB and aerobactin. The investigated siderophores are similar in size, but 
differ (partly) in their metal binding groups as well as in their overall charge (Fig. 1). 
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fig. 1: Chemical structures of the fully protonated siderophores desferrioxamine B (DFOB) and 
aerobactin and reported pKa values of the functional acid groups at 0.1 M ionic strength [28, 31] 
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The presence of a photochemically reactive iron binding group (α-hydroxycarboxylic 
acid group) [25, 26] and the presence of two lateral carboxylic acid groups in aerobactin 
represent the major differences compared to DFOB that may influence their reactivity 
at the surface of lepidocrocite. In addition, aerobactin has only two hydroxamic acid 
functional groups in comparison to the trihydroxamate siderophore DFOB.  

Even though the ligand and iron oxide concentrations used in this laboratory study 
likely do not reflect natural conditions, information on the coordination of siderophores 
may help to understand the reactivity of these compounds towards dissolution of iron 
bearing minerals in terrestrial and aquatic environments.

Materials and methods2. 

Samples2.1 

Iron-free aerobactin (C22H32O12N4, lyophilized, from EMC microcollections in 
Tübingen, Germany) was used as received. Desferrioxamine B (DFOB) was received 
as the methanesulfonate salt ([C25H46N5O8NH3

+(CH3SO3)
-], Sigma Aldrich) and was 

converted to the chloride salt by using an anion exchange resin. A column packed with 
70 g of chloride anion resin (AG 1-X2, Biorad) was preconditioned with 0.1 M HCl 
and rinsed thoroughly with high purity water (18.2 MΩ cm) until the pH of the effluent 
was neutral. Then a 150 mL solution of 0.04 M DFOB was passed twice through the 
column during 5 hours in the dark. The resulting effluent was immediately freeze dried 
and stored at -20 °C and was further analyzed for residual methanesulfonate by ion 
chromatography (Metrohm ion chromatograph with a Metrosep A Supp 5-150 column, 
effluent: 3.2 mM Na2CO3, 1 mM NaHCO3, retention time: 4.2 minutes). Samples were 
either directly analyzed for methanesulfonate or were first oxidized by UV irradiation in 
an acidic hydrogen peroxide solution (in Quartz glass tubes) prior to the measurement of 
sulfate (resulting from the oxidation of methanesulfonate, retention time: 13.9 minutes). 
Neither methanesulfonate nor sulfate was detected by ion chromatography. 

The concentrations of aerobactin and DFOB (chloride salt) stock solutions were 
measured by total organic carbon analysis with a Shimadzu 5000A TOC analyzer (TOC 
standards from Fluka).   

The synthesis and characterization of lepidocrocite used in this study has been 
presented elsewhere [27]. A specific surface area of 130 m2/g was measured by 
multipoint N2-BET analysis and the point of zero charge (pHPZC = 7.4) was determined 
by acid-base titrations in different ionic strength media.
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aTr-fTIr spectra of solution species2.2 

Spectra were recorded on a Bio-Rad FTS 575C instrument equipped with a mercury 
cadmium telluride (MCT) detector and a horizontal nine reflection diamond ATR unit 
with KRS-5 optics (SensIR Technologies, Danbury, CT). Scans were taken from 400 to 
4000 cm-1 with 2 cm-1 resolution. Data analysis was performed with Matlab (The Math 
Works, Inc.).

Absorbance spectra of aqueous solutions of 50 mM DFOB and 50 mM aerobactin, 
respectively, were measured against a background spectrum of high purity water 
(128 co-added scans). Solution pH was varied between 3 and 12 by small additions 
of concentrated HCl or NaOH. DFOB solutions were analyzed in a 5 mL liquid 
cell mounted above the ATR-crystal. Because we only had a very small quantity of 
aerobactin available, we minimized the consumption of aerobactin by spreading 100 
μL of a 50 mM aerobactin stock solution over the surface of the ATR crystal. The pH 
of the solution was changed by transferring the solution into an Eppendorf vial and 
adding minute amounts of concentrated HCl and NaOH before bringing the solution 
back onto the ATR crystal. Solution pH was measured with a micro-electrode (Metrohm 
6.0224.100 with saturated KCl as internal electrolyte, shaft diameter 3 mm). Dilution 
by addition of HCl or NaOH amounted to less than 10 % and was not accounted for in 
the analysis of the spectra. 

Spectra of aqueous 1:1 complexes of Fe(III)-DFOB and Fe(III)-aerobactin at pH 6 
were recorded as well. Fe(III)-DFOB (50 mM) was prepared by mixing a stock solution 
of FeCl3*6H2O with a stock solution of DFOB and adjusting to pH 6. A pure stock 
solution of 1:1 Fe(III)-aerobactin complexes at neutral pH could not be synthesized in 
this way and would have required subsequent purification by HPLC. However, due to 
the limited amount of available aerobactin a purification step was not feasible. Instead, 
freshly synthesized and carefully washed hydrous ferric oxide was added in excess to 
a stock solution of approximately 50 mM aerobactin (100 μL volume) in an Eppendorf 
vial and was left to react for one week in the dark. The solution was heated up to 50 °C 
for few hours each day to speed up the dissolution process. During the reaction time, 
the pH was gradually adjusted with small volumes of concentrated NaOH to pH 6. 
The suspension was subsequently centrifuged and the supernatant was filtered through 
a 0.45 μm filter (Millipore, SJHV004NS). The final stock solution was characterized 
by UV-Vis spectroscopy, total organic carbon and total iron analysis. It consisted of 
approximately 16 mM free aerobactin and 14 mM 1:1 Fe(III)-aerobactin complexes.

 



70

aTr-fTIr spectra of adsorbed species 2.3 

The circular diamond ATR crystal (diameter 4 mm) was coated with a thin film of 
lepidocrocite by spreading 2 μL of a 30 g/L lepidocrocite suspension over the crystal and 
drying the film under a gentle stream of N2. Only a small fraction of the film detached 
from the ATR crystal during the rinsing procedure with high purity water. Then, a 5 
mL liquid cell (polypropylene beaker) was tightly pressed onto to the ATR unit with a 
silicon O-ring seal between the liquid cell and the ATR unit. The liquid cell was covered 
with a PMMA window (Plexiglas) through which a pH electrode and tubes for N2 purge 
gas and for the addition of HCl and NaOH were inserted. The solutions in the liquid cell 
were purged with high purity N2 gas to stir the solution and to reduce the input of CO2 
from air and the concomitant adsorption of carbonate. The ionic strength was adjusted 
to 0.01 M with NaCl. After purging the solution above the oxide layer with N2 for 45 
minutes, a background spectrum of the water-solid interface at pH ~5 was measured 
(128 co-added scans). Then, concentrated stock solutions of DFOB or aerobactin were 
added to a final solution concentration of 400 μM. The pH of the solution was adjusted 
with small additions of HCl or NaOH. 

Absorbance spectra of adsorbed DFOB or aerobactin (128 co-added scans) were 
measured against the background spectrum (solid-water interface without any ligands). 
Measurements were all carried out in the dark. Adsorption of DFOB and aerobactin 
did not increase measurably after a reaction time of ~30 min. During the pH edge 
adsorption experiments, dissolution of lepidocrocite in the presence of the siderophores 
occurred, but less than 2 μM Fe(III)-siderophore complexes in solution formed in total 
during the experiments. Total dissolved iron was measured by UV-visible absorption 
of the solution at 430 nm for Fe(III)-DFOB complexes and by inductively coupled 
plasma optical emission spectroscopy (ICP-OES) for Fe(III)-aerobactin complexes, 
respectively.  

By using this ATR-FTIR setup with low amounts of lepidocrocite (thin film) and 
rather high siderophore concentrations (400 μM), we could ensure that (i) the solution 
above the oxide film was sufficiently well buffered (no significant pH shifts during 
experiments), (ii) the formation of Fe(III)-DFOB or Fe(III)-aerobactin complexes due 
to dissolution of lepidocrocite did not lead to a significant decrease in the solution 
concentration of uncomplexed DFOB or aerobactin, and (iii) high ratios of free ligand 
concentrations to solution concentrations of Fe(III)-complexes minimized spectral 
contributions from possible readsorption of Fe(III)-aerobactin or Fe(III)-DFOB 
complexes [9].
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aTr-fTIr photoirradiation experiments2.4 

An ATR-FTIR setup coupled with UV-Vis irradiation was used to investigate the 
photoreactivity of adsorbed siderophores at the surface of lepidocrocite [27]. Spectra 
of adsorbed DFOB and aerobactin were measured at pH 8 and pH 4, respectively, as 
described above. For the photoirradiation experiments, the 5 mL liquid cell was covered 
with an UV-transparent PMMA window (Plexiglas GS 2458, Röhm, Germany) to allow 
UV irradiation from above. Light from a 103 W high pressure mercury lamp (HBO 
103W/2, OSRAM) was passed through a glass filter (cut-off wavelength 300 nm) and 
focused by a quartz glass lens onto the ATR crystal/oxide layer/water interface inside 
the liquid cell. The filtered light spectrum of the high pressure HBO lamp consisted of 
non-overlapping spectral bands at 312, 334, 365 (strong), 404, 435, 546, and 578 nm. 
The light intensity of the focused beam was approximately 5-10 W/cm2 (300 nm – 500 
nm wavelength range) [27].

Under irradiation, spectra were recorded in time-steps of 1 minute (51 co-added 
scans per spectrum). The solution above the oxide layer was gently purged during the 
irradiation period. It was necessary to perform background spectra of the irradiated 
mineral-water interface in the absence of the siderophores to correct for spectral artifacts 
occurring due to the heat generation that accompanied the intense irradiation [27]. The 
temperature of the solution in the 5 mL liquid cell above the oxide layer increased from 
25 °C to 40 °C within 9 minutes of irradiation. The pH of the solution was measured 
after the irradiation period at room temperature and no pH shifts were observed. 

 

results and discussion3. 

Ir spectra of dfoB in aqueous solutions3.1 

The spectra of aqueous DFOB at 20 different pH values (pH 3.5 to 12) were analyzed 
by applying singular value decomposition (SVD) and oblique rotation with a matrix 
expressing the protonation equilibria of different DFOB species with known pKa values 
(see Fig. 1, pKa values at 0.1 M ionic strength [28]). The SVD procedure is described 
elsewhere [29]. The different component spectra of aqueous DFOB are shown in Fig. 
2. We have adopted a notation in which the proton of the amine group is written within 
brackets. For example, (HDFOB)2- is a species which is still protonated at the amine 
group (pKa = 10.79 [28]), but where the hydroxamic functional groups are deprotonated 
(pKa values: 8.32, 8.96, 9.55 [28]). According to SVD, the experimental data set could 
be fitted with four different SVD-components to within 0.0005 absorbance units 
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(close to spectral noise), indicating the presence of four spectral distinct species. 
The application of oblique rotation with known pKa values resulted in 5 spectra of 
differently protonated species, where the spectra of DFOB3- (totally deprotonated) and 
(HDFOB)2- (protonated at the primary amine group) were very similar (Fig. 2). Thus, 
the protonation or deprotonation of the primary amine group in solution did not result 
in noticeable spectral changes. The spectra of aqueous DFOB are in agreement with 
published spectra [17], except that the intense bands of methanesulfonate at 1185 cm-1 
and 1049 cm-1 (Fig. S1 in the Supporting Information) are absent (methanesulfonate in 
the purchased desferrioxamine B salt was exchanged by chloride in this study). The most 
important band positions and vibrational modes of DFOB as assigned by Edwards et al. 
(2005) are listed in Table 1. Fig. 2 illustrates that the spectra and the spectral changes 
with pH were dominated by vibrations of the hydroxamic acid functional groups. The 
deprotonation of the hydroxamic acid groups was accompanied by a decrease of the 
1605 cm-1 band and a concomitant increase of a band at 1578 cm-1. The 1605 cm-1 
band is assigned to the oxime related amide I vibration (νC=O stretch vibration of the 
hydroxamic carbonyls), which is downshifted to 1578 cm-1 upon deprotonation [17]. 
The major potential energy contributions to the absorption bands at 1605 cm-1 and 1578 
cm-1 originate from vibrations within the hydroxamic acid groups, with a predominant 
contribution from the oxime νC=O stretch [17]. The amide I band (νC=O stretch) of the 
amide carbonyls located at 1620 cm-1 was not affected by pH change. The amide II 
band of the amide groups (coupling of δN-H bend and νC-N stretch [30]) is located at 
approximately 1540 to 1561 cm-1. For the protonated DFOB species, H3(HDFOB)+, 
Edwards et al. (2005) have assigned bands located at 1470, 1444 and 1426 cm-1 to 
δNOH bend and νC-N stretch (oxime), δNH deformation (primary amine) and δCCN bend 
vibrations, respectively. Except for the δNH deformation vibration (primary amine), 
the bands assigned to the above vibrational modes were well resolved in the measured 
spectrum of H3(HDFOB)+ (cf. Table 1 and Fig. 2). With the disappearance of the δNOH 

bend vibrational mode (~1469 cm-1) upon deprotonation of the hydroxamic acids, a 
distinct band located at 1472 cm-1 evolved. Without published ab initio calculations 
of vibrational modes and frequencies of deprotonated DFOB species, we can only 
tentatively assign the 1472 cm-1 band to hydroxamate related vibrations (e.g. νC-N stretch 
of the hydroxamate group). Deprotonated DFOB species also exhibited a distinct peak 
at 1149 cm-1, which may be assigned to a νN-O stretch. This band was not observed by 
FTIR spectroscopy by Edwards et al. (2005), probably due to the masking effect of 
the strong methanesulfonate bands, but a resonance Raman spectrum of Fe(III)-DFOB 
revealed a peak located at 1209 cm-1 that was unambiguously assigned to the νN-O stretch 
vibration [17].
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Table 1: Experimental vibrational modes for DFOB species.

Assignment a H3(HDFOB)+ DFOB3- Fe(III)-DFOB
pH 6

Adsorbed DFOB
pH 4.0 - 8.2

νC=O (amide) 1620 1620 1626 1625
νC=O (oxime) 1605 1578 1578 1578

δNH rock (amide)
νC-N (amide) 1561 1540 n.r.b n.r.b

δNOH bend d

νC-N (oxime) 1469 d

Hydroxamate related 
vibrations e 1472 e 1455 e 1463 e

δNH (amine) n.r.b (1444 c)
δCCN bend 1427
νN-O 1149 f

a Assignments of aqueous DFOB species according to Edwards et al. (2005). rock = rocking 
mode, bend = bending mode. b n.r. = not resolved in this study. c From Edwards et al. (2005). 
d The δNOH bend is lost upon deprotonation of the hydroxamic acids. e Due to the absence of 
ab initio calculations of vibrational modes of the Fe(III)-DFOB complex and deprotonated 
DFOB species, we tentatively relate these bands to vibrations of the Fe(III)-coordinating or free 
hydroxamate groups. f This band was not observed by IR spectroscopy by Edwards et al. (2005), 
probably due to masking by methanesulfonate bands, but a band assigned to νN-O was observed at 
1209 cm-1 by Raman spectroscopy [17]. 

Ir spectra of aerobactin in aqueous solutions3.2 

Due to the limited amount of available aerobactin, only a small set of spectra was 
recorded in aqueous solution (9 spectra from pH 2.75 to 10.43). SVD analysis of these 
spectra revealed that a minimum of three SVD-components were required to fit all 
important peaks to within a residual of 0.0005 absorbance units. To illustrate spectral 
changes occurring due to deprotonation of the carboxylic acid groups (pKa values: 3.11, 
3.48, 4.31 at 0.1 M ionic strength [31]) and hydroxamic acid groups (pKa values: 8.93, 
9.44 [31]), spectra of the following species are shown in Fig. 3: H5(aerobactin) (fully 
protonated, pH 2.75), H2(aerobactin)3- (carboxylic acid groups deprotonated, pH 6.52), 
and aeobactin5- (carboxylic and hydroxamic acid groups deprotonated, pH 10.43). In 
addition, difference spectra of these species are presented in Fig. 4. Peak positions 
and band assignments of aerobactin solution species are listed in Table 2. In the fully 
protonated species the νC=O stretch vibrations of the carboxylic groups (1720 cm-1), amide 
groups (1650 cm-1) and oxime groups (1605 cm-1) were clearly resolved. The bands 
located at 1553 cm-1, 1458 cm-1 and 1238 cm-1 are assigned to δNH rock (amide), δNOH 
bend vibration, and νC-OH stretch (δC-OH bend) vibrations, respectively. Deprotonation 
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of the carboxylic groups resulted in a decrease of the 1720 cm-1 and 1238 cm-1 bands 
and in the development of bands at 1578 cm-1 (νCOO- asymmetric stretch vibration)  and 
1404 cm-1 (νCOO- symmetric stretch vibration) (see Fig. 3 and 4). Upon deprotonation 
of the hydroxamic acid groups, the oxime related νC=O vibration at 1605 cm-1 was 
downshifted to 1578 cm-1 (Fig. 4). The formation of the band located at 1474 cm-1 is 
tentatively assigned to vibrations of the hydroxamate groups, consistent with the band 
at 1472 cm-1 of deprotonated DFOB. Fig. 4 shows furthermore that the intensities of 
carboxylate vibrations were much larger than the intensities of hydroxamate vibrations. 
This masking effect introduces some difficulties in the interpretation of spectral data of 
aerobactin adsorbed to metal oxide surfaces.
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fig. 3: Aqueous component spectra of aerobactin (50 mM): H5(aerobactin) (fully protonated, pH 
2.75), H2(aerobactin)3- (carboxylic acid functional groups deprotonated, pH 6.52), aerobactin5- 
(totally deprotonated, pH 10.43). 
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Table 2: Experimental vibrational modes for aerobactin species in solution.

Assignment a Fully protonated  
H5(aerobactin)

Fully deprotonated  
aerobactin5-

νC=O (carboxylic acid) 1723 -
νC=O (amide) 1650 1650
νC=O (oxime) 1605 1578
νCOO- as - 1578
δNH rock (amide) 1553 1535

δNOH bend b 
νC-N (oxime) 1458 -

Hydroxamate related 
vibrations - 1473 c

νCOO- sy - 1404
νC-OH,  δC-OH 1238 -

a Assignments according to this study. as = asmmetric, sy = symmetric. b The δNOH bend 
dissapears upon deprotonation of the hydroxamic acids. c This band evolves upon deprotonation 
of hydroxamic acid groups and can be assigned to hydroxamate related vibrational modes.
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groups.
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A comparison of the spectra of DFOB and aerobactin shows the effect of substituents 
on the band frequencies of corresponding vibrational modes. The chemical environment 
of the hydroxamic acids in DFOB and aerobactin is very similar (alkyl chains). 
Accordingly, the frequencies of hydroxamate (or hydroxamic acid) related vibrational 
modes of DFOB and aerobactin were almost identical (cf. Table 1 and 2). On the other 
hand, the frequencies of amide associated vibrational modes were significantly different, 
and this may be related to adjacent carboxylic acid groups present in aerobactin. The 
amide νC=O stretch vibration was 30 cm-1 higher than the equivalent band in DFOB. 
Furthermore, there was a slight shift of the amide δNH rock vibration towards lower 
frequencies.

Ir spectra of aqueous fe(III)-dfoB and fe(III)-aerobactin complexes3.3 

The spectrum of aqueous Fe(III)-DFOB at pH 6 is presented in Fig. 5. This spectrum 
is in agreement with the Fe(III)-DFOB spectrum measured by Edwards et al. (2005), 
except that in this study the resolved amide νC=O vibration (1620 cm-1) was less intense. 
This spectral region is strongly affected by vibrational modes of solvent water, hence 
the subtraction of the background water spectrum has to be performed carefully (e.g., 
the ionic strength of the background spectrum must have exactly the same ionic 
strength as the probe solution). Compared to fully deprotonated DFOB solution species 
(Fig. 2 and Table 1), the amide νC=O band of the Fe(III)-DFOB solution complex was 
apparently shifted by 6 cm-1 towards higher energy (1626 cm-1). The coordination of 
hydroxamate groups to Fe(III) did not lead to a shift in the oxime νC=O stretch band 
(1578 cm-1). However, a rather intense band at 1455 cm-1 emerged upon coordination of 
hydroxamate groups to Fe(III). Similarly, vibration bands appeared upon deprotonation 
of hydroxamic acid groups of aqueous DFOB and aerobactin at 1472 and 1474 cm-1, 
respectively (cf. Fig. 2 and 4). We assigned these bands to vibrations of Fe(III)-
coordinating or free hydroxamate groups. A downshift in frequency of this vibrational 
mode, as observed for the Fe(III)-DFOB solution complex, may tentatively be used to 
determine the coordination of hydroxamic acids to Fe(III) sites at the surface of iron(III) 
(hydr)oxides. 

The spectral analysis of Fe(III)-aerobactin at pH 6 (Fig. S2 in the Supporting 
Information) was hampered by the presence of free aerobactin (16 mM free aerobactin 
versus 14 mM 1:1 Fe(III)-aerobactin complexes). At pH 6, the carboxylic acid groups 
are deprotonated irrespective of complexation with Fe(III). On the other hand, the 
hydroxamic acid groups of free aerobactin are protonated at pH 6, thus the measured 
Fe(III)-aerobactin spectrum (Fig. S2 in the Supporting Information) has a noticeable 
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contribution of oxime νC=O vibrations at 1605 cm-1. For this reason, the apparent oxime 
νC=O vibration was at slightly higher energy (1582 cm-1) than what might be expected 
for deprotonated or Fe(III)-coordinating hydroxamic groups (1578 cm-1).
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fig. 5: Spectrum of the aqueous Fe(III)-DFOB complex (50 mM) at pH 6. 

assessment of surface interactions of siderophore functional groups3.4 

This section gives a brief background for the discussion of the spectra of adsorbed 
DFOB and aerobactin in the following sections. As generally accepted, formation of 
inner-sphere surface complexes with new bonds between ligand atoms and surface 
metal atoms (surface sites) lead to distinct spectral changes compared to the spectra 
of ligands in solution. In contrast, formation of outer-sphere complexes by purely 
electrostatic forces leaving solvent shells around surface and ligands intact, does not 
lead to distinct spectral changes. However, strong hydrogen-bonding can complicate 
spectral interpretations. Formation of outer-sphere surface complexes with strong 
hydrogen bonds is accompanied by a partial loss of the ligand solvent shell, and can 
lead to shifts in the vibrational modes of coordinating functional groups [32]. Hydrogen 
bonds are usually weak (with exceptions) and depend on contributions from electrostatic 
interactions (acid/base), polarization effects (hard/soft), and van der Waals interactions 
[33]. Hydrogen bonds may gain in strength if strong electrostatic interactions are 
involved (ionic hydrogen bonds). Noren and Persson (2007) recently reported that 
acetate, benzoate and cyclohexanoate adsorb to goethite by hydrogen bonding 
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interactions in the acidic pH range, based on spectral differences observed in both H2O 
and D2O. These authors proposed that shifts in the νCOO- symmetric and asymmetric 
stretch vibrations that have formerly been interpreted as consequences of inner-sphere 
coordination, may also occur upon hydrogen bonding. Thus, the distinction between 
outer-sphere hydrogen bonded carboxylates and inner-sphere complexes based on 
spectral shifts may not always be unambiguous [32]. On the other hand, distinct shifts 
are generally observed for ligands for which inner-sphere complexation is expected and 
energetically favorable, e.g. by formation of ring chelate structures at the surface, such 
as the five-membered ring chelate structure for oxalate [34].

Inner-sphere coordination of organic acids to mineral oxide surfaces is associated 
with an increase in acidity [35, 36]. Likewise, we may assume an increase in acidity 
upon hydrogen-bonding interactions of acid functional groups to the surface resulting 
in the stabilization of the deprotonated acid groups at the surface. Equation 1 illustrates 
the possible adsorption mode of a carboxylic acid to a positively charged iron (hydr)
oxide surface by formation of a hydrogen bonded outer-sphere carboxylate complex. 
The situation for hydroxamic acids might be quite similar (equation 2). However, 
hydroxamic acids have significantly higher acid dissociation constants (pKa > 8.3) than 
carboxylic acids (pKa < 5 for small aliphatic monocarboxylic acids; see also Fig. 1 
for pKa values of the carboxylic acid groups of aerobactin). Thus, we may reasonably 
assume that the adsorption of hydroxamic acid groups by strong ionic hydrogen 
bonding interactions can be neglected in the acidic pH range. With increasing pH, both 
surface sites of lepidocrocite (pHPZC = 7.4) and the hydroxamic acid functional groups 
(pKa > 8.3) gradually deprotonate and the extent and strength of potential hydrogen 
bonding interactions may vary as a function of pH. In contrast to monocarboxylic acids, 
hydroxamic acids are able to form stable five-membered ring chelates at the surface of a 
mineral oxide [13, 14]. Thus, we may predict that hydroxamic acid groups tend to form 
inner-sphere surface complexes in the acidic pH range and that such surface complexes 
presumably also form at higher pH. 
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In this study, we have not attempted to investigate potential hydrogen interactions 
of hydroxamic acid groups with the surface of lepidocrocite. In comparison to simple 
monocarboxylates, the investigation of such interactions for complex molecules such as 
siderophores is probably far more difficult and has not been undertaken so far.

Ir spectra of dfoB adsorbed to lepidocrocite3.5 

Fig. 6 shows spectra of DFOB adsorbed to lepidocrocite from an aqueous solution 
of 400 μM (0.01 M ionic strength) as a function of solution pH. The upper panel shows 
spectra measured in the pH range 4.0 - 8.2. SVD analysis of the spectra revealed that 
one SVD-component is sufficient to reproduce the spectral data in this pH range. The 
maximum residuals between the reproduced and the original spectra were less than 
0.001 absorbance units. Residuals contained spectral features at 1470 and 1350 cm-1 
assigned to desorption of adsorbed carbonate, which could not completely be removed 
prior to addition of DFOB (even by degassing with N2 at pH 4 for an hour). Spectral 
bands increased with increasing pH, consistent with measured pH-dependent surface 
concentrations of DFOB in batch adsorption experiments conducted in our companion 
study [9]. Although the spectra in the pH range 4.0 to 8.2 are very similar, we cannot 
conclusively deduce the number of potentially different surface complexes from the 
SVD analysis. Possibly, several types of surface complexes with very similar spectra 
are present. 

At solution pH where aqueous DFOB species are fully protonated (e.g. below 
pH 6.5), spectra of adsorbed DFOB not only resembled the aqueous Fe(III)-DFOB 
complex (cf. Fig. 5) but also the solution species H(HDFOB)- and (HDFOB)2- (cf. Fig 
2), where two or three hydroxamic acid groups are deprotonated, respectively. The 
strong intensity of the oxime νC=O stretch bands located at 1578 cm-1 and the rather weak 
spectral contributions of oxime νC=O stretch bands at 1605 cm-1 at the lower end of this 
pH range (e.g. pH 4) indicated that two to three hydroxamic acid groups within each 
adsorbed DFOB molecule are deprotonated. In comparison to deprotonated solution 
species, there were some differences in the spectra of adsorbed DFOB. Apart from the 
broader oxime νC=O stretch band of adsorbed DFOB at 1578 cm-1, the band assigned 
to vibrational modes of deprotonated hydroxamic acids was downshifted to 1463 cm-1 
relative to the corresponding vibrations at 1472 cm-1 of deprotonated aqueous DFOB 
species, towards the position of the corresponding 1455 cm-1 band of the aqueous 
Fe(III)-DFOB complex. Due to the lack of ab initio calculations of vibrational modes 
of the Fe(III)-DFOB solution complex and possible surface complexes of DFOB at 
iron(III) (hydr)oxide surfaces or clusters, we can only propose that the rather intense 



81Chapter 3

900 10001100120013001400150016001700
-0.005

 0.000

0.005

0.010

0.015

0.020
A

bs
or

ba
nc

e

900 10001100120013001400150016001700
-0.005

0.000

0.005

0.010

0.015

0.020

ν (cm-1)

A
bs

or
ba

nc
e

1625

1578

1463

1420
1370 1019

10191370
1420

1463

1578

1625

pH

8.20
7.82
6.48
4.00

pH

8.60
9.21
9.79
10.33
10.63

fig. 6: Spectra of DFOB adsorbed to lepidocrocite from aqueous solutions of DFOB (400 μM, I = 0.01 
M). The direction of pH adjustment and the trend of concomitant spectral changes are indicated by 
arrows.

 
band at 1463 cm-1 is due to vibrations localized at Fe(III)-coordinated hydroxamate 
groups at the surface.

The observed deprotonation of two to three hydroxamic acid groups of adsorbed 
DFOB at acidic pH (e.g. pH 4) well below the pKa values of hydroxamic acid groups and 
also well below the point of zero charge of lepidocrocite (pHPZC = 7.4) strongly indicates 
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inner-sphere coordination of these groups at the surface. With a gradual increase of the 
pH towards pH 8.2, we cannot rule out the possibility that hydroxamic acid groups 
coordinate to the surface as deprotonated outer-sphere surface complexes with (ionic) 
hydrogen bonding interactions to the surface of lepidocrocite. However, the formation 
of inner-sphere surface complexes may even prevail in a higher pH range, considering 
that hydroxamic acids - unlike monocarboxylic acids – are able to form stable five-
membered chelate rings with Fe(III) [13, 14]. 

In a recent study it was proposed that in the case of goethite only one hydroxamic 
group of DFOB coordinates to the surface, based on the analysis of temperature 
dependent dissolution rate coefficients [37]. However, the distance between hydroxamic 
acid groups in DFOB (assuming a linear structure) is approximately 9 Å, which allows 
the possibility that each hydroxamic acid coordinates separately to surface Fe(III) 
sites (distance of adjacent Fe sites at the goethite surface: 3.01-3.46 Å) [38]. From the 
spectral data we cannot deduce the spatial geometry of an adsorbed DFOB molecule at 
the surface of lepidocrocite, e.g., if the suggested inner-sphere coordination of two to 
three hydroxamate groups of adsorbed DFOB at low pH involves one or more surface 
Fe(III) sites. However, formation of a surface complex with all three hydroxamate 
groups coordinated to a single surface site is very unlikely due to steric hindrance at the 
surface. 

Based on a recent adsorption study of acetohydroxamic acid on goethite [38], where 
it was concluded that surface complexes of acetohydroxamic acid have no charge and 
where surface concentrations did not change between pH 4 and 8, we assumed that 
the surface complex of DFOB on lepidocrocite is positively charged in this pH range 
due to the protonated primary amine group (pKa: 10.79 [28]). Additional information 
on the type of surface complexes of DFOB formed on lepidocrocite is provided by 
batch adsorption and dissolution experiments in our companion study [9]. In the 
batch adsorption experiments, the increase of surface concentrations of DFOB with 
increasing pH towards pH 8 at 0.01 M ionic strength was explained by a decrease of 
repulsive electrostatic interactions between positively charged surface complexes of 
DFOB (due to the charged amine group) and the surface towards and above the point 
of zero charge of lepidocrocite (pHPZC = 7.4). Hydrogen bonding interactions between 
negatively charged surface sites and the positively charged amine group with increasing 
pH towards pH 8 was also assumed to contribute to the free energy of adsorption of 
DFOB. In line with a reduction of repulsive electrostatic interactions, we observed an 
increase in surface concentrations of DFOB at pH 3 with an increase in ionic strength 
(0.2 M NaClO4) [9]. 

The results of the batch dissolution experiments  suggested that the surface speciation 
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in terms of dissolution-active surface complexes was rather constant from pH 3  
to 8, in support of the spectral interpretation that inner-sphere surface complexation of 
hydroxamic acid groups of DFOB is dominant in this pH region [9]. 

Increasing the solution pH above 8.6 resulted in a decrease of the concentration of 
adsorbed DFOB as shown by decreasing spectral intensities of all absorption bands 
(lower panel of Fig. 6). The negative peak at ~1020 cm-1 can be clearly assigned to 
δOH in-plane vibrations of structural OH groups of lepidocrocite (cf. Fig. S3 in the 
Supporting Information). A negative peak may arise as a result of dissolution [39] or in 
this study most likely as a result of destabilization and partial detachment of lepidocrocite 
particles from the ATR crystal at higher pH [27]. In the lower panel of Fig. 6, a loss 
of maximal 6 % of lepidocrocite was estimated. The partial loss of lepidocrocite may 
result in a loss of adsorbed DFOB in the penetration depth of the IR evanescent wave. 
However, the larger decrease of the intensity of absorption bands of up to ~ 30 % is 
consistent with desorption of DFOB from the lepidocrocite surface. In contrast to the 
pH range 4.0 to 8.2, SVD analysis of the spectra measured above pH 8.6 revealed that 
one SVD-component is not sufficient to reproduce the spectral data. Two components 
were required to fit the spectral data to within 0.0003 absorbance units. Here we assume 
that the surface speciation varies with pH and that more than one surface complex is 
present. With an increase in pH, we observed a larger decrease of the spectral intensity 
at 1605 cm-1 than at 1578 cm-1 (oxime νC=O stretch bands of protonated or deprotonated 
hydroxamic acid functional groups, respectively), which points towards deprotonation 
of residual non-deprotonated hydroxamic acid functional groups of adsorbed DFOB 
(pKa values of hydroxamic acid groups in solution lie within 8.3  and 9.55).  

The spectra in Fig. 6 show that adsorption of DFOB to lepidocrocite was maximal 
at approximately pH 8.6 and decreased at lower and higher pH values. This study 
complements experimental adsorption studies of DFOB onto iron (hydr)oxides [8, 9, 
37, 40] by extending the pH range to higher pH values that have not been considered so 
far. 

Ir spectra of aerobactin adsorbed to lepidocrocite3.6 

Fig. 7 shows spectra of aerobactin adsorbed to lepidocrocite in the pH range 3 to 
9. The negative peaks observed at 1480 cm-1 and 1350 cm-1 originate from residual 
adsorbed carbonate (asymmetric and symmetric νC-O stretch) which gradually desorbed 
from the surface along with a decrease in solution pH and a concomitant increase 
in aerobactin adsorption. According to the SVD analysis of the spectral range not 
significantly affected by the interference of carbonate, three SVD-components were 



84

required to fit the experimental spectra to within a residual of 0.0005 absorbance units. 
We conclude that at least three different surface complexes were present, differing in the 
protonation state and/or type of surface coordination of the hydroxamic and carboxylic 
acid groups. Since spectral changes occurring due to deprotonation of the hydroxamic 
acid groups in aerobactin as illustrated in Fig. 4 were comparatively small, we can only 
speculate on the protonation state of the adsorbed hydroxamic acid groups and thus on 
the type of their coordination to the surface. 
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fig. 7: Spectra of aerobactin adsorbed to lepidocrocite from aqueous solutions of aerobactin (400 
μM, I = 0.01 M). The direction of pH adjustment and the trend of concomitant spectral changes 
are indicated by arrows.

The increase of surface concentrations of aerobactin with decreasing solution pH 
points to significant interactions of the carboxylic acid groups of aerobactin at the 
surface. This adsorption behavior is typical for adsorption of carboxylic acids to iron 
(hydr)oxide surfaces, where maximum adsorption is observed close to the pKa values 
of the acids [41-43]. At the highest pH values, the spectra of adsorbed aerobactin 
resembled the spectra of solution analogs with deprotonated carboxylic acid groups (cf. 
Fig. 3), suggesting that these groups are not likely not involved in inner-sphere surface 
complexation at high pH. At the lowest pH values, the emerging peak at 1720 cm-1 



85Chapter 3

points to a partial protonation of adsorbed carboxylate groups. With decreasing pH, 
the spectra showed a significant downshift of the asymmetric νCOO- stretch vibrations 
of aerobactin to 1550 cm-1 as compared to deprotonated aerobactin in solution (1578 
cm-1) and a slightly higher frequency of the symmetric νCOO- stretch vibration (increase 
by 2 cm-1). This feature is consistent with a chelating mode of inner-sphere adsorbed 
carboxylate groups [44], but spectral shifts due to outer-sphere complexation by 
strong ionic hydrogen bonding interactions are also conceivable [32]. The available 
spectroscopic data does not provide the means to distinguish between vibrational bands 
of the lateral carboxylic groups and the central α-hydroxycarboxylic acid group. In our 
companion study [9], we observed significant adsorption of the dissolved hexadentate 
Fe(III)-aerobactin complex to the surface of lepidocrocite at pH 6. Assuming, that 
the hexadentate structure of Fe(III)-aerobactin is preserved at the surface, the only 
free functional groups to interact with the surface are the lateral carboxylic groups. 
Based on the findings of a spectroscopic investigation on the adsorption of α-amino 
acids to goethite [45], the amine moiety adjacent to the lateral carboxylate group may 
also interact with the surface by forming a five-membered chelate ring with the lateral 
carboxylate group. The high affinity of Fe(III)-aerobactin complexes for the surface 
of lepidocrocite as observed in batch adsorption experiments [9] is likely explained in 
terms of strong specific interactions by the lateral carboxylate and the adjacent amine 
group. 

The spectra of adsorbed aerobactin presented in this study provide limited but 
valuable information on the coordination of carboxylate groups of aerobactin to the 
surface. However, we can only speculate on surface structures of aerobactin, e.g., we 
cannot say how many iron-binding groups and Fe(III) surface sites are involved in the 
binding of aerobactin to the surface.

Photoirradiation of adsorbed dfoB and adsorbed aerobactin3.7 

Recent studies have shown that irradiation of the hexadentate Fe(III)-aerobactin 
complex in solution at circumneutral pH leads to the oxidation of the coordinating 
α-hydroxycarboxylic acid group and to the reduction of the Fe(III) center [25, 26]. 
The oxidation of the α-hydroxycarboxylic acid group leads to the formation of an 
enol functional group. In conjunction with a neighboring amide carbonyl group, the 
resulting β-ketoenolate functional group retains the hexadentate structure of the original 
Fe(III)-complex [26]. In-situ ATR-FTIR experiments coupled with UV-Vis irradiation 
were performed to investigate whether the α-hydroxycarboxylic acid of aerobactin is 
coordinated to the surface such that photolysis of this group and concomitant reduction 
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of the coordinated surface Fe(III) site is feasible. The experimental setup has been 
recently developed to study photoredox reactions of citrate adsorbed to lepidocrocite 
[27], where it was shown that the α-hydroxycarboxylic acid group of citrate is selectively 
photooxidized at the surface of lepidocrocite and that the terminal carboxylic acid groups 
are not directly involved in the photoreductive dissolution of lepidocrocite. Recent 
studies have shown that Fe(III)-DFOB complexes are not photochemically reactive 
in solution [12, 25]. Here, in-situ photoirradiation experiments were also performed 
in the presence of DFOB to provide reference spectra of a siderophore containing no 
carboxylic acid functional groups. 

Fig. 8 shows the spectra of adsorbed DFOB at pH 8 and of adsorbed aerobactin at pH 4 
before and immediately after 9 minutes of intense UV-A irradiation. An overall increase 
of vibrational bands was observed in both cases, caused by a temperature increase of 
the solution in the reaction cell (5 mL) from 25 °C to 40 °C during irradiation. The 
adsorption of DFOB and aerobactin to lepidocrocite increased by approximately 14 % 
and 10 %, respectively, as calculated by the increase of the most intense vibrational 
bands. These observations are in accordance with recent experimental findings which 
showed that surface concentrations of DFOB on goethite increased by 6 % and 22 % 
from 25 °C to 40 °C and 55 °C, respectively [37]. 

In contrast to the substantiated photolysis of citrate on lepidocrocite [27], we have 
no spectroscopic indication that the α-hydroxycarboxylic acid functional group of 
aerobactin is photolyzed at the surface. No distinct bands emerged or disappeared 
during irradiation. It is possible that no distinct spectral changes occurred, because the 
vibration spectra of aerobactin and the potential photoproduct are too similar. Additional 
photoirradiation experiments with aqueous Fe(III)-aerobactin complexes at pH 6 
showed that under irradiation a strong electronic transition band at 260 nm emerged 
(data not presented), which is characteristic for the Fe(III)-aerobactin photoproduct 
[26]. This electronic transition is linked to the strong delocalization of π-electrons in 
the Fe(III)-coordinated ketoenolate functional group of the photoproduct complex - 
similar to Fe(III)(acac)3 complexes [46]. In contrast, the IR spectra of the photoproduct 
showed no conclusive changes in spectral bands as compared to Fe(III)-aerobactin 
(data not presented). Therefore we conclude that photolysis of the α-hydroxycarboxylic 
acid group in aerobactin adsorbed at the surface of lepidocrocite cannot be investigated 
reliably by in-situ ATR-FTIR spectroscopy.
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Summary and conclusions4. 

The spectroscopic data of DFOB adsorbed to lepidocrocite indicated that two to three 
hydroxamic acid groups within each adsorbed DFOB molecule were deprotonated in the 
pH range 4.0 to 8.2. Based on the high proton affinity of hydroxamic acid groups and 
the ability of hydroxamic acid groups to form energetically favorable five-membered 
Fe(III)-chelate rings, we propose that the dominant surface complex at the lower end 
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of this pH range (pH 4) involves inner-sphere coordination of two to three hydroxamic 
acid groups to the surface of lepidocrocite. From the spectroscopic data, we can neither 
conclusively deduce the number of potential surface species nor can we deduce the 
number of involved surface Fe(III) sites. With increasing pH, the surface speciation may 
also involve outer-sphere coordination with hydrogen bonding interactions. However, 
the results of dissolution experiments performed in our companion study indicate that 
the surface speciation between pH 3 and 8 in terms of dissolution-active surface species 
is not pH-dependent [9]. Thus, inner-sphere coordination of hydroxamic acids is likely 
predominant in this pH range. Surface concentrations of adsorbed DFOB were maximal 
at pH 8.6 and decreased at both higher and lower pH. At pH > 8.6, the spectroscopic 
data suggested that the surface speciation is affected by the deprotonation of residual 
non-deprotonated hydroxamic acid functional groups of adsorbed DFOB. 

The investigation of the surface coordination of aerobactin was complicated by 
the fact that the vibration bands of the hydroxamic acid groups were masked by the 
much stronger bands of the carboxylic and α-hydroxycarboxylic acid groups. Due 
to the rather small spectral intensities of Fe(III)-coordinating and free hydroxamate 
bands the interactions of the hydroxamic acid groups in aerobactin with the surface of 
lepidocrocite could not be resolved. According to the SVD analysis of the spectral data 
of adsorbed aerobactin, at least thee surface complexes were present between pH 3 and 
9. At high pH, the spectra of adsorbed aerobactin strongly resembled solution analogs 
with deprotonated carboxylic acid groups, indicating outer-sphere complexation of the 
carboxylic acid groups. At low pH, a significant shift in the asymmetric νCOO- stretch 
vibration was observed, which is indicative of either inner-sphere complexation of 
carboxylic acid groups or outer-sphere complexation to the surface by strong ionic 
hydrogen bonding. Further evidence of the strong interactions of the lateral carboxylic 
acid groups (conceivably in combination with the adjacent amine groups) with the 
surface is provided in our companion study [9], where significant adsorption of the 
solution Fe(III)-aerobactin complexes to the surface at pH 6 was observed. However, we 
have no direct spectroscopic substantiation for the coordination of α-hydroxycarboxylic 
acid group that would indicate that this group participates in photodissolution of 
lepidocrocite by a surface photoredox reaction.
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abstract

Batch adsorption and dissolution experiments with lepidocrocite (γ-FeOOH) and 
two model siderophores, desferrioxamine B (DFOB) and aerobactin, were performed 
between pH 3 and 8 in the dark and under irradiation with UV-visible light. The 
increase in surface concentrations of adsorbed DFOB with increasing pH was explained 
in terms of electrostatic interactions between the protonated and charged terminal 
amine group of DFOB surface complexes and the charged lepidocrocite surface. The 
adsorption of aerobactin was consistent with the typical anion-like adsorption behavior 
of low molecular weight organic acids and indicated that the adsorption properties 
are strongly determined by the carboxylic acid groups. The adsorption experiments 
revealed furthermore that the Fe(III)-DFOB solution complex has a very low affinity 
for the surface, in contrast to Fe(III)-aerobactin solution complexes. In accordance 
with a surface-controlled mechanism of ligand-promoted dissolution, we found a linear 
correlation between dissolution rates of lepidocrocite and the surface concentrations 
of adsorbed DFOB. In the dark, 6- to 8-fold lower dissolution rate coefficients were 
determined for aerobactin in comparison to DFOB, indicating that less dissolution-
reactive surface complexes of aerobactin were formed at the surface of lepidocrocite. 
These results suggest that aerobactin forms surface complexes where only a fraction 
of the functional groups binds in a dissolution-active coordination-mode in addition to 
the formation of a higher degree of multinuclear surface complexes, resulting in slower 
detachment kinetics of the surface metal complexes. For both DFOB and aerobactin, 
dissolution rate coefficients increased significantly under irradiation with UV-visible 
light. This increase was interpreted in terms of light-induced reduction of surface Fe(III), 
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primarily by intrinsic photochemical processes of the lepidocrocite bulk phase, based on 
the observed photoreductive dissolution in the absence of organic ligands between pH 
3 and 6. We hypothesize that the α-hydroxycarboxylate group of aerobactin may form 
a surface complex with surface Fe(III) and may additionally promote photoreductive 
dissolution by a ligand-to-metal charge-transfer (LMCT) reaction, similar to citrate. 
However, LMCT reactions involving the α-hydroxycarboxylate group of aerobactin are 
rather ineffective, based on the comparison of dissolution rate coefficients determined in 
the presence of aerobactin and citrate in irradiated lepidocrocite suspensions. 

Introduction1. 

Dissolution of iron (hydr)oxides and other iron-bearing minerals by siderophores is a 
key step in an important biological iron acquisition mechanism in terrestrial and aquatic 
systems with low iron bioavailability [1-5]. An example for large scale ecosystems where 
primary productivity is limited by the low bioavailability of iron are the so-called high-
nutrient low-chlorophyll (HNLC) ocean areas. In the photic zone of these ocean areas, 
siderophores may promote iron oxide dissolution by shifting the iron solubility and 
by promoting surface-controlled dissolution mechanisms [1]. Borer et al. (2005) have 
shown that photoreductive dissolution of iron oxides in the presence of siderophores 
may provide an efficient means to increase the bioavailability of iron to marine bacteria 
and potentially to marine phytoplankton. 

Recent investigations of siderophore-promoted dissolution of iron(III) (hydr)oxides 
in pure iron(III) (hydr)oxide/siderophore systems have shown that dissolution rates 
are linearly correlated with surface concentrations of adsorbed siderophores [6, 7]. 
These observations suggest that dissolution of iron(III) (hydr)oxides in the presence 
of siderophores is promoted by the formation of surface siderophore complexes and 
that the rate determining step is the detachment of the surface Fe(III)-complex. Thus, 
dissolution of iron(III) (hydr)oxides in the presence of siderophores can be described 
by a rate expression for ligand-promoted dissolution as proposed by Furrer and Stumm 
(1986). In the rate expression of equation 1, the overall dissolution rate R is described as 
the sum of the rate of siderophore-promoted dissolution, which is related to the surface 
concentration of adsorbed siderophores by the dissolution rate coefficient k [8], and the 
rate of proton-promoted dissolution RH. 

R = k * [siderophore]adsorbed + RH     [1]
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The aim of this study was to investigate the thermal and photoreductive dissolution 
of lepidocrocite (γ-FeOOH) in the presence of the model siderophores desferrioxamine 
B (DFOB) and aerobactin (Fig. 1) and to investigate the dissolution reactivity of 
these siderophores based on a comparison of determined dissolution rate coefficients. 
DFOB and aerobactin are structurally different siderophores and may interact very 
differently with the surface of lepidocrocite. DFOB contains three metal binding groups 
(hydroxamic acid functional groups), whereas aerobactin has five metal-binding groups 
(two hydroxamic acids, one α-hydroxycarboxylic acid group and two lateral carboxylic 
acid groups). Aerobactin is a particularly interesting siderophore as it contains a 
photoreactive iron-binding group (α-hydroxycarboxylic acid). Recent studies have 
shown that solution Fe(III)-aerobactin complexes undergo a light-induced redox reaction, 
leading to the reduction of Fe(III) and oxidation of the α-hydroxycarboxylic acid group 
[9, 10]. To investigate whether the α-hydroxycarboxylic acid group is coordinated and 
photolyzed at the surface, we conducted dissolution experiments under irradiation with 
UV-visible light (300-460 nm). To assess the role of the α-hydroxycarboxylic acid group 
in the light-induced dissolution of lepidocrocite, we compared the dissolution reactivity 
of aerobactin with citrate, which also contains an α-hydroxycarboxylic acid group.
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fig. 1: Chemical structures of desferrioxamine B (DFOB) and aerobactin and pKa values of the 
functional groups at 0.01 M ionic strength [14, 18].
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experimental section2. 

 Samples2.1 

Iron-free aerobactin (C22H32O12N4, lyophilized, from EMC microcollections in 
Tübingen, Germany) was used as received. Desferrioxamine B (DFOB) was received 
as the methanesulfonate salt ([C25H46N5O8NH3

+(CH3SO3)
-], Sigma Aldrich) and was 

converted to the chloride salt by using an anion exchange resin [11]. Stock solutions 
of DFOB and aerobactin were either stored at -20 °C or freshly prepared. Siderophore 
concentrations in the stock solutions were determined by total organic carbon 
measurements (Shimadzu 5000A). Unlabeled and 14C-labeled citrate (1,5-14C-citric 
acid, specific activity of 110 mCi/mmol) were obtained from Sigma Aldrich and used as 
received.

The synthesis and characterization of lepidocrocite used in this study has been 
reported elsewhere [12]. A specific surface area of 130 m2/g was determined by 
multipoint N2-BET analysis and the point of zero charge (pHPZC = 7.4) was determined 
by acid-base titration at different ionic strengths. Acid-base titration data were measured 
by a standard procedure [13] with an initial solid concentration of 16.66 g/L in solutions 
with 0.01, 0.03, 0.1 and 0.3 M NaClO4 (Fig. S1 in the Supporting Information).

adsorption of siderophores2.2 

Adsorption experiments with DFOB and aerobactin were conducted between 
pH 3 and 8 in 0.01 M NaClO4 background electrolyte. In addition, some adsorption 
experiments were conducted at 0.2 M NaClO4. Adsorption of DFOB to lepidocrocite 
was determined in suspensions containing typically 1.5 g/L solid and initial DFOB 
concentrations of 0-200 μM. The solid concentration for adsorption experiments with 
aerobactin was varied between 0.2 and 1.5 g/L. Due to the limited amount of aerobactin 
available, only two points on each aerobactin adsorption isotherm were measured. Initial 
aerobactin concentrations were chosen to enable a linear interpolation of the amount of 
aerobactin adsorbed at a solution concentration of 30 μM. 

Adsorption experiments were conducted in a temperature-controlled laboratory 
at 22 ± 1 °C in the dark. All glassware used for the adsorption experiments was acid 
washed and heated for three hours at 500 °C in a muffle furnace. Lepidocrocite stock 
suspensions were freshly prepared in 500 mL glass bottles (Schott, Mainz, Germany) at 
the appropriate ionic strength and stirred by magnetic stir bars. The stock suspensions 
for the adsorption experiments were constantly purged with high purity N2 gas to 
circumvent the input of CO2 from air and adsorption of carbonate species. The pH of 
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the stock suspensions was constantly measured and adjusted during the adsorption 
experiments by small additions of HClO4 and NaOH. Aliquots of the lepidocrocite 
stock suspension were transferred to 10 mL glass vials. These suspensions were also 
purged with high purity N2 gas and were stirred vigorously. Small volumes of stock 
solutions of DFOB and aerobactin were added to the lepidocrocite suspension. Within 
1 min after addition of DFOB or aerobactin, the pH of the suspension was adjusted 
to the desired value by addition of HClO4 or NaOH. During the short reaction time 
of 15 min, the pH could be maintained within ± 0.05 pH units. The reaction time was 
optimized such that fast dissolution of lepidocrocite occurring during the adsorption 
experiments resulted in dissolved Fe(III) concentrations of less than 10 % of the initial 
free ligand concentrations. The adsorption isotherms were corrected for the decrease of 
free (uncomplexed) ligand concentrations in solution by formation of dissolved Fe(III)-
siderophore complexes due to dissolution of lepidocrocite. After the short reaction time, 
the suspensions were filtered through 0.025 μm nitrocellulose filters (NC 03, Whatman). 
The solution concentrations of free siderophores and Fe(III)-siderophore complexes in 
the filtrates were determined by measuring total iron concentrations by ICP-OES and 
total dissolved carbon by TOC analysis (Shimadzu 5000A). The nitrocellulose filter 
membranes used in these adsorption experiments were preconditioned by a washing 
procedure with high purity water at max. 60 °C. By exchanging the water solution at least 
10 times (two-day procedure), the extent of carbon leakage from the filter membrane 
filtration could be diminished. Filtration of 5-10 mL high purity water through a 
preconditioned filter led to a carbon content in the filtrate of less than 1 mg/L C. In each 
adsorption experiment at least 5 blanks (filtered lepidocrocite suspension without any 
ligands) were measured to account for carbon leakage by the filter membranes. The 
ligand concentrations in the filtrates, as determined by total organic carbon analysis, 
were corrected for carbon leakages of the filter membranes. The standard error of the 
mean carbon content in the blanks was maximum 10 %. A maximum error of 10 % 
was also estimated for the measurements of total organic carbon in filtered samples 
of the adsorption experiments. Filtered samples from the adsorption experiments as 
well as unfiltered DFOB and aerobactin reference samples were acidified with HCl 
(suprapure, 1% v/v, Fluka) and diluted to a maximum carbon concentration of 5 mg/L 
C. The concentrations of adsorbed DFOB or aerobactin were determined by calculating 
the difference between ligand concentrations in the filtrates and the concentration 
of appropriate ligand reference solutions. Due to the formation of dissolved Fe(III)-
siderophore complexes during the adsorption experiments, the solution concentrations of 
free (uncomplexed) ligands were calculated by subtracting the measured concentrations 
of dissolved Fe(III)-ligands (measurement of total dissolved iron by ICP-OES) from 
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the concentrations of total dissolved ligands (free ligand and Fe(III)-ligand complexes) 
as determined by TOC analysis.

readsorption of fe(III)-siderophore complexes2.3 

In order to quantify the readsorption of Fe(III)-siderophore complexes during 
dissolution of lepidocrocite, adsorption experiments with 1:1 Fe(III)-complexes of 
DFOB and aerobactin were performed in 0.01 M background electrolyte (NaClO4). A 
60 μM stock solution of 1:1 Fe(III)-DFOB complexes was prepared by mixing a stock 
solution of FeCl3*6H2O with a stock solution of DFOB. The pH of the resulting stock 
solution was adjusted to neutral pH with NaOH and it was analyzed by UV-visible 
spectrometry (Fe(III)-DFOB complexes, extinction coefficient of ~2600 M-1 cm-1 at 430 
nm), ICP-OES (total iron concentration) and TOC analysis (total ligand concentration). 
Comparison of the three analysis methods served to check (within the detection limits 
of the analytical methods) that only 1:1 complexes and no free ligands or an excess of 
Fe(III) were present in the stock solution. 

A pure stock solution of 1:1 Fe(III)-aerobactin complexes at neutral pH could not 
be synthesized in this way and would have required subsequent purification by HPLC. 
However, due to the limited amount of available aerobactin a purification step was 
not feasible. Instead, approximately 65 μM aerobactin was added to a lepidocrocite 
suspension of 100 mg/L at pH 5 and was left to react for 10 days in the dark. Thereafter, 
the solution was filtered and was analyzed for total ligand concentrations and total iron 
concentrations by TOC and ICP-OES analysis. The presence of 1:1 Fe(III)-aerobactin 
complexes was supported by the analysis of measured UV-visible absorption spectra 
[14]. Due to the loss of aerobactin in suspension by adsorption to lepidocrocite, 
additional aerobactin was added to the filtered stock solution (pH 6). The final stock 
solution contained 43 μM free aerobactin and 21 μM 1:1 Fe(III)-aerobactin complexes 
(at pH 6). The stock solution was stored in the dark at 4 °C and used within a few days.  

Adsorption experiments were performed by adding 2.5 mL of the Fe(III)-siderophore 
stock solutions to 2.5 mL of lepidocrocite suspensions of pre-adjusted pH (suspensions 
were constantly purged with high purity N2 gas throughout the experiments). The pH 
of the suspensions was varied between pH 3 and 8. The concentration of Fe(III)-DFOB 
complexes in these adsorption experiments was 30 μM and the solid concentration 
was 1.5 g/L. The suspensions were vigorously stirred during the reaction time of 20 
min. The pH of the suspension was constantly measured and only negligible pH shifts 
were observed (ΔpH = ± 0.1) so that no additional pH adjustments were necessary. 
The solid concentration for the Fe(III)-aerobactin adsorption experiments was varied 
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between 0.2 g/L and 1.0 g/L (pH dependent). The concentration of aerobactin and 1:1 
Fe(III)-aerobactin complexes was 21.5 μM and 10.5 μM, respectively. During these 
experiments, the pH was not maintained at a constant value by addition of HClO4 or 
NaOH. pH shifts observed during these experiments decreased with longer equilibration 
times. The maximum pH shift over the entire reaction time was ΔpH = + 0.6, observed 
at higher pH.

(Photo)dissolution experiments2.4 

To investigate photodissolution of lepidocrocite in suspensions of small volumes, we 
used a custom-built photoirradiation setup which consisted of a flow-through water-bath 
with a Quartz glass window on each side facing towards a fluorescent lamp (Philipps 
TL-D 15W/05 or TL-DK 30W/05).  Inside the water bath, a cuvette holder (made of 
Plexiglas) was placed, in which up to eleven cuvettes of 4.5 mL volume were inserted. 
UV-transparent PMMA cuvettes (Semadeni) with excellent transmission down to 300 
nm were used for the (photo)dissolution experiments. The flow-through water-bath was 
placed on a Variomag multipoint stirrer and the suspensions in the cuvettes were stirred 
by mini Teflon-coated stir bars. Under irradiation, the temperature of the suspensions 
in the cuvettes was maintained at 25 ± 2°C. An incident light intensity at the surface of 
the cuvettes of 70 W/m2 was determined by 0.1 M ferrioxalate actinometry [15]. The 
spectrum of light emitted by the fluorescent lamps ranged from 300 nm to 460 nm with 
maximum emission at 365 nm.

Dissolution experiments were conducted with suspensions of 25 mg/L lepidocrocite 
in the presence or absence of 30 μM DFOB or 30 μM aerobactin. Lepidocrocite 
suspensions were freshly prepared in high-purity water (Milli-Q, Millipore) for each 
experiment. Experiments were performed in the dark and under irradiation between pH 
3 and 8. In contrast to the adsorption experiments, the suspensions for the dissolution 
experiments in the presence of DFOB or aerobactin were not purged with N2. The 
background electrolyte in the suspensions was either 0.01 or 0.2 M NaClO4. The pH 
of the suspensions in the cuvettes was measured periodically with a pH electrode 
(Metrohm 6.0234.100) and was maintained within 0.05 pH units by addition of small 
amounts of HClO4 and NaOH. At regular time intervals, cuvettes were removed from the 
photoirradiation setup and the suspensions were filtered through 0.025 μm nitrocellulose 
filters (Whatman). The filtrate was diluted with high purity water, acidified with HNO3 

(suprapure, 1% v/v, Fluka) and subsequently measured for total dissolved iron by ICP-
OES (Varian Vista MPX). For photodissolution experiments conducted in the absence 
of siderophores, filtered samples were also analyzed for dissolved Fe(II) by a modified 
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ferrozine method [16].   
To investigate if readsorption of Fe(III)-aerobactin complexes and Fe-aerobactin 

photoproducts formed in solution [10] affects dissolution rates of lepidocrocite, 
additional photodissolution experiments were conducted in the presence/absence of 
initial concentrations of Fe(III)-aerobactin complexes at pH 6. These photodissolution 
experiments were performed with 25 mg/L lepidocrocite suspensions in 0.01 M 
background electrolyte (NaClO4) in the presence of either 21.5 μM aerobactin plus 10.5 
μM Fe(III)-aerobactin complexes or in the presence of 22 μM aerobactin only. Total 
dissolved iron in the filtered suspensions was measured by ICP-OES.

adsorption and dissolution experiments with citrate2.5 

A photodissolution experiment with a 25 mg/L lepidocrocite suspension in the 
presence of 30 μM citrate was performed at pH 4 and 0.01 M ionic strength (NaClO4). 
The photoirradiation setup used for this experiment is described elsewhere [12]. The 
suspension in the reaction vessel was constantly purged with high-purity N2 gas. 
Samples for total iron analysis were filtered, acidified and measured by ICP-OES as 
in the photodissolution experiments described above. Citrate adsorption experiments 
were performed according to the same procedures as for the siderophore adsorption 
experiments. A constant spike of 14C-labeled citrate with different total concentrations 
of unlabeled citrate was added to 0.4 or 0.8 g/L lepidocrocite suspensions at pH 4. The 
reaction time was kept rather short (15 min) to minimize dissolution of lepidocrocite 
leading to the formation of Fe(III)-citrate complexes in solution. The free dissolved 
citrate concentrations in the filtrates were corrected for the presence of Fe(III)-citrate 
complexes. Adsorbed citrate concentrations were determined by the loss of 14C activity 
of 14C-labeled citrate in solution with a scintillation counter (Liquid Scintillation 
Analyzer 2200CA, Packard).

results and discussion3. 

adsorption of dfoB and aerobactin to lepidocrocite3.1 

Fig. 2A shows adsorption isotherms of DFOB determined between pH 3 and pH 8 
at 0.01 M ionic strength. The adsorption isotherms show that DFOB has a high affinity 
for the surface at low surface coverage. Adsorption of DFOB increased with increasing 
pH (see also Fig. 3), particularly above pH 6. Surface concentrations of adsorbed 
DFOB (normalized to the surface area) were approximately three times higher on 
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fig. 2: Adsorption isotherms of DFOB (A) or aerobactin (C) as a function of pH at constant ionic 
strength (I = 0.01 M NaClO4). The effect of ionic strength on the adsorption isotherms of DFOB 
(B) or aerobactin (D) is illustrated for selected pH. The equilibration time was 15 min.

 
lepidocrocite than on goethite, where surface concentrations between 0.04-0.07 μmol/
m2 have been reported (150 μM DFOB, 13 g/L goethite, I = 0.01 M NaClO4, pH 3-9) 
[17].

In a companion ATR-FTIR spectroscopic study, we investigated the adsorption of 
DFOB and aerobactin to lepidocrocite at the molecular level [11]. According to this 
study, we concluded that DFOB adsorbs to the surface of lepidocrocite predominantly 
by inner-sphere complexation of two to three hydroxamic acid groups to surface Fe(III) 
sites at acidic pH values (pH 4). With increasing pH towards the point of zero charge of 
lepidocrocite (pHPZC = 7.4) and towards the pKa values of the hydroxamic acid functional 
groups (pKa: 8.32, 8.96, 9.55 [18]), we could not provide conclusive information on the 
surface speciation of adsorbed DFOB in terms of inner- or outer-sphere complexation 
of the hydroxamic acid groups based on the spectroscopic data alone [11]. However, 
the ability of hydroxamic acids to form stable five-membered chelate rings with Fe(III) 
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[19, 20] suggests that in the experimental pH range (3-8) inner-sphere complexation of 
hydroxamic acid groups of DFOB is significant. 

Recent adsorption experiments with acetohydroxamic acid on goethite indicated 
that hydroxamate surface complexes have no charge [21]. Surface concentrations of 
adsorbed acetohydroxamic acid were constant pH between pH 4 and 8, which stands 
in contrast to the pH-dependent increase of surface concentrations of adsorbed DFOB 
in this study (Fig. 3). Based on the study by Holmen and Casey (1996), we assume 
that the DFOB surface complex is positively charged in the experimental pH range 
(3-8), due to the protonated terminal amine group (pKa: 10.79 [18]). Increasing surface 
concentrations of DFOB towards and above the point of zero charge of lepidocrocite 
(pHPZC = 7.4) can be explained by a decrease of repulsive electrostatic interactions of 
the positively charged amine group of DFOB with the (positively) charged surface. With 
an increase in negatively charged surface sites near and above the point of zero charge, 
positive electrostatic interactions and/or hydrogen bonding of the positively charged 
amine group with negatively charged surface sites may also influence the adsorption of 
DFOB. In our ATR-FTIR spectroscopic study [11], adsorption of DFOB to lepidocrocite 
was investigated in a broader pH range (pH 4-10.6). Maximum adsorption was observed 
at approximately pH 8.6 above which surface concentrations of DFOB decreased again. 
These observations are consistent with anion-like adsorption of weak acids, where 
maximum adsorption is observed near the pKa values of the acid functional groups 
[22]. 

Fig. 3: DFOB adsorption as a function of pH at 0.01 M ionic strength (NaClO4). Initial DFOB 
concentration: 125 μM, 1.5 g/L lepidocrocite, reaction time: 15 minutes. The labels show the resulting 
solution concentrations of free (uncomplexed) DFOB after the reaction time. Error estimates of the 
surface concentrations are within 10 %.
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Fig. 2C shows surface concentrations of aerobactin determined for two different total 
ligand concentrations as a function of pH. Adsorption of aerobactin decreased with 
increasing pH, consistent with anion-like adsorption of carboxylic acids [22-24]. This 
observation indicates that the adsorption properties of aerobactin are strongly determined 
by the carboxylic acid groups. Surface interactions with the carboxylic acid groups 
apparently result in a higher affinity of aerobactin for the surface compared to DFOB, 
based on the comparison of surface concentrations under equivalent conditions (cf. Fig. 
2A and C). The formation of surface complexes of aerobactin was also investigated 
by ATR-FTIR spectroscopy [11]. The ATR-FTIR spectra suggested that the carboxylic 
acid groups tend to form outer-sphere complexes at the surface at higher pH, and that 
inner-sphere complexes of the carboxylic acid groups and/or outer-sphere complexes 
with hydrogen-bonding interactions form at low pH [11]. However, the surface 
interactions of the hydroxamic acid groups in aerobactin could not be resolved by ATR-
FTIR spectroscopy, due to the exceedingly small spectral contributions of hydroxamate 
related vibration bands. The ATR-FTIR spectra of adsorbed DFOB and aerobactin were 
measured at much higher ligand-to-solid ratios than in the batch adsorption experiments 
in this study. Nonetheless, the surface-normalized concentrations of adsorbed DFOB 
and aerobactin are similar to the surface concentrations in the batch adsorption and 
dissolution experiments conducted in this study. This is due to the high affinity adsorption 
of siderophores to the surface of lepidocrocite where an adsorption maximum is already 
reached at low ligand-to-solid ratios (cf. DFOB adsorption isotherm in Fig. 2B).

effect of ionic strength on the adsorption of dfoB and aerobactin3.2 

Fig. 2B shows DFOB adsorption isotherms at pH 3 and 8, measured each at 0.01 and 
0.20 M ionic strength. A significant increase of surface concentrations of DFOB was 
observed at higher ionic strength at both pH values. In contrast, surface concentrations 
of aerobactin at pH 3, 6 and 8 were reduced at higher ionic strength (Fig. 2D). 

The increase of DFOB surface concentrations at pH 3 with increasing ionic strength 
is consistent with a reduction of repulsive electrostatic interactions of positively charged 
surface complexes of DFOB (due to the protonated terminal amine group) with the 
positively charged lepidocrocite surface. A similar effect at pH 8 is more difficult to 
interpret as both the net charge of the lepidocrocite surface and the protonation state of 
hydroxamic acid groups (aqueous DFOB: pKa > 8.3) change in this pH range.  

The observed decrease of surface concentrations of aerobactin at higher ionic 
strength is interpreted by a decrease of the concentration of weakly bound surface 
complexes. We can only speculate on the coordination environment of iron-binding 
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groups of such apparently weak surface complexes. The interpretation of adsorption 
data is particularly complicated in the case of large complex molecules with several 
metal binding groups which may (independently) coordinate to the mineral surface 
by purely electrostatic outer-sphere interactions, hydrogen-bonding interactions or by 
inner-sphere complexation. It has been suggested that ligands stabilized at the surface 
by strong interactions, e.g. hydrogen-bonding or inner-sphere complexation are not 
(strongly) affected by changes in the ionic strength [25, 26]. However, ionic strength 
effects may occur, if the free energy of adsorption is also determined by a significant 
electrostatic contribution arising from changes of the electrostatic potential at the 
surface due to a net change in surface charge during adsorption of the ligand [27]. Thus, 
it remains to be shown in each case how significant the electrostatic contribution to 
inner- or outer-sphere adsorption is, e.g., by surface complexation modeling.

adsorption of aqueous fe(III)-siderophore complexes3.3 

Fig. 4A shows the adsorption of 30 μM Fe(III)-DFOB complexes onto lepidocrocite. 
The surface concentrations of Fe(III)-DFOB were one to two orders of magnitude 
smaller than the surface concentrations of DFOB in equilibrium with ~30 μM free 
DFOB in solution (cf. Fig. 2A). Considering that traces of free DFOB present in the 
stock solutions may result in surface concentrations in the range of the presented values 
(due to high affinity adsorption at low solution concentrations), the calculated surface 
concentrations of Fe(III)-DFOB represent an upper limit. The adsorption data suggest 
that the Fe(III)-DFOB solution complex has a very low affinity (if at all) for adsorption 
to the surface of lepidocrocite. For Fe(III)-siderophore solution complexes with free 
(uncomplexed) metal-binding groups the situation might be very different.

Fig. 4B shows the pH-dependent adsorption of 1:1 Fe(III)-aerobactin complexes 
to lepidocrocite from an initial solution concentration of 10.5 μM Fe(III)-aerobactin 
complexes and 21.5 μM free (uncomplexed) aerobactin. Except at low pH, the affinity 
of Fe(III)-aerobactin complexes for the surface can be compared to the affinity of free 
aerobactin, taking into account the lower initial solution concentrations of Fe(III)-
aerobactin complexes. The adsorption data at low pH was not corrected for the 
formation of additional Fe(III)-aerobactin complexes due to dissolution of lepidocrocite 
by free aerobactin during the adsorption experiment. Based on known dissolution rates 
of lepidocrocite in the presence of aerobactin at pH 3 we estimated an increase of 
only about 1 μM Fe(III)-aerobactin during the adsorption experiment. Therefore, we 
conclude that the adsorption data presented in Fig. 4B are not significantly biased by 
the additional formation of Fe(III)-aerobactin complexes at low pH during dissolution. 
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Fig. 4: (A) Adsorption of 30 μM 1:1 Fe(III)-DFOB complexes to lepidocrocite (1.5 g/L) as a 
function of pH. (B) Adsorption of a stock solution of 10.5 μM Fe(III)-aerobactin complexes and 
21.5 μM free aerobactin to lepidocrocite  (0.2 - 1 g/L suspensions) as a function of pH. The 
adsorption of Fe(III)-aerobactin complexes and free aerobactin are shown separately. The ionic 
strength was 0.01 M (NaClO4) and equilibration time was 20 min.

For the discussion of the adsorption data of Fe(III)-aerobactin complexes, the solution 
speciation of Fe(III)-complexes has to be considered. At pH > 6 the solution speciation 
is dominated by an aqueous Fe(III)-complex in which the central Fe atom is coordinated 
by two hydroxamate groups (each bidentate) and by the citrate carboxylate and hydroxyl 
group to form an octahedral coordination sphere [14]. Both lateral carboxylate groups 
are deprotonated at pH > 6 (pKa values of 3.11, 3.48) and are at first glance the only free 
iron-binding groups to interact with the surface, provided that the hexadentate structure 
of the Fe(III)-aerobactin complex is preserved at the surface of lepidocrocite. However, 
additional surface interactions might arise from the amine moiety adjacent to the lateral 
carboxylate functional group (cf. Fig. 1). These moieties form together an α-amino acid 
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fragment. Based on a recent spectroscopic study, the α-amino acid group may form 
a surface complex where both the amine and the carboxylate group are coordinated 
to a surface Fe(III) site by the formation of a five-membered chelate ring [28]. The 
formation of such five-membered chelate rings at the surface of lepidocrocite might 
explain the surprisingly high affinity of the Fe(III)-aerobactin solution complexes for 
the surface of lepidocrocite. The protonation of these lateral carboxylate groups at low 
pH might affect the extent of the adsorption of solution Fe(III)-aerobactin complexes, 
as indicated by a slight decrease in surface concentrations below pH 4.

Proton-promoted (photo)dissolution of lepidocrocite3.4 

Proton-promoted dissolution in the absence of siderophores was investigated 
in freshly prepared lepidocrocite suspensions with a solid concentration of 25 mg/L 
lepidocrocite at 0.01 M ionic strength (Fig. 5). Dissolution rates are summarized in 
Table 1. Irradiation of the suspensions with UV-visible light (300 - 460 nm) resulted in 
a significant increase of the formation of total dissolved Fe. For example, 4.4 μM total 
dissolved Fe was formed during 6 hours at pH 3 under irradiation, compared to the 
corresponding formation of 0.86 μM total dissolved Fe in the dark (Fig. S2 in Supporting 
Information). Under irradiation, the dominant redox state of total dissolved Fe at the end 
of the photodissolution experiments was Fe(II) (Fig. 5). These results substantiate the 
hypothesis of previous work that Fe(II) can be formed at the surface of lepidocrocite by 
a semiconducting mechanism in the bulk or directly at the surface (e.g., photolysis of 
surface Fe(III)-hydroxo groups) and may be released into solution by proton-promoted 
dissolution, as indicated in Fig. 5, or by ligand-promoted dissolution in the presence of 
siderophores [10]. These results are in agreement with a previous study in which the 
formation of Fe(II) was observed in irradiated lepidocrocite suspensions at pH 4 and 0.01 
M ionic strength [29]. The ability of some iron (hydr)oxides to form Fe(II) by intrinsic 
photoreductive mechanisms has been reported in recent years [29-32]. Photoelectrons 
and photoholes generated in the semiconducting bulk may be scavenged at the surface 
leading to reduction of surface Fe(III) and oxidation of coordinated water or hydroxyl 
groups to hydroxyl radicals (•OH). The analog reaction at the surface (photolysis of 
surface Fe(II)-hydroxo groups) also leads to the formation of Fe(II) and hydroxyl 
radicals. Subsequent reactions involving hydroxyl radicals (e.g., bimolecular reaction 
of •OH leading to hydrogen peroxide, H2O2) in addition to reoxidation of surface Fe(II) 
by molecular oxygen (leading to superoxide, O2

-) may result in considerable amounts of 
reactive oxygen species (•OH, O2

-/HO2, H2O2). We refer to a related study for details of 
the formation of reactive oxygen species and reoxidation of Fe(II) during photoreductive 
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dissolution of lepidocrocite in the absence of any organic ligands [33].  
Fig. 5 shows furthermore that the formation of total dissolved Fe and Fe(II) 

decreased with increasing pH. This can be explained by (i) the decreasing susceptibility 
of lepidocrocite to photoreductive dissolution with increasing pH [34], (ii) Fe(II) re-
adsorption to the surface above pH 5 [35], and (iii) oxidative precipitation of Fe(II) in 
the presence of reactive oxygen species formed during photoreductive dissolution of 
lepidocrocite [33, 36]. 

Proton-promoted dissolution at pH 3 was also investigated at higher ionic strength 
(0.2 M NaClO4). In the dark and under irradiation, an increase of total dissolved Fe 
was observed with an increase in ionic strength (see Table 1 or Fig. S2 in Supporting 
Information) but the formation of Fe(II) was not affected noticeably by the increase 
in ionic strength. The increase in Fe(III) concentrations can be attributed to the lower 
activity of dissolved Fe(III) in solution at higher ionic strength. 

Fig. 5: Dissolution of irradiated lepidocrocite suspensions (25 mg/L) at different pH in the absence 
of any siderophores. Total dissolved iron of filtered suspensions was measured as well as one 
sample for Fe(II) at the end of each experiment. Ionic strength = 0.01 M NaClO4.
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Siderophore-promoted (photo)dissolution of lepidocrocite3.5 

Ligand-promoted dissolution of lepidocrocite in the presence of DFOB and 
aerobactin was observed in the dark and under irradiation (Fig. S3 and S4 in Supporting 
Information). Subsequent to the fast initial dissolution of lepidocrocite observed in the 
first 45 min, probably associated with a release of kinetically labile iron from the surface 
[37-39], dissolution kinetics were in general linear. The only case where non-linear 
dissolution was observed at longer time scales was in the presence of aerobactin at high 
dissolved iron concentrations at low pH (≤ 5). Similarly, non-linear dissolution kinetics 
was observed for proton-promoted dissolution under irradiation (cf. Fig. 5, and Fig. 
S2 in Supporting Information). Under the assumption that proton-promoted dissolution 
and siderophore-promoted dissolution are independent dissolution mechanisms (see 
equation 1) proton-promoted dissolution rates were subtracted from dissolution rates 
determined in the presence of siderophores. Dissolution rates were calculated from the 
slopes of linear regression lines of the dissolution data presented in Fig. 5 and in the 
Supporting Information (Fig. S2, S3, S4) excluding the first 45 min where fast initial 
dissolution occurred. Rates of lepidocrocite dissolution in the presence of aerobactin 
under irradiation below pH 5 (non-linear dissolution kinetics) were approximated by 
the slopes of linear regression lines over the duration of the experiment (45-360 min). 

Rates of siderophore-promoted dissolution determined in the dark at 0.01 M ionic 
strength were correlated with the measured surface concentration of DFOB and 
aerobactin at the corresponding pH values and ionic strength (Table 1). In the dark, 
dissolution rates in the presence of DFOB were approximately constant between pH 3 
and pH 6 and increased above pH 6 (Table 1). In the presence of aerobactin, dissolution 
rates determined in the dark decreased with increasing pH (Table 1). For both DFOB 
and aerobactin, dissolution rates were similarly enhanced under irradiation (Table 1). 
This is consistent with the results of our previous work at pH 6 [10] where we concluded 
that siderophores facilitate the detachment of surface Fe(II) formed by irradiation of 
the photoreactive lepidocrocite phase before reoxidation of surface Fe(II) occurs [10]. 
Dissolution rates generally increased with decreasing solution pH under irradiation and 
in the presence of DFOB or aerobactin (Table 1).  

Rates of siderophore-promoted dissolution were also determined at higher ionic 
strength (0.20 M NaClO4) for selected pH values (Table 1). For DFOB, the dissolution 
rates determined at different ionic strength in the dark at pH 8 were correlated with 
the adsorbed concentrations measured at the corresponding ionic strengths. This result 
suggests that the increase in DFOB surface concentrations at higher ionic strength (Fig. 
2B) is correlated with an increase of (dissolution-active) surface complexes. However, 
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at pH 3, the increase in ionic strength resulted in a higher dissolution rate in the dark than 
expected by the increase of the concentration of DFOB surface complexes. Aerobactin-
promoted dissolution rates at pH 3 and 6 decreased slightly with an increase in ionic 
strength. The observed decrease is consistent with a decrease of (dissolution-active) 
surface complexes.

The rates of DFOB- and aerobactin-promoted dissolution under irradiation were not 
affected by the increase of ionic strength - with the exception of DFOB at pH 3 (Table 
1). This result is not consistent with the observed changes of surface concentrations of 
DFOB or aerobactin. It appears that the interplay of siderophore-promoted dissolution 
and the intrinsic photochemistry of the lepidocrocite phase is strongly affected by 
changes in ionic strength.

Table 1: Surface concentrations of DFOB and aerobactin and dissolution rates at different pH and 
ionic strength 

Surface 
concentrations a 

  [μmol/m2]

Siderophore-promoted dissolution rates  
 [nmol/m2/h] b

Proton-promoted 
dissolution rates   

[nmol/m2/h] c

Ionic
strength

[M]
pH DFOB aerobactin DFOB

 dark 
aerobactin

 dark 
DFOB 

irradiated 
aerobactin
 irradiated dark irradiated

0.01 3 0.075 0.60 79 81 629 387 39 195
0.01 4 0.085 0.54 90 95 379 303 - 147
0.01 5 0.085 0.46 82 55 242 255 - 61
0.01 6 0.085 0.33 79 36 276 232 - 3
0.01 7 0.100 0.21 94 34 266 134 - -
0.01 8 0.135 d 0.14 125 19 285 67 - -

0.2 3 0.115 0.46 226 67 1004 426 48 209
0.2 6 - 0.28 - 30 - - - -
0.2 8 0.200 0.10 181 - 290 69 - -
a Surface concentrations were interpolated for equilibrium solution concentrations of 30 μM (cf. 
Fig. 2). A maximum error of the surface concentrations of 10 % was estimated. b Error estimates 
for the siderophore-promoted dissolution rates are in the order of 5 % in the presence of DFOB 
and 10 % in the presence of aerobactin. Error estimates are based on the standard error of the 
slopes of linear regression lines of the dissolution data. c Error estimates for proton-promoted 
dissolution rates are in the order of 10 %. d Measured at pH 8.1.

non-linear dissolution kinetics in the presence of aerobactin3.6 

At pH ≤ 5 and under irradiation, non-linear dissolution kinetics was observed in 
the presence of aerobactin at high total dissolved iron concentrations. Dissolution 
rates were approximated by linear regression of the dissolution curves (Fig. S3 in 
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Supporting Information). Thus, the calculated values in Table 1 represent a lower limit 
for aerobactin-promoted dissolution over the experimental time frame. Fig. 6 shows a 
comparison of lepidocrocite dissolution in the presence of DFOB or aerobactin under 
irradiation at pH 4. At the end of the experiment, the dissolution rates declined in the 
presence of aerobactin, whereas in the presence of DFOB dissolution kinetics were still 
linear. 

fig. 6: Dissolution of irradiated lepidocrocite suspensions (25 mg/L) at pH 4 in the presence of 
DFOB or aerobactin (30 μM). The linear and quadratic regression lines for DFOB and aerobactin 
are intended to guide the eye. Ionic strength = 0.01 M NaClO4.

Non-linear dissolution kinetics were only apparent in dissolution experiments in the 
presence of aerobactin where high concentrations of total dissolved Fe were measured 
(e.g., under irradiation and pH ≤ 5). This suggests that Fe-aerobactin complexes formed 
during dissolution were involved in the reduction of overall dissolution rates. We have 
to consider that dissolved Fe(III)-aerobactin complexes formed during dissolution are 
susceptible to photolysis under UV-Vis irradiation. Photolysis of Fe(III)-aerobactin 
complexes in solution involves the oxidation of the coordinated α-hydroxycarboxylate 
group by a ligand-to-metal electron transfer reaction and yields a Fe(II)-photoproduct 
complex, which rapidly oxidizes to an Fe(III)-complex in the presence of oxygen [1, 9, 
10]. The hexadentate Fe(III)-aerobactin photoproduct is structurally similar to its parent 
complex and exhibits a similar conditional stability constant and similar pKa values 
[9]. As in the case of Fe(III)-aerobactin solution complexes, the lateral carboxylate 
groups and the adjacent amine groups (α-amino acid moieties) of the Fe(III)-aerobactin 
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photoproduct are also free to interact with the surface of lepidocrocite. Thus, we may 
assume that the Fe(III)-aerobactin photoproduct adsorbs equally strong to the surface 
as Fe(III)-aerobactin (Fig. 4B). Based on the adsorption data presented in Fig. 4B, we 
estimated that at the end of the photodissolution experiment at pH 4 (Fig. 6) merely 
0.4 μM Fe(III)-aerobactin/Fe(III)-photoproduct complexes may readsorb to the surface. 
Therefore, a loss of iron from solution due to readsorption of Fe(III)-aerobactin or 
Fe(III)-photoproduct complexes to the surface of lepidocrocite is insufficient to explain 
the non-linear dissolution kinetics in the presence of aerobactin. Linear extrapolation of 
the dissolution rate determined by the first 4 data points (Fig. 6; 45 -180 min) suggests 
that 13 μM total dissolved Fe could have been formed at the end of the experiment. 
Therefore, dissolution-inhibiting processes must have led to a reduction of total 
dissolved iron by approximately 3 μM over 5 hours. Such a dissolution-inhibiting 
effect of Fe-aerobactin/ Fe-photoproduct complexes was observed in a comparative 
photodissolution experiment at pH 6 in the presence of free aerobactin (21.5 - 22 μM) 
and in the presence / absence of 10.5 μM Fe(III)-aerobactin complexes (Fig. 7). In 
the absence of initial Fe(III)-aerobactin complexes, 4 μM total dissolved iron formed 
within 6 hours. In the presence of added Fe(III)-aerobactin complexes, an increase of 
only 2 μM total dissolved iron was observed by dissolution of lepidocrocite by free 
aerobactin. 

fig. 7: Dissolution of irradiated lepidocrocite suspensions (25 mg/L) at pH 6 in the presence of 22 
μM free aerobactin (empty circles) or in the presence of a mixture of 21.5 μM free aerobactin and 
10.5 μM 1:1 Fe(III)-aerobactin complexes (filled circles).  Ionic strength = 0.01 M NaClO4.
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Two different processes may serve as an explanation for this inhibitory effect. It is 
conceivable that Fe(III)-complexes of aerobactin and its photoproduct form surface 
complexes (c.f. Fig. 4) that are strong enough to compete with adsorption of free 
aerobactin und thus are able to reduce overall dissolution rates. In contrast to Fe(III)-
aerobactin complexes, it was shown that Fe(III)-DFOB complexes have a very low 
affinity for the surface (Fig. 4A), hence competitive effects are unlikely to occur in the 
case of DFOB.

The second inhibitory process is related to the reoxidation of Fe(II) at the mineral 
surface by reactive oxygen species (•OH, O2

-, H2O2) formed during photoreductive 
dissolution of lepidocrocite in the presence of aerobactin. Dissolved Fe(II)-siderophore 
complexes formed upon release of surface Fe(II) into solution are susceptible to rapid 
reoxidation by molecular oxygen, due to the low redox potentials of the Fe-siderophore 
complexes [40]. In a recent study, it was demonstrated that oxidation of Fe(II) by O2 
in the presence of DFOB is instantaneous [41]. Reactive oxygen species and O2 may 
reoxidize Fe(II) formed at the surface before it is released into solution by proton- or 
siderophore-promoted dissolution [33]. The oxidation of Fe(II)-DFOB and Fe(II)-
aerobactin complexes by molecular oxygen leads to the formation of superoxide (O2

-), 
and eventually also to hydrogen peroxide (H2O2), e.g., by superoxide dismutation [42]. 
But an excess production of reactive oxygen species is only possible in the presence of 
Fe(III)-aerobactin complexes. This is due to the photolysis of Fe(III)-aerobactin solution 
complexes which leads to the formation of a Fe(II)-photoproduct that is subsequently 
also oxidized by O2 in solution to the Fe(III)-photoproduct complex. The conversion of 
Fe(III)-aerobactin to the Fe(III)-photoproduct complex actually involves a transfer of 
2 electrons (oxidation of the α-hydroxycarboxylic acid group to a keto/enol functional 
group [9]). The formation of 1 mole of the Fe(III)-photoproduct complex potentially 
leads to the formation of 2 moles of superoxide (O2

-). Thus, higher concentrations of 
reactive oxygen species are formed during photodissolution in the presence of aerobactin 
than in the presence of DFOB. Consequently, more surface Fe(II) can be reoxidized in 
the presence of aerobactin and dissolution rates may be significantly reduced. 

In the absence of siderophores, non-linear dissolution of lepidocrocite over time was 
also observed under irradiation at low pH (Fig. 5). According to a related study, reactive 
oxygen species are also formed during photoreductive dissolution of lepidocrocite in the 
absence of any organic ligands leading to non-linear dissolution kinetics by reoxidation 
of Fe(II) in solution and at the surface [33].
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The mechanism of siderophore-controlled dissolution in the dark3.7 

Given that siderophore-promoted dissolution is controlled by the formation of 
surface complexes, dissolution rate coefficients can be calculated according to the rate 
expression for ligand-promoted dissolution in equation 1. In Fig. 8, dissolution rates 
directly determined in the adsorption experiments in the presence of DFOB (Fig. 2A) 
were plotted against the experimentally determined surface concentrations of adsorbed 
DFOB. For each adsorption isotherm measured between pH 5 and 8 a linear dependence 
of dissolution rates and surface concentrations was observed, in support of a surface-
controlled dissolution mechanism. Dissolution rate coefficients calculated for all data 
points shown in Fig. 8 fall into a fairly narrow range of 0.9 and 1.2 h-1 (cf. Fig. S5 in the 
Supporting Information), suggesting that the dissolution reactivity of adsorbed DFOB 
is not pH-dependent. 

fig. 8: Observed rates of siderophore-promoted dissolution of lepidocrocite in the adsorption 
experiments at different pH at 0.01 M ionic strength (cf. Fig. 2A). Dissolution rates are plotted 
against the surface concentrations of adsorbed DFOB.

At this point, we want to stress that the calculated dissolution rate coefficients are a 
macroscopic measure of the dissolution reactivity of all adsorbed ligands. Within this 
macroscopic approach of investigating ligand-promoted dissolution, we can provide 
no information on the dissolution reactivity of different surface complexes at the 
molecular level. Considering that siderophores are multidentate ligands, a broad range 
of surface species with different dissolution reactivity are conceivable. However, by 
comparing macroscopic dissolution rate coefficients of structurally similar or different 
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siderophores, we may provide some insights into the reactivity of potentially formed 
surface complexes.

Apparent dissolution rate coefficients for the (photo)dissolution experiments in the 
presence of DFOB and aerobactin are listed in Table 2. These rate coefficients were 
calculated by dividing the dissolution rates listed in Table 1 by estimated surface 
concentrations of DFOB or aerobactin (also Table 1). For the dissolution experiments 
conducted in the dark, the results are plotted in Fig. 9. The average rate coefficient of 
DFOB between pH 3 and 8 in the dark (0.98 ± 0.05 h-1) was significantly higher than 
the average rate coefficient of aerobactin (0.14 ± 0.022 h-1) (Fig. 9). The dissolution rate 
coefficients determined for the dissolution experiments in the presence of DFOB were 
within the range of rate coefficients determined directly in the adsorption experiments 
(between 0.9 and 1.2 h-1) (cf. Fig. S5 in Supporting Information). In both data sets, 
calculated dissolution rate coefficients for DFOB were not pH-dependent and thus 
indicate that the macroscopic dissolution reactivity of surface complexes of DFOB is 
not affected by pH changes. 

Table 2: Apparent dissolution rate coefficients for siderophore-promoted dissolution

Apparent rate coefficients [h-1] a

Ionic strength
[M] pH DFOB

dark
aerobactin

 dark
DFOB

  irradiated
aerobactin
 irradiated

0.01 3 1.06 0.13 8.39 0.64 (0.91) a

0.01 4 1.06 0.18 4.45 0.56  (0.87) a 
0.01 5 0.96 0.12 2.85 0.55 (0.85) a

0.01 6 0.93 0.11 3.25 0.70
0.01 7 0.94 0.16 2.66 0.64
0.01 8 0.93 0.14 2.11 0.48

0.2 3 1.96 0.15 8.73 0.93 (1.17) a

0.2 6 - 0.11 - -
0.2 8 0.91 - 1.45 0.69

a Values in parentheses were corrected for non-linear dissolution kinetics. Error estimates for the 
apparent rate coefficients are 11% for DFOB and 14% for aerobactin. 

The scatter in the calculated rate coefficients for aerobactin-promoted dissolution 
was relatively large and, thus, we may only hypothesize that the reactivity of surface 
complexes of aerobactin is not affected by a change in pH. 

Dissolution rate coefficients in the dark were not affected by a change in ionic 
strength for DFOB at pH 8 and aerobactin at pH 3 and 6. Under these conditions, we 
assume that the surface speciation with respect to the proportion of dissolution-active 
surface complexes is not affected by a change in ionic strength. 
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fig. 9: Apparent dissolution rate coefficients [h-1] determined for DFOB and aerobactin in the dark 
as a function of pH at 0.01 M ionic strength. The values of the rate coefficients are listed in Table 
2. Error estimates for the apparent rate coefficients are 11% for DFOB and 14% for aerobactin.

In combination with the ATR-FTIR spectroscopic investigation of adsorbed DFOB 
and aerobactin [11], the comparison of rate coefficients determined in the dark provide 
some insights into the dissolution reactivity of potentially forming surface complexes. 
The significant difference in the dissolution reactivity can be discussed in the context 
of suggested reactivity trends of surface complexes of small inorganic/organic ligands 
formed on oxide/hydroxide phases and oxide clusters [8, 43-49]. These studies suggest 
that bi- or multidentate ligands which coordinate as mononuclear inner-sphere surface 
complexes are most efficient in labilizing metal-oxygen bonds at the surface and thus 
in accelerating the dissolution of the investigated phases. In this context, Ludwig et 
al. (1995) observed that rate coefficients determined for the dissolution of NiO in 
the presence of a selected set of aminocarboxylic acids increased with the number 
of ligating functional groups that may specifically coordinate to a single surface site. 
Ligands forming monodentate mononuclear inner-sphere surface complexes have been 
shown to be less effective towards dissolution than ligands forming bi- or multidentate 
mononuclear surface complexes, as these former ligands conceptually donate less 
electron density into the coordination sphere of the involved Fe(III) surface site [8, 45]. 
On the other hand, multidentate ligands which form bi- or multinuclear inner-sphere 
surface complexes may retard or even inhibit dissolution [45, 46]. This effect has been 
explained by assuming that the simultaneous removal of bi- or multinuclear surface 
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complexes from the surface is energetically unfavorable. 
In comparison to aerobactin, DFOB forms surface complexes that are apparently very 

efficient in dissolving lepidocrocite as indicated by the 6- to 8-fold higher dissolution 
rate coefficients determined in the dark (cf. Fig. 9). From the above discussion, we may 
assume that the iron-binding groups in DFOB are coordinated at the surface in a manner 
that significantly accelerates the rate determining detachment of coordinated surface 
Fe(III) into solution. Due to steric hindrance at the surface, it is likely that mononuclear 
hexadentate Fe(III)-DFOB complexes do not form on mineral surfaces. Consequently, 
the most dissolution-active surface complexes potentially formed on lepidocrocite 
are those with tetradentate mononuclear inner-sphere coordination. Complexes where 
single hydroxamic acids are coordinated to separate surface Fe(III) sites in mononuclear 
bidentate inner-sphere coordination are probably less dissolution-active. Furthermore, 
bidentate binuclear surface complexes of single hydroxamate groups are presumably less 
reactive than bidentate mononuclear surface complexes. In our companion spectroscopic 
study of DFOB adsorption to lepidocrocite, we suggested that the predominant surface 
complex of DFOB at low pH (e.g. pH 4) is characterized by inner-sphere coordination 
of two to three hydroxamate groups to an unspecified number of surface Fe(III) sites 
[11]. At higher pH, additional surface interactions such as outer-sphere and/or hydrogen-
bonding interactions of hydroxamate groups with Fe(III) surface sites were regarded 
conceivable. The fact that the dissolution rate coefficients determined in this study 
were constant over a broad pH range (including acidic pH) (cf. Fig. 9) suggests that 
the formation of dissolution-active surface complexes, characterized by inner-sphere 
coordination of hydroxamic acids, dominates the surface speciation also at higher pH.  

In the case of aerobactin, the ATR-FTIR spectroscopic investigation could not provide 
any information on the surface interactions of the two hydroxamic acid functional 
groups [11]. However, the spectroscopic data indicated an increasing formation of 
inner-sphere surface complexes of the carboxylate groups with decreasing pH [11]. 
The carboxylic acid groups interact strongly with the surface, as indicated in this 
study by the anion-like adsorption typical for carboxylic acids and the higher surface 
concentrations of aerobactin compared to DFOB (Fig. 2A and C). The adsorption 
experiments in this study suggest furthermore that the lateral carboxylate groups and 
conceivably the adjacent amine moieties are responsible for the significant adsorption 
of Fe(III)-aerobactin complexes to the surface of lepidocrocite. The dissolution of 
lepidocrocite by aerobactin is determined by the coordination of up to five iron binding 
groups, all capable of forming dissolution-active surface complexes by the formation of 
five-membered chelate rings with Fe(III) surface sites (two hydroxamic acid groups, 2 
α-amino acid groups and 1 α-hydroxycarboxylic acid group). The significantly smaller 
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dissolution rate coefficients of aerobactin in comparison to DFOB can be explained 
by two additive scenarios: (i) aerobactin forms surface complexes where only a small 
fraction of the functional groups binds in a dissolution-active coordination mode, and 
(ii) aerobactin forms surface complexes where a higher number of surface Fe(III) sites 
are coordinated to its iron binding groups, leading to slower detachment kinetics of the 
higher multinuclear surface complexes. 

The mechanism of photoreductive dissolution3.8 

Photoreductive dissolution of lepidocrocite in the absence of siderophores is 
promoted by the formation of surface Fe(II) by intrinsic photochemical processes of 
the semiconducting solid, as indicated in this study (cf. Fig. 5). Therefore, dissolution 
rate coefficients calculated for photoreductive dissolution of lepidocrocite by DFOB 
and aerobactin do not only depend on the facilitated release of surface Fe(II) by these 
siderophores but also on the generation of surface Fe(II) unless the detachment of Fe(II) 
from the surface is rate limiting in all dissolution experiments. However, observations of 
the dissolution rate coefficients help to identify changes in the photoreductive dissolution 
mechanism and the rate limiting step. In this context, dissolution rate coefficients for 
DFOB and aerobactin were determined (Table 2) to investigate if the photoreactive 
α-hydroxycarboxylate group of aerobactin is coordinated and photolyzed at the surface 
of lepidocrocite by a light-induced LMCT reaction. Dissolution rates of lepidocrocite in 
the presence of aerobactin calculated by linear regression of the dissolution curves over 
the entire time frame (45 – 360 min) underestimate the intrinsic reactivity of adsorbed 
aerobactin under conditions where non-linear dissolution kinetics were observed (pH 
< 5). In Table 2, rate coefficients for aerobactin were additionally corrected for non-
linear dissolution kinetics by calculating initial dissolution rates linearizing the initial 
dissolution between 45 and 180 min after the start of the experiment. The values are 
presented in Table 2 in parentheses. The relative increase in the rate coefficients under 
irradiation as compared to the dark was higher for aerobactin than for DFOB except 
at low pH (< 5). For pH ≥ 5, a relative increase in rate coefficients by a factor of 
2.3-3.5 and 3.4-7 was observed for DFOB and aerobactin, respectively (Table 2). The 
absolute values of dissolution rate coefficients in the presence of DFOB were however 
still significantly greater than the rate coefficients in the presence of aerobactin. The 
fact that both siderophores promote photoreductive dissolution despite the contrasting 
photostability of their dissolved Fe(III) complexes indicates that the detachment of 
Fe(II) from the surface is the rate determining step in the absence of siderophores 
and that it is accelerated by siderophore-promoted dissolution as suggested by Borer 
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et al. (2005). A higher relative increase in rate coefficients for aerobactin compared 
to DFOB suggests that aerobactin does not only promote the detachment of Fe(II) 
but also its formation by LMCT between coordinated α–hydroxycarboxylate groups 
of aerobactin and surface sites. The formation of surface Fe(II) by LMCT of surface 
Fe(III)-aerobactin complexes does not seem to be an effective mechanism compared 
with the LMCT-induced photodissolution of lepidocrocite by citrate, a model 
α–hydroxycarboxylate compound. A recent ATR-FTIR and radiotracer study [12] 
showed that the α-hydroxycarboxylic acid group of citrate is specifically photolyzed 
at the surface of lepidocrocite leading to considerable amounts of surface Fe(II). In 
that study, dissolution of lepidocrocite by citrate at pH 4 was measured in the dark and 
under irradiation in a photoirradiation setup suitable for larger suspension volumes (see 
experimental section). The ligand-to-solid ratio (125 mg/L lepidocrocite and 100 μM 
citrate) was comparable to the corresponding ratio for the dissolution experiments in 
the presence of aerobactin as presented in this study. Citrate-promoted dissolution rates 
were 92 and 2900 nmol/m2/h as determined in the initial 160 min in the dark and under 
irradiation (N2-purged suspensions), respectively [12]. These rates were divided by a 
citrate surface concentration of ~0.74 μmol/m2 as derived from the adsorption isotherm 
at pH 4 (Fig. S6 in Supporting Information). The resulting rate coefficients of 0.124 
and 3.91 h-1 illustrate that the relative increase in the rate coefficient under irradiation 
is significant. An additional photodissolution experiment at pH 4 with citrate and with 
the same ligand-to-solid ratio as applied in this study (25 mg/L lepidocrocite and 30 μM 
ligand) was conducted under deaerated conditions (Fig. S7 in Supporting Information). 
The dissolution rate was 3240 nmol/m2/h, and the surface concentration of citrate 
was ~0.67 μmol/m2 as estimated from the adsorption isotherm (Fig. S6 in Supporting 
Information). The resulting rate coefficient of 4.83 h-1 was slightly higher than in 
the published radiotracer study [12]. The much lower rate coefficient for aerobactin-
promoted dissolution of lepidocrocite under irradiation (0.87 h-1) suggests that LMCT-
induced photodissolution involving the α-hydroxycarboxylate group of aerobactin is 
not effective. It is conceivable that the release of Fe(II) formed by the photolysis of 
this functional group is kinetically hindered by the slow desorption of aerobactin which 
may be coordinated to the surface by several functional groups.

At pH ≤ 5, constant rate coefficients were observed under irradiation for aerobactin 
(~ 0.88 h-1), whereas the rate coefficients for DFOB drastically increased from pH 5 
(2.85 h-1) to pH 3 (8.39 h-1, see Table 2). At low pH, especially in the case of reducing 
conditions, proton- and ligand-promoted dissolution may not be independent and additive 
dissolution mechanisms [43]. The increase in DFOB dissolution rate coefficients with 
decreasing pH is in line with a synergistic interplay of proton- and ligand-promoted 
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dissolution. We may hypothesize that dissolution of lepidocrocite by aerobactin is not 
affected by such a synergistic effect, because of the higher surface concentrations of 
aerobactin and hence a smaller fraction of sites affected by proton-promoted dissolution. 
At pH 3, the specific surface concentration of aerobactin and DFOB was 0.6 and 0.075 
μmol/m2, respectively. Considering that these siderophores are multidentate ligands, 
each siderophore molecule may interact with a number of adjacent surface Fe-sites. 
Thus a significant fraction of the estimated 8 μmol/m2 surface Fe-sites (based on an 
average surface site density of 5 sites/nm2) is presumably coordinated by aerobactin. In 
contrast, only a small percentage of surface sites are coordinated by DFOB. Therefore, 
the effect of proton promoted dissolution is likely smaller in the presence of aerobactin 
than DFOB.    

We may further speculate that the enhanced dissolution under irradiation in the 
presence of DFOB at pH < 5 is due to the formation of reductive degradation products 
of DFOB. Hydroxamic acids are known to undergo acid-catalyzed hydrolysis at low pH 
resulting in carboxylic acid and hydroxylamine compounds [50]. At pH < 2, reduction 
of dissolved Fe(III) was observed in the presence of DFOB on the time scale of days 
[51], which is consistent with the formation of reductive hydroxylamine compounds 
[50]. Reductive dissolution of goethite was also observed at pH 3 in the dark by acid- or 
surface catalyzed hydrolysis of acetohydroxamic acid [21, 52]. We found no indication 
that reductive dissolution occurred in the dark in the presence of DFOB (Fig. 9), but we 
cannot rule out reductive dissolution in irradiated systems, especially if photoreductive 
carboxylate compounds are formed by acid-catalyzed hydrolysis of DFOB [50]. 

This study suggests that even at high pH photoreductive dissolution of lepidocrocite 
in the presence of DFOB is induced by the formation of surface Fe(II) by photochemical 
mechanisms inherent to the lepidocrocite solid. However, in a companion investigation 
on the wavelength-dependent photodissolution of lepidocrocite in the presence of 
DFOB, we found indications for a light-induced reductive effect of adsorbed DFOB at 
pH 8 [53]. Dissolution rates normalized to the corresponding photon fluxes were higher 
in the wavelength range 395-435 nm, and decreased at lower and higher wavelengths. 
This is exactly the wavelength region in which the hexadentate Fe(III)-DFOB solution 
complex has a strong and broad absorption band. The absorption of light at 430 nm 
by the solution complex is related to a LMCT transition, but it does not lead to a 
reduction of the metal center [54]. Absorption spectra of adsorbed species on highly 
light-absorbing iron(III) (hydr)oxides cannot be measured, but these results indicate 
that light absorption at 395–435 nm, presumably due to LMCT transitions of inner-
sphere surface complexes, is accompanied by an electron transfer to the surface [53]. 
Further experiments are required to substantiate the potential photoreductive effect of 
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adsorbed hydroxamic acids on iron(III) (hydr)oxides.

Summary and conclusions4. 

Based on the comparison of the pH-dependent adsorption of DFOB on lepidocrocite 
and acetohydroxamic acid on goethite [21], we suggest that surface complexes of 
DFOB are positively charged, due to the protonated terminal amine group. Surface 
concentrations of adsorbed DFOB increased at higher ionic strength (0.2 M NaClO4) at 
pH 3, which can be explained by a decrease of repulsive electrostatic interactions of the 
charged amine group with the charged surface. The anion-like adsorption of aerobactin 
indicated that the pH-dependent adsorption is strongly determined by interactions of the 
carboxylic acid groups with the surface. A slight decrease of the surface concentrations 
of aerobactin at higher ionic strength was interpreted by a decrease of the surface 
concentrations of weakly bound aerobactin. In order to explain the high affinity of 
Fe(III)-aerobactin solution complexes for the surface of lepidocrocite, we considered 
the potential formation of stable five-membered chelate rings at the surface by the 
joint interaction of the lateral carboxylic acid groups and the adjacent amine groups. In 
contrast, the adsorption data showed that the Fe(III)-DFOB solution complex has a very 
low affinity for the surface of lepidocrocite. 

We showed exemplarily for DFOB that siderophore-promoted dissolution of 
lepidocrocite is a surface-controlled process, where dissolution rates are linearly 
correlated with the surface concentrations of adsorbed siderophores. In the dark, 
dissolution rate coefficients were significantly higher for DFOB than for aerobactin. This 
difference was explained by DFOB forming more dissolution-active surface complexes. 
We assume that aerobactin forms surface complexes where only a small fraction of the 
available functional groups binds in a dissolution-active coordination mode in addition 
to the formation of a higher degree of multinuclear surface complexes, resulting in 
slower detachment kinetics of the surface metal complexes. Future dissolution studies 
with a greater set of different siderophores are required to substantiate the conclusions 
drawn in this study. 

The constant dissolution rate coefficients for DFOB in the dark suggest that the 
surface speciation in terms of dissolution-active surface complexes does not change 
between pH 3 to 8 and that inner-sphere complexation of iron by hydroxamic acid 
groups dominates the DFOB surface speciation in this entire pH region. This is based 
on the interpretation of ATR-FTIR spectroscopic data of adsorbed DFOB, where we 
concluded that the predominant surface complex at low pH (pH 4) involves inner-sphere 
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coordination of two to three hydroxamic acid groups of DFOB to the surface [11].
Under irradiation, dissolution rates increased both in the presence of DFOB and 

aerobactin. The observed reduction of dissolution rates over time in the presence of 
aerobactin at low pH was discussed in terms of the formation of reactive oxygen species 
during photolysis of dissolved Fe(III)-aerobactin complexes and the readsorption 
of Fe(III)-aerobactin and Fe(III)-photoproduct complexes. In the case of DFOB, the 
observation of linear dissolution is consistent with the low affinity of Fe(III)-DFOB 
complexes for the surface and the lack of extensive formation of reactive oxygen-
species. The light-induced increase of dissolution rate coefficients was slightly higher 
for aerobactin than for DFOB at pH ≥ 5. We conclude that the light-induced dissolution 
of lepidocrocite in the presence of aerobactin may be additionally promoted by a 
photoreductive dissolution mechanism in which the α-hydroxycarboxylate group is 
photolyzed at the surface in a LMCT reaction. However, based on the comparison with 
dissolution rate coefficients determined for citrate we suggest that LMCT within surface 
complexes of aerobactin is not an effective process. In general, the enhancement of 
dissolution in the presence of both DFOB and aerobactin is attributed to the intrinsic 
photoreactivity of lepidocrocite. 
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fig. S1: Surface charge of of lepidocrocite as a function of pH at different ionic strengths (NaClO4). 
Surface charges were calculated from acid-base titration curves.  

fig. S2: Dissolution of lepidocrocite (25 mg/L) at pH 3 in the absence of any organic ligands. 
Dissolution experiments were performed in the dark as well as under irradiation (see experimental 
section). The ionic strength of the suspensions was adjusted to either 0.01 M or 0.20 M NaClO4. 
For the photodissolution experiments, dissolved Fe(II) was measured as well at the end of each 
experiment. 
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fig. S3: Dissolution of lepidocrocite (25 mg/L) in the presence of 30 μM DFOB or aerobactin in 
the dark as well as under irradiation. The pH of the suspensions was varied between pH 3 and pH 
8. The ionic strength was 0.01 M (NaClO4). Total dissolved iron was measured. 
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fig. S4: Dissolution of lepidocrocite (25 mg/L) in the presence of 30 μM DFOB or aerobactin in 
the dark as a function of pH and ionic strength. Total dissolved iron was measured.
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fig. S5:  Dissolution rate coefficients determined for the dissolution of lepidocrocite that 
occurred during the adsorption experiments between pH 5 and 8.1 (see Fig. 2A). Note that the 
rate coefficients calculated for these adsorption experiments - where the solid concentration was 
1.5 g/L (1 g/L for the adsorption experiment at pH 8.1) - are in agreement to rate coefficients 
calculated for the dissolution experiments conducted at much higher ligand-to-solid ratios (30 μM 
DFOB and 25 mg/L lepidocrocite; see Fig S3).

fig. S6: Adsorption isotherm of citrate at pH 4 and constant ionic strength (0.01 M NaClO4).
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fig. S7: Photodissolution experiment with a deaerated suspension of 25 mg/L lepidocrocite at pH 
4 in the presence of 30 μM citrate. The ionic strength was 0.01 M (NaClO4). The photo-irradiation 
setup used for this experiment is described elsewhere [1]. Total dissolved iron was measured in 
filtered samples. 
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abstract

This study investigated the kinetics of photoreductive dissolution of various iron(III) 
(hydr)oxide phases (lepidocrocite (γ-FeOOH), ferrihydrite, hydrous ferric oxide) in the 
absence of organic ligands as a function of pH in deaerated and aerated suspensions. 
Photoreductive dissolution of lepidocrocite and ferrihydrite was only observed below 
pH 6. Under oxic conditions, we observed both the formation of aqueous Fe(II) and 
H2O2 during photoreductive dissolution of lepidocrocite and ferrihydrite at pH 3. These 
experimental findings are consistent with the light-induced reduction of surface Fe(III) at 
the oxide surface and the concomitant oxidation of coordinated water or hydroxyl groups, 
leading to surface Fe(II) and •OH radicals and subsequently to H2O2. The formation of 
•OH radicals at the surface was confirmed by photodissolution experiments conducted 
in the presence of •OH radical scavengers. Kinetic modeling of the experimental data 
suggested that the relevant pathway for the formation of H2O2 is the surface catalyzed 
reoxidation of surface Fe(II) by molecular oxygen. This study furthermore showed 
that in the presence of strong iron binding ligands such as siderophores (specifically 
desferrioxamine B) photoreductive dissolution of lepidocrocite, ferrihydrite and to a 
lesser extent hydrous ferric oxide may also proceed at seawater pH. 
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Introduction1. 

Photoreductive dissolution of iron(III) (hydr)oxides or iron bearing minerals is an 
important process in many sunlit surface and atmospheric waters, particularly from 
the standpoint of iron bioavailability. The conversion of refractory iron phases into 
labile and bioavailable iron (e.g. dissolved species) may be considerably enhanced by 
photoreductive mechanisms [1-4]. In general, dissolution of iron(III) (hydr)oxides by 
(photo)reductive mechanisms is faster than by non-reductive dissolution mechanisms 
(e.g. proton-promoted or ligand-promoted thermal dissolution) [5, 6]. 

Photoreductive dissolution of iron(III) (hydr)oxides involves two reaction steps, 
(i) photoreduction of Fe(III) at the (hydr)oxide surface and (ii) subsequent release of 
surface-bound Fe(II) into solution. It is well known that organic ligands such as fulvic 
acids and smaller α-hydroxycarboxylic and carboxylic acids can effectively promote 
both reaction steps [4, 6-8], but the presence of such ligands is not a prerequisite 
for photoreductive dissolution. Laboratory studies have shown that photoreductive 
dissolution of natural or well defined iron(III) (hydr)oxides may also proceed in the 
absence of organic ligands, although with lower efficiency and only under rather 
acidic pH [4, 6, 9]. This process may be of importance in sunlit aquatic systems with 
extremely low dissolved organic carbon content, e.g. in atmospheric waters. It has been 
proposed that in the absence of organic ligands photoreduction of Fe(III) at the (hydr)
oxide surface is enabled by light-induced ligand-to-metal charge-transfer excitations 
(LMCT) either within the semiconducting bulk or directly at the surface. At the surface, 
Fe(III)-hydroxo groups may undergo a photoredox reaction where Fe(III) is reduced 
while the coordinated hydroxyl group is oxidized to a •OH radical [4, 9], akin to the 
photolysis of dissolved Fe(III)-hydroxo species [10-12]. Additionally, photoholes and 
photoelectrons generated within the semiconducting bulk may be scavenged at the 
surface leading to surface Fe(II) and •OH radicals in the absence of organic ligands 
[9, 13, 14]. Recent studies suggested that his latter process may not be effective due to 
efficient recombination of photoelectrons and photoholes within the bulk [15, 16].  

Photochemically formed Fe(II) and •OH radicals undergo further reactions yielding 
additional reactive oxygen species (ROS) (O2

-/HO2, H2O2) in the presence of oxygen 
[17], which in turn may affect the kinetics of photoreductive dissolution [4]. According 
to recent thermodynamic calculations, photoreductive dissolution of crystalline 
iron(III) (hydr)oxide phases (hematite, goethite, lepidocrocite) is feasible at low pH 
in the absence of organic ligands, but cannot be significant at seawater pH, unless the 
activity of dissolved, uncomplexed Fe2+ is drastically reduced by strong complexation 
by iron binding ligands (e.g., siderophores) [13]. However, a recent study indicated 
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that photoreductive dissolution of less crystalline Fe(III) (hydr)oxide phases (e.g., 
amorphous Fe(III) hydroxide) may also occur in the absence of organic ligands at 
seawater pH [18]. 

The purpose of this study was to investigate the kinetics of photoreductive dissolution 
of different iron(III) (hydr)oxide phases (lepidocrocite, ferrihydrite and hydrous ferric 
oxide) in the absence of organic ligands under various conditions (pH and O2 content) 
The focus was on lepidocrocite (γ-FeOOH), a well defined crystalline iron(III) (hydr)
oxide, which has been shown to be considerably susceptible to photoreductive dissolution 
in the absence as well as in the presence of organic ligands [2, 4, 8, 19, 20]. Particular 
attention was given to the investigation of the formation/decay of reactive oxygen species 
(ROS) during photoreductive dissolution, particularly at low pH. Iron redox cycling 
and cycling of ROS at the mineral/water interface during photoreductive dissolution 
of lepidocrocite at low pH was investigated by kinetic modeling and by experiments 
in the presence of radical scavengers. In addition, experiments were conducted in the 
presence of a siderophore (desferrioxamine B) to assess if photoreductive dissolution 
of different iron(III) (hydr)oxides by intrinsic photoreductive mechanisms is feasible/
relevant at higher pH (e.g., in marine waters).

experimental section2. 

Materials 2.1 

Desferrioxamine B (DFOB) was purchased as the methanesulfonate salt 
[C25H46N5O8NH3

+(CH3SO3)
-] from Sigma-Aldrich and was converted to the chloride 

salt with an anion exchange resin [21]. All other chemicals were at least reagent grade 
and were used as received from Sigma-Aldrich (details in Supporting Information). 
All solutions were prepared in high purity water (Milli-Q, Millipore). All glass- and 
plasticware were washed with HCl and thoroughly rinsed with high purity water prior 
to use.

Synthesis of iron(III) (hydr)oxides 2.2 

Lepidocrocite (γ-FeOOH) was synthesized by oxidation of FeCl2 with NaNO2 in the 
presence of hexamethylenetetramine at 70 °C [22]. With this procedure, nitrogen- and 
carbon-containing oxidation by-products were produced, of which traces remained on 
the surface or within the bulk of the freeze-dried solid, even after extensive washing 
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(details in Supporting Information). We have used this oxide phase in recently 
published studies of photoreductive dissolution of lepidocrocite [2, 19]. Reference 
dissolution experiments with a subsequently synthesized lepidocrocite batch without 
any contaminants [23], albeit with different morphology, were conducted in order to 
demonstrate that no artifacts were produced by traces of carbon- and nitrogen-containing 
by-products. The contamination-free phase was not used as the major lepidocrocite 
phase in this study, because we observed significant adsorption of lepidocrocite particles 
from this batch to the walls of the reaction vessel. Photodissolution experiments were 
also conducted with ferrihydrite and hydrous ferric oxide. Details on the synthesis 
protocols and characterization of solids used in this study are provided in the Supporting 
Information.

analytical methods 2.3 

Samples for the determination of dissolved Fe(II) and H2O2 were taken from the 
suspensions and immediately filtered through 0.025 μm pore-size membrane filters 
(Whatman, Schleicher and Schuell). Dissolved Fe(II) and H2O2 were measured by 
colorimetric methods according to the procedures reported in Voelker and Sulzberger 
[24]. Filtered samples for total iron analysis were acidified with 1% v/v suprapure nitric 
acid and were measured with ICP-OES (Vista MPX, Varian). The detection limit for 
the determination of total iron, Fe(II) and H2O2 was ~0.1 μM. Details on the analytical 
methods are provided in the Supporting Information.

experimental procedure 2.4 

(Photo)dissolution experiments were carried out in a Pyrex glass vessel with a water 
jacket at 25 ± 1 °C. All experiments were conducted in 10 mM NaClO4. Suspensions 
of 25 mg/L lepidocrocite or ferrihydrite were stirred with a Teflon coated stirrer and 
were pre-equilibrated at ~pH 6 for one hour before adjusting the pH. The pH of the 
suspensions was measured with a combined glass electrode (Metrohm 6.0253.100) 
and was automatically adjusted during the experiments with small additions of NaOH 
or HClO4 by a dosimat (Metrohm). Deviations of solution pH were within ± 0.02 pH 
units. For the experiments conducted in the absence of O2, the suspensions were purged 
with high purity N2 gas before and throughout the experiments. The suspensions were 
irradiated with a solar simulator with a 1000 W high-pressure Xenon light source 
(OSRAM). The bottom window of the Pyrex vessel served as a high-pass filter so that 
only light with wavelengths greater than 305 nm penetrated into the vessel (simulated 
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sunlight). The irradiated area was 56 cm2 and the irradiated volume of the suspension 
was 350 mL. The light intensity of light passing into the reaction vessel was 1340  
W/m2, as determined by 0.02 M ferrioxalate actinometry [25]. Samples were 
periodically taken from the suspensions for the analysis of total dissolved Fe, dissolved 
Fe(II), and H2O2. Photodissolution experiments with lepidocrocite also were performed 
in the presence of the •OH radical scavengers POHPAA (p-hydroxyphenylacetic 
acid), tert-butanol and benzene. In the case of benzene, additional benzene was added 
to N2 purged solutions to account for outgassing during the experiments. In addition, 
photodissolution experiments with lepidocrocite, ferrihydrite and also hydrous ferric 
oxide were conducted in the presence of the siderophore desferrioxamine B.    

kinetic modeling2.5 

The formation of Fe(II), Fe(III) and H2O2 during the photoirradiation experiments 
at pH 3 was modeled with ACUCHEM [26] and with global fitting routines in Matlab 
(The Mathworks Inc.). Known reaction rate constants were taken from the literature. 
Unknown reaction rate constants were either estimated or varied by the global fitting 
routine in Matlab such that the sum of normalized square residuals between the model 
and the data was minimized. The global fitting routine allowed to fit models under 
different conditions in the same fit (e.g. models with and without oxidation reactions by 
O2 in O2-saturated or O2-free solutions). 

results and discussion3. 

Photoreductive dissolution of lepidocrocite3.1 

Fig. 1 shows the formation of dissolved Fe(II) and total dissolved Fe during irradiation 
of 25 mg/L lepidocrocite suspensions at different pH in the absence of organic ligands 
under oxic (Fig. 1A) and anoxic (Fig. 1B) conditions. The experimental results were 
highly reproducible. Replicate experiments conducted at pH 3 in aerated suspension 
and at pH 6 in deaerated (N2-purged) suspension showed that the average difference of 
total dissolved iron or Fe(II) concentrations at all sampling times was less than 0.15 μM 
(data not shown). The significant formation of dissolved Fe(II) can only be explained 
by the light-induced formation of Fe(II) at the surface of lepidocrocite and subsequent 
release of Fe(II) into solution. At pH 2 and 3, 9.38 and 6.13 μM total dissolved Fe were 
formed, respectively, after 6 h irradiation of deaerated suspensions, and 86 and 90 % of 
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total dissolved Fe was present as Fe(II) (Fig. 1A). In comparison, reference dissolution 
experiments conducted in the dark resulted in 1.8 and 0.65 μM total dissolved Fe and no 
dissolved Fe(II) after 6 hours at pH 2 and 3, respectively (data not shown). Above pH 4, 
total Fe and Fe(II) concentrations were almost identical. At pH 2, the presence of O2 led 
to significantly smaller Fe(II) solution concentrations as in the absence of O2, without 
lowering the concentration of total dissolved Fe (Fig. 1A, B). These results indicate that 
Fe(II) is reoxidized by ROS in solution (e.g., H2O2). Oxidation of aqueous Fe(II) by O2 
is far too slow at pH 2 (t1/2 ~ years [27]) to explain the observed oxidation.

fig. 1: Photodissolution experiments with suspensions of 25 mg/L lepidocrocite at various pH 
values at 0.01 M ionic strength (NaClO4). Total Fe (filled symbols) and Fe(II) (open symbols) 
were measured in deaerated suspensions (A) and in aerated suspensions (B).
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For both aerated and deaerated suspensions, a decrease of Fe(II) and total Fe solution 
concentrations was observed with increasing pH. This trend is consistent with a 
decreasing susceptibility of lepidocrocite to photoreductive dissolution with increasing 
pH, based on recent semiquantitative thermodynamic calculations [13]. Additionally, 
the formation of dissolved Fe(II) may be lowered by (i) readsorption of Fe(II) to the 
surface of lepidocrocite above pH 5 [28], and (ii) faster reoxidation of dissolved Fe(II) 
in solution by oxygen and/or ROS with increasing pH [17], resulting in precipitation of 
Fe(III) formed in solution at higher pH. 

formation of reactive oxygen species (roS)3.2 

The photochemically formed Fe(II) and •OH at the lepidocrocite surface undergo 
further reactions yielding additional ROS (O2

-, H2O2), particularly in the presence of 
oxygen [17]. Superoxide (O2

-) may be formed by oxidation of surface lattice Fe(II) 
at the surface of lepidocrocite by O2 and also by oxidation of aqueous Fe(II) by O2 at 
higher pH. Dismutation of O2

-, the bimolecular reaction of •OH, and the oxidation of 
Fe(II) by O2

- may lead to considerable amounts of H2O2. To investigate these processes, 
additional photoirradiation experiments were conducted in which the concentrations of 
dissolved Fe(II), total dissolved Fe, and H2O2 were measured during a 6 h irradiation 
period and also subsequently in the dark. Fig. 2 shows the experiments performed at pH 
3. In the deaerated and aerated suspension, respectively, a maximal H2O2 concentration 
of 370 nM and 1.85 μM was reached after approximately 225 min irradiation. The 
decay of H2O2 occurred before the light source was turned off, indicating a complex 
interplay of H2O2 with Fe(II) and with other ROS. The formation of Fe(II) was smaller 
in the aerated suspension, which is consistent with reoxidation of Fe(II) by H2O2 and 
by other ROS. Oxidation of Fe(II) by H2O2 is also inferred by the decrease of Fe(II) 
and H2O2 concentrations in the dark. An experiment conducted at pH 5 under aerated 
conditions (Fig. S2 B) showed significantly lower H2O2 concentrations as compared to 
the corresponding experiment at pH 3 (Fig. 2B). This is consistent with faster oxidation 
of Fe(II) by H2O2 and O2

- at higher pH [17]. 
The nitrogen- and carbon-contamination of the lepidocrocite phase (~ 0.35 μM 

NO3
- + NO2

- + NH4
+ and 10 μg carbon in 25 mg/L lepidocrocite suspensions) did 

not noticeably affect the formation and decay of Fe(II) and H2O2, as indicated by 
additional photodissolution experiments with an uncontaminated lepidocrocite phase 
[23]. A comparable formation of Fe(II) and H2O2 was observed under irradiation in an 
aerated suspension at pH 3 (Fig. S3). However, the H2O2 concentration did not decline 
under prolonged irradiation as in the case of the contaminated phase (cf. Fig. 2B), 
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and precipitation of Fe(III) was observed in the dark after the 6 h irradiation period. 
The observed differences were reproducible based on replicate experiments (data not 
shown) and might be explained by taking the distinct morphology of both lepidocrocite 
phases into account. In contrast to the contamination-free phase, the contaminated phase 
showed a significant aggregation of lath-like crystals (Supporting Information). 

fig. 2: (Photo-)dissolution experiments with suspensions of 25 mg/L lepidocrocite at pH 3 and 
0.01 M ionic strength (NaClO4). After 360 minutes of irradiation, the light source was turned off. 
Total dissolved Fe, Fe(II), and H2O2 were measured in deaerated suspensions (A) and in aerated 
suspensions (B).  The model results (lines) are also shown.
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We assume that the net formation of H2O2 is affected by reactions between ROS 
and Fe(II) during mass transport out of the crystal aggregates. This assumption is 
corroborated by similar trends in the formation and decay of H2O2 for a freeze-dried 
ferrihydrite batch as presented later in this paper. Similar to lepidocrocite, the batch of 
freeze-dried ferrihydrite consisted of strongly coagulated particles. 

kinetic modeling of fe(II) and roS formation3.3 

A kinetic model was developed to identify key reactions leading to the observed 
concentrations of dissolved Fe(II) and H2O2 at pH 3 during photoreductive dissolution 
of lepidocrocite and after the light source was turned off (Table 1). The goal of the 
kinetic modeling was not to provide a complete description of reactions occurring in this 
complex heterogeneous system, but to identify important reaction pathways by which 
dissolved Fe(II) and H2O2 were formed. For simplicity, it was assumed that surface 
Fe(II) and •OH are formed by photolysis of surface Fe(III)-hydroxo groups. Surface 
and solution reactions of Fe(II), Fe(III) and ROS were modeled with the same set of 
solution reactions as presented by Kwan and Voelker [17]. Details of the kinetic model 
are provided in the Supporting Information. Only Fe(II), O2

- and H2O2 formed at the 
surface were allowed to be released into solution. The release reactions were described 
by first order reactions, which is a simplification of the probably more complex solid/
water mass transfer. It was further assumed that •OH formed at the surface quickly 
reacts with other ROS and Fe(II) at the surface, such that release of •OH into solution 
can be neglected. Release of Fe(III) into solution was not considered. Since the model 
was only applied at pH 3, precipitation of Fe(III) in solution was omitted. Rate constants 
for the release of surface Fe(II), O2

- and H2O2 into solution as well as for the reoxidation 
of surface Fe(II) by O2 were fitted (k1-k4). The best fit was achieved by setting the initial 
value of k1 to ~10-3 s-1 (release of surface Fe(II) into solution), which is equivalent to 
a half-life of 13 min. The maximal formation rate of dissolved Fe(II) (4.3 × 10-9 mol/
m2/s), as calculated by the light-induced formation of surface Fe(II) and its transfer into 
solution (reactions L1 and RL1 in Table 1), is identical to the Fe(II) formation rates 
determined during thermal reductive dissolution of different lepidocrocite phases in the 
presence of excess ascorbic acid [29] 

The model results are shown in Fig. 2. The model cannot reproduce the experimental 
data perfectly, but it does reproduce the observed trends. According to the model, the 
half-life for the release of H2O2 and O2

-/HO2 from the lepidocrocite surface was 5 min 
and 16 min, respectively. The release of H2O2 and O2

-/HO2 occurs on a similar timescale 
as the release of surface Fe(II), which suggests that a large fraction of these species 
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Table 1: Kinetic model and rate constants

reactions rate constants  
(s-1) or (M-1 s-1) ref.

fe(III) photolysis at the  surface
L1 a Fe(III)surf → Fe(II)surf + ·OHsurf, 5 × 10-4  Estimated c

fe(II) release into solution
RL1 Fe(II)surf → Fe(II) k1  (8.65 × 10-4) Fitted

fe(III) photolysis in solution
L2 a Fe(III) → Fe(II) + ·OH 1.5 × 10-3 Estimated c

fe(II) oxidation at the surface
SO1 a Fe(II)surf + O2 → Fe(III)surf + O2

-/HO2 surf k2  (2.70 × 103) Fitted
SO2 Fe(II)surf  + O2

-/HO2 surf → Fe(III)surf + H2O2 surf 6.6 × 106 [17] b

SO3 Fe(II)surf + H2O2 surf  → Fe(III)surf + ·OHsurf 63 [17] b

SO4 Fe(II)surf + ·OHsurf → Fe(III)surf 3.2 × 108 [17] b

fe(III) reduction at the surface
SR1 Fe(III)surf + H2O2 surf → Fe(II)surf + O2

-/HO2 surf 2 × 10-3 [17] b

SR2 Fe(III)surf + O2
-/HO2 surf → Fe(II)surf + O2 3.1 × 107 [17] b

surface reactions of roS
SRC1 ·OHsurf + ·OHsurf → H2O2 surf 5.2 × 109 [17] b

SRC2 ·OHsurf + O2
-/HO2 surf  → O2 7.1 × 109 [17] b

SRC3 ·OHsurf + H2O2 surf → O2
-/HO2 surf 3.3 × 107 [17] b

SRC4 O2
-/HO2 surf  + O2

-/HO2 surf → H2O2 surf 2.3 × 106 [17] b

roS release from the surface
RL2 H2O2 surf → H2O2 k3 (2.35 × 10-3) Fitted
RL3 O2

-/HO2 surf → O2
-/HO2 k4 (7.26 × 10-4) Fitted

fe(II) oxidation in solution
O1 Fe(II) + H2O2 → Fe(III) + ·OH 63 [17]
O2 Fe(II) + O2

-/HO2 → Fe(III) + H2O2 1.3 × 106 [17]
O3 Fe(II) + ·OH → Fe(III) 3.2 × 108 [17]

fe(III) reduction in solution
R1 Fe(III) + H2O2 → Fe(III) + O2

-/HO2 2 × 10-3 [17]
R2 Fe(III) + O2

-/HO2 → Fe(II) + O2 7.8 × 105 [17]
Solution reactions of roS

RC1 ·OH + ·OH → H2O2 5.2 × 109 [17]
RC2 ·OH + O2

-/HO2 → O2 7.1 × 109 [17]
RC3 ·OH + H2O2 → O2

-/HO2 3.3 × 107 [17]
RC4 O2

-/HO2 + O2
-/HO2 → H2O2 2.3 × 106 [17]

a The rate constants of these reactions are set to zero under conditions where these reactions 
do not take place (e.g. in the dark or in the absence of O2). 

b Surface reactions are formulated 
in analogy to solution reactions as reported by Kwan and Voelker [17]. c Details in Supporting 
Information. 
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undergo further surface reactions. The model suggests that the most relevant reaction 
leading to the formation of solution H2O2 is the oxidation of lattice Fe(II) by O2. The 
fitted rate constant of 2700 M-1 s-1 (k2) is almost three orders of magnitude greater than the 
rate constant reported for the oxidation of Fe(II) adsorbed on goethite [27]. In analogy 
to the faster oxidation of aqueous Fe(II) species with an increasing degree of hydrolysis 
of the Fe2+ cation (sequence: Fe2+, FeOH+, Fe(OH)2) [27], we assume that surface lattice 
Fe(II) of lepidocrocite is more strongly coordinated by lattice oxygen atoms than Fe(II) 
that is adsorbed on goethite, resulting in the higher stabilization of the Fe(III) redox 
state and hence in faster reoxidation by O2. These arguments apparently do not hold 
for the oxidation of lattice Fe(II) by H2O2, based on our simplified model, because an 
increase in the rate constant of 2-3 orders of magnitude for the oxidation of surface 
Fe(II) by H2O2 resulted in a less good agreement between model and data. Except for 
the release of O2

-/HO2 from the surface (rate constant k4), the fitted parameters (k1-k3) 
were well constrained (Fig. S4). Apparently, the release O2

-/HO2 into solution can be 
neglected in this reaction scheme (Table 1). Further experimental studies combined 
with kinetic modeling are required to gain more conclusive insight into the oxidation 
kinetics of Fe(II) at the mineral/water interface by O2 and H2O2.

effect of radical scavengers and organic ligands on photoreductive 3.4 
dissolution 

Fig. 3 shows the effect of •OH radical scavengers on the photoreductive dissolution 
of lepidocrocite in deaerated suspensions at pH 5. In comparison to the experiment 
conducted in the absence of any radical scavengers, the presence of 1 mM tert-butanol 
or benzene did not significantly change the extent of dissolved Fe(II) formation. 
However, an increase in total Fe and Fe(II) solution concentrations by a factor of 3 was 
observed after 6 h irradiation in the presence of 1 mM POHPAA (cf. Fig. 1). POHPAA, 
which is negatively charged at pH 5 (carboxylate containing compound) interacts more 
strongly with the positively charged surface of lepidocrocite by electrostatic forces as 
compared to the neutral compounds tert-butanol and benzene. This interaction results in 
higher concentrations of POHPAA in the interfacial region where •OH is formed. These 
results support the kinetic model according to which •OH radicals are formed at the 
surface of lepidocrocite. Hence scavenging of •OH radicals at the surface diminishes 
the back reaction of surface Fe(II) and •OH and thus results in higher solution 
concentrations of Fe(II). These results furthermore indicate that •OH formed at the 
surface does not diffuse into solution and that radical scavengers are only effective if 
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they interact strongly with the surface. The observation that neutral radical scavengers 
are less effective in scavenging •OH radicals formed at a positively charged oxide 
surface, as compared to negatively charged scavengers, has been reported recently [30]. 
Photodissolution experiments at pH 5 in the presence of POHPAA are shown in Fig. S5. 
In the presence of POHPAA, the rates of light-induced dissolved Fe(II) formation were 
considerably higher in both the deaerated and the aerated suspensions, as compared to 
the photodissolution experiments in the absence of POHPAA at pH 5 (see Fig. 1).  

fig. 3: Photodissolution experiments with deaerated suspensions of 25 mg/L lepidocrocite at 
pH 5 and at 0.01 M ionic strength (NaClO4) in the presence of the hydroxyl radical scavengers 
POHPAA, tert-butanol or benzene (1 mM). Both total dissolved Fe (filled symbols) and dissolved 
Fe(II) (open symbols) were measured. For comparison, the corresponding experiment in the 
absence of radical scavengers is included (line; total dissolved Fe concentration) (cf. Fig. 1).

Organic ligands may enhance photoreductive dissolution of iron(III) (hydr)oxides, 
not only by acting as radical scavengers, but in the case of iron binding ligands also 
by facilitating the release of surface Fe(II) into solution and by preventing oxidative 
precipitation of dissolved Fe(II). This is illustrated by photodissolution experiments 
conducted in the presence of the siderophore DFOB, a strong iron binding ligand which 
also has radical scavenging properties [31]. Under the same experimental conditions as 
given in Fig. 3, the dissolution rate of lepidocrocite was twice as high in the presence 
of 80 μM DFOB as in the presence of 1 mM POHPAA (data with DFOB not shown 
in Fig. 3). Fig. 4 shows that in the presence of DFOB, dissolution rates at pH 3 and 8 
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fig. 4: (Photo-)dissolution experiments with suspensions of 25 mg/L lepidocrocite at pH 3 and 
pH 8 and 0.01 M ionic strength (NaClO4) in the presence of 80 μM DFOB. Total dissolved Fe 
was measured. 

 
increased upon irradiation with simulated sunlight.

At pH 3, the dissolution rate was almost identical in the deaerated and aerated 
suspensions and was by a factor of 4 higher than in the absence of DFOB (cf. Fig. 
1A, deaerated suspension). At pH 8, the presence of oxygen reduced the light-induced 
formation of dissolved Fe. This result is consistent with faster oxidation kinetics of 
surface Fe(II) by oxygen and ROS at pH 8 as compared to pH 3. Under oxic conditions 
where surface Fe(II) is rapidly reoxidized by molecular oxygen and ROS, DFOB may 
enhance the release of Fe(II) before significant reoxidation occurs and may prevent 
precipitation of dissolved Fe [2]. According to the thermodynamic predictions of 
Sherman [13], only sub-femtomolar concentrations of dissolved Fe(II) can be formed by 
direct photoreductive dissolution of lepidocrocite at pH 8 in the absence of iron-binding 
ligands. Our results confirm that in the presence of a strong iron binding ligand like 
DFOB much higher concentrations of total dissolved Fe can form upon photoreductive 
dissolution of lepidocrocite at pH 8 (cf. Fig. 4). After 6 hours approximately 3 μM 
total dissolved Fe was formed due to photoreductive dissolution of lepidocrocite in the 
presence of DFOB under aerated conditions at pH 8, as calculated by the difference in 
the concentrations of total dissolved Fe in the dark and under irradiation. 
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Photoreactivity of other iron (hydr)oxides3.5 

Irradiation experiments were conducted with a freeze-dried batch of ferrihydrite 
and with aged hydrous ferric oxide (see also Supporting Information). Ferrihydrite 
showed a similar photoreactivity towards photodissolution in organic-free suspensions 
at pH 3 as lepidocrocite (Fig. 5), despite its larger surface area (330 m2/g). We assume 
that freeze-drying of ferrihydrite and the resulting coagulation of particles was the 
cause of the relatively low dissolution rates of ferrihydrite. The dissolution rate of 
ferrihydrite at pH 3 in the dark was as twice as high as the corresponding dissolution 
rate of lepidocrocite (Fig. S6). However, unlike lepidocrocite, almost no photoreductive 
dissolution of ferrihydrite under oxygen-free conditions was observed at pH 6 (Fig. S6). 
This phenomenon may be attributed to stronger readsorption of Fe(II) at the ferrihydrite 
surface. In the presence of DFOB, only a slight increase in the dissolution rate of 
ferrihydrite was observed at pH 8 under irradiation (deaerated suspension) as compared 
to the corresponding dark experiment (Fig. S7). In contrast, irradiation of lepidocrocite 
suspensions resulted in a significant increase in the dissolution rate under the same 
conditions (cf. Fig. 4). Dissolution experiments with aged hydrous ferric oxide (100 
μM Fe(III) aged for 5 hours at pH 8) in the presence of 40 μM DFOB at pH 8 were also 
conducted (Fig. S8). Dissolution in the dark by DFOB, as measured by the formation 
of dissolved Fe-DFOB complexes, was fast and the dissolution rate was only slightly 
enhanced under irradiation. Apparently, light has only a weak effect on the dissolution 
of ferrihydrite and hydrous ferric oxides in the presence of siderophores. In a previous 
study, we observed that dissolution of goethite at pH 6 under similar conditions was not 
observed in the presence of DFOB, both in the dark and under irradiation [2]. 

These results suggest that under conditions where direct photoreductive dissolution 
of iron(III) (hydr)oxides is thermodynamically feasible, e.g. at low pH or at high pH 
in the presence of siderophores, the detachment of surface Fe(II) into solution and 
reoxidation of surface Fe(II) by oxygen and ROS are two key processes determining 
the extent of photoreductive dissolution. With increasing thermodynamic stability 
of iron(III) (hydr)oxides, the release of lattice surface Fe(II) into solution may be 
increasingly outcompeted by reoxidation by oxygen and/or ROS [20]. This is the likely 
reason why photoreductive dissolution of goethite was not observed at pH 6 even in 
the presence of DFOB [2]. In the case of lepidocrocite, which is an intermediate phase 
between thermodynamically more stable iron (hydr)oxide phases (e.g., goethite) and 
less stable phases (e.g., ferrihydrite), release of surface Fe(II) into solution at pH 8 
seems to take place in the presence of DFOB before complete reoxidation occurs. In the 
case of ferrihydrite and hydrous ferric oxide, thermal dissolution by DFOB is apparently 
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more important for the overall dissolution, as compared to the small contribution of 
photoreductive dissolution.

fig. 5: (Photo-)dissolution experiments with suspensions of 25 mg/L ferrihydrite at pH 3 and 
0.01 M ionic strength (NaClO4). After 360 minutes of irradiation, the light source was turned off. 
Total dissolved Fe, Fe(II), and H2O2 were measured in deaerated suspensions (A) and in aerated 
suspensions (B).  

environmental significance 3.6 

Photolysis of aqueous Fe(III)-hydroxo complexes has been proposed as one of the 
major sources of •OH radicals and Fe(II) in low pH atmospheric waters [11]. This 
study suggests that photoreductive dissolution of colloidal iron in the absence of 
organic matter also contributes to the formation of dissolved Fe(II) and ROS at low 
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pH. This process may be of importance in atmospheric waters that exhibit low pH 
values and low organic carbon content. The atmospheric transport and deposition of 
iron into open marine systems has been shown to play an important role regarding iron 
bioavailability [32]. At high pH, i.e. seawater pH, the presence of organic matter seems 
to be a prerequisite for photoreductive dissolution of Fe(III) (hydr)oxides to occur. Our 
results show that strong iron binding ligands like siderophores enable photoreductive 
dissolution of Fe(III) (hydr)oxides even at pH 8, with the strongest effect observed 
for lepidocrocite, which is an intermediate phase regarding thermodynamic stability. 
The ability of siderophores like DFOB to shift the thermodynamic feasibility of direct 
photoreduction of iron(III) (hydr)oxides [13], to facilitate the release of photochemically 
produced Fe(II) into solution before complete reoxidation by oxygen or ROS occurs, 
and to prevent Fe(III) precipitation suggests that photoreductive dissolution of colloidal 
iron may significantly contribute to the generation of dissolved and bioavailable iron 
even in high pH waters. 
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experimental section1. 

Synthesis of iron(III) (hydr)oxide phases1.1 

The major lepidocrocite phase was synthesized by oxidation of FeCl2 with NaNO2 
in the presence of a hexamethylenetetramine buffer solution at 70 °C (chemicals from 
Sigma-Aldrich) [1]. By this procedure, nitrogen- and carbon-containing oxidation by-
products were produced of which traces remained on the surface or within the bulk 
of the freeze-dried solid, even after an extensive washing procedure. A total nitrogen-
content of the freeze-dried solid of 0.075% w/w was measured by CHNS analysis. In 
addition, the concentrations of NO2

-, NO3
-, NH4

+ and total organic carbon in lepidocrocite 
suspensions with 0.1 M KCl background electrolyte equilibrated for 6 hours at pH 8 
were measured by standard colorimetric methods and total organic carbon analysis, 
respectively. Suspensions of 25 mg/L lepidocrocite were contaminated by approximately 
0.17 μM NO2

-, 0.11 μM NO3
-, 0.07 μM NH4

+ and 10 μg/L organic carbon. The specific 
surface area of this solid was 130 m2/g, and the point of zero charge was at pH 7.4 [2, 
3].

A second batch of lepidocrocite phase was synthesized from FeCl2 by a method 
described by Schwertmann and Cornell [4]. The synthesized solid was washed 
thoroughly with high purity water until the conductivity of the suspension was minimal 
(~20 μS/cm) and was shock-frozen with liquid nitrogen and subsequently freeze-dried. 
The freeze-dried lepidocrocite was characterized by XRD, CHNS analysis (for detection 
of nitrogen contamination) and surface area measurements by multipoint BET analysis 
(Sorptomatic 1990, Thermo). In contrast to the major lepidocrocite phase used in this 
study, the second lepidocrocite phase had a smaller surface area (70 m2/g) and thicker 
lath-like crystals. TEM images for both lepidocrocite phases are shown in Figure S1.

A batch of 2-line ferrihydrite was synthesized from FeCl3 according to the protocol 
described by Schwertmann and Cornell [4]. Synthesized ferrihydrite was washed as 
described above and freeze-dried. The measured XRD diffraction pattern confirmed that 
2-line ferrihydrite was synthesized. A surface area of 330 m2 was measured by multipoint 
BET analysis (Sorptomatic 1990, Thermo). The batch of freeze-dried ferrihydrite was 
stored at -20 °C and was immediately used for photodissolution experiments within 
three weeks. 

Hydrous ferric oxide (HFO) was synthesized by adding a 0.5 mL of a freshly prepared 
solution of FeCl3 (70 mM) to the Pyrex vessel (see experimental setup in this study) 
containing 335 mL of high purity water and constantly adding NaOH to adjust and 
keep the pH of the suspension at pH 8. The suspension was stirred for 5 hours in the 
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dark, and thereafter immediately used for (photo-)dissolution experiments. The final 
concentration of hydrous ferric oxide in the Pyrex vessel (350 mL) was 100 μM. 

fig. S1: TEM images of two different lepidocrocite phases. (A) Lepidocrocite synthesized 
according to Brauer [1]. Crystal aggregates are typically formed by this procedure [5].  
(B) Lepidocrocite synthesized according to Schwertmann and Cornell [4]. 

analytical methods1.2  

The analytical procedure for measuring H2O2 was taken from Voelker and Sulzberger 
[6] and was slightly modified: 100 μL of a phosphate buffer (0.575 M Na2HPO4 / 0.575 
M NaH2PO4, from Sigma-Aldrich) and 100 μL a of bipyridine stock solution (10 mM 
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bipyridine in 1 mM HClO4, 2,2’-biypridine from Sigma-Aldrich) were premixed in a 
plastic tube and 1 mL of the filtered sample from the reaction vessel (see experimental 
setup) was added. Subsequently, 50 μL of a stock solution of EDTA (400 μM Na2EDTA, 
from Sigma-Aldrich) was added. Before and after this last step, we followed the 
procedure for the Fe(II) determination with ferrozine (3-(2-Pyridyl)-5,6-diphenyl-
1,2,4-triazine-4′,4′′-disulfonic acid sodium salt from Sigma-Aldrich) as described by 
Voelker and Sulzberger [6]. With this schedule, enough time was provided for complete 
complexation of dissolved Fe(II) and Fe(III) present in the filtered samples that otherwise 
would interfere with the H2O2 measurement. In the next step, 25 μL of a stock solution 
of DPD (10.4 mM in 10 mM H2SO4, 4-Amino-N,N-diethylanilinesulphate from Sigma-
Aldrich) and 25 μL of a stock solution of horseradish peroxidase (Type II, 27 units/
mL, from Sigma-Aldrich) were added. Both stock solutions were kept on ice during 
the experiments. After sufficient mixing, the solution was rapidly transferred to a 5 cm 
micro-cuvette and approximately 50 seconds after the addition of DPD and peroxidase, a 
UV-visible scan from 700 to 350 nm was measured with a photospectrometer (Cary 1E, 
Varian). The measured spectra were fitted with reference spectra of Fe(II)-bipyridine (ε 
(522 nm) = 8650 M-1 cm-1) and oxidized DPD (as a proxy for H2O2, ε (551 nm) = 21500 
M-1 cm-1) with a simplex routine in Matlab (The Mathworks Inc.). Dissolved Fe(III) 
that was present in the μM range in the suspensions and in the filtered solutions did not 
effect the determination of H2O2 by this procedure. Fe(II) determined with bipyridine 
(H2O2 procedure) was in agreement with Fe(II) measured by the ferrozine method. In 
this paper the latter values are presented.

experimental procedure1.3  

Photodissolution experiments with lepidocrocite and ferrihydrite were conducted as 
described in the study. (Photo)dissolution of hydrous ferric oxide (HFO) was investigated 
only in the presence of desferrioxamine B (DFOB). Hydrous ferric oxide (100 μM Fe) 
was aged for 5 hours in the Pyrex vessel and 40 μM DFOB was added prior to the 
start of the experiments. The formation of dissolved Fe-DFOB complexes was used as 
a proxy to quantify (photo)dissolution of HFO. A UV-Vis absorption spectrum of the 
suspension (background spectrum) was measured in a 5 cm cuvette prior to the addition 
of DFOB. During the dissolution experiments, samples were taken from the Pyrex 
vessel and UV-Vis spectra of the suspension were measured. The background spectrum 
was subtracted and the absorbance at 430 nm was used to calculate the concentration of 
Fe(III)-DFOB complexes (ε(430 nm) ≈ 2600 M-1 cm-1). 
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Photoirradiation experiments with lepidocrocite2. 

fig. S2: (Photo-)dissolution experiments with 25 mg/L lepidocrocite (major lepidocrocite phase 
used in this study) at pH 5 and 0.01 M ionic strength (NaClO4). After 360 minutes of irradiation, 
the light source was turned off. Total dissolved Fe, Fe(II) and H2O2 were measured in deaerated 
suspensions (A) and in aerated suspensions (B). 
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fig. S3: (Photo-)dissolution experiments with 25 mg/L lepidocrocite (solid synthesized according 
to Schwertmann and Cornell [4]) at pH 3 and 0.01 M ionic strength (NaClO4). After 360 minutes 
of irradiation, the light source was turned off. Total dissolved Fe, Fe(II) and H2O2 were measured 
in an aerated suspension.  

kinetic modeling of fe(II) and roS formation 3. 

The kinetic model of photoreductive dissolution of lepidocrocite in the absence of 
organic ligands was based on the formation of Fe(II) and •OH radicals at the surface by 
photolysis of surface Fe(III)-OH groups. The lepidocrocite surface was modeled with 
a constant concentration of surface Fe(III) sites (28 μM, equivalent to a suspension of 
25 mg/L lepidocrocite with a surface area of 130 m2/g and a site density of 5 sites/nm2). 
The concentration of dissolved O2 under oxygenated conditions was kept constant at 
250 μM. Fe(III) sites located at different crystallographic faces of lepidocrocite may 
exhibit a broad range of photoreactivity. It was assumed that the average surface 
Fe(III)-hydroxo group on lepidocrocite is less photoreactive than the solution Fe(III)-
hydroxo species Fe(OH)2+. Fe(OH)2+, which accounts for 75% of total aqueous Fe(III) 
in solution at pH 3, is the most photoreactive Fe(III)-hydroxo species [7, 8]. The more 
strongly hydrolyzed species Fe(OH)2

+ which makes up 10 % of total aqueous Fe(III) 
at pH 3 is assumed to be non-photoreactive [7, 8], although charge-transfer bands for 
ligand-to-metal charge-transfer have been indicated by semi-empirical calculations 
[9]. The rate constant of photolysis of aqueous Fe(III) was calculated by assuming  
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only Fe(OH)2+ being photoreactive. The rate constant of photolysis of Fe(OH)2+ was 
calculated according to Balmer and Sulzberger [10], by multiplying the absorption 
spectra of  Fe(OH)2+ [11] with the light-flux at the corresponding wavelengths and with 
interpolated quantum yields for the photolysis reaction [11]. For the photolysis reaction 
of average surface Fe(III)-OH sites, a rate constant was used which was 4 times smaller 
than the rate constant of photolysis of dissolved Fe(OH)2+. Values for input parameters 
(k1-k4, see Table 1) were derived by preliminary model simulations performed with the 
computer program Kintecus [12].

The goal of the kinetic modeling was not to provide a complete description of this 
rather complicated heterogeneous system, but to identify important reaction pathways 
by which dissolved Fe(II) and H2O2 are formed. A major shortcoming of the description 
is the treatment of a heterogeneous system as a homogeneous system with two 
compartments, the surface and the solution, where the transport of Fe(II) and H2O2 from 
the surface into solution is modeled by first order reactions. The surface of lepidocrocite 
particles and hence the surface sites are treated as homogeneously distributed species 
in solution space. It was not taken into account that the local concentrations of surface 
sites and reactive oxygen species formed in the interfacial region are likely higher than 
described in this model. 

The goodness of the model fit for the combined photoirradiation/dark experiments 
with lepidocrocite at pH 3 was tested by varying each single fitting parameter (k1-k4) 
while keeping the other parameters at their optimized values. A good fit is achieved 
when the sum of squared residuals between model and data is small and all the fitting 
parameters are well constrained. Figure S4 shows that the rate constant for the fitted 
reactions (list below) are all well constrained, except the release of O2

- from the surface 
of lepidocrocite.

rate constant k1 for reaction:  Fe(II)surf → Fe(II)
rate constant k2 for reaction:  Fe(II)surf + O2 → Fe(III)surf + O2

-/HO2 surf

rate constant k3 for reaction:  H2O2 surf → H2O2

rate constant k4 for reaction:  O2
-/HO2 surf → O2

-/HO2
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fig. S4:  Sum of squared residuals between model and data as a function of varying each single 
fitting parameter while keeping the other parameters at their optimized values. The values of k1-k4 
correspond to those in Table 1.  
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Photoirradiation experiments with additional iron(III) (hydr)4. 
oxides

fig. S5:  (Photo-)dissolution experiments with 25 mg/L lepidocrocite in the presence of the ·OH 
scavenger POHPAA (p-hydroxyphenylacetic acid) at pH 5 and 0.01 M ionic strength (NaClO4). 
After 360 minutes of irradiation, the light source was turned off. Total dissolved Fe, Fe(II) and 
H2O2 were measured in deaerated suspensions (A) and in aerated suspensions (B). 
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fig. S6: (A) Photodissolution experiment with 25 mg/L ferrihydrite or lepidocrocite in oxygen-
free suspensions at pH 6 and 0.01 M ionic strength (NaClO4). The formation of total dissolved Fe 
during dissolution of lepidocrocite (lepidocrocite1: synthesized by the method of Schwertmann 
and Cornell [4]; lepidocrocite2: major phase used in this study) and ferrihydrite is shown. (B) 
Dissolution experiment in the dark with 25 mg/L lepidocrocite or ferrihydrite at pH 3 and 0.01 M 
ionic strength (NaClO4)

fig. S7: (Photo-)dissolution experiment with 25 mg/L ferrihydrite in the presence of DFOB at pH 
8 and 0.01 M ionic strength (NaClO4). The formation of total dissolved Fe during dissolution of 
ferrihydrite is shown.
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fig. S8: (Photo-)dissolution experiment with hydrous ferric oxide (100 μM Fe) in the presence of 
40 μM DFOB at pH 8 and 0.01 M ionic strength (NaClO4). Total dissolved Fe was calculated from 
the formation of Fe(III)-DFOB complexes as measured by UV-visible spectrometry.
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abstract

Photoreductive dissolution of lepidocrocite (γ-FeOOH) in the presence/absence of the 
siderophore desferrioxamine B (DFOB) was investigated at different wavelengths. At pH 
3 in the absence of DFOB, Fe(II) formation rates normalized to the photon flux increased 
with decreasing wavelengths below 515 nm, consistent with enhanced Fe(II) formation 
at lower wavelengths by photolysis of surface Fe(III)-hydroxo groups or by surface 
scavenging of photoelectrons generated in the semiconducting bulk. In the presence of 
DFOB at pH 3, photoreductive dissolution rates normalized to the photon flux increased 
more strongly with decreasing wavelengths below 440 nm. We hypothesize that acid-
catalyzed hydrolysis of DFOB generates degradation products that form photoreactive 
surface complexes leading to an increase in photodissolution rates at low pH. At pH 
8 in the presence of DFOB, normalized photodissolution rates had a maximum in the 
spectral window 395-435 nm and were significantly smaller at lower wavelengths, 
suggesting that adsorbed DFOB is directly involved in the reduction of surface Fe(III) 
by a light-induced ligand-to-metal charge-transfer reaction within the surface Fe(III)-
DFOB complex. The strong response in the visible light suggests that photoreductive 
dissolution of iron (hydr)oxides promoted by siderophores with hydroxamic acid groups 
may occur deep into in the euphotic zone of oceans.
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Introduction1. 

The presence of dissolved Fe(II) in many surface and atmospheric waters has been 
related to photoreductive dissolution of Fe(III) (hydr)oxides or other Fe(III)-bearing 
minerals [1-4]. Particularly in iron-deficient oceanic waters, photoreductive dissolution 
of such phases may potentially increase the amount of dissolved and bioavailable iron 
and thus effect the carbon cycle [5, 6]. Photoreductive dissolution of Fe(III) (hydr)
oxides can be significantly enhanced in the presence of a variety of organic and inorganic 
ligands (e.g. carboxylic acids, α-hydroxycarboxylic acids, bisulfite) [7-9], but may also 
occur, albeit with lower efficiency, in the absence of organic or inorganic ligands other 
than H2O or OH- [8, 10-12]. In the latter case, photoreductive dissolution of crystalline 
Fe(III) (hydr)oxides is proposed to involve O2- → Fe3+ ligand-to-metal charge-transfer 
(LMCT) transitions within the semiconducting bulk or directly at the semiconducting 
oxide surface [10-13]. Charge carriers (photoholes, photoelectrons) formed upon such 
transitions within the bulk may be scavenged at the surface, leading conceivably to the 
reduction of surface Fe(III) to Fe(II) and to the oxidation of coordinated water or hydroxyl 
groups to hydroxyl radicals (•OH) [11, 13, 14]. At the oxide surface, Fe(III)-hydroxo 
groups may be directly photolyzed by LMCT [10, 11]. This surface reaction is related 
to the photolysis reaction of solution Fe(III)-hydroxo species (e.g., FeOH2+), where the 
O2- → Fe3+ LMCT leads to the reduction of Fe(III) and the oxidation of coordinated OH- 
ligands [15-17]. It has been shown experimentally and with semi-empirical calculations 
that the excitation energy of the lowest LMCT transitions decreases in the sequence 
of dissolved Fe3+

aq, FeOH2+, polynuclear Fe(III)-hydroxo complexes (e.g., Fe2(OH)2
4+, 

Fe3(OH)4
5+) [16, 17]. LMCT transitions of Fe3+

aq occur at wavelengths below 300 nm, 
whereas LMCT transitions of dissolved polynuclear Fe(III)-hydroxo species may occur 
well into the visible spectrum of light [17]. 

Iron(III) (hydr)oxides generally absorb light strongly below ~600 nm. The onset of 
adsorption refers to a semiconductor band-gap of ~2 eV [18]. Adsorption of light in the 
visible range has been assigned primarily to exchange-enhanced d-d transitions (Fe(3d) 
→ Fe(3d)) [19], which have not been ascribed so far in the literature to contribute 
to surface photoredox reactions. Iron(III) (hydr)oxides may have O2- → Fe3+ LMCT 
transitions also in the visible spectrum of light, in analogy to dissolved polynuclear 
Fe(III)-hydroxo species. Hence, the visible part of solar radiation may also induce 
reductive dissolution of Fe(III) (hydr)oxides [13, 17]. 

While photoreductive dissolution is feasible in the absence of any ligands other than 
H2O or OH- at low pH, recent thermodynamic calculations indicated that photoreductive 
dissolution of crystalline iron(III) (hydr)oxides cannot be significant at seawater pH, 
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unless the activity of dissolved, uncomplexed Fe2+ is drastically reduced by strong 
complexation by iron binding ligands (e.g., siderophores) [13]. In iron limited marine 
waters, dissolved iron is strongly bound to organic compounds, that conceivably 
consist of siderophore-like compounds exuded by marine organisms (e.g. cyano- 
and heterobacteria) under iron-limiting conditions [20]. In a companion study, we 
investigated photoreductive dissolution of various iron(III) (hydr)oxides at different 
pH and in the presence/absence of the trihydroxamate siderophore desferrioxamine B 
(DFOB). These experiments showed that photoreductive dissolution of lepidocrocite  
and ferrihydrite in the absence of any ligands at pH 3 results in the formation of dissolved 
Fe(II) and reactive oxygen species (ROS = •OH, O2

-/HO2, H2O2) [12]. In the presence 
of DFOB, photoreductive dissolution of lepidocrocite was even observed at pH 8 [12]. 
DFOB apparently facilitates the release of Fe(II) formed at the surface into solution 
before (complete) reoxidation of surface Fe(II) by present oxygen or ROS occurs [12]. 
Based on these findings, we hypothesized that photoreductive dissolution of colloidal 
Fe(III) in high pH surface waters may be promoted in the presence of siderophores and 
may contribute to the formation of dissolved and bioavailable iron [6, 12]. 

The spectral quality of light required to induce photoreductive dissolution of iron(III) 
(hydr)oxides in the absence of organic ligands at acidic pH or in the presence of strong 
iron binding ligands like siderophores at higher pH has not been investigated so far. 
As the penetration of light into natural surface waters is wavelength-dependent [21], 
information of the spectral quality of light required to induce photoreductive dissolution 
is important to assess the relevance of such processes. In this study, we specifically 
studied the wavelength-dependence of photoreductive dissolution of lepidocrocite in 
the absence and presence of the DFOB. Lepidocrocite has been shown to be particularly 
susceptible to photoreductive dissolution in the presence of siderophores, in contrast to 
more thermodynamic stable phases (e.g. goethite) [6, 12, 22]. The results obtained in 
this work are discussed in the context of laboratory studies which have investigated 
the wavelength-dependence of photoreductive dissolution of less crystalline iron(III) 
(hydr)oxides (e.g., ferrihydrite, amorphous ferric hydroxide) in natural surface waters 
at high pH.

experimental section2. 

Materials2.1  

Desferrioxamine B (DFOB) was purchased as the methanesulfonate salt 
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[C25H46N5O8NH3
+(CH3SO3)

-] from Sigma Aldrich and was converted to the chloride 
salt with an anion exchange resin [23]. All other chemicals were at least reagent grade 
and were used as received. All solutions were prepared in high purity water (Milli-Q, 
Millipore). All glassware and plastic ware were thoroughly washed with HCl and rinsed 
with high purity water prior to use. 

Lepidocrocite used in this study was characterized previously [12, 24]. The specific 
surface area was 130 m2/g, and the point of zero charge was at pH 7.4. Further details 
on the synthesis and characterization (e.g. UV-Visible absorption) of lepidocrocite are 
provided in the Supporting Information (Fig. S1, S2).

analytical methods2.2 

Samples for the determination of total dissolved Fe and dissolved Fe(II) were 
withdrawn from the irradiated lepidocrocite suspensions and were immediately filtered 
through 0.025 μm pore-size membrane filters (NC 03, Whatman). Dissolved Fe(II) 
formed during photodissolution of lepidocrocite was measured by photospectrometry 
in a 5 cm micro-cuvette by a modified Ferrozine method [25]. Filtered samples for 
total iron analysis were acidified with 1% v/v suprapure nitric acid (Fluka) and were 
measured by ICP-OES (Vista MPX, Varian). The detection limit for the measurement 
of dissolved Fe(II) and total dissolved iron was ~0.05 and 0.1 μM, respectively. The 
concentrations of DFOB stock solutions were measured using a total organic carbon 
analyzer (Shimadzu 5000A). 

experimental setup 2.3 

Two different photoirradiation setups were used to study the wavelength-dependence 
of lepidocrocite photodissolution (in the following referred to as “Setup I” and “Setup 
II”). The light source used for both setups consisted of a 1000 W high pressure Xenon 
lamp (OSRAM). 

In Setup I, the light was focused onto the bottom circular window of a Pyrex reaction 
vessel, which was placed on top of an optical high-pass glass filter that varied the 
wavelength-range of the light entering the reaction vessel from below. The filters with 
a diameter of 10 cm and a thickness of 2 mm (Schott Guinchard, Yverdon-les-Bains, 
Switzerland) exhibited 50 % transmission cut-off edges at the following wavelengths: 
305, 395, 435, 475, 515, 550, 590 and 630 nm. Measured transmittance spectra of these 
filters are provided in Fig. S3 (Supporting Information). The bottom window of the 
Pyrex vessel itself strongly absorbed light below 305 nm (transmission through the 
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bottom window < 0.4 % at wavelengths < 305 nm). The reaction volume was 350 mL 
and the irradiated area was 56 cm2. The photon flux penetrating into the reaction vessel 
was measured by ferrioxalate actinometry [26]. Total light absorption by the actinometer 
solution (0.05 M ferrioxalate, 350 mL volume, pathlength of 6.2 cm) only occurred at 
wavelengths ≤ 475 nm (see Fig. S4 in Supporting Information). Since the photon flux 
could not be measured using ferrioxalate actinometry at wavelengths above 475 nm, 
the photon flux at higher wavelengths was estimated based on spectral irradiance data 
provided by the lamp manufacturer and by comparison of measured light fluxes at lower 
wavelengths with the provided irradiance data. Measured and estimated photon fluxes 
are provided in the Supporting Information (Table S1, S3). The entire photoirradiation 
setup and the compartment with the irradiated Pyrex vessel (wrapped in aluminum foil) 
were covered with a thick black cloth to reduce the amount of diffuse stray light from 
the Xenon light source. Suspensions of 25 mg/L lepidocrocite were pre-equilibrated 
at neutral pH in 0.01 M NaClO4 for about one hour and were vigorously stirred in the 
Pyrex vessel with a Teflon coated stirrer. The suspensions were purged with N2 gas 
and were irradiated at pH 3 and pH 8 in the absence or presence of 80 μM DFOB. 
The temperature in the Pyrex vessel was maintained at 25 ± 1 °C by the aid of a flow-
through water jacket around the Pyrex vessel. The pH of the suspensions was constantly 
measured with a combined glass electrode (Metrohm 6.0253.100) and was automatically 
adjusted with small additions of NaOH or HClO4 by a dosimat (Metrohm). Deviations 
of solution pH were within ± 0.02 pH units. 

In Setup II, a single grating monochromator (PTI Model 101, Photon Technology 
International) was placed between the Xenon light source and the sample compartment. 
The entrance and exit slits were set each to 5 mm in width and 20 mm in height 
resulting in a bandpass of 20 nm. The sample compartment was equipped with a 
temperature-controlled 10 mm cuvette holder and a magnetic stirrer. UV-transparent 
PMMA (polymethylmethacrylate) cuvettes with 10 mm pathlength were used. The 
sample volume in the cuvettes was 3.5 mL. Analogous to Setup I, 25 mg/L lepidocrocite 
suspensions were pre-equilibrated at neutral pH in 0.01 M NaClO4 for one hour prior 
to the experiment. Dissolution experiments were performed in the presence of 80 
μM DFOB at pH 3. In contrast to Setup I, Setup II did not allow for N2-purging of 
the lepidocrocite suspensions. Thus, all dissolution experiments with Setup II were 
conducted under ambient air. The suspension in the cuvette was stirred with a magnetic 
Teflon coated stir bar and was irradiated for 6 hours at 25 ± 1 °C. Subsequently, the 
suspension was filtered and total dissolved iron in the filtrate was measured by ICP-
OES. The pH of the suspension was regularly measured with a combined glass micro-
electrode (Metrohm 6.0224.100 with saturated KCl as the internal electrolyte) and was 



172

maintained at pH 3 by the addition of minute volumes of HClO4 or NaOH. Deviations of 
solution pH were within ± 0.03 pH units. The entrance slit of the sample compartment 
was covered with a 305 nm cutoff filter (50% internal transmittance at 305 nm) to reduce 
stray light at lower wavelengths. Photodissolution experiments under ambient air were 
conducted with irradiation wavelengths centered at 300, 320, 340, 360, 380, 400, 420, 
and 440 nm (20 nm bandpass). A reference experiment was conducted with light at 630 
nm to assess the rate of thermal dissolution of lepidocrocite by DFOB and the effects of 
stray light emerging from the monochromator. Measured photon fluxes are provided in 
the Supporting Information (Table S2).

 calculation of normalized photoreductive dissolution rates 2.4 

Photoreductive dissolution rates were determined by the increase in solution Fe(II) 
in the absence of DFOB and by the light-induced increase in total dissolved iron in the 
presence of DFOB, respectively, as a function of time. These rates were normalized 
to the photon fluxes at the corresponding wavelengths. Details of the calculation of 
normalized photoreductive dissolution rates and of the error estimation are provided in 
the Supporting Information (Table S1-S3).

results and discussion3. 

Photoreductive dissolution of lepidocrocite in the absence of organic ligands3.1 

Fig. 1 shows the wavelength-dependence of the formation of dissolved Fe(II) during 
irradiation of a deaerated lepidocrocite suspension (25 mg/L) at pH 3 in the absence 
of DFOB, as determined with Setup I. The rate of light-induced Fe(II) formation 
decreased with increasing cut-off wavelengths. Apart from the wavelength-dependence 
of photoreductive dissolution of lepidocrocite, the processes occurring during 
photoreductive dissolution the water/mineral interface (e.g. formation of Fe(II) or ROS) 
have been investigated in detail in our companion study [12]. The rate of Fe(II) formation 
determined with the 305 nm cut-off filter was almost identical to the Fe(II) formation 
rate reported in our companion paper under non-filtered polychromatic light (300-800 
nm) [12]. In each experiment shown in Fig. 1, dissolved Fe(III) was also formed due to 
proton-promoted dissolution. The average concentration of dissolved Fe(III) at 360 min 
in these experiments was 0.60 ± 0.037 μM (data not shown in Fig. 1). The formation 
of dissolved Fe(II) induced by the release of Fe(III) from the surface of lepidocrocite 
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by proton-promoted dissolution and by subsequent photolysis of dissolved Fe(III) is 
negligible. In our companion study, we used a kinetic model to simulate the formation 
of dissolved Fe(II) and ROS in irradiated, deaerated lepidocrocite suspensions at pH 3 
[12]. According to a simplified version of this model (details in Supporting Information), 
only about 20 % of dissolved Fe(III) formed by proton-promoted dissolution of 
lepidocrocite is reduced to Fe(II) under polychromatic irradiation (300-800 nm). Hence, 
the solution photochemistry accounts for a maximum of 0.16 μM dissolved Fe(II) after 
6 h irradiation with polychromatic light, which is slightly less than the corresponding 
concentration of dissolved Fe(II) formed under filtered light above 630 nm.  

   

fig. 1: Photodissolution of lepidocrocite in deaerated organic-free suspensions (25 mg/L 
lepidocrocite) measured under artificial sunlight filtered by different optical cutoff filters (Setup 
I). Only dissolved Fe(II) concentrations are shown. Total dissolved Fe concentrations at the end 
of the experiments (360 min) were on average 0.60 ± 0.037 μM higher than the measured Fe(II) 
concentrations. The cutoff wavelength of each filter (50 % internal transmittance) is specified in 
the legend. 

 
Rates of photoreductive dissolution of lepidocrocite were calculated from the slopes of 
the linearized Fe(II) formation in Fig. 1 between 45 and 360 minutes for the different 
spectral windows (details in Supporting Information). These rates were normalized to 
the photon flux in the specific spectral windows (details in Supporting Information, 
cf. Table S1). Error estimates of the normalized rates are provided in the Supporting 
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Information. Fig. 2 shows that normalized photoreductive dissolution rates determined 
at pH 3 in the absence of DFOB decreased with increasing wavelengths of the spectral 
windows. The illustrated wavelength-dependence of photoreductive dissolution is 
consistent with diminished surface Fe(II) formation with increasing wavelengths by 
photolysis of surface Fe(III)-hydroxo groups or by surface scavenging of photoelectrons 
generated in the semiconducting bulk. As a comparison, reported quantum yields for 
the solution photolysis reaction FeOH2+ + hν  → Fe2+ + •OH decrease with increasing 
wavelengths towards ~400 nm, above which FeOH2+ does not absorb light [15]. 
Although normalized rates of photoreductive dissolution of lepidocrocite were small 
at wavelengths above 515 nm, photoreductive dissolution was observed up to 630 nm 
(Fig. 2). Photolysis of dissolved Fe(III) species (Fe3+, FeOH2+ and Fe(OH)2

+) cannot 
explain the formation of dissolved Fe(II) above 515 nm because of the lack of light 
absorption by all of these species above 515 nm [16, 17]. This result suggests that 
lepidocrocite has electronic transitions presumably of the type LMCT, which extend 
into the visible spectrum of light and which lead to photoreductive dissolution of 
lepidocrocite above 515 nm. Most of the electronic transitions leading to absorption of 
light by lepidocrocite in this wavelength region, however, are not effective in promoting 
photoreductive dissolution of lepidocrocite. This is illustrated in Fig. 2 by a comparison 
of the normalized photoreductive dissolution rates and the average light absorption of 
lepidocrocite powder (cf. Fig. S1) in each spectral window. Above 475 nm, normalized 
photoreductive dissolution rates were smaller than expected by the adsorption of light. 
The absorption of light above 475 nm primarily involves exchange-enhanced ligand 
field transitions (Fe(3d) → Fe(3d)) [19], which presumably do not lead to photoredox 
reactions at the surface. Similar results were observed in photoelectrochemical studies 
with hematite electrodes, where photocurrents were determined under irradiation 
with light of different wavelengths [27, 28]. In both studies, the photocurrent action 
spectrum in the visible range did not correspond to the absorption spectrum. This 
phenomenon was interpreted in terms of a lower charge carrier generation in the visible 
as compared to the UV range. Nevertheless, small photocurrents were also measured 
near the absorption edge at ~600 nm, in agreement with the photocurrent measurements 
of hematite by Dare-Edwards et al. [29].

The normalized rate of photoreductive dissolution of lepidocrocite at pH 3 in the 
wavelength range 305 – 395 nm was about 15 μmol/einstein, which is more than an 
order of magnitude higher than the normalized rate of Fe(II) formation in irradiated 
organic-free goethite suspensions (0.5 g/L) at pH 5.5 under otherwise similar conditions 
[11]. This observation can be explained by (i) less favorable thermodynamics of 
photoreductive dissolution of iron(III) (hydr)oxides in general with increasing pH [13] 
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fig. 2: Fe(II) formation rates normalized to the photon flux in irradiated organic-free suspensions 
of lepidocrocite determined from the slopes of the Fe(II) formation shown in Fig. 1 (Setup I). The 
circles designate the average absorption of light by lepidocrocite (arbitrary units) in the spectral 
windows in Setup I (cf. Fig. S5). The average absorption of lepidocrocite in the different spectral 
windows is normalized, such that the absorption and the Fe(II) formation rate in the spectral 
window 305 – 395 nm are equal. Values and error estimates of the normalized Fe(II) formation 
rates are provided in the Supporting Information (cf. Table S1). 

 
and (ii) slower detachment of potentially formed Fe(II) from the surface of more 
thermodynamic stable iron(III) (hydr)oxides such as goethite in comparison to 
lepidocrocite and consequently in enhanced reoxidation of surface Fe(II) by present 
ROS (•OH, O2

-/HO2, H2O2) [12, 22]. We refer to our companion study for details on 
the formation of ROS and cycling of both iron species and ROS during photoreductive 
dissolution of iron(III) (hydr)oxides [12].   

Due to the reoxidation of surface and dissolved Fe(II) by ROS, we cannot calculate 
the quantum yield for the photoreduction of Fe(III) at the surface of lepidocrocite based 
on measured formation rates of dissolved Fe(II) and rates of light absorption. This is 
the reason why quantum yields for the photolysis of dissolved Fe(III)-hydroxo species 
are typically determined in the presence of an excess of radical scavengers [15, 16]. 
However, we may estimate an apparent quantum yield for the formation of surface 
Fe(II) with the help of the kinetic model that was used in our companion study to 
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model photoreductive dissolution of lepidocrocite in aerated and deaerated suspensions 
(25 mg/L) at pH 3 under irradiation with polychromatic light (300-800 nm) [12]. In 
the kinetic model, a formation rate of surface Fe(II) of 0.014 μM/s was estimated 
for the given experimental conditions to provide a good fit of the experimental data 
(formation of dissolved Fe(II) and H2O2) [12]. Assuming that only light below 475 nm 
significantly contributes to the formation of surface Fe(II) by LMCT (cf. Fig. 2) and 
that approximately only half of the measured photon flux between ~300-475 nm (13.2 
μM photons/s) was absorbed by lepidocrocite under the experimental conditions in this 
study (see Supporting Information), we calculated an average apparent quantum yield 
of ~0.002 for the formation of surface Fe(II) in this wavelength region. This value is in 
the same order of magnitude as the reported quantum yield of 0.007 for the photolysis 
of the solution species Fe2(OH)2

4+ at 350 nm [30].

Photoreductive dissolution of lepidocrocite in the presence of 3.2 
desferrioxamine B

As indicated by recent studies, DFOB can enhance the rate of photoreductive 
dissolution of lepidocrocite by acting as a shuttle for the transfer of surface Fe(II) into 
solution and conceivably also by acting as a radical scavenger [31], thus reducing the 
rate of reoxidation of surface Fe(II) by oxygen or ROS [6, 12]. Fig. 3 shows normalized 
rates of photoreductive dissolution of lepidocrocite (aerated suspensions) in the 
presence of 80 μM DFOB at pH 3, as determined with Setup II. Increasing normalized 
rates of photoreductive dissolution of lepidocrocite with decreasing wavelengths of 
the incoming light were observed. To compare the results in Fig. 2 and 3 (dissolution 
experiments performed at pH 3 in the absence/presence of DFOB), we calculated the 
average normalized rate for photoreductive dissolution of lepidocrocite in the presence 
of DFOB (Fig. 3) in the spectral ranges 300-400 nm and 400-440 nm. The calculated 
normalized rate was 7.70 and 2.53 μmol/einstein in the spectral range 300-400 nm 
and 400-440 nm, respectively. The stronger increase in the normalized rate in the 
spectral range 300-400 nm with respect to the rate in the spectral range 400-440 nm 
in the dissolution experiments with DFOB (cf. Fig. 2 and 3) points to an additional 
mechanism of light-induced reductive dissolution of lepidocrocite. It has been reported 
that DFOB is able to promote the reduction of dissolved iron in the dark [32]. At pH < 2 
thermal reduction of Fe(III) was observed on a time scale of days [32]. This observation 
is consistent with the formation of carboxyl and hydroxylamine compounds by acid-
catalyzed hydrolysis of the hydroxamic acid functional groups [33], and the reduction of 
Fe(III) by hydroxylamine compounds. In a recent study, it was concluded that reductive 
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dissolution of goethite at pH 3 in the dark was induced by acid- or surface-catalyzed 
hydrolysis of acetohydroxamic acid, a monohydroxamic acid compound [34]. If 
carboxylic acid compounds are formed upon hydrolysis of DFOB at pH 3, dissolution of 
lepidocrocite may be promoted by photolysis of Fe(III)-carboxylate complexes formed 
at the surface. Quantum yields of the photolysis of Fe(III)-carboxylate complexes are 
known to increase strongly with decreasing wavelengths, as reported in the case of 
EDTA [35]. Thus, the presence of carboxylic acids might explain the stronger increase 
in the normalized average rate of photoreductive dissolution of lepidocrocite between 
the wavelength ranges 400-440 and 300-400 nm (see Fig. 3), as compared to the increase 
in rates between corresponding wavelength ranges in the organic-free experiment (see 
Fig. 2).

fig. 3:  Photoreductive dissolution rates of lepidocrocite at pH 3 in the presence of 80 μM DFOB 
normalized to the photon flux determined at different wavelengths (Setup II). The spectral width 
of the incoming light at each specified wavelength was 20 nm. Values and error estimates of the 
normalized photoreductive dissolution rates are provided in the Supporting Information (cf. Table 
S2). 

At pH 8, photoreductive dissolution of lepidocrocite in the absence of any ligands 
other than H2O or OH- is thermodynamically unfavorable according to Sherman (2005) 
and may result merely in the formation of sub-femtomolar concentrations of dissolved 
Fe(II). Complexation of Fe(II) by strong iron binding ligands such as siderophores may 
significantly increase the thermodynamic feasibility of photoreductive dissolution of 
crystalline iron(III) (hydr)oxides [13]. This is confirmed by our companion study, where 
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light-induced dissolution of lepidocrocite under polychromatic light (300-800 nm) in 
the presence of DFOB resulted in an increase of total dissolved iron in the range of a 
few μM within 6 hours under deaerated conditions [12]. In contrast, recent experiments 
showed that on the same timescale DFOB was not able to dissolve goethite above the 
detection limit of dissolved iron (~0.1 μM) under irradiation (or in the dark) even at 
lower pH (pH 6) [6]. Photoreductive dissolution was only observed in the additional 
presence of the photoreductive ligand oxalic acid [6]. This observation suggests that the 
effect of siderophores in enhancing photoreductive dissolution of iron(III) (hydr)oxides 
in the absence of additional organic ligands is more important for less thermodynamic 
stable phase (e.g. ferrihydrite, lepidocrocite) [12].

Fig. 4 shows normalized photoreductive dissolution rates of lepidocrocite at pH 8 in 
the presence of 80 μM DFOB under deaerated conditions (Setup I). A clear change in 
the spectral response of photoreductive dissolution was observed in comparison with 
the experiments conducted at pH 3 in the absence of DFOB (cf. Fig. 2 and 4). The 
highest normalized photoreductive dissolution rate was obtained in the spectral window 
395-435 nm. The much smaller normalized rate in the spectral window 305-395 nm 
indicates that the formation of surface Fe(II) cannot be explained solely by photolysis 
of surface Fe(III)-hydroxo groups or by surface scavenging of photoelectrons generated 
in the semiconducting bulk. Surface-coordinated DFOB must be involved directly 
in the formation of surface Fe(II). We hypothesize that at pH 8, a relevant pathway 
of photoreductive dissolution of lepidocrocite in the presence of DFOB is a light-
induced ligand-to-metal charge-transfer within Fe(III)-DFOB surface complexes. This 
is an unexpected result considering that the hexadentate Fe(III)-DFOB complex is 
photostable at non-acidic pH [36]. LMCT excitation of the hexadentate Fe(III)-DFOB 
complex, leading to a broad absorption band with the maximum at 430 nm, is apparently 
not accompanied by reduction of the Fe(III) center. The situation might be different at 
the surface of lepidocrocite, where hexadentate surface complexes cannot be formed 
with a single surface Fe(III) site due to steric constraints. If the LMCT excitation of 
the Fe(III)-DFOB surface complex is followed by electron transfer to the coordinated 
surface Fe(III) site, a nitroxide radical of DFOB is expected to form [31]. Theoretical 
calculations of charge-transfer transitions of possible surface complexes as well as 
more sophisticated experimental techniques (e.g., ESR spectroscopy for the detection 
of nitroxide radicals of DFOB) may help to verify our hypothesis of Fe(III)-DFOB 
complexes being subject to photolysis.
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fig. 4:  Photoreductive dissolution rates of lepidocrocite at pH 8 in the presence of 80 μM DFOB 
normalized to the photon flux determined in different spectral windows (Setup I). Values and 
error estimates of the normalized photoreductive dissolution rates are provided in the Supporting 
Information (cf. Table S3).

environmental significance3.3 

The strong response of photoreductive dissolution of lepidocrocite to irradiation of 
visible light in the presence of DFOB at pH 8 calls for a comparison of wavelength-
dependent dissolution studies in naturals surface waters at high pH. Here, we only refer  
to studies where natural surface waters at high pH have been spiked with iron(III) (hydr)
oxides or sufficient Fe(III) to form precipitates of amorphous ferric hydroxides in order to 
appropriately investigate the wavelength-dependent photoreduction of colloidal Fe(III). 
Recent photoirradiation experiments with Fe(III)-spiked Southern Ocean water and 
organic-free artificial seawater indicated that the formed amorphous ferric hydroxides 
contained a photoreducible fraction of Fe(III) and that the rate of photochemical Fe(II) 
formation decreased with increasing aging time of the amorphous ferric hydroxides [37, 
38]. Rijkenberg and coworkers showed that the rate of Fe(II) photoproduction from 
such amorphous ferric hydroxides in Southern Ocean water decreased exponentially 
from 300 nm into the visible range of light [39]. They concluded that although UVB 
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irradiation was the most effective wavelength region for Fe(II) photoproduction from 
amorphous ferric hydroxides, the impact of UVB is small due to relatively low fluxes 
of UVB into the ocean waters [39]. On a depth integrated basis, UVA and visible light 
accounted for approximately 60% and 30% of the total Fe(II) formation, respectively, 
in the total irradiated water column [39]. Instead of measuring the formation of 
dissolved Fe(II) upon irradiation of Fe(III)-spiked seawater, Wells et al. [1] investigated 
the formation of labile Fe, as determined by extraction with 8-hydroxyquinoline. An 
increase of labile Fe concentrations was observed in irradiated ferrihydrite-spiked  
(4 μM) seawater with decreasing wavelengths below 400 nm. The increase in labile 
Fe was attributed to photoreduction of ferrihydrite by organic chromophores, since 
pre-irradiation of seawater samples with strong UV light, resulting in the destruction 
of these chromophores, eliminated the formation of labile iron [1]. In addition, the 
same technique indicated that goethite is also susceptible to photoreduction in natural 
seawater at pH 8 [40]. 

In accordance to our companion study [12], this study showed that dissolved Fe may 
also be formed by photoreductive dissolution of crystalline iron(III) (hydr)oxides such as 
lepidocrocite at pH 8 in the presence of siderophores. We observed that photoreductive 
dissolution of lepidocrocite at pH 8 in the presence of the siderophore DFOB was far 
more significant in the visible than in the UV range. In comparison to the previous 
wavelength-dependent studies, the response of photoreductive dissolution to irradiation 
of light was more strongly shifted towards higher wavelengths (above 400 nm). Since 
light with wavelengths between 400 and 500 nm has the highest penetration depth in 
oligotrophic seawaters [21], we hypothesize that photoreductive dissolution of colloidal 
Fe in the presence of hydroxamate siderophores may occur deep into the irradiated 
water column of oligotrophic oceanic waters. Further experiments in natural seawater 
samples with lepidocrocite and other iron(III) (hydr)oxide phases in the presence of 
lower concentrations of siderophore compounds are required to account for more natural 
conditions and to corroborate the observed findings in this study.
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Synthesis and characterization of lepidocrocite1. 

Synthesis of lepidocrocite1.1 

Lepidocrocite was synthesized by oxidation of FeCl2 with NaNO2 in the presence of 
hexamethylenetetramine at 70 °C [1]. During synthesis, nitrogen and carbon containing 
by-products were formed which were not entirely removed during the washing procedure. 
For 25 mg/L lepidocrocite suspensions, a nitrogen contamination of 0.17, 0.11 and 0.07 
μM of NO2

--N, NO3
--N and NH4

+-N, respectively, and a carbon contamination of 10 
μg/L was estimated [2]. However, it was demonstrated by reference experiments with 
a contamination-free lepidocrocite phase that the photoreactivity of lepidocrocite (in  
terms of dissolved Fe(II) and H2O2 formation) was not affected by the traces of these 
contaminants [2].

uV-Visible absorption spectra of lepidocrocite1.2 

Diffuse reflectance spectra of lepidocrocite powder were measured with an Uvikon 
860 spectrophotometer (Kontron Instruments, Zurich, Switzerland) equipped with a 
9-cm diameter integrating sphere, and recorded in steps of 1 nm (bandwidth 2 nm) 
between 275 – 700 nm. The procedure for the determination of absorption coefficients k 
and scattering coefficients s of lepidocrocite powder is described elsewhere [3]. Different 
mixtures of lepidocrocite and barium sulfate (Kodak white reflectance standard) were 
prepared and diffuse reflectance spectra of these mixtures were measured. By using 
k and s coefficients of barium sulfate (provided in [3]) in the Kubelka-Munk model, 
absorption coefficients and scattering coefficient for lepidocrocite were calculated (Fig. 
S1). In addition, UV-visible absorption spectra of aqueous lepidocrocite suspensions were 
also measured with the same setup, however in the transmission mode. Lepidocrocite 
suspensions (25 mg/L or 100 mg/L lepidocrocite) in 0.01 M electrolyte (NaClO4) were 
transferred into a 1 cm Quartz glass cuvette placed in front of the entrance slit of the 
integrating sphere of the photospectrometer. Transmittance spectra were measured and 
corrected for a blank (electrolyte solution). The calculated absorption spectra above 
~600 nm are not reliable because of the high baseline absorption, due to significant 
backscattering of incoming light by the oxide particles in the cuvette. These spectra 
were measured to approximately estimate the fraction of light absorbed in 25 mg/L 
lepidocrocite suspensions, as used in the photodissolution experiments described below. 
As shown in Fig. S2, the absorption of light of 25 mg/L lepidocrocite suspensions is 
small. In the photoirradiation setup with the Pyrex glass vessel, where the pathlength 
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of light through the suspension was 6.2 cm, ~50% of the incoming light at wavelengths 
below 400 nm was absorbed  by the suspension.

fig. S1: UV-Vis absorption spectra of lepidocrocite (powder). Absorption (k) and scattering (s) 
coefficients were measured by diffuse reflectance spectroscopy.

In addition, UV-visible absorption spectra of aqueous lepidocrocite suspensions were 
also measured with the same setup, however in the transmission mode. Lepidocrocite 
suspensions (25 mg/L or 100 mg/L lepidocrocite) in 0.01 M electrolyte (NaClO4) were 
transferred into a 1 cm Quarzglass cuvette placed in front of the entrance slit of the 
integrating sphere of the photospectrometer. Transmittance spectra were measured and 
corrected for a blank (electrolyte solution). The calculated absorption spectra above 
~600 nm are not reliable because of the high baseline absorption, which was due to 
significant backscattering of incoming light by the oxide particles in the cuvette. These 
spectra were measured to approximately estimate the fraction of light absorbed in 25 
mg/L lepidocrocite suspensions, as used in the photodissolution experiments described 
below. As shown in Fig. S2, the absorption of light of 25 mg/L lepidocrocite suspensions 
is small. In the photoirradiation setup with the Pyrex glass vessel, where the pathlength 
of light through the suspension was 6.2 cm, ~50% of the incomig light at wavelengths 
below 400 nm was absorbed by the suspension. 
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fig. S2: UV-Vis absorption spectra of aqueous suspensions of lepidocrocite at pH 6 in a 1 cm 
Quartzglass cuvette. 
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Transmittance spectra of high pass filters used in experimental 2. 
setup I

fig. S3: Transmission spectra of high-pass optical glass filters used in experimental Setup I to 
determine the wavelength-dependence of lepidocrocite photodissolution. The wavelengths at 
50% transmittance (cut-off edges) of each high-pass filter are also indicated in this figure. Filters 
were purchased from Schott Guinchard, Yverdon-les-Bains, Switzerland. The names of the filters 
as shown in this figure with increasing wavelengths at 50% transmission are: N-WG305, GG395, 
GG435, GG475, OG515 OG550, OG590 and RG630.   
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absorbance of ferrioxalate solutions used for actinometry3. 

fig. S4: Absorbance (in %) of the ferrioxalate solution used for the determination of the photon 
flux in the two photoirradiation setups. For the experimental Setup I (use of high-pass filters), 
the photon flux at wavelength below 475 nm was determined in the Pyrex vessel containing 
350 mL of a 0.05 M ferrioxalate solution (pathlength 6.2 cm). For the experimental Setup II 
(monochromator-based setup), the photon flux was determined in a UV-transparent cuvette with 
1 cm pathlength containing a solution of 0.15 M ferrioxalate.   

calculation of normalized photoreductive dissolution rates4. 

In the monochromator setup (Setup II), dissolution rates and photon fluxes were 
determined directly by dissolution experiments and chemical actinometry under 
irradiation of light with narrow bandpass spectral windows (20 nm bandwidth). In the 
presence of DFOB at pH 3, photoreductive dissolution rates were calculated as the 
difference of the formation rates of total dissolved iron determined under irradiation and 
in the dark (cf. Fig. 2 and Table S2). The corresponding thermal (dark) dissolution rate 
was determined under irradiation of light at 630 nm, where photoreductive dissolution 
was not expected to occur. In doing so, we were able to take into account the effect of stray 
light (white light) emerging from the monochromator that may lead to systematically 
too high photoreductive dissolution rates at all investigated wavelengths. 

In the case of the experimental setup with optical high-pass filters (Setup I), 
dissolution rates and photon fluxes were determined under irradiation with high-pass 
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filtered light (cf. Fig. S3). In order to relate photoreductive dissolution rates and photon 
fluxes to (narrow) bandpass spectral ranges instead of high-pass spectral ranges (Fig. 
S3), we calculated the difference in dissolution rates and photon fluxes determined with 
different high-pass filters. The following example illustrates this procedure: The rate 
of photoreductive dissolution of lepidocrocite in the spectral range 305-395 nm was 
calculated by subtracting the rate determined under irradiation of filtered light with the 
395 nm high-pass filter from the rate determined under irradiation of filtered light with 
the 305 nm high-pass filter. The specific photon flux in the spectral range 305-395 nm 
was calculated accordingly. Fig. S5 shows the resulting spectral windows, as defined 
by the difference in transmission curves (cf. Fig. S3) of two high-pass filters with cut-
off edges next to each other (e.g. 305-395 nm). Not included in Fig. S3 is the reduction 
of transmission by the Pyrex glass window of the reaction vessel. In the absence or 
presence of DFOB, photoreductive dissolution rates were calculated by differences in 
the formation of dissolved Fe(II) (cf. Fig. 2 and Table S1) or total dissolved iron (cf. Fig. 
S6 and Table S3), respectively. Fe(II) formation rates were calculated without including 
the first ~45 min, where fast initial dissolution occurred (cf. Fig. 2). 

 

fig. S5: Spectral windows defined by difference in transmittance of two high-pass filters with cut-
off edges next to each other (cf. Fig. S3). The labels are related to the 50 % internal transmittance 
of each specified high-pass filter. 

Photon fluxes in the monochromator based setup (Setup II) were determined by 
ferrioxalate actinometry. The spectral window with the highest wavelength applied in 
the monochromator-based setup was 440 ± 10 nm, hence enabling the measurement 
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of the photon flux by ferrioxalate actinometry. Photon fluxes in the experimental setup 
with high-pass filters (Setup I) were measured either by ferrioxalate actinometry for 
wavelengths < 475 nm or were estimated on the basis of spectral emission data of the 
light source for wavelengths > 475 nm. Spectral emission data were provided by the 
lamp manufacturer. 

Photoreductive dissolution rates were normalized to the flux of incoming light. 
Measured photon fluxes and photoreductive dissolution rates obtained in both setups as 
well as photoreductive dissolution rates normalized to the corresponding photon fluxes 
are listed in Tables S1 to S3. The total error of these normalized rates as calculated 
by error propagation of estimated relative errors associated with the measurement of 
dissolution rates and light fluxes are also included in Tables S1 to S3. Error estimates of 
the photoreductive dissolution rates and photon fluxes are based on measured deviations 
of rates and fluxes determined in a small number of replicate experiments.

Table S1: Calculation of normalized photoreductive dissolution rates for the dissolution 
experiments conducted at pH 3 in the absence of DFOB with the experimental Setup I (use of 
high-pass filters) (cf. Fig. 1 and 2)

Wave-
length a

Photon 
flux  b

Photo-
reductive 
dissolution 
rate c

Normalized 
photoreductive
dissolution 
rates

Estimated 
error of 
single 
dissolution 
rates

Estimated 
error of single 
light flux 
measurements

2 x total error d

[nm] [μeinstein/s] [μM/s] [μmol/einstein] [μmol/einstein]

305 -395 5.16 (1.2) 5.97E-05 15.32 10% 10% 3.06
395 – 435 3.52 (1.04) 9.88E-05 11.81 10% 10% 2.36
435 – 475 4.47 (0.98) 4.13E-05 8.36 10% 10% 1.67
475 – 515 7.03 e 1.80E-05 3.23 10% 20% 1.02
515 – 550 5.32 e 1.97E-05 0.78 10% 20% 0.25
550 – 590 8.18 e 2.91E-07 0.81 10% 20% 0.26
590 – 630 8.17 e 9.30E-06 0.68 10% 20% 0.21

a Spectral window of incoming light as determined by the difference in transmittance (50%) of two 
optical high-pass filters (see Fig. S5). b The photon flux in the spectral windows was calculated as 
described above. Below 475 nm, light fluxes were determined by 0.15 M ferrioxalate actinometry 
with average quantum yields estimated for the spectral range (values in parentheses). Above 475 
nm, the photon fluxes were estimated on the basis of spectral emission data provided by the lamp 
manufacturer and by comparison of photon fluxes determined at lower wavelengths by ferrioxalate 
actinometry. c Photoreductive dissolution rates were calculated as described above. d The total 
error of the normalized photoreductive dissolution rates was calculated by error propagation, 
by including estimated errors of single dissolution rates and of single light flux measurements.  
e Estimated values.
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Table S2: Calculation of normalized photoreductive dissolution rates for the dissolution 
experiments conducted at pH 3 in the presence of DFOB with the experimental Setup II 
(monochromator-based setup) (cf. Fig. 3)

Wave-
length a

Photon 
flux b

Photo-
reductive 
dissolution 
rates c

Normalized 
photoreductive 
dissolution 
rates 

Estimated 
error of 
dissolution 
rates

Estimated 
error of 
light flux 
measurements

2 x total error e

[nm] [μeinstein/s] [μM/s] [μmol/einstein] [μmol/einstein]

300 nm 1.86 (1.22) 3.19E-05 17.11 10% 5% 1.91
320 nm 3.74 (1.21) 4.82E-05 12.89 10% 5% 1.44
340 nm 4.71 (1.20) 4.56E-05 9.65 10% 5% 1.08
360 nm 5.64 (1.18) 3.82E-05 6.77 10% 5% 0.76
380 nm 6.42 (1.15) 3.81E-05 5.94 10% 5% 0.66
400 nm 6.81 (1.12) 2.24E-05 3.29 10% 5% 0.37
420 nm 6.97 (1.06) 1.74E-05 2.49 10% 10% 0.35
440 nm 6.54 (1.01) 1.17E-05 1.78 10% 10% 0.25

Thermal 
dissolution 
rate d

[μM/s]
630 nm 1.81E-04

a Wavelengths with maximum emission in the spectral region of incoming light (20 nm bandpass).  
b Photon fluxes were determined with 0.15 M ferrioxalate actinometry. The values in parentheses 
are quantum yields used for the determination of photon fluxes by ferrioxalate actinometry. These 
quantum yields were interpolated from recommended values [4]. c Photoreductive dissolution 
rates were calculated as described above. d The ‘thermal’ dissolution rate was determined under 
irradiation of light at 630 nm where photoreductive dissolution of lepidocrocite was not expected 
to occur. The reason for not conducting this reference experiment in the dark was to take into 
account the effect of stray light (white light) emerging from the monochromator, which may lead 
to systematically too high photoreductive dissolution rates at all wavelengths. e The total error of 
the normalized photoreductive dissolution rates was calculated by error propagation, by including 
estimated errors of the dissolution rates and of the light flux measurements.   
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Table S3: Calculation of normalized photoreductive dissolution rates for the dissolution 
experiments conducted at pH 8 in the presence of DFOB with the experimental Setup I (use of 
high-pass filters) (cf. Fig. 4 and Fig. S6)  

Wave-
length a

Photon 
flux  b

Photo-
reductive 
dissolution 
rate c

Normalized 
photoreductive
dissolution 
rates

Estimated 
error of 
single 
dissolution 
rates

Estimated 
error of single 
light flux 
measurements

2 x total error d

[nm] [μeinstein/s] [μM/s] [μmol/einstein] [μmol/einstein]

305 -395 5.16 (1.2) 5.97E-05 11.56 10% 10% 2.31
395 – 435 3.52 (1.04) 9.88E-05 28.05 10% 10% 5.61
435 – 475 4.47 (0.98) 4.13E-05 9.22 10% 10% 1.84
475 – 515 7.03 e 1.80E-05 2.56 10% 20% 0.81
515 – 550 5.32 e 1.97E-05 3.70 10% 20% 1.17
550 – 590 8.18 e 2.91E-07 0.04 10% 20% 0.01
590 – 630 8.17 e 9.30E-06 1.14 10% 20% 0.36

a Spectral window of incoming light as determined by the difference in transmittance (50%) of two 
optical high-pass filters (see Fig S5). b The photon flux in the spectral windows was calculated as 
described above. Below 475 nm, light fluxes were determined by 0.15 M ferrioxalate actinometry 
with average quantum yields estimated for the spectral range (values in parentheses). Above 475 
nm, the photon fluxes were estimated on the basis of spectral emission data provided by the 
lamp manufacturer and by the comparison of photon fluxes determined at lower wavelengths 
by ferrioxalate actinometry. c Photoreductive dissolution rates were calculated as described 
above. d The total error of the normalized photoreductive dissolution rates was calculated by 
error propagation, by including estimated errors of single dissolution rates and of single light flux 
measurements. e Estimated values.  
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Photodissolution experiment at ph 8 in the presence of dfoB5. 

fig. S6: Wavelength-dependence of photodissolution with 25 mg/L lepidocrocite suspensions 
at pH 8 in the presence of 80 μM DFOB (0.01 M NaClO4) as determined with the experimental 
Setup I (use of high-pass filters). Total dissolved iron was measured. Dissolution rates determined 
by the slopes of the time-dependent formation of total dissolved iron are listed in Table S3.

Solution photochemistry assessed by a kinetic model6. 

With the kinetic model described below, we estimated the concentration of dissolved Fe(II) 
that may form during photolysis of dissolved Fe(III) at pH 3, whereby the formation of 
dissolved Fe(III) was modeled by the release of lattice Fe(III) from the surface of lepidocrocite 
by a proton-promoted dissolution mechanism (cf. reaction RL1 in Table S4). In the model, 
we adjusted the rate constant of Fe(III) release into solution (reaction RL1), such that 0.8 
μM dissolved Fe is formed during proton-promoted dissolution of lepidocrocite (25 mg/L 
suspension with a surface Fe(III) concentration of 28 μM) within 6 hours at pH 3 under 
irradiation with polychromatic light (300-800 nm). The formation of 0.8 μM total dissolved 
Fe is based on experimental results of proton-promoted dissolution of lepidocrocite (25 mg/L) 
at pH 3 in the dark [5]. According to the model below, only 20 % of the total dissolved Fe is 
reduced to Fe(II). Thus, only 0.16 μM dissolved Fe(II) is formed after 6 hours of irradiation 
with polychromatic light (300-800 nm). Depending on the spectral range of light applied in 
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both experimental setups (I and II), the extent of dissolved Fe(II) formation may be greatly 
diminished in comparison with the estimated formation under polychromatic light.

Table S4: Kinetic model a and rate constants

reactions rate constants 
(s-1) or (M-1 s-1) ref.

fe(III) release into solution
RL1 Fe(III)surf → Fe(III) 1.3 x 10-6 Estimated b

fe(III) photolysis in solution
L2 a Fe(III) → Fe(II) + ·OH 1.5 × 10-3 [2]

fe(II) oxidation in solution
O1 Fe(II) + H2O2 → Fe(III) + ·OH 63 [6]
O2 Fe(II) + O2

-/HO2 → Fe(III) + H2O2 1.3 × 106 [6]
O3 Fe(II) + ·OH → Fe(III) 3.2 × 108 [6]

fe(III) reduction in solution
Fe(III) + H2O2 → Fe(II) +  O2

-/HO2 2 × 10-3 [6]
Fe(III) + O2

-/HO2 → Fe(II) + O2 7.8 × 105 [6]
Solution reactions of roS

RC1 ·OH + ·OH → H2O2 5.2 × 109 [6]
RC2 ·OH + O2

-/HO2 → O2 7.1 × 109 [6]
RC3 ·OH + H2O2 → O2

-/HO2 3.3 × 107 [6]
RC4 O2

-/HO2 + O2
-/HO2 → H2O2 2.3 × 106 [6]

a Model simulations were performed with the software program Kintecus [7]. b This rate 
constant was chosen such that the release of surface Fe(III) from a constant pool of 28 
μM surface Fe(III) (estimated for a 25 mg/L suspension [2]) results in the formation of 
approximately 0.8 μM Fe(III) in 6 hours at pH 3 in the dark.  
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Chapter 7

conclusions and outlook

Siderophore-promoted dissolution iron(III) hydroxide phases1. 

The results presented in this thesis demonstrate that the two siderophores, aerobactin 
and DFOB, interact with different iron(III) (hydr)oxides by promoting dissolution of 
these phases. The interactions of these siderophores with the surface of lepidocrocite 
were investigated at the molecular level by ATR-FTIR spectroscopy (chapter 3). This 
investigation revealed that DFOB interacts predominantly with the surface at acidic pH 
by inner-sphere complexation of two to three hydroxamic acid groups. Due to steric 
hindrance at the surface of lepidocrocite, DFOB cannot form hexadentate mononuclear 
surface complexes. Thus, surface complexes of DFOB may exhibit a distinct 
photoreactive bahavior as compared to the photostable hexadentate Fe(III)-DFOB 
complex in solution. In chapter 6, the results of the wavelength-dependent dissolution 
experiments indicated that DFOB is directly involved in the photoreductive dissolution 
of lepidocrocite. We suggested that DFOB forms photoreactive surface complexes 
which are photolyzed in a ligand-to-metal charge-transfer reaction under irradiation of 
visible light. 

It has been recently assumed that siderophores carrying α-hydroxycarboxylic acid 
functional groups may promote photoreductive dissolution of iron(III) (hydr)oxide 
phases under irradiation of sunlight [1]. In chapter 1, we demonstrated that solution 
Fe(III)-complexes of aerobactin are photolysed at pH 6 under irradiation of actinic 
light (300-460 nm). At the surface of lepidocrocite, we concluded that photolysis of 
the α-hydroxycarboxylic acid group in surface Fe(III)-aerobactin complexes may occur 
(chapter 4), but that this reaction is rather ineffective as compared to the surface photolysis 
of citrate, a small polycarboxylate compound with an α-hydroxycarboxylic acid group. 
In chapter 2, we showed by radiotracer experiments and by ATR-FTIR spectroscopy 
that the α-hydroxycarboxylic acid group in citrate is specifically photooxidized at the 
surface of lepidocrocite.  

In comparison to the trihydroxamate siderophore DFOB, the higher number 
of potentially iron binding groups in aerobactin made it rather difficult to provide 
conclusive spectroscopic insights into the coordination of aerobactin functional groups 
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to the surface of lepidocrocite. We concluded that the carboxylate groups coordinate 
to the surface by inner-sphere complexation to an increasing degree with decreasing 
pH (chapter 3). However, we could not distinguish between the surface coordination 
of the carboxylic acid groups or the α-hydroxycarboxylic acid. The interaction of the 
carboxylic acid groups in aerobactin to the surface was supported by batch adsorption 
experiments with Fe(III)-aerobactin complexes, where substantial adsorption of Fe(III)-
aerobactin complexes was observed and where the lateral carboxylic acid groups were 
able to able to interact with the surface. A drawback in the spectroscopic investigation 
of adsorbed aerobactin were the weak spectral contributions of the hydroxamate groups, 
which made it impossible to determine the coordination of hydroxamic acid groups in 
aerobactin at the surface of lepidocrocite (chapter 3). 

Complementary to the spectroscopic investigation of siderophore interactions at the 
surface of lepidocrocite, we conducted a macroscopic study where we related dissolution 
rates of lepidocrocite in the presence of DFOB and aerobactin to experimentally 
determined surface concentrations of these siderophores (chapter 4). Dissolution 
rate constants for DFOB- and aerobactin-promoted dissolution of lepidocrocite were 
determined according to the rate law of ligand-promoted dissolution [2]. In general, 
rate constants for DFOB-promoted dissolution were significantly higher than for 
aerobactin-promoted dissolution of lepidocrocite. These results indicated that DFOB is 
very efficient in promoting dissolution and that aerobactin forms less dissolution-active 
surface complexes in comparison to DFOB. 

Even in the absence of organic ligands, we observed photoreductive dissolution of 
lepidocrocite below pH 6 (chapter 4). The formation of dissolved Fe(II) was attributed 
to a semiconductor mechanism in the bulk of lepidocrocite or directly at the surface 
leading to the reduction of surface Fe(III) sites and subsequent release of Fe(II) into 
solution. In the presence of DFOB and aerobactin, dissolution of lepidocrocite was 
similarly enhanced under irradiation of artificial sunlight. The major conclusion of this 
thesis is that the light-induced enhancement of dissolution of lepidocrocite and other 
iron(hydr)oxides (cf. chapter 5) can be attributed to the photochemical properties of 
the iron(III) (hydr)oxide phases and also to the photoreactivity of surface complexes 
formed by DFOB and aerobactin. As indicated in chapter 6 and in chapter 4, surface 
complexes formed by both hydroxamic acids and α-hydroxycarboxylic acids are likely 
involved in a ligand-to-metal charge-transfer reaction leading to the formation of Fe(II) 
and the subsequent facilitated release of Fe(II) into solution. 

In chapter 5 and 6, we investigated in detail the processes leading to the formation 
of dissolved Fe(II) during irradiation of lepidocrocite suspensions in the absence of 
organic ligands. It was observed that dissolved Fe(II) and H2O2 were formed during 
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irradiation and that Fe(II) was rapidly reoxidized by H2O2 after the light source was 
turned off. A kinetic model based on the photolysis of surface Fe(III)-hydroxo groups 
was developed to simulate the processes leading to the formation of dissolved Fe(II) 
and H2O2. According to the model, the most relevant reaction leading to the formation 
of solution H2O2 was the oxidation of lattice Fe(II) by O2. Model simulations suggested 
that the surface catalyzed reoxidation of Fe(II), incorporated in the lattice surface 
structure, by molecular O2 is much faster than the published reoxidation rate of adsorbed 
Fe(II) on goethite [3]. 

In chapter 6, we observed that photoreductive dissolution of lepidocrocite in 
the absence of organic ligands was more effective at lower wavelengths (in the UV 
range), but also occurred in the visible range. In the presence of DFOB, photoreductive 
dissolution of lepidocrocite at pH 8 was most effective in the visible range (395-435 
nm).

In chapter 1 and 5, the effect of light on the dissolution of other iron(III) (hydr)oxide 
phases (goethite, ferrihydrite, and amorphous ferric hydroxides) was investigated. 
Ferrihydrite (freeze dried) and lepidocrocite, both intermediate phases between 
the thermodynamic more stable goethite phase and the less stable amorphous ferric 
hydroxides, were most affected by photoreductive dissolution in the presence and 
absence of siderophores. Furthermore, we showed in chapter 5 that light has only 
a minor effect on the dissolution of amorphous ferric hydroxides in the presence of 
DFOB. 

Environmental significance2. 

The experiments in this thesis were conducted under conditions which are not 
comparable to conditions in remote ocean waters, regarding total iron and siderophore 
concentrations. However, the results of this thesis still imply that siderophores play a 
key role in the solubilization of crystalline iron(III) (hydr)oxides phases or iron bearing 
minerals in sunlit surface waters. To provide more insights into the role of siderophores 
in iron solubilization in ocean waters at low iron and ligand concentrations, downscaled 
experiments representing natural conditions are required. In a current downscaled study, 
iron dissolution from natural dust in natural seawater was investigated (unpublished 
results, J. Mendez, Caltech). Dissolution of 1 mg/L dust (3.8 % Fe content) in the 
presence of 51 nM aerobactin in natural seawater led to almost identical initial 
dissolution rates in the dark and under irradiation as observed in this thesis with 20 
mg lepidocrocite and 45 μM aerobactin (chapter 1). In additional downscaled studies, 
Rijkenberg and co-workers have investigated the photoproduction of dissolved Fe(II) in 
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natural and artificial seawater spiked with excess Fe(III) (exceeding Fe(III) solubility) 
[4, 5]. In both artificial and natural seawater samples, they concluded that the amorphous 
iron(III) hydroxides formed after addition of excess Fe(III) were the major source for 
the photoproduction of dissolved Fe(II) and that photoproduction of Fe(II) decreased 
with increasing aging time of the amorphous iron hydroxides in artificial seawater 
[4, 5]. Additional experiments were performed in the presence of DFOB, but as these 
researchers focused on the photoformation of Fe(II), no information was provided on the 
potential increase in total dissolved iron from photoreductive dissolution of amorphous 
iron(III) hydroxides in the presence of DFOB [5]. 

The results and conclusions drawn in this study suggest that siderophores play a major 
role in the transformation of colloidal iron leading to an increase in the pool of dissolved 
iron. Due to the high response of photoreductive dissolution of lepidocrocite in the 
presence of DFOB in the visible range (395-435 nm), we suggest that photoreductive 
dissolution of iron(III) (hydr)oxides may occur deep into the photic zone of oceanic 
waters (chapter 6). Provided that iron bound in siderophores such as DFOB is available 
to marine microorganisms, we suggest a strong link between siderophore-promoted 
solubilization of colloidal iron and biological iron acquisition.

outlook3. 

It was indicated in this study, that intrinsic photochemical mechanisms of the 
lepidocrocite phase as well as ligand-to-metal charge-transfer (LMCT) reactions 
of surface complexes of siderophores with coordinated α-hydroxycarboxylate and 
unexpectedly also hydroxamate groups may contribute to photoreductive dissolution of 
lepidocrocite at circumneutral pH. To assess the contribution of each of these possible 
mechanisms, we encourage more molecular level investigations of the interactions of 
diverse siderophores at the surface of different iron(III) (hydr)oxides. In addition, the 
determination of rate constants of iron(III) (hydr)oxide dissolution by a greater number 
of structurally different siderophores may help to assess the dissolution reactivity of 
these siderophores and to provide more insights into the processes involved at the surface 
during iron(III) (hydr)oxide dissolution. In addition surface complexation modeling 
may help to elucidate the conformation and charge distribution of surface species of 
siderophores on iron(III) (hydr)oxides. We are convinced that the present spectroscopic 
and macroscopic data of the adsorption of DFOB to lepidocrocite provides a reasonable 
basis for surface complexation modeling. 

Due to the strong light-absorbing iron(III) (hydr)oxide phases, it has not been possible 
to experimentally measure the absorption spectra of surface species at iron(III) (hydr)
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oxides surfaces, e.g., surface Fe(III)-complexes with siderophore functional groups. 
To bypass these experimental limitations, ab initio or semi-empirical calculations of 
charge-transfer transitions may help to predict the photoreactivity of surface Fe(III)-
species. In this context, it would be highly rewarding to substantiate the hypothesized 
photoreactivity of surface Fe(III)-hydroxamate complexes. In order to provide more 
information on the various photochemical processes involved during photoreductive 
dissolution of lepidocrocite in the presence of DFOB, we recommend further 
experiments where reactive oxygen species are also measured. 
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