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Abstract. Iron is an essential trace nutrient for most known
organisms. The iron availability is limited by the solubility
and the slow dissolution kinetics of iron-bearing mineral
phases, particularly in pH neutral or alkaline environments
such as carbonatic soils and ocean water. Bacteria, fungi,
and plants have evolved iron acquisition systems to in-
crease the bioavailability of iron in such environments. A
particularly efficient iron acquisition system involves the
solubilization of iron by siderophores. Siderophores are
biogenic chelators with high affinity and specificity for
iron complexation.

This review focuses on the geochemical aspects of bi-
ological iron acquisition. The significance of iron-bearing
minerals as nutrient source for siderophore-promoted iron
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acquisition has been confirmed in microbial culture studies.
Due to the extraordinary thermodynamic stability of solu-
ble siderophore-iron complexes, siderophores have a pro-
nounced effect on the solubility of iron oxides over a wide
pH range. Very small concentrations of free siderophores 
in solution have a large effect on the solution saturation 
state of iron oxides. This siderophore induced disequilib-
rium can drive dissolution mechanisms such as proton-
promoted or ligand-promoted iron oxide dissolution. The
adsorption of siderophores to oxide surfaces also induces a
direct siderophore-promoted surface-controlled dissolution
mechanism. The efficiency of siderophores for increasing
the solubility and dissolution kinetics of iron oxides are
compared to other natural and anthropogenic ligands.

Key words. Bioavailability; dissolution kinetics; iron acquisition; marine chemistry; plant nutrition; surface com-
plexation.

Introduction

Iron is a micronutrient that is essential for a range of im-
portant enzymatic processes in most organisms. The con-
sequences of iron deficiency are well documented and
range from agricultural losses due to plant iron defi-
ciency (Roemheld and Marschner, 1986) to the limitation
of productivity in marine “High Nutrient Low Chloro-
phyll” (HNLC) regions (Martin and Fitzwater, 1988). 

In most environments iron deficiency is not triggered
by low total iron concentrations but by low iron bioavail-

ability. For example, iron deficiency in plants is a wide-
spread problem even though iron, in the form of iron-
bearing minerals, is a ubiquitous component of the soil
matrix. Similarly, in marine HNLC regions, which are
characterized by very low total iron concentrations, only
a fraction of the iron input by atmospheric aerosol is sol-
ubilized before sedimentation (Fung et al., 2000; Zhuang
et al., 1990). An important limiting factor of iron
bioavailability is the low solubility and slow dissolution
kinetics of iron-bearing minerals. 

To overcome these limitations, bacteria, fungi, and
graminaceous plants (grasses) are known to sequester
iron using siderophores (Neilands, 1957; Takagi, 1976;
Winkelmann, 1992). Siderophores are low molecular
weight organic ligands with high affinity and specificity
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for iron binding. The high affinity iron acquisition system
is induced under iron limiting conditions and involves
several steps (Boukhalfa and Crumbliss, 2002, and refer-
ences therein):

– intracellular biosynthesis of siderophores
– exudation of siderophores in the extracellular space
– iron mobilization by competitive complexation or 

dissolution of iron-bearing minerals
– recognition and uptake of ferric siderophore complexes

by highly efficient transport systems or liberation of
iron from the siderophore complex and uptake of iron.

The details of molecular control of iron acquisition as
well as the design of uptake systems are subject of active
research. Siderophore production as a response to iron
limitation is widespread among aerobic microorganisms
(Neilands et al., 1987). For example, among 302 different
fluorescent Pseudomonas strains isolated from soils, 297
strains (98%) produced detectable siderophores under
iron stress (Cocozza and Ercolani, 1997).  The ability to
produce and assimilate siderophores with high affinities
for iron(III) gives a microorganism an important selective
advantage under iron-limited conditions.

Important prerequisites for the efficiency of this iron
acquisition system are its affinity and specificity for
Fe(III). The 1:1 stability constants of Fe(III) siderophore
complexes are between 1023 and 1052 (Albrecht-Gary and
Crumbliss, 1998; Ams et al., 2002) compared to 1020 for
the iron(III)EDTA complex (Martell et al., 1995). The se-
lectivity of the acquisition system for Fe(III) over similar
ions such as Al(III) and ions that are often present in
much higher concentrations such as Ca(II) is accom-
plished on two levels: by preferential chelation of Fe(III)
and by recognition of the Fe(III) complex at receptor pro-
teins at the cell surface. Preferential chelation of Fe(III) is
an intriguing characteristic of siderophores. For example,
the Fe(III) complex of the trihydroxamate siderophore
desferrioxamine-B (DFO-B, see Fig. 1) has a 1:1 stability
constant of 1030.6. This is many orders of magnitude
higher then the corresponding Al(III) complex (K =
1024.1) or the Ca(II) complex (K = 102.64) (I = 0.1, Smith
et al., 2001). It should be noted that despite their high
preference for Fe(III), the stabilities of many non-iron
siderophore complexes are significant. Siderophores will
therefore mainly exist in complexed form in most envi-
ronmental systems.

As indicated above, a key function of siderophores is
to sequester iron from the various iron pools that may be
present in the particular environment in which the organ-
isms are living. Important iron pools in soils and aquatic
environments are iron complexes including ferric com-
plexes with other ligands (including siderophores origi-
nating from other organisms); iron bound in enzymes etc.
from lysing plant and microbial cells (recycling); iron
bound to humic and fulvic substances; and iron-bearing

minerals. A major iron pool in terrestrial and aquatic sys-
tems are iron oxides (unless otherwise noted, in this re-
view the term “iron oxides” is used as a general term for
the various iron oxide, iron oxyhydroxide and amorphous
iron hydroxide phases that are found in soil and aquatic
systems). In soils, these minerals form as weathering
products of primary minerals such as silicates and sul-
fides. In marine HNLC regions, iron oxides are supplied
by atmospheric deposition. 

The purpose of this review is to discuss the effect of
siderophores on iron oxide solubility, dissolution mecha-
nisms, and rates in the context of biological iron acquisi-
tion by terrestrial and marine organisms. For in depth dis-
cussion of various related issues the reader may consult a
number of excellent review articles (Albrecht-Gary and
Crumbliss, 1998; Boukhalfa and Crumbliss, 2002; Crum-
bliss, 1991; Hersman, 2000; Raymond et al., 1984;
Roosenberg et al., 2000; Telford and Raymond, 1996;
Wilhelm, 1995). A standard reference for iron oxide geo-
chemistry is Cornell and Schwertmann, 2003. For a use-
ful review on the surface chemistry of metal oxides, con-
sult Brown Jr. et al., 1999.

This review focuses on biological iron acquisition in
aerobic systems. Reducing conditions lead to a strong
increase of iron solubility and it is unlikely to encounter
iron limiting conditions in reducing systems. However,
it is important to note that photo redox reactions can
lead to increased steady state concentrations of Fe(II) in
iron-limited aerobic systems such as marine surface 
waters.

Chemical structures of siderophores

Siderophores are organic ligands that are defined by their
affinity and specificity for iron and their biological func-
tion in iron acquisition but not by their chemical struc-
ture. However, some commonalities in chemical structure
exist amongst the almost 500 known siderophores
(Boukhalfa and Crumbliss, 2002). Molecular masses 
of siderophores typically range from 0.5–1.5 kDa
(Matzanke et al., 1989). Metal binding groups among 
microbial siderophores include a-hydroxycarboxylate,
hydroxamate, catecholate, and less frequently  carboxy-
late groups. The mugineic acid type plant siderophores
have carboxylate, hydroxyl, and amine binding groups
(Fig. 1). Most but not all siderophores are hexadentate
ligands completely satisfying the inner coordination
sphere of iron in 1:1 complexes. Bisucaberin (Fig. 1) is an
example of a macrocyclic tetradentate siderophore form-
ing 2:3 ferric complexes (Fe2L3) at and above neutral pH.
Macrocyclic siderophores often exhibit higher affinity
for Fe(III) in solution compared to their linear analogs in 
part due to preorganization effects (Hou et al., 1998; Spa-
sojeviæ et al., 1999). For a list of formation constants
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used for example calculations in this review, please see 
Table 4.

Hydroxamate functional groups form solution com-
plexes with Fe(III) by loss of a proton from the hydroxy-
lamine (–NOH) group and bidentate bonding with the
carbonyl and hydroxylamine groups, resulting in a five
membered ring (Crumbliss, 1990). Catecholate groups of
siderophores such as enterobactin (Fig. 1) also form five

membered rings with iron via the phenolic oxygens after
loss of two protons in the neutral and alkaline pH range.
At low pH, enterobactin coordinates iron in a “salicylate
mode” via one phenolic oxygen and an ortho carbonyl
group (Raymond et al., 1984).

Iron can also be mobilized by exudation of non-
siderophore ligands. For example, cluster roots of plant
species such as Lupinus albus exude citrate with high 
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Figure 1. Molecular structures of plant and bacterial siderophores and of a synthetic derivative of a bacterial siderophore. Mugineic acid
is a derivative of the structurally related phytosiderophores produced by graminaceous plants such as barley and wheat. Enterobactin is a
catecholate siderophore produced by bacteria including Escherichia coli. Desferrioxamines are trihydroxamate siderophores produced by
bacteria including the soil bacterium Streptomyces pilosum. DFOMTA is a synthetic derivative of DFO-B with specificity for binding of
tetravalent actinides (Telford and Raymond, 1996). Bisucaberin is an example of a tetradentate macrocyclic dihydroxamate siderophore,
isolated from the marine bacterium Alteromonas haloplanktis.



exudation rates and acidify the rhizosphere even in cal-
careous soils (Dinkelacker et al., 1989). Also, root re-
sponses to iron stress are not limited to siderophore exu-
dation. A comprehensive quantification of barley root 
exudates under iron stress revealed that in addition to
siderophores up to 50% (expressed as mmole/g root tis-
sue) of exuded organic ligands were other organic acids
such as lactate, succinate, fumarate, malate, acetate, and
amino acids (Fan et al., 1997). Some of these ligands are
known to promote the dissolution of iron oxides. Low
molecular weight organic ligands are ubiquitous in soil
and aquatic systems and may also influence microbial iron
acquisition. A discussion of the effect of siderophores on
dissolution rates must therefore include a study of syner-
gistic or inhibitory effects of low molecular weight or-
ganic ligands.

Siderophore concentrations in natural systems

Siderophore concentrations in most natural systems are
low. Studies of marine systems have reported concentra-
tions of strong iron complexing ligands between 0.3 and
7 nM (Gledhill and van den Berg, 1994; Gledhill et al.,
1998; Powell and Donat, 2001; Rue and Bruland, 1997;
van den Berg, 1995; Witter and Luther 1998; Wu and
Luther, 1995). In soil solutions siderophore concentra-
tions depend strongly on the soil horizons and higher con-
centrations occur in the rhizosphere compared to bulk
soil (Bossier et al.,1988 and references; Nelson et al.,
1988). Also, field experiments with Pseudomonas fluo-
rescens containing an iron-regulated promoter fused to an
ice nucleation reporter gene showed that the production
of siderophores is a function of soil pH in the rhizosphere
as predicted from laboratory experiments (Loper and
Henkels, 1997). Powell et al. (1980) have estimated hy-
droxamate siderophore concentrations in soil solutions
between 10–7 and 10–8 M. 

Voelker and Wolf-Gladrow (1999) have calculated
that the exudation of siderophores by marine cyanobacte-
ria at low population densities is a costly strategy in terms
of cellular nutrient and energy budgets. They concluded
that the efficiency of siderophore production increases
with increasing cell density. This is consistent with ob-
servations of increasing siderophore concentrations in the
order marine environment < bulk soil < rhizosphere.
Even higher siderophore concentrations may be reached
in microenvironments such as biofilms, unless pH de-
pression and/or anaerobic conditions in the microenvi-
ronment increase the solubility of iron, depressing
siderophore production (Liermann et al., 2000).

Plants are able to exude phytosiderophore at high rates
into the rhizosphere. Roemheld (1991) has estimated that
phytosiderophore concentrations in the rhizosphere can
reach local concentrations of up to 1 mM in the soil solution.

The solubility of iron oxides

As discussed above, in most environments, iron defi-
ciency is not triggered by low total iron concentrations
but by low solubility and dissolution kinetics of iron-
bearing mineral phases.  The solubility of iron oxides in
aerobic systems depends on properties of the solid and
the composition of the solution. Solubilities increase with
decreasing particle sizes and increasing bulk lattice ener-
gies of iron oxides. Size and lattice energy are influenced
by ageing and isomorphous substitution by metal ions
such as Al(III). The solution pH, ionic strength, and the
presence of organic ligands are key factors influencing
the solubility of iron oxides.

The most common Fe(III) oxides in soils are hematite
and goethite. Ferrihydrite may control the soluble iron
concentrations in soil solutions due to its high solubility,
surface area, and kinetic lability even if it represents only
a minor iron pool. However, with decreasing crystal sizes
the solubilities of goethite and hematite increase and can
approach the solubility of ferrihydrite (Table 1; Lang-
muir, 1969; Trolard and Tardy, 1987). Particle diameters
of soil goethite and hematites are in the nanometer range
(10–150 nm, Cornell and Schwertmann, 2003). Partial
isomorphous substitution of Fe(III) by Al(III) in the crys-
tal structures of goethite and hematite is commonly found
in soil minerals. It has been predicted that substitution by
Al(III) decreases the standard free energy of the iron ox-
ides and lowers their solubility, but no measured solubil-
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Table 1. Solubilities of selected iron oxides.

Oxide Log Ks
a pHPPZC [Fe]tot

at pH = 8.0
[M]

hematite –0.53b 8.5g 1.7 ¥ 10–13

a-Fe2O3

goethite 
a-FeOOH 0.36b 9.0–9.7g 1.3 ¥ 10–12

goethite
crystal size 100 nmd 0.63c – 2.5 ¥ 10–12

goethite
crystal size 10 nmd 3.09c – 7.1 ¥ 10–10

goethite
crystal size 8 nmd 3.77c – 3.4 ¥ 10–9

ferrihydrite 3.55e 7.8h 2.0 ¥ 10–9

“soil Fe-oxide” 2.70 f – 2.9 ¥ 10–10

a Ks = {Fe3+}/{H+}3 at infinite dilution and 298.15 K.
b Parker and Khodakovskii, 1995.
c calculated according to Langmuir, 1969 using bulk log Ks = 0.36.
d cube edge length [nm].
e Schindler et al., 1963.
f Lindsay, 1979.
g Sverjensky, 1994.
h measured pzc (Charlet and Manceau, 1992).



ity products of substituted iron oxides are available (Cor-
nell and Schwertmann, 2003).

The solubility of iron oxides is also strongly influ-
enced by the solution pH. Minimum solubilities are ob-
served in the neutral to alkaline pH-range (see Fig. 2).
This corresponds to the pH of soil solution in carbonatic
soils (pH 7.5–8.5; Scheffer and Schachtschabel, 2002)
and ocean water (circa pH 8.1; Wilson, 1975). The solu-
bility of iron in equilibrium with “soil iron oxide” (aged
ferrihydrite; Cornell and Schwertmann, 2003) in the ab-
sence of complexing ligands is below 2 nM at pH > 7
(Lindsay, 1979). Kuma et al., 1998 measured solubilities
of ferrihydrite in the North Pacific Ocean between 0.14
and 3.6 nM (pH 8.0 – 8.2).

Effects of siderophores on iron oxide solubility

Increasing the iron oxide solubility by formation of solu-
ble iron complexes is an important function of
siderophores in biological iron acquisition. This can be
expressed by combining the dissolution reaction (e.g., of
goethite) and the corresponding solubility product KS

with the complexation reaction of iron (e.g., by a trihy-
droxamate siderophore) and the corresponding stability
constant KFeL:

a – FeOOH + 3H+ ´ Fe3+ + 2H2O KS (1)

Fe3+ + H3L ´ FeL + 3H+ KFeL (2)

and writing a dissolution reaction in the presence of a
siderophore:

a – FeOOH + H3L ´ FeL + 2H2O KS, L (3)

with the corresponding mass law:

FeL
KS, L = 7 or

H3L

FeL = H3L ¥ KS, L = H3L ¥ KS ¥ KFeL (4)

Where KS, L is the product of the solubility constant of the
iron oxide and the stability constant of the iron-sidero-
phore complex (for simplicity, coupled deprotonation and
hydrolysis reactions are not included here). The concen-
tration of the dissolved iron complex at constant pH in-
creases with the free ligand concentration, the solubility
product of the iron oxide, and the stability constant of the
Fe-siderophore complex.

Given the low solubility of iron oxides at neutral and
alkaline pH and the low concentrations of ligands in ter-
restrial and marine systems, the high affinity of the
siderophores for iron binding is a prerequisite for in-

creasing iron oxide solubility. As shown in Figure 3, 
decreasing affinities of ligands for iron in the order DFO-
B > MA > oxalate leads to decreasing soluble iron con-
centrations at equal total ligand concentrations. The lower
affinities of phytosiderophores compared to microbial
siderophores is partly compensated for by high exudation
rates by graminaceous plant roots resulting in local ligand
concentrations in the millimolar range in the rhizosphere
(Roemheld, 1991). Assuming that microbial siderophore
concentrations in the soil are typically in the sub-micro-
molar range (Powell et al., 1980) phytosiderophores can
have an equal or higher effect on the iron oxide solubility
compared to microbial siderophores at typical soil con-
centrations. Oxalate has little effect on goethite solubility
at pH 8 in concentrations below one mM.

Figure 4 illustrates the effect of pH on the solubility
of goethite in the presence of DFO-B, mugineic acid and
oxalate compared to the solubility in the absence of or-
ganic ligands. 1 mM Oxalate has a high affinity for iron
at low pH, but above neutral pH its effect on goethite 
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Figure 2. Calculated solubility of iron in equilibrium with goethite
and iron speciation as a function of pH. For solubility product 
constants and equilibrium constants for iron hydroxo species, see
Table 4.

Figure 3. Calculated soluble iron concentrations in equilibrium
with goethite at pH 8 as a function of soluble ligand concentrations.
Ligands are DFO-B, mugineic acid, or oxalate respectively.



solubility rapidly degrades. In contrast, the presence of
1mM mugineic acid and 0.1 mM DFO-B (concentrations
chosen to reflect soil siderophore concentrations) in-
crease goethite solubility over a wide pH range.

Rate laws of iron oxide dissolution

From a thermodynamic standpoint, the affinity of
siderophores for iron and the concentrations at which
they occur in the environment should be sufficient to in-
crease soluble iron concentrations to adequate levels to
support microbial and plant growth. However, as
Römheld (1991) pointed out: “Insufficient consideration
of kinetic aspects is another reason why conclusions
which are based on equilibrium chemistry are inadequate.
Besides solubility at equilibrium, the dissolution rates
(kinetic aspects) of Fe oxides in soils determine the sup-
ply of Fe to the plant root.” The kinetic aspects of iron ox-
ide dissolution in the presence and absence of
siderophores are discussed in this section.

Fe(III) ions in iron oxides are usually octahedrally co-
ordinated by oxygen, hydroxyl anions, and water. In the
bulk of the mineral grains all coordinative partners of
iron are part of the crystal lattice. At the mineral surface,
Fe(III) is partially coordinated by the crystal lattice, and
partially by adsorbed water or OH–. The dissolution
process can be interpreted as a progressive exchange of
the crystal lattice as coordinative partner by adsorbed lig-
ands. The overall dissolution rates are determined by the
rate of this progressive ligand exchange reaction.
Processes that increase the kinetic lability of the coordi-
native bonds between surface iron ions and the lattice ac-
celerate the dissolution reaction. These processes are:

– reduction of Fe(III) to Fe(II) Æ reductive dissolution
– protonation of lattice O or OH groups in the inner co-

ordination sphere of surface Fe(III) ions Æ proton-
promoted dissolution

– coordination of surface Fe(III) by organic or inorganic
ligands, leading to a kinetic labilization of other
bonds in the inner coordination sphere Æ ligand-con-
trolled dissolution

Under the assumption that parallel dissolution mecha-
nisms are independent, the rate law of non-reductive 
dissolution is:

Rnet  = (RH + ROH + SRLn) f(DG) (5)

where RH and ROH [mole m–2 h–1]are the rates of proton-
promoted and alkaline dissolution respectively, RL1, RL2…
RLn are the rates of ligand-promoted dissolution in the
presence of ligands L1 to Ln, including siderophore lig-
ands, and f(DG) is a function of the solution saturation
sate with respect to the dissolving mineral (Furrer and
Stumm, 1986; Kraemer and Hering, 1996). 

Proton-promoted dissolution
Proton-promoted dissolution involves the protonation of
coordinative partners of iron ions at the mineral surface.
Proton-promoted dissolution rates of goethite are related
to surface excess of adsorbed protons (in excess of the
protonation state at the ZPC):

RH = kh[Hads]n

where kh is the rate constant of proton-promoted dissolu-
tion and n is the reaction order (3.25 for goethite according
to Zinder et al., 1986). This is consistent with a mecha-
nism involving the protonation of three O/OH groups in
the inner coordination sphere of surface iron (Wieland et
al., 1988). The triply protonated surface site is the pre-
cursor to the rate determining step in the overall dissolu-
tion reaction. After the detachment of the iron ion, the
surface structure is restored by further surface protona-
tion. The protonation state of the mineral surface is 
related to the pH in a non-linear way, leading to fractional
reaction orders if the rate law is expressed in terms of 
pH. Alkaline dissolution can be seen as a special case of
ligand-controlled dissolution with the deprotonation of
adsorbed water or hydroxyl leading to an increase of their
labilizing effect.

In the context of biological iron acquisition it is im-
portant to note that the combined proton-promoted and
alkaline dissolution rates have a minimum in the same pH
range in which iron oxides have a minimum solubility,
i.e., in the neutral to alkaline pH range. This means that
in the absence of complexing ligands, iron acquisition in
carbonatic soils and marine systems is not only limited by
the low solubility of iron oxides, but also by their slow
dissolution kinetics.
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Figure 4. Calculated soluble iron concentrations in equilibrium
with goethite as a function of pH in the presence of 10–7 M DFO-B,
10–3 M mugineic acid, 10–3 M oxalate, or no organic ligand respec-
tively.



Ligand-controlled dissolution
Natural and anthropogenic ligands have an important in-
fluence on the weathering kinetics of oxide minerals
(Casey and Ludwig, 1996; Furrer and Stumm, 1986;
Kraemer and Hering, 1997). A generalized mechanism of
ligand-controlled dissolution has been proposed (Furrer
and Stumm, 1986) which includes three steps 1) fast sur-
face complex formation by a ligand exchange mecha-
nism, 2) slow, rate determining detachment of the surface
metal center, 3) fast regeneration of the surface. It is as-
sumed that the adsorbed ligand influences the dissolution
rate by destabilization of the coordinated iron ions at the
oxide surface, which is brought about by inductive effects
enhancing electron density on adjacent oxo bonds (Wehrli
et al., 1990). This effect is analogous to the acceleration
of the exchange rates of metal coordinating water in the
presence of coordinating organic ligands (trans effect)
(Ludwig et al., 1995): the coordinating ligand destabi-
lizes bonds in the metal ion coordination sphere and 
facilitates the bond breaking that is involved in either 
water exchange or dissolution. The rate constant of lig-
and-controlled dissolution kL is influenced by changes in
surface speciation of the ligand. The surface speciation
can potentially be influenced by factors such as pH, sur-
face coverage and the adsorption of other inorganic lig-
ands (Kraemer and Hering, 1998).

The rate of ligand-controlled dissolution RL is a func-
tion of the surface excess of adsorbed ligands and the 
nature of the ∫Fe –L surface complexes (Furrer and
Stumm, 1986):

RL = k¢L[∫Fe –L] (6)

where k¢L is a pseudo first order rate constant [h–1] and
[∫Fe –L] is the surface concentration of surface com-
plexes that are precursors of the rate determining step
[mole m–2]. If the surface speciation remains constant
over the experimental conditions, the rate law can be sim-
plified to:

RL = kL[L]ads (7)

where [L]ads is the surface excess of adsorbed ligands
[mole m–2]. The formation of the precursor complex by
adsorption of the ligand polarizes bonds between the iron
ion and oxygen of the crystal lattice, thereby promoting
the dissolution reaction. Any factor that influences the
ligand surface concentration or speciation is also likely to
influence dissolution rates. It is therefore important to
consider the surface chemistry of siderophore on iron 
oxides in detail.

Adsorption of siderophores at the iron oxide
surface

Among the surface chemical properties that make or-
ganic ligands effective for promoting iron oxide dissolu-
tion in marine systems and carbonatic soils, two derive
directly from the rate law of ligand-controlled dissolution
(Eq. 6):

1. the tendency to form inner sphere surface complexes 
2. a high affinity for adsorption in the neutral to alkaline

pH-range.

The lability of the inner coordination sphere of dissolved
metal ions increases with increasing denticity of the co-
ordinating ligands (Margerum et al., 1978). In analogy to
this, bidentate surface complexes have a significantly
greater effect on oxide dissolution kinetics than mon-
odentate surface complexes (Furrer and Stumm, 1986;
Ludwig et al., 1995). However, the number of bonds be-
tween an organic ligand and a single Fe(III) ion at the
mineral surface is limited by the exchangeable partners in
the inner coordination sphere. Among bidentate surface
complexes, five membered rings have a higher effect on
dissolution rates than 6 or 7 membered rings. The simul-
taneous coordination of adjacent surface sites by a single
ligand leads to inhibition of oxide dissolution (Bondietti
et al., 1993). This discussion emphasizes a third condition
for a high efficiency of a ligand for accelerating iron 
oxide dissolution:

3. the tendency to form mononuclear multidentate sur-
face species.

Adsorption of organic ligands to iron oxide surfaces can
be described by a ligand exchange reaction. Structural
iron ions at the oxide water interface are partly coordi-
nated by oxygen or hydroxyl ions of the crystal lattice and
partly by adsorbed water or hydroxyl anions. Adsorption
of ligands and formation of inner sphere surface com-
plexes involves replacement of surface hydroxyl groups
or water by a ligand exchange reaction (Kummert and
Stumm, 1980; see also Fig. 6).
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Figure 5. Monohydroxamate and monocatecholate model com-
pounds.



The overall standard free energy change of the ad-
sorption reaction includes contributions from the stan-
dard free energy change of the ligand exchange reaction
(DG 0

chem), of electrostatic interactions with the mineral
surface (DG 0

coulomb), and of hydrophobic interactions
(DG 0

hydroph):

(DG 0 = DG 0
chem + G 0

coulomb + DG 0
hydroph

The coordination properties of Fe(III) and the incoming
ligands have an important effect on DG 0

chem . Fe(III) is a
hard cation with a high charge to radius ratio. It therefore
favors coordination by ligands with hard O donor atoms
such as the catecholate, hydroxamate, or a-hydroxycar-
boxylate groups of siderophores. The resulting bonds
have a highly ionic character. In analogy to its coordina-
tion chemistry in solution, preferential surface complex-
ation of Fe(III) on iron oxide surfaces by hard ligands is
evidenced by high affinities of ligands with o-donor
atoms for adsorption. Examples of bidentate hard ligands
with both a high affinity for Fe(III) in solution and at the
mineral surface are the catecholate and hydroxamate
functional groups of siderophores, citric acid, ascorbic
acid, salicylic acid, and oxalic acid. 

Electrostatic interactions are important for inner
sphere adsorption if the surface complex formation
changes the overall charge of a surface site. Hydrophobic
interactions become important if the surface excess of 
adsorbed hydrophobic substances is high enough to allow
for interactions among hydrophobic moieties of the ad-
sorbed substances. A classic example is the formation of
hemi micelles at high adsorbed surfactant concentrations
(Fuerstenau and Colic, 1999).

Adsorption of monohydroxamate and 
monocatecholate ligands
To gain a better understanding of the surface chemistry of
siderophores, it is useful to consider detailed investiga-
tions of the adsorption and surface speciation of simple
monohydroxamate and monocatecholate ligands.

Holmen et al. (1997) have elucidated the structure of
the acetohydroxamic acid (aHA) surface complex on
goethite by FTIR-spectroscopy. aHA adsorbs on the
goethite-water interface by a ligand exchange reaction as
shown in Figure 6. The aHA surface complex is a biden-
tate mononuclear five membered ring in analogy to the
dissolved 1:1 Fe(III)-aHA complex. Casey and Holmen
(1996) have found no net protonation or deprotonation of
surface sites resulting from the adsorption of aHA. They
concluded that there is no significant electrostatic contri-
bution to the free energy change of the adsorption reac-
tion. This contributes to an essentially constant adsorp-
tion envelope between pH 4 and 9.

The adsorption of 4-nitrocatechol and 4-nitro-1,2-
phenylenediamine was investigated by Vaseduvan and
Stone, 1998. The hydroxyl groups of 4-nitrocatechol are
replaced by two amine groups in 4-nitro-1,2-phenylene-
diamine. Amine groups are soft ligands with a higher co-
valent and less ionic contribution to bonding. The hard
ligand 4-nitrocatechol had a substantially higher affinity
for adsorption on goethite and hematite surfaces then the
soft ligand 4-nitro-1,2-phenylenediamine. Adsorption
envelopes of 4-nitrocatechol on goethite and hematite
and of catechol on hematite have broad adsorption max-
ima in the neutral and alkaline pH-range respectively (Gu
et al., 1995; Vaseduvan and Stone, 1998). 

This discussion indicates that monocatecholates and
monohydroxamates fulfill the criteria for effective labi-
lization of iron at the mineral surface as stated above:
they form inner sphere surface complexes with a high
affinity for adsorption on iron oxides in a pH range char-
acteristic for carbonatic soils and the marine system.
Also, mono hydroxamates are known to form mononu-
clear, bidentate surface complexes.

Adsorption of siderophores
In order to compare adsorption of monohydroxamate or
monocatecholate ligands with siderophores, it is important
to consider effects arising from the architecture, denticity
and charge of the biogenic ligands. The conformation and
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Figure 6. Adsorption of acetohydroxamic acid by a ligand exchange reaction (after Holmen and Casey, 1996).



bonding of adsorbed multidentate siderophores are influ-
enced by steric constraints imposed by the surface and the
siderophore architecture, charge, and hydrophobicity.

Based on the surface density of Fe(III) ions with two
“non-lattice” coordinative partners (i.e., adsorbed H2O
and OH–) available for ligand exchange by a single hy-
droxamate group of a siderophore, and on the spacing of
hydroxamate groups in DFO-B, Holmen and Casey,
1996, have argued that only mononuclear and binuclear
surface complexes can form. They considered it unlikely
that two hydroxamate groups can coordinate a single
Fe(III) surface site in a stable surface complex. Cocozza
et al., 2002, have argued that hydroxamate groups of
DFO-B coordinate Fe(III) at iron oxide surfaces analo-
gously to the aHA surface complex and that only a single
hydroxamate group of adsorbed DFO-B is participating
in surface complexation, coordinating surface sites anal-
ogous to adsorbed aHA. Their argument is supported by
the observation of similarities of the compensation law
(relating the pre-exponential factor to the apparent acti-
vation energy in the Arrhenius equations) for the com-
plexation of Fe(III) by DFO-B and aHA in solution and at
the mineral surface, and by similarities of the rate con-
stants of ligand-controlled dissolution of goethite in the
presence of DFO-B and aHA (see Table 2).

The effect of surface charge on siderophore sorption
is illustrated in Figure 7 (Kraemer et al., 1999). DFO-B is
a cationic species at pH < 8 due to protonation of the 
terminal amine group (pKa1 = 8.38). DFO-D1 is an acetyl
derivative of DFO-B which has no charge below pH 8.9.
Electrostatic repulsion between the ligand and the posi-
tively charged oxide surface is resulting in lower adsorp-
tion of DFO-B compared to DFO-D1 at pH < 8.

Non-specific interactions can arise from the hy-
drophobic backbone of DFO-B and DFO-D1. Hydropho-
bic interactions result in adsorption of ligands in excess

of the surface concentration of Fe(III) surface sites at
high total ligand concentrations (Evanko and Dzombak,
1999). This has not been observed in the case of DFO-B
or DFO-D1. On the contrary, very low maximum surface
concentrations were measured for both siderophores, po-
tentially indicating steric hindrance to adsorption. Such
“umbrella effects”, which effectively lower the maximum
available surface sites for large ligands, have been ob-
served for other ligands in similar molecular weight
ranges (Kovacevic et al., 1998; Simpson et al., 2000).
Neubauer et al., 2002, measured higher surface concen-
trations on goethite and on ferrihydrite after a reaction
time of 8 and 7 days respectively. However, during that
time significant iron dissolution occurred, potentially in-
fluencing adsorption behavior.

Cervini-Silva and Sposito (in preparation, a) observed
that the ionic strength and the nature of anions in suspen-
sion affect the adsorption of siderophores on goethite and
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Table 2. Rate constants, ligand surface excess, and rates of ligand-promoted dissolution of goethite in the presence of various siderophore
and non-siderophore ligands in the pH range 5 to 6.5.

Ligand pH         [L]diss [L]ads kL Eact RL Reference
[mM]          [mole ¥ m–2] [h–1] [kJ/mole]         [mole ¥ m–2 ¥ h–1]

DFO-B 5 80 0.37 ¥ 10–7 0.015 28.5 0.57 ¥ 10–9 Kraemer et al., 1999
Cheah et al., 2003
Cocozza et al., 2002 

DFO-D1 6.5 240 1.6 ¥ 10–7 0.06 21.7 9.4 ¥ 10–9 Kraemer et al., 1999
Cocozza et al., 2002

aHA 6 100 2.2 ¥ 10–7 0.01 – 2.2 ¥ 10–9 a Holmen and Casey, 1996

Oxalate 5 100 10 ¥ 10–7 0.001 – 1 ¥ 10–9 a Cheah et al., 2003

EDTA 5.3 7 18 ¥ 10–7 0.0016 – 2 ¥ 10–9 Nowack and Sigg, 1997

Proton-promoted dissolution at pH = 5 98–100 b 0.28 ¥ 10–9 a Zinder et al., 1986
Cornell et al., 1976

a Calculated.
b Eact of proton-promoted dissolution.

Figure 7. Adsorption envelope for DFO-B (diamonds) and DFO-
D (squares) on goethite. Error bars indicate twice the standard 
deviation of duplicate sample measurements. The total ligand con-
centration was 150 mM; 0.01 M NaClO4; solid conc. 13 g/L,
[MOPS] = 5 mM. Reprinted from Kraemer et al. (1999) Geochim.
Cosmochim. Acta 63, 3003–3008, with permission from Elsevier.



its dissolution. Increasing the electrolyte concentration
results in a positive change of surface excess of
siderophores, and a decrease in the rate of Fe release. 
Irrespective of the counter anion coordinating properties
(i.e., ClO4

– or Cl–), DFO-B adsorption on goethite as af-
fected by the ionic strength followed a positive linear
function. Congruency between goethite net surface
charge and DFO-B surface excess in NaCl, but not 
NaClO4, medium substantiated the role of chloride as
promoter on DFO-B adsorption. Evidently, the presence
of Cl– affected the intrinsic affinity of siderophores for
iron (hydr)oxides surface. The negative salt effect on dis-
solution kinetics data was explained because ion-pairing
mechanism and the formation of Fe(DFO-B)(Cl) ternary
surface complexes.

An FTIR investigation of parabactin (a tricatecholate
siderophore) adsorbed on aluminum oxide films indi-
cated surface complexation through the hydroxyl groups
of catechol groups (Hansen et al, 1995). However,
presently there is little spectroscopic evidence available
that allows an unambiguous elucidation of siderophore
surface complexes. 

The kinetics of siderophore-controlled 
dissolution of goethite

The dissolution rates of goethite in the presence of DFO-
B have been investigated by Kraemer et al., 1999; Co-
cozza et al., 2002, and Cheah et al., 2003. Cheah et al.,
2003, have observed a linear relationship between the
surface excess of siderophores and dissolution rates.
They concluded that siderophore-controlled dissolution
is surface-controlled and can be described by the rate law
Equation 6. 

The rate law of ligand-controlled dissolution (Eq. 6)
states that the favorable thermodynamic stability and sur-
face concentration of the surface complex combined with
its kinetic lability are essential for the efficient accelera-
tion of the dissolution reaction. Both factors need to be
taken into account when comparing ligand-controlled
dissolution kinetics in the presence of siderophores and
other ligands (Table 2). Goethite dissolution rate con-
stants in the presence of oxalate and EDTA are one order
of magnitude lower compared to rate constants of DFO-B
and DFO-D1-promoted dissolution. However, similar dis-
solution rates are observed at equal or lower dissolved 
oxalate or EDTA concentrations compared to siderophore
concentrations. This is illustrated by comparing calcu-
lated “far from equilibrium” goethite dissolution rates in
the presence of oxalate and DFO-B as a function of the
soluble ligand concentrations (Fig. 8). At equimolar dis-
solved concentrations, oxalate is more effective then
DFO-B in promoting goethite dissolution. The reason for
the efficiency of the non-siderophore ligands is the higher

surface excess of adsorbed oxalate and EDTA at similar
soluble concentrations. Kraemer et al. (1999) have ob-
served a maximum surface excess of DFO-B of 0.43 ¥ 10–7

mole ¥ m–2 compared to a maximum surface excess of
oxalate and EDTA of 11 ¥ 10–7 mole ¥ m–2 and 19 ¥ 10–7

mole ¥ m–2 respectively (Cheah et al., 2003; Nowack and
Sigg, 1996). As discussed above, the reason for the lim-
ited adsorption of DFO-B and DFO-D1 on goethite is still
uncertain. This illustrates the need of spectroscopic in-
formation on the surface speciation of siderophores in or-
der to get a full understanding of siderophore-controlled
iron oxide dissolution as part of biological iron acquisi-
tion strategies. 

Cervini-Silva and Sposito (2002) have investigated
the effect of isomorphous Al substitution (2.6–10 mol%
Al) on goethite dissolution rates in the presence of DFO-B,
oxalate, and in 6 M HCl respectively. They found that 
increasing level of Al substitution lead to decreasing pro-
ton-promoted dissolution rates, increasing siderophore-
controlled dissolution rates, and had no effect on oxalate-
controlled dissolution. Incongruent dissolution due to
preferential release of Al was observed in proton- and ox-
alate-promoted dissolution. Dissolution in the presence
of DFO-B was approximately congruent. An increase of
goethite dissolution with increasing Al substitution has
also been observed in the presence of siderophore pro-
ducing bacteria (Maurice et al., 2000). Cervini-Silva and
Sposito (submitted, b) compared the dissolution rates of
goethite and hematite in the presence DFO-B, DFO-D1,
and DFOMTA at neutral pH. DFOMTA[N-(2,3-dihy-
droxy-4-(methylamido)benzoyl)desferrioxamine B], is a
derivative of DFO-B prepared by attaching a catecholate
group to the free amine group (Fig. 1). The molecular
structure of siderophores influences the rate of dissolu-
tion of iron (hydr)oxides at circumneutral pH. Dissolu-
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Figure 8. Calculated ligand-controlled dissolution rates of
goethite as a function of soluble oxalate or DFO-B concentrations
‘far from equilibrium’ (i.e. assuming that the solution is strongly
under saturated with respect to goethite). Rates were calculated 
using Equation 7. Ligand surface excesses were calculated using a
Langmuir isotherm. Langmuir parameters and rate constants from
Cheah et al., 2003. pH = 5.



tion kinetics data indicate that the order of reaction with
respect to siderophore concentration becomes increas-
ingly positive as the residual charge throughout the
siderophore molecules becomes increasingly negative. A
linear correlation found among the dissolution of
hematite and goethite by DFOMTA, DFO-B, and DFO-
D1 points to a common mechanism for Fe complexation
as the controlling step during siderophore-promoted dis-
solution.

Hersman et al., 1995, observed hematite dissolution
rates at pH 3 in the presence of 240 µM of a pseudobactin
type siderophore. They found that the siderophore-con-
trolled dissolution rates were lower than oxalate-pro-
moted or ascorbate-promoted dissolution rates at ligand
concentrations of 1 mM respectively. A study of goethite
and ferrihydrite dissolution rates in the presence of the
marine siderophore biscaberin (produced by Alteromonas
haloplanktis) in artificial seawater was conducted by
Yoshida et al., 2002. Interestingly, they found higher sur-
face area based dissolution rates for goethite compared to
ferrihydrite over the pH range 4–8 at equal siderophore
concentrations. However, mass based dissolution rates
were higher for ferrihydrite compared to goethite due to
the higher surface area of ferrihydrite. For both ferrihy-
drite and goethite dissolution rates decreased with in-
creasing pH.

Dissolution rates of hornblende and kaolinite by
DFO-B have been measured by Kalinowski et al., 2001,
and Rosenberg and Maurice, 2003. The observed rates
vary by more then two orders of magnitude. The lower
dissolution rates form kaolinite compared to hornblende
was attributed to the low iron content of the clay mineral
(Rosenberg and Maurice, 2003). DFO-B enhanced the re-
lease of Fe, Si, and Al from hornblende and kaolinite.
Both groups have concluded that ligand-promoted disso-
lution is surface-controlled.

The ability of phytosiderophores to dissolve iron 
oxides has been verified previously (Hiradate and In-
oue, 1998a, b; Inoue et al., 1993). It was found that mug-

ineic acid (see Fig. 1) can solubilize iron within 4 hours
reaction time from various iron oxides in the order fer-
rihydrite >> lepidocrocite ≥ goethite = hematite. How-
ever, information on dissolution rates and the mecha-
nisms of phytosiderophore-controlled dissolution is not
available.

A number of studies have dealt with the dissolution of
iron-bearing minerals in bacterial and fungal cultures or
in the rhizosphere of plants. Examples include the disso-
lution of hematite, goethite, Al-substituted goethite, ferri-
hydrite, and kaolinite in cultures of Pseudomonas men-
docina (Hersman et al., 1996, 2001; Maurice et al., 2000,
2001a, 2001b), the dissolution of hornblende by Strepto-
myces sp. and Arthrobacter sp. (Kalinowski et al., 2000;
Liermann et al., 2000), the dissolution of goethite by the
fungus Suillus granulatus (Watteau and Berthelin, 1994),
and the dissolution of iron sulfides, -phosphates, -oxides,
and iron-bearing silicates in the presence of Azotobacter
vinlandii (Page and Huyer, 1984). The interpretation of
these finding in terms of mineral surface chemical mech-
anisms is difficult. A number of kinetically controlled
processes influence iron and siderophore concentrations
in solution such as siderophore exudation, uptake, and
degradation, iron oxide dissolution, iron uptake and recy-
cling, microbial growth rates and so on. Several re-
searchers have therefore based their interpretation of bac-
terial iron acquisition on microbial growth rates and pop-
ulation sizes in the presence and absence of iron-bearing
minerals (Hersman et al., 1996, 2001; Maurice et al.,
2000, 2001a, 2001b). It is difficult to asses the effect of
bacterial growth media on mineral surface chemistry. For
example, high concentrations of phosphate in the nutrient
solution potentially inhibit siderophore-controlled disso-
lution (Bondietti et al., 1993). For a review of experimen-
tal approaches, see Kalinowski et al., 2000 and Hersman,
2000. Experiments involving bacterial cultures in the
presence of relevant iron pools are a necessary step to-
wards a full understanding of siderophore-controlled iron
acquisition in natural systems.
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Table 3. Siderophore-promoted dissolution rates of iron oxides and iron-bearing silicates in the presence of various siderophores.

Mineral Siderophore [L]total pH RL Reference
[mM] [mole ¥ m–2 ¥ h–1]

Hematite Pseudobactin 240 3 10 ¥ 10–9 Hersman et al., 1995
type

Ferrihydrite Biscaberine 0–12.9a 3.9–8.2 0.4 – 3.4 ¥ 10–9 b Yoshida et al., 2002

Goethite Biscaberine 0–12.9a 3.9–8.2 1.4 – 9.5 ¥ 10–9 b Yoshida et al., 2002

Hornblende DFO-B 24–240 7.2–7.5 14 – 40 ¥ 10–9 Lierman et al., 2000

Kaolinite DFO-B 240 3–7 ~ 0.1 ¥ 10–9 Rosenberg and Maurice, 2003

Al-substituted DFO-B 20–1000 5 0.07 – 30.5 ¥ 10–9 Cervini-Silva and Sposito, 2002
goethite

a Expressed as iron complexing capacity as measured by CAS-assay.
b In artificial seawater.



The effect of siderophores on the solution 
saturation state of iron oxides

A rate law describing the influence of the solution satura-
tion state on dissolution rates has been derived from the
activated complex theory and the law of detailed balanc-
ing (Aagaard and Helgeson, 1982; Lasaga, 1981). This
empirical rate law has been applied to ligand-controlled
dissolution of iron oxides (Kraemer and Hering, 1997):

DG
Rnet = S kLn[Ln]ads �1 – exp �8�� (8)

sRT

where S kLn[Ln]ads are the rates of ligand-controlled disso-
lution in the presence of the ligands L1 to Ln; DG is the
Gibbs free energy of reaction [kJ mole–1]; R is the gas
constant and T is the absolute temperature [K]. s has been
experimentally determined with s = 2 for ligand-con-
trolled dissolution of goethite (for a discussion of the
physical meaning of s, see Boudart and Djega-Mariadas-
sou, 1984; Temkin, 1971). 

The term f(DG) = [1 – exp(DG/2RT)] describes the ef-
fect of the solution saturation state (expressed as Gibbs
free energy of the dissolution reaction) on dissolution
rates. It reaches a constant value of unity far from equi-
librium (i.e. strong undersaturation / DG << 0). As equi-
librium is approached (DG = 0), f(DG) goes to zero (Fig.
9). The solution saturation state has little effect on net dis-
solution rates at DG < –8 kJ/mole since f(DG) > 0.9 and
the net rate of dissolution approximates the maximum
dissolution rates so that equation 8 simplifies to Equation
(7) ( Rnet ~ S kLn[Ln]ads). More then 50% of maximum dis-
solution rates are expected at DG < –3 kJ/mole.

The effect of siderophores on DG can be illustrated by
an example where the solution saturation state with re-
spect to goethite at pH = 8 and in the presence of dis-
solved concentrations of 10–7 M DFO-B or 10–3 M oxalate
is shown as a function of total dissolved iron concentra-

tions (Fig. 10). Oxalate has little effect on the solubility
of goethite at pH 8 (compare with Figs. 3 and 4). There-
fore, the solution is over-saturated with respect to
goethite at iron concentrations above 10–12 M and in the
presence of 1 mM oxalate. Due to its high affinity for
Fe(III), 10–7 M DFO-B essentially solubilizes equimolar
concentrations of Fe(III) in equilibrium with goethite
(i.e., DG = 0) at pH 8.

An important result of this model calculation is that
an excess of 10 nM dissolved DFO-B over the dissolved
iron concentration is sufficient to decrease DG to below
–8 kJ/mole, minimizing the effect of the solution satura-
tion state on dissolution rates. An excess of only 0.1 nM
DFO-B is needed to decrease DG to below –3 kJ/mole. In
other words, only minute excess concentrations in the or-
der of several nM of the siderophore in solution are
needed to provide sufficient Gibbs free energy to drive
any ligand-controlled dissolution mechanism, including
those involving non-siderophore ligands. Such a disequi-
librium can be attained if siderophore exudation rates ex-
ceed the iron oxide dissolution rates.

Experimental evidence of this function of sidero-
phores is provided by Cheah et al., 2003, where it was
shown that the presence of siderophores in the micro mo-
lar concentration range reduced the Gibbs free energy
sufficiently to accelerate an oxalate-controlled dissolu-
tion mechanism at pH 5. This is of great importance as
oxalate and other low molecular weight organic ligands
are ubiquitous in soil systems. However, in the alkaline
pH-range, adsorption of non-siderophore ligands usually
decreases with increasing pH. For example, oxalate will
have little effect on dissolution rates at pH 8 due to its low
affinity for adsorption at this pH. However, humic and
fulvic substances as well as biogenic exudates have func-
tional groups which can impart significant affinity for
sorption above pH 8 (e.g. citrate (Filius et al., 1997)).

Conceptually the effect of siderophore ligands on iron
oxide dissolution is twofold: 1) adsorbed siderophores
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Figure 9. Effect of solution saturation state (expressed as Gibbs
free energy change of reaction) on dissolution rates using Equation
8. At low DG, dissolution rates are approaching constant maximum
rates. At DG = 0, dissolution rates are zero.

Figure 10. Calculated effect of 10–7 M DFO-B or 10–3 M oxalate
on the solution saturation state with respect to goethite as a function
of the soluble Fe(III) concentration. pH = 8.



accelerate iron oxide dissolution by ligand-controlled
dissolution mechanisms; 2) low free dissolved sidero-
phore concentrations accelerate any ligand-controlled (or
proton-promoted) dissolution mechanism by influencing
the Gibbs free energy of the dissolution reaction.

The relative importance of both effects needs to be
evaluated in light of the range of siderophore concentra-
tions in natural systems. Assuming a dissolved hydroxa-
mate siderophore concentration of 10–7 M in soils (Pow-
ell et al., 1980) and taking DFO-B as prototypical
siderophore, the estimated surface excess of adsorbed
siderophores on goethite surfaces is 7 ¥ 10–10 [mole ¥
m–2] based on adsorption isotherm data published by
Cheah et al., 2003. The calculated dissolution rate corre-
sponding to this surface excess at pH = 5 is 1 ¥ 10–11

[mole ¥ m–2 ¥ h–1], and therefore more then an order of
magnitude slower then proton-promoted dissolution rates
at the same pH (see Table 2). As noted earlier, siderophore
concentrations in oligotrophic environments such as the
marine system are even lower then the concentrations
used for this calculation. However, oxalate and other low-
molecular weight organic ligands are ubiquitous in soils
and are usually found at micromolar to milimolar con-
centrations (Jones, 1998; Strobel, 2001). As pointed out
by other authors (Casey and Holmen, 1996; Cocozza et

al., 2002) hydroxamate ligands are surprisingly ineffi-
cient in accelerating goethite dissolution by ligand-con-
trolled dissolution mechanisms. Therefore it seems likely
that a central function of microbial siderophores in olig-
otrophic environments is to increase the solubility of iron
oxides and to facilitate other dissolution mechanisms by
lowering the solution saturation state. However, a full un-
derstanding of the role of siderophores in increasing iron
oxide solubility and promoting dissolution in a natural
system also requires the consideration of various
processes and their rates such as exudation rates, uptake
rates, and degradation rates, as well as loss of
siderophores by adsorption on other mineral surfaces,
partitioning into humic substance, and complexation of
metals other then iron.

Conclusions and future challenges

Batch and steady state dissolution experiments have
demonstrated that siderophores have a pronounced effect
on the solubility and the dissolution kinetics of iron-bear-
ing minerals. The relevance of these observations is vali-
dated by microbial culture experiments which indicate
that microorganisms use the high affinity iron acquisition
system to increase the bioavailability of iron from pure
and substituted iron oxides of varying crystallinities and
from iron-bearing silicates.

Siderophores promote iron oxide dissolution by a 
direct surface-controlled mechanism and by facilitating
proton-promoted or other ligand-promoted dissolution
mechanisms. The present knowledge of siderophore 
adsorption and siderophore-promoted dissolution mech-
anisms is based on observations involving a small num-
ber of siderophore analogs and siderophores. The best
studied siderophore is DFO-B, owing to its commercial
availability. The widespread use of DFO-B in solution
chemical investigations, adsorption, and dissolution stud-
ies make it a useful reference siderophore. However, it 
is difficult to estimate to what extent DFO-B represents
the full spectrum of the approximately 500 known
siderophore structures. Investigations involving other
siderophores usually requires the time consuming exer-
cise of isolating them from iron-limited microbial cul-
tures or plant exudates. Therefore it will be a challenging
task to extend the range of dissolution studies to a few
more “prototypical” siderophore structures.

Adsorption of siderophores at mineral surfaces is a
necessary first step in surface-controlled siderophore-
promoted dissolution. It also constitutes a loss of
siderophore from the solution and therefore decreases 
the effect of siderophores on iron solubility. Both factors
are important for understanding high affinity iron acqui-
sition systems in soils and aquatic systems. Detailed 
studies on monohydroxamate adsorption and surface 

Aquat. Sci. Vol. 66, 2004 Review Article 15

Table 4. Thermodynamic formation constants, corrected to zero
ionic strength with the Davies equation. T = 298.15 K. 

Reaction log K

DFO-B3– + H+ = HDFO-B2– 11.45a

DFO-B3– + 2 H+ = H2DFO-B – 21.44a

DFO-B3– + 3 H+ = H3DFO-B 30.62 a

DFO-B3– + 4 H+ = H4DFO-B+ 38.94a

HDFO-B2– + Fe3+ = FeHDFO-B+ 32.02a

FeDFO-B + H+ = FeHDFO-B+ 10.40a

FeHDFO-B+ + H+ = FeH2DFO-B2+ 0.68a

FeDFO-B +H+ = FeHDFO-B+ 10.40a

MugAc–4 + H+ = HMugAc–3 17.98c

HMugAc–3 + H+ = H2MugAc–2 10.51c

H2MugAc–2 + H+ = H3MugAc– 8.38c

H3MugAc– + H+ = H4MugAc 3.45 c

H4MugAc + H+ = H5MugAc+ 2.76b

H5MugAc+ + H+ = H6MugAc+2 2.17b

MugAc–4 + Fe3+ = FeMugAc – 35.74c

HMugAc–3 + Fe3+ = FeHMugAc 19.69 c

C2O4
–2 + H+ = HC2O4

– 4.266a

HC2O4
–2 + H+ = H2C2O4

– 1.25a

C2O4
–2 + Fe+3 = Fe(C2O4)+ 9.33a

2 C2O4
–2 + Fe+3 = Fe(C2O4)2

2– 16.05a

3 C2O4
–2 + Fe+3 = Fe(C2O4)3

–3 20.28a

Fe3+ + OH– = FeOH2+ 11.81a

Fe3+ + 2 OH– = Fe(OH)2
+ 23.4a

Fe3+ + 4 OH– = Fe(OH)4
– 34.4a

2 Fe3+ + 2 OH– = Fe2(OH)2
4+ 25.14a

3 Fe3+ + 4 OH– = Fe3(OH)4
5+ 49.7a

a Martell et al., 1998.
b Sugiura et al., 1981.
c Murakami et al., 1989.



speciation on goethite have been very useful for the in-
terpretation of siderophore surface chemistry. However,
direct spectroscopic observations of siderophore surface
complexes are rare. Molecular level investigations of the
local bonding environment of siderophores at mineral
surfaces in combination with theoretical modeling are
needed to close this important gap in our mechanistic un-
derstanding of siderophore adsorption and sidero-
phore promoted dissolution. 

In natural terrestrial and aquatic systems iron oxides
are often coated with humic and fulvic acids, ex-
opolysaccharides (biofilms), or biogenic low molecular
weight organic acids. Inhibitory, competitive, or syner-
gistic effects of such substances on siderophore-con-
trolled iron acquisition need to be investigated.
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Spasojević, I., S. K. Amstrong, T. J.  Brickman and A. L. Crumbliss,
1999. Electrochemical behavior of the Fe(III) complexes of the
cyclic hydroxamate siderophores alcaligin and desferrioxamine
E. Inorg. Chem 38: 449–454.

Strobel, B. W., 2001. Influence of vegetation on low-molecular-
weight carboxylic acids in soil solution – a review. Geoderma
99: 169–198.

Sugiura, Y., H. Tanaka, Y. Mino, T. Ishida, N. Ota, M. Inoue, K.
Nomoto, H. Yoshioka and T. Takemoto, 1981. Structure, prop-
erties, and transport mechanism of iron(III) complex of mug-
ineic acid, a possible phytosiderophore. J. Am. Chem. Soc. 103:
6979–6982.

Sverjensky, D. A., 1994. Zero-point-of-charge prediction from crys-
tal-chemistry and salvation theory. Geochim. Cosmochim.
Acta 58: 3123–3129.

Takagi, S. I., 1976. Naturally occurring iron-chelating compounds in
oat-root and rice-root washings. 1. Activity measurement and
preliminary characterization. Soil Sci. Plant Nutr. 22: 423–433.

Telford, J. R. and K. N. Raymond, 1996. Molecular recognition: Re-
ceptors for cationic guests. In: J. Atwood, J. E. D Davies, D. D.
MacNicol and F. Voegtle (eds.), Comprehensive macromolecu-
lar chemistry, Elsevier Science, Oxford, pp. 245–266.

Temkin, M. I., 1971. The kinetics of steady-state complex reactions.
Intern. Chem. Eng. 11: 709–717.

Trolard, F. and Y. Tardy, 1987. The stabilities of gibbsite, boehmite,
aluminous goethites and aluminous hematites in bauxites, fer-
ricretes and laterites as a function of water activity, temperature
and particle size. Geochim. Cosmochim. Acta 51: 945–957.

van den Berg, C. M. G., 1995. Evidence for organic complexation
of iron in seawater. Mar. Chem. 50: 139–157.

Vasudevan, D. and A. T. Stone, 1996. Adsorption of catechols, 
2-aminophenols, and 1,2-phenylenediamines at the metal
(hydr)oxide/water interface: Effect of ring substituents on the
adsorption onto TiO2. Environm. Sci. Technol. 30: 1604–1613.

Vasudevan, D. and A. T. Stone, 1998. Adsorption of 4-nitrocatechol,
4-nitro-2-aminophenol, and 4-nitro-1,2-phenylenediamine at
the metal (hydr)oxide/water interface: Effect of metal (hydr)ox-
ide properties. J. Colloid Interf. Sci. 202: 1–19.

Voelker, C. and D. A. Wolf-Gladrow, 1999. Physical limits on iron
uptake mediated by siderophore or surface reductases. Mar.
Chem. 65: 227–244.

Watteau, F. and J. Berthelin, 1994. Microbial dissolution of iron and
aluminum from soil minerals – efficiency and specificity of 
hydroxamate siderophores compared to aliphatic acids. Europ. 
J. Soil Biol. 30: 1–9.

Wehrli, B., E. Wieland and G. Furrer, 1990. Chemical mechanics in
the dissolution kinetics of minerals; the aspect of active sites.
Aquatic Sciences 1: 3–31.

Wieland, W., B. Wehrli and W. Stumm, 1988. The coordina-
tion chemistry of weathering: III. A generalization on the dis-
solution rates of minerals. Geochim. Cosmochim. Acta 52:
1969–1981.

Wilhelm, S. W., 1995. Ecology of iron-limited cyanobacteria: A 
review of physiological responses and implications for aquatic
systems. Aquatic Microb. Ecol. 9: 295–303.

Wilson, T. R. S., 1975. In: J. P. Riley and G. Skirrow (eds.) Chemi-
cal Oceanography, Academic Press, London, pp. 365–414.

Winkelmann, G., 1992. Structures and functions of fungal sidero-
phores containing hydroxamate and complexone type iron
binding ligands. Mycol. Res. 96: 529–534.

Witter, A. E. and G. W. Luther, 1998. Variation in Fe-organic com-
plexation with depth in the Northwestern Atlantic Ocean as 
determined using a kinetic approach. Mar. Chem. 62: 241–258.

Wu, J. F. and G. W. Luther, 1995. Complexation of Fe(III) by natural
organic-ligands in the northwest Atlantic-ocean by a competi-
tive ligand equilibration method and a kinetic approach. Mar.
Chem. 50: 159–177.

Yoshida, T., K. Hayashi and H. Ohmoto, 2002. Dissolution of iron 
hydroxides by marine bacterial siderophore. Chem. Geol. 184:
1–9.

Zhuang, G., R. A. Duce and D. R. Kester, 1990. The Dissolution of
Atmospheric Iron in Surface Seawater of the Open Ocean. J.
Geophys. Res. 95: 16207–16216.

Zinder, B., G. Furrer and W. Stumm, 1986. The coordination chem-
istry of weathering. 2. Dissolution of Fe(III)oxides. Geochim.
Cosmochim. Acta 50: 1861–1869.

18 S. M. Kraemer Iron oxide dissolution in the presence of siderophores


