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Abstract

In this mini-review we describe selected aspects of the coordination chemistry relevant to siderophore mediated
iron transport and bioavailability. Specific emphasis is placed on a discussion of in vitro kinetic and thermodynamic
data that are relevant to elucidating possible in vivo mechanisms for environmental iron acquisition by microbial
cells.

Introduction

Microbial iron bioavailability is largely controlled
by the presence of chelating agents that are able to
solubilize environmental iron hydroxides and main-
tain the soluble iron concentration in an optimal do-
main for cell growth. These chelating agents, called
siderophores, are synthesized by bacteria and other
microbes to overcome the low iron availability result-
ing from the minimal solubility of iron hydroxides.
Siderophores selectively acquire and mediate iron
transport and deposition inside the cell (Figure 1). The
overall scheme of siderophore mediated iron uptake is
reasonably well defined (Winkelmann 1991; Winkel-
mann & Carrano 1997; Sigel & Sigel 1998). However,
the molecular level mechanism of many steps remains
unclear, such as the nature of the specific recognition
of Fe(III)-siderophore complexes by cell membrane
receptors, the successive events leading to siderophore
complex introduction inside the cell, and the mecha-
nism of iron release inside the cell from its extremely
stable siderophore complex. In addition, less than 10%
of the total cellular iron present inside the cell is in a
well defined form; the remaining quantity is present in
forms poorly defined and remains to be characterized
(Matzanke et al. 1991; Braun et al. 1998).

Siderophore chelation properties and the parame-
ters affecting the stability of Fe(III)-siderophore com-
plexes are determining factors for iron transport, as
they influence iron binding, complex recognition by
cell membrane receptors and iron release inside the
cell. We present here a discussion of the mechanism
of iron chelation and release directly related to the
coordination chemistry of siderophores. The effect of
ligand structure, speciation, pH and the presence of
competing Fe(II) chelators on the redox potentials of
iron-siderophore complexes will be addressed and a
possible mechanism of iron release from a siderophore
complex inside the cell through a redox process will
be discussed. This presentation is largely centered
on literature reports and previously unpublished data
from our laboratory. Readers are directed elsewhere
for a more comprehensive review of the relevant liter-
ature (Winkelmann 1991; Raymond & Telford 1995;
Telford & Raymond 1996; Albrecht-Gary & Crum-
bliss 1998; Sigel & Sigel 1998; Albrecht-Gary &
Crumbliss 1999).

Iron solubilization

The environmental aqueous chemistry of iron is
largely determined by the low solubility of its hydrox-
ide species. Under aqueous aerobic conditions iron is
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Figure 1. Schematic representation of siderophore mediated ac-
quisition of environmental iron by microbial cells, involving: (i)
siderophore ligand synthesis and release by the cell; (ii) Fe3+ ion
recognition and complexation; (iii) diffusion to the cell surface, (iv)
siderophore complex molecular recognition by cell surface receptor;
(v) iron release to the cell interior

stabilized in the 3+ oxidation state. In the absence of
organic or inorganic chelators the total amount of solu-
ble iron in aqueous solution is limited by the solubility
of iron hydroxide species as described in Equation 1.
At pH 7.4 and in the absence of chelating ligands the
total amount of soluble iron (Fe3+

(aq) + Fe(OH)2+
(aq) +

Fe(OH)+2(aq)) is as low as 10−10 M.

Fe(OH)3(s)
Ks3-i� Fe(OH)i+3-i(aq) + iOH−

(aq) (1)

In order to overcome the iron solubility problem mi-
crobes produce siderophores, which can solubilize
iron hydroxides or acquire iron weakly bound to inor-
ganic ligands or other organic chelating agents through
ligand exchange reactions. In order to efficiently cap-
ture Fe(III) chelated by other ligands, siderophores
must have a higher affinity for Fe(III). The solubiliz-
ing properties of siderophores can be expressed as a
function of their binding affinity for Fe(III) and the pH
domain according to Equations 2 and 3, where Ksol is

Fe(OH)3(s) + HySid
Ksol� Fe-Sid + (y − 3)H+ + 3H2O

(2)

Log(Ksol) = LogKFe−sid + Log(KFeOH)

−3Log(Kw)− Log(αsid )− 3pH (3)

the iron solubilization constant, KFe-sid the overall
stability constant for the iron siderophore complex,
KFeOH = 10−38.6 is solubility constant for iron hy-
droxide, Kw = 10−14 is the water hydrolysis constant
and αsid is defined as shown in Equation 4, where
KHnsid are the siderophore deprotonation constants.

αSid = 1 + KHsid[H+] + KHsidKH2sid[H+]2

+...+ KHsid...KHnsid[H+]n (4)

The values of Ksol increase as the affinity of the
siderophore for iron increases. Log(Ksol) should be
positive in order to effectively solubilize iron hydrox-
ides. Representative thermodynamic data in Table 1
demonstrate that natural siderophores can efficiently
solubilize iron hydroxide and consequently increase
iron bioavailability. For example, desferrioxamine B
and enterobactin have log(Ksol) values of 6.83 and
14.62 respectively. However, data in Table 1 are cal-
culated by assuming saturation of the six iron coor-
dination sites by the siderophore. Partially protonated
or hydroxo containing species that can form at low
or high pH regimes generally have a lower stability
constant and the ability of the siderophore to solu-
bilize iron hydroxides is decreased. Although most
siderophores have Ksol values favoring iron solubiliza-
tion, the effective rate of siderophore assisted iron
solubilization can be very slow and will depend on
the structure of the iron containing mineral and the
siderophore. Recent investigations of a siderophore’s
ability to solubilize iron hydroxides show that they
can effectively sequester iron adsorbed on different
mineral oxides as well as solubilize iron hydroxides
(Hersman et al. 1996). More detailed discussions
of siderophore interactions with mineral oxides and
solid surfaces are presented in the specialized litera-
ture (Hersman et al. 1995; Hersman 2000; Maurice
et al. 2001).

Siderophore structure

There are almost 500 compounds identified as
siderophores. Siderophores are defined as low mole-
cular weight organic chelators with a very high and
specific affinity for Fe(III). Their function is to me-
diate iron uptake by microbial cells. The selectivity
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Table 1. Thermodynamic parameters for iron selected siderophore and synthetic siderophore complexes.

Siderophores Log (βIII)a Log (βII)b E1/2 (mV) pFec Log(Ksol)
d Reference

(vs NHE)

Enterobactin 49 23.91 −750 35.5 14.62 (Cooper et al. 1978; Percora et al. 1983;

Lee et al. 1985; Loomis & Raymond 1991)

Pyoverdin 30.8 9.78 −510 27 6.97 (Albrecht-Gary et al. 1994)

Ferrichrome A 32.0 9.91 −440 25.2 5.45 (Anderegg et al. 1963; Wawrousek & McArdle 1982;

1982; Wong et al. 1983)

Ferrioxamine E 32.5 11.16 −477 27.7 7.87 (Anderegg et al. 1963; Spasojević

et al. 1999)

Ferrioxamine B 30.6 10.29 −468 26.6 6.83 (Bickel et al. 1960; Schwarzenbach

& Schwarzenbach 1963; Cooper et al. 1978;

Helman & Lawrence 1989; Spasojević et al. 1999)

Aerobactin 22.5 4.86 −336 23.3 3.67 (Harris et al. 1979)

Alcaligin 64.6 22.6 −446 16.57 (Hou et al. 1996;

32.3e 12.3e 23.0 8.28 Spasojević et al. 1999)

Rhodotorulic acid 62.3 21.1 −359 15.20 (Carrano et al. 1979;

31.2e 10.6e 21.8 7.6 Spasojević et al. 1999)

Aceto 28.29 11.2 −293 12.5 3.68 (Wirgau et al. 2002;

Hydroxamic acid Martell & Smith 1974, 1975, 1976,

1977, 1982, 1989)

N-methylaceto 29.4 11.2 −348 16.2 6.87 (Spasojević et al. 1999; Martell

Hydroxamic acid & Smith 1974, 1975, 1976

1977, 1982, 1989)

L-lysine 16.1 3.4 −214 7.1 −2.26 (Wirgau et al. 2002)

Hydroxamic acid

Tiron 46.3 >26.3 <−450 20.94 (Schwarzenbach and Willi 1951;

Novicova & Novikov 1981)

aOverall stability constant at 25 ◦C for complexation of Fe(H2O)3+
6 by the fully deprotonated ligand; represents β110 for the hexaden-

tate ligands, β230 for the tetradentate ligands and β130 for bidentate ligands.
bOverall stability constant at 25 ◦C for complexation of Fe(H2O)2+

6 by the fully deprotonated ligand; represents β110 for the hexaden-

tate ligands, β230 for the tetradentate ligands and β130 for bidentate ligands. Calculated from Equation 11 where E0
aq = 732 mV

(Fe(H2O)3+
6 /Fe(H2O)2+

6 couple in 1 M HClO4).
c−log[uncomplexed Fe3+

aq ] at pH 7.4, 1 µM total Fe3+ and 10 µM total ligand.
dCalculated from Equation 3.
eStability constant per Fe atom.

of siderophores for Fe(III) is achieved through opti-
mal selection of metal binding groups, the number
of binding units, and their stereochemical arrange-
ment. Siderophores incorporate hydroxamate, cate-
cholate and/or α-hydoxycarboxylic acid binding sub-
units arranged in different architectures (linear, tripo-
dal, endocyclic or exocyclic).

Denticity is an important factor in siderophore ar-
chitecture. Most siderophores are hexadentate, the
optimal denticity to satisfy the six coordination sites
on Fe(III). However, tetradentate siderophores are also
produced by microbes to acquire Fe(III) where multi-
metallic assemblies may be formed to ensure full iron

coordination. Data in Table 1 show an enhancement
in complex stability for catecholate and hydroxamate
ligands with high denticity. In addition to a denticity
effect, ligand architectures which may facilitate pre-
organization for iron binding will also affect complex
stability. Cyclic structures such as ferrioxamine E and
alcaligin show a higher Fe(III) affinity compared to
their linear analogues ferrioxamine B and rhodotorulic
acid respectively (Figure 2; Table 1).

Ligand denticity also induces a concentration ef-
fect which favors ligands with high denticity as de-
scribed by Equation 5 for a bidentate ligand (A) and
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Figure 2. Representative siderophore structures with hydroxamic
acid and catechol Fe(III) chelating moieties which illustrate linear,
endocyclic, exocyclic, hexadentate and tetradentate architectures.

Equation 6 for a hexadentate ligand (L).

[A−] =
{

[FeA3]
[Fe3+

aq ]β130

}1/3

(5)

[L3−] =
{

[FeL]
[Fe3+

aq ]β110

}
(6)

The concentration effect can be illustrated by compar-
ing the free ligand concentration required to establish
a given ratio between the complexed and free iron
in solution. For example, the bidentate acetohydrox-
amic acid concentration (log β130 = 28.4 in Equa-
tion 5) (Martell & Smith 1974, 1975, 1976, 1982,
1989) needs to be 1018 higher than ferrioxamine B
(log β110 = 30.6 in Equation 6) (Schwarzenbach
& Schwarzenbach 1963) to achieve a 103/l ratio be-
tween the complexed and uncomplexed form of Fe(III)
(Albrecht-Gary & Crumbliss 1998).

Hexadentate siderophores

Most hexadentate siderophores are based on hy-
droxamate and/or catecholate binding subunits and
have a very high affinity for Fe(III), discriminating
against Fe(II). Desferrioxamine B (Figure 2) with

three hydroxamate units achieves full iron coordina-
tion (Dhungana et al. 2001). Its affinity for Fe(III) is
log βFe(III)

110 = 30.6 (Schwarzenbach & Schwarzenbach
1963), which is 20 orders of magnitude higher than
for Fe(II) (log βFe(II)

110 = 10.0) (Cooper et al. 1978;
Helman & Lawrence 1989; Spasojević et al. 1999).
The affinity of desferrioxamine E for Fe(III) is two or-
ders of magnitude higher than desferrioxamine B (Log
β

Fe(III)
110 = 32.5 (Anderegg et al. 1963; Konetschny-

Rapp et al. 1992) and it also has a lower binding affin-
ity for Fe(II) (log βFe(II)

110 = 12.1) (Spasojević et al.
1999). The increase in the stability constant of Fe(III)-
desferrioxamine E over Fe(III)-desferrioxamine B is
attributed to a macrocycle effect resulting from lig-
and preorganisation for iron binding in the case of
ferrioxamine E (Figure 2).

Hexadentate siderophores have a much higher
affinity toward Fe(III) binding than their bidentate ana-
logues. Both ligands form fully coordinated Fe(III)
complexes at neutral pH and their log βFe(III) val-
ues are relatively similar (for example: log βFe(III)

110 =
30.6 for ferrioxamine B and log β

Fe(III)
130 = 28.29

for N-methyl acetohydroxamic acid; Table 1). How-
ever, since log β values describe equilibria with the
fully deprotonated siderophore, comparison of these
values does not take into account competition from
H+ arising from the pH of the medium. Furthermore,
since β values are based on concentration measure-
ments, the units for different denticities vary and
therefore are not directly comparable. Consequently,
direct comparison of these β values does not assess
the difference in these ligands’ respective affinity for
Fe(III) at ambient conditions. Comparison of pFe val-
ues (-log[uncomplexed Fe3+

aq ] at pH 7.4, 1 µM total

Fe3+ and 10 µM total ligand) gives a better evaluation
of the differences in ligand affinity for iron (Raymond
et al. 1984). Ferrioxamine B with a pFe value of 26.6
has a much higher affinity for iron compared to N-
methylacetohydroxamic acid, with a pFe value of 16.2
(Table 1). An enhancement in the binding affinity is
also observed for catecholate as we compare hexaden-
tate enterobactin with a pFe value of 35 to a simple
bidentate catecholate ligand like tiron with a pFe value
of 20.9 (Table 1). In general hexadentate siderophores
have a much higher affinity for Fe(III) compared to
tetradentate siderophores, which have a higher iron
affinity compared to bidentate siderophores (Table 1)
(Albrecht-Gary & Crumbliss 1998).
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Figure 3. Speciation of tetradentate di-hydroxamic acid complexes of Fe(III) present in aqueous solution at variable Fe(III)/ligand ratios
and pH as determined by electrospray ionization mass spectrometry. Examples of cyclic and linear ligand architectures are presented
(coordinated H2O not shown in figure): alcaligin (H2LAG); rhodotorulic acid (H2LRA); CH3N(OH)C(O)(CH2)8C(O)N(OH)CH3 (H2L8);
CH3N(OH)C(O)(CH2)2C(O)N(OH)CH3 (H2L2). Figure adapted from (Spasojević et al. 2001) and used with permission

Tetradentate siderophores

This class of siderophores differs from their hexaden-
tate analogues since a single molecule cannot achieve
full Fe(III) coordination saturation. Rather, two or
three molecules of the ligand (H2L) assemble to sat-
isfy the six iron coordination sites, giving species
of variable stoichiometry (e.g., Fe2L3, FeL(LH),
Fe(LH)3, FeL(OH2)+2 , Fe2L2(OH2)2+

4 , etc) depending
on the ligand architecture, metal to ligand ratio and the
pH domain (Figure 3) (Spasojević et al. 2001). The
best characterized tetradentate siderophores are alcali-

gin and rhodotorulic acid (Figure 2). In 1:1 ligand to
iron ratio, alcaligin, a cyclic siderophore, unambigu-
ously forms a monomeric complex, FeLAG(H2O)+2
(Spasojević et al. 2001). The alcaligin ligand is pre-
organized to form monomeric complexes, as demon-
strated by X-ray crystal structures of the iron-free
ligand and its complex (Hou et al. 1996, 1998). The
linear structure of rhodotorulic acid is suitable for the
formation of both monomeric and dimeric complexes
with Fe(III). An electrospray ionization mass spec-
troscopy investigation of rhodotorulic acid complexes
showed that in 1:1 metal to ligand ratio the complex
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is exclusively monomeric (Caudle et al. 1994b; Spa-
sojević et al. 2001). The amide ring separating the
two hydroxamate units doesn’t add sufficient strain to
induce Fe(III) complex dimerization. Synthetic ana-
logues of the linear rhodotorulic acid siderophore
show that the distance between the hydroxamate units
should be shorter than six carbons to induce Fe(III)
complex dimerization (Caudle et al. 1994a, b; Spaso-
jević et al. 2001). The favored monomeric structure
of these tetradentate siderophores disfavors the forma-
tion of di-iron complexes that could potentially act as
redox catalysts in the production of reactive oxygen
species. Tetradentate siderophores form complexes of
the stoichiometry Fe2L3 at neutral pH and optimal lig-
and to metal ratio. However, when the ligand is present
in excess over iron, assemblies of the stochiometry
Fe(L)(LH) and Fe(LH)3 are also formed (Figure 3).
Tetradentate siderophores exhibit the same selectivity
for Fe(III) over Fe(II) as their hexadentate analogues
(Spasojević et al. 1999).

Cell receptor recognition

The low bioavailability of iron caused by the in-
solubility of iron hydroxides prevents the cell from
acquiring Fe(III) through diffusion to the cell interior
via porins. Due to their hydrophilic character, Fe(III)-
siderophore complexes cannot be transported through
the cell membrane by a simple diffusion process, and
consequently receptors are involved. In gram negative
bacteria the Fe(III)-siderophore complex is first cap-
tured at the cell surface by specific protein receptors,
followed by transport to the periplasmic space facil-
itated by the proton motive force of the periplasmic
space and an energy transduction provided by a func-
tional Ton system (Kadner 1990; Bradbeer 1993; Pos-
tle 1993; Larsen et al. 1996; Stojiljkovic & Sirinivasin
1997; Braun 1998; Braun et al. 1998; van der Helm
1998). The details of iron-siderophore complex recog-
nition by membrane receptors is still an open question,
but in some cases data are available which demonstrate
that ligand donor atom configuration around the metal
is important (Raymond & Carrano, 1979; Ferguson
et al. 1998; Clarke et al. 2000).

X-ray crystal structures of E. coli outer membrane
ferric siderophore receptors have recently been re-
ported for FhuA, a ferrichrome receptor, and FepA, an
enterobactin receptor (Ferguson et al. 1998; Locher
et al. 1998; Buchanan et al. 1999). These structures
show two distinct receptor domains, a β-barrel and

a N-terminal globular domain that serves as a ‘plug’
for the barrel, thus dividing the receptor into an outer
and inner compartment. The siderophore complex
in these receptors is apparently recognized by being
bound in the outer chamber through a combination of
H-bonding and van der Waals contacts. These inter-
actions involve oxygen groups coordinating iron and
also carbonyl groups from the amide group present
in the siderophore backbone. A crystal structure is
also available for FhuD, an E. coli periplasmic binding
protein which recognizes several ferric hydroxamate
siderophores, including ferrichrome and ferrioxamine
B (Clarke et al. 2000). Selected aspects of receptor
molecular recognition are modeled in our laboratory
for ferrioxamine B via second coordination shell host-
guest interactions and the formation of ionophore-
siderophore assemblies (Caldwell & Crumbliss 1998;
Spasojević & Crumbliss 1998, 1999; Trzaska et al.
2000, 2001).

Recent investigations of receptor mediated mem-
brane iron transport illustrate the complexity of the
overall process and the apparent significance of recog-
nition and binding of an iron-free siderophore to the
receptor. Schalk and co-workers found that the outer
membrane receptor FpvA in Pseudomonas aerugi-
nosa binds iron-free pyoverdin and that membrane
iron transport involves displacement of the apo-
siderophore by the Fe(III)-siderophore (Schalk et al.
1999, 2001, 2002). Raymond and co-workers describe
a shuttle mechanism for membrane iron transport in
Aeromonas hydrophila (Stintzi et al. 2000). Evidence
is given which demonstrates Fe(III) exchange between
a number of siderophore carriers and an outer mem-
brane receptor bound apo-siderophore, followed by
a receptor conformational change and transport of
the iron-siderophore complex into the cell. Its not
yet clear whether all membrane receptors bind the
apo-siderophore and if so what is the relevance of
the assembly formed. However, these results demon-
strate the complexity of the cell membrane recogni-
tion/transport process and the fact that the kinetics
of Fe(III)/ligand exchange or Fe(III) siderophore/apo-
siderophore-receptor assembly exchange processes
are important (Dhungana & Crumbliss 2001).

Ligand exchange kinetics

Once the siderophore complex is recognized at the
cell surface, the iron must eventually escape from
the chemical environment of the siderophore ligand.
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These ligand exchange reactions are usually slow
at in vitro conditions due to the very high binding
affinity and selectivity of siderophores toward Fe(III),
which ensures the in vivo acquisition of iron even
when its concentration is very low. Investigations of
the kinetics and the mechanism of iron reactivity in
solution cover a wide range of topics, such as the re-
activity of the hexaaqua (Fe(H2O)3+

6 ) and hydroxide
(Fe(H2O)5(OH)2+) species, iron binding to organic
and inorganic ligands, and ligand exchange between
iron complexes (Biruš et al. 1993; Albrecht-Gary &
Crumbliss 1998). Kinetic examination of H+ assisted
iron release from siderophore complexes provides data
necessary to formulate mechanisms by which these
assemblies form and dissociate. The first step in the
dissociation of iron siderophore complexes normally
involves the dissociation of a bidentate moiety (e.g.,
hydroxamate or catecholate) from the fully chelated
iron, which is relatively fast as a proton driven reaction
at low pH; t1/2 ∼= 2–5 ms (Monzyk & Crumbliss 1982;
Biruš et al. 1987; Boukhalfa et al. 2000; Boukhalfa
& Crumbliss 2000). This step represents the replace-
ment of one binding unit from the first coordination
shell of Fe(III) by water ligands. The lability of the
fully coordinated iron is an important factor in iron
release and exchange. Through the complex dechela-
tion process, vacant coordination sites on iron become
available, which further lowers the binding affinity of
the siderophore to iron and permits the formation of
ternary complexes which may facilitate further disso-
ciation of the siderophore complex (Boukhalfa et al.
2000; Boukhalfa & Crumbliss 2000, 2001).

Ferrioxamine B and ferrioxamine E ligand
dissociation kinetics

Ferrioxamines B and E (Figure 2) undergo proton
driven dissociation kinetics through a single path in-
volving successive dechelation reactions (Monzyk &
Crumbliss 1982; Biruš et al. 1987; Spasojević &
Crumbliss 2002). The first step in the dissociation
process involves a change in iron coordination from
hexacoordination to tetracoordination. The proton as-
sisted dissociation of one hydroxamate group from the
fully coordinated ferrioxamine B complex is relatively
fast, k1 = 3.8 × 102 M−1 s−1 (Monzyk & Crumb-
liss 1982; Biruš et al. 1987). The resulting complex
has two coordination sites occupied by two H2O lig-
ands. The further dissociation of the complex is much
slower; a subsequent proton driven step having a sec-
ond order rate constant k3 = 2.3 × 10−2 M−1 s−1.

The contrast between k3 and k1 demonstrates the high
lability for the hexacoordinated complex compared to
the tetracoordinated analogue. The dissociation oc-
curs as a single series of sequential steps involving
the dissociation of each hydroxamate unit. Further
dissociation of the bidentate complex leads to com-
plete Fe(III) release from the siderophore. The fi-
nal step in ligand dissociation has a rate constant
k4 = 5 × 10−4 M−1 s−1 which is much smaller
compared with the two preceding steps. This final
dissociation of the ferrioxamine complex is the re-
sult of a bidentate mono-hydroxamic acid dissociation
which follows a parallel path leading to the forma-
tion of hexaaqua iron, Fe(H2O)3+

6 and iron hydroxide,
Fe(H2O)5(OH)2+ (Monzyk & Crumbliss 1982; Biruš
et al. 1987).

Tetradentate ligand dissociation kinetics

Ligand dissociation from tetradentate siderophores
changes drastically compared to hexadentate sidero-
phores as a result of a change in the structure
of the complex and its lability. In contrast with
hexadentate siderophores, tetradentate siderophores
undergo multiple path dissociation mechanisms in-
volving different complex intermediates (Boukhalfa
& Crumbliss 2000). The nature of these interme-
diates and the dissociation path involved is depen-
dent on the siderophore complex and the pH domain.
The first step in the proton driven dissociation of
the tris(hydroxamato)iron(III) complex of alcaligin
(k3 = 1.5 × 102 M−1 s−1) and rhodotorullic acid
(k3 = 6.8 × 102 M−1 s−1) (Boukhalfa et al. 2000)
at 25 ◦C is relatively fast, making these complexes
very labile and comparable to the dissociation rate
observed for hexadentate siderophores (Monzyk &
Crumbliss 1982, Biruš et al. 1987; Boukhalfa et al.
2000). The resulting tetracoordinated complex is rela-
tively stable; the ligand dissociation in the following
step needs a drop in the pH at in vitro conditions
to <1! Iron dissociation from the alcaligin complex
Fe(LAG)H2O)+2 is extremely sluggish and proceeds
through ligand decomposition. Although tetracoordi-
nated Fe(III)-rhodotorulic acid (Fe(LRA)(H2O)+2 ) dis-
sociation is much more labile compared to alcaligin,
the kinetics remains slow and proceeds only at a very
acidic pH. However, the ligand dissociation kinetics
and exchange can be catalyzed by the presence of Cl−
ion in solution (Boukhalfa & Crumbliss 2001). Envi-
ronmental chloride ion binding to iron enhances lig-
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and exchange by increasing the ligand electron donor
capabilities in the first coordination sphere of Fe(III).

Redox facilitated ligand exchange

The stability constants of ferric siderophores are
among the highest measured for iron complexes. The
high stability of these complexes makes ligand ex-
change and iron release thermodynamically unfavor-
able and slow. As discussed above, high [H+] is
required for Fe(III)-siderophore dechelation, and even
when complex dissociation occurs in acidic pH the
rate of complete ligand dissociation remains rela-
tively slow (Boukhalfa et al. 2000). However, par-
tial dechelation of the complex to give open coor-
dination sites can be relatively fast as noted above.
The presence of free coordination sites on the iron
center decreases the Fe(III) binding constant of the
siderophore and facilitates the formation of ternary
complexes. The formation of ternary complexes is the
first step in a facilitated ligand exchanges process. This
exchange process may be further enhanced through
the reduction of ferric siderophore complexes to the
corresponding ferrous complexes. This assumes the
presence of agents able to reduce the ferric iron
siderophore complex to the ferrous form.

The redox potentials observed for most siderophores
are in the range from −350 mV to −750 mV/NHE
(Table 1), which places them out of the range of most
biological reducing agents like NADPH or NADH
(E = −320 mV/NHE). The very negative redox poten-
tials found for siderophores is the underlying reason
for the significant difference between their affinity
for Fe(III) and Fe(II) (Table 1). The difference in
siderophore affinity for ferric and ferrous iron is re-
lated to the difference in Fe(III) and Fe(II) Lewis acid
character that determines the interaction between the
ligand donor groups and the metal center. The fully hy-
drated form of iron (Fe(H2O)3+

6 ) undergoes Fe(III/II)
redox cycling at +770 mV/NHE. As a strong Lewis
acid, ferric ion prefers hexacoordination provided by
hard donor groups like oxygen containing anions. In
contrast, ferrous iron is a soft or borderline soft metal
center having more affinity toward polarizable ligands
often incorporating nitrogen donor groups. The redox
potential of stable Fe(II) complexes is usually shifted
to more positive values relative to the aquo ion.

Scheme 1 illustrates the reversible chelation and
redox processes involving the formation of the
siderophore complex and the redox equilibrium be-

Scheme 1

tween the two oxidation states of the iron-siderophore
complex. Equation 11, which may be derived from this
scheme, illustrates that the siderophore redox poten-
tial is determined by the difference in the siderophore
binding affinity for Fe(III) and Fe(II), where E0

aq is

EFeIII/IISid = E0
aq − 59.15Log

(
β

Fe(III)
110

β
Fe(II)
110

)
(11)

the redox potential for the hexaaquated iron (E0
aq =

+770 mV/NHE), and β
Fe(III)
110 and β

Fe(II)
110 are the

siderophore overall stability constants for Fe(III) and
Fe(II) chelation, respectively. Equation 11 may be
used to calculate the βFe(II)

110 values that are listed in
Table 1. Equation 11 shows that an increase in the
Fe(III)-siderophore stability constant relative to the
Fe(II)-siderophore stability constant results in a de-
crease of the redox potential to more negative values.
This also illustrates that the negative redox potential
for the siderophores may be a requirement for the se-
lectively of the siderophore chelator for Fe(III), since
most of the competing ions present in the environment
are in the +2 oxidation state.

Siderophores will facilitate environmental Fe(II)
oxidation in the presence of O2. This is evident
from the strongly negative redox potentials for Fe(III)-
siderophores and from Equation 11 which illustrates
that in the presence of O2, a Fe(II)-siderophore will be
readily oxidized to a Fe(III)-siderophore.

Parameters like pH, ligand denticity, and the pres-
ence of competing chelators can be very effective in
shifting the redox potential of iron-siderophore com-
plexes into the domain where the complex becomes
accessible to biological reducing agents. A discussion
of some of these factors follows.

pH effect on the redox potential of iron siderophore
complexes

The strong dependence of Fe(III)-siderophore re-
dox potentials on the pH is directly related to
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Figure 4. Cyclic voltammograms of ferrioxamine B in aqueous so-
lution as a function of pH: A, pH>4; B, 3<pH<4; C, pH<2.5.
Conditions: Glassy carbon working electrode of 0.02 cm2 sur-
face area, Ag/AgCl reference electrode, Pt auxiliary electrode,
ν = 60 mV/s, T = 25 ◦C, [ferrioxamine B] = 5 mM, I = 100 mM
(NaClO4/HClO4), pH adjusted by addition of NaOH or HClO4.

the pH dependence of their stability. Since all
siderophores and their iron complexes undergo pro-
tonation/deprotonation reactions, the redox potential
measured is strongly dependent on the pH domain
examined. The model described in Equations 7–11
considers the ligation and redox equilibria involving
the fully deprotonated siderophore and the hexaco-
ordinated iron complex. However, in the pH ranges
where the complex is present in solution as a mixture
of different protonated species the formal redox poten-
tital is expressed as a function of the concentrations
of different species present at that pH. As a result of
the lower stability of the protonated Fe(II)-siderophore
complexes that dissociate rapidly, qualitative consid-
eration of the equilibrium requirements of the Nernst
equation (Equation 12) shows that the effective so-
lution potential at which the Fe(III)-siderophore is
reduced occurs at a more positive potential when

Ef = E0
FeIII/IISid − 59.15Log

( [FeIIISid]
[FeIISid]

)
(12)

protonation occurs. That is, at a given solution po-
tential E, as [FeIISid] decreases due to proton driven
dissociation, more FeIIISid is reduced. The net result
is that protonation of the siderophore ligand facilitates
ligand dissociation and shifts the redox potential into
a region where the complex is more easily reduced.

Representative cyclic voltammograms of ferriox-
amine B obtained at different pH values are shown in
Figure 4 (Boukhalfa & Crumbliss). The data indicate a
reversible electrochemical process above pH 4 where

E1/2 = −483 mV/NHE. The reversible one-electron
wave observed is attributed to the fully hexacoor-
dinated ferrioxamine B complex, the only species
present over the pH range 4 to 10. As the pH is low-
ered to more acidic values a second irreversible redox
process is observed with a reduction wave situated at
−280 mV/NHE. The presence of this second wave is
attributed to the reduction of a protonated ferrioxam-
ine B complex. Below ca pH 2.5 the reversible process
is no longer observed and the irreversible reduction
wave is observed at E = −230 mV/NHE. Under
acidic conditions (pH < 4) most Fe(III)-siderophore
complexes show an irreversible one-electron wave in
cyclic voltammogram experiments. The loss of re-
versibility is generally attributed to the low stability
of protonated Fe(II)-siderophore complexes that dis-
sociate readily after the reduction of the corresponding
Fe(III)-siderophore complex. The pH dependence of
ferrioxamine B cyclic voltammetry is illustrated in
Scheme 2. The redox wave at −230 mV is tentatively
Scheme 2

FeSid + H+ KFeHSid� FeHSid(H2O)2 (13)

FeIIISid + e− � FeIISid (14)

FeIISid + 3H+ � Fe2+
aq + H3Sid (15)

attributed to the tetracoordinated ferrioxamine B com-
plex, Fe(H2DFB) (OH2)2+

2 , formed in Equation 13.
Model Equation 16 was derived to quantitatively

account for the pH dependence of the redox poten-
tial of the ferrioxamine B complex, where KFeIIHsid
is defined as in Equation 17.

Ef = E0
FeIIISid

+ RT

nF
Log(1

+KFeIIHSid[H+])
(16)

KFeIIHSid = [FeIIHSid]
[FeIISid][H+] (17)

The formal redox potential of ferrioxamine B in-
creases as the pH progresses to more acidic values.
The protonation constants for the Fe(II)-siderophore
complexes can be determined by numerical fitting of
Equation 16 to the experimental variation of the formal
redox potentials as a function of pH. When the pH is
situated in a range where multiple protonated species
of the ferrous and ferric complex are simultaneously
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present in solution the redox potential is related to pH
through Equation 18, whereKFeIIHnSid and KFeIIIHnSid

Ef = E0
FeIIISid

+ RT

nF
Log(1 +KFeIIHSid[H+]

+ ...+KFeIIHSid...KFeIIHnSid[H+]n)
− RT

nF
Log(1 +KFeIIIHSid[H+]

+ ...+KFeIIIHSid...KFeIIIHnSid[H+]n)

(18)

are the different protonation constants for the Fe(II)
and Fe(III)-siderophore complexes present in the ex-
perimental pH range.

The key points presented here which are relevant
to siderophore mediated iron transport are that for
siderophore complexes for which Fe(II)-siderophore
complexes may become protonated at higher pH than
Fe(III)-siderophore complexes, the formal redox po-
tential for the complex will be positively shifted (the
Fe(III) center will be more easily reduced) with in-
creasing [H+]. Regions of increased [H+] in patches
on the cell surface and/or intracellular compartments
will certainly facilitate reductive dissociation of iron
from its siderophore complex. A further positive
shift in siderophore redox potential comes into play
as a result of significant dissociation of the Fe(II)-
siderophore complex upon reduction.

Consequently, while a significantly negative ther-
modynamic redox potential for Fe-siderophore com-
plexes is a necessary manifestation of the high de-
gree of selectivity of the siderophore ligand for en-
vironmental Fe(III) ions (Equation 11), this nega-
tive thermodynamic potential does not eliminate from
consideration the reductive release of iron from the
siderophore complex through reduction by biological
reducing agents such as NADH.

Ligand denticity effect on the redox potentials of iron
siderophore complexes

Just as the ligand denticity and architecture affects the
stability of iron complexes, they also influence their
redox potentials. The plot in Figure 5 illustrates a lin-
ear dependence of the redox potential as a function
of pFe values for a number of iron-hydroxamate com-
plexes (Spasojević et al. 1999; Dhungana et al. 2002;
Wirgau et al. 2002). An increase in ligand denticity
enhances complex stability, which results in higher
pFe values. The increase in Fe(III) complex stabil-
ity results in stabilization of the Fe(III) complexes
over their Fe(II) form, which results in a much more
negative redox potential (Equation 11). The data in

Figure 5. Plot of reversible redox potential (−E1/2) as a func-
tion of pFe for the fully coordinated Fe(III) complexes of natural
and synthetic hydroxamic acid siderophores. 1, ferrioxamine B;
2, ferrioxamine E. 3, alcaligin; 4, saccharide-trihydroxamic acid;
5, rhodotorulic acid; 6, N-methylacetohydroxamic acid; 7, ace-
tohydroxamic acid; 8, L-lysinehydroxamic acid. Data taken from
(Spasojević et al. 1999; Dhungana et al. 2002; Wirgau et al. 2002).

Figure 5 show a strong denticity effect on the redox
potential; hexadentate siderophores with the highest
stability possess the most negative redox potentials.
As the denticity decreases to tetradentate and biden-
tate the stability of the Fe(III)-siderophore complexes
drops also, which results in more positive redox po-
tentials. This suggests a more facile in vivo removal
of iron from lower denticity siderophores via a reduc-
tive process. This may also suggest a reason for the
organism to expend the necessary energy to hydrolyze
a siderophore chelate backbone to reduce its denticity
subsequent to intracellular incorporation.

Iron(II) chelator effect on the redox potentials of iron
siderophore complexes

Subsequent to reduction (Equation 19), the Fe(II)-
siderophore complex can in principle release iron to a
competing chelator (L) with a high affinity for Fe2+

aq
through a ligand exchange reaction (Equation 20).
The magnitude of the exchange reaction is charac-
terized by the exchange constant Kex, calculated as
the ratio between the stability constants (KFeII sid and
KFeIIL) of the Fe(II) complexes for the two com-
peting ligands (Equation 21). When the affinity of
the competing ligand L toward Fe2+

aq is higher than
the siderophore’s affinity for ferrous iron, the ex-
change reaction is displaced toward the dissociation
of the Fe(II)-siderophore complex. (This effect can
also be achieved through a high ambient [L]/[Sid]
ratio.) In such conditions the ratio between the Fe(III)-
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Figure 6. Cyclic voltammograms of ferrioxamine B in aqueous
solution (A) and in the presence of 1,10-phenanthroline (B). Con-
ditions: Glassy carbon working electrode of 0.02 cm2 surface area,
Ag/AgCl reference electrode, Pt auxiliary electrode, ν = 70 mV/s,
T = 25 ◦C. A: [ferrioxamine B] = 0.6 mM, pH 5.25, aqueous solu-
tion I = 200 mM (NaCl). B. [ferrioxamine B] = 0.6 mM, pH 6.88,
aqueous solution with H2O/DMF = 80%/20% and I = 200 mM
(NaCl).

siderophore complex and the reduced form (Fe(II)-
siderophore) changes. These changes directly affect
the effective redox potential of the Fe(III)-siderophore
complex. The formal redox potential is related to the
siderophore pH dependent redox potential (EFeIIISid)
and the competing ligand’s (L) affinity for Fe(II)
through Equation 22, where EFeIIISid is equivalent to
Ef in Equation 18.

FeIIISid + e− � FeIISid E0
FeIIISid (19)

FeIISid + L � FeIIL + Sid Kex (20)

Kex = KFeIIL

KFeIISid
= [FeIIL][Sid]

[FeIISid][L] (21)

Ef = EFeIIISid + 59.15Log(1 +Kex
[L]

[Sid] ) (22)

The model in Equation 22 is reduced to Equation 18 in
the absence of competing ligands where the formal re-
dox potential is expressed as function of pH. However,
in the presence of a ligand L with a high affinity for
Fe(II) the formal redox potential is shifted to a more
positive potential domain where the complex is easier
to reduce.

To illustrate the effect of an Fe(II) chelator on
the potential at which an Fe(III)-siderophore may
be reduced, we present the cyclic voltammogram of
ferrioxamine B at pH 7 in the presence of phenan-
throline (an effective Fe(II) chelator) in Figure 6

Scheme 3

(Boukhalfa & Crumbliss). In the absence of phenan-
throline the Fe(III/II)-ferrioxamine B redox couple
exhibits a reversible voltammogram giving E1/2 =
−483 mV/NHE. However, in the presence of ex-
cess phenanthroline the reduction wave is significantly
shifted to more positive values and the redox couple
becomes irreversible. The loss of reversibility is at-
tributed to the exchange reaction occurring between
the free phenanthroline and Fe(II)-ferrioxamine B
as illustrated in Scheme 3. Competition between the
siderophore and Fe(II) chelator generally results in
poor reversibility of the cyclic voltammogram. The
low stability of Fe(II)-siderophore complexes and their
rapid dissociation kinetics are normally the predomi-
nant parameters inducing this poor reversibility.

Conclusions and perspectives

In this mini review we have analyzed aspects of the
coordination chemistry of the iron siderophore com-
plexes that are pertinent to microbial iron acquisition.
We first demonstrated that solubilization of environ-
mental iron is an important initial step in this process
and that its efficiency is related to the thermodynamic
Fe(III) binding constant (β) for the siderophore. Lig-
and architecture and denticity play an important role
in determining the affinity of a siderophore for Fe(III).
From the perspective of thermodynamic binding con-
stants, hexadentate ligands are optimum siderophore
structures. We demonstrated that ambient concentra-
tions of tetradentate siderophores required to fully
coordinate Fe(III) are several orders of magnitude
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Figure 7. Chart showing the negative range of redox potentials (E vs
NHE) for the Fe(III) siderophores relative to other benchmark bio-
logical redox potentials (left vertical bar) and the variation in ratio of
Fe(III)-siderophore/Fe(II)siderophore stability constants (βIII/(βII;
right vertical bar) with changing redox potential according to
Equation (11).

higher than that required for hexadentate siderophores.
Consequently, one may justifiably ask: ‘Why in the
course of evolution are tetradentate siderophores uti-
lized?’ We suggest that there may be two reasons,
which are related to ligand lability and Fe(III/II) re-
dox. We have shown that tetradentate siderophores
(H2L) chelate Fe(III) to form a variety of species (e.g.,
Fe2L3, FeL(H2O)z+

2 , Fe(L)(HL)z+, FeLz+
3 ) which are

labile with respect to ligand exchange (Boukhalfa
et al. 2000; Boukhalfa & Crumbliss 2000), an im-
portant process in the intracellular release of iron.
Furthermore, tetradentate coordination provides la-
bile aquated coordination sites on iron (FeL(H2O)z+

2 )
which may facilitate molecular recognition and/or
iron release through a catalytic mechanism involving
ternary complex formation with environmental ions
such as Cl− (Boukhalfa & Crumbliss 2001). Tetraden-
tate siderophore complexes of Fe(III) are also thermo-
dynamically easier to reduce than their hexadentate

counterparts (Figure 5), leading to rapid dissociation
of Fe(II).

While high siderophore complex stability con-
stants provide a chemical basis for iron selectivity
and solubilization by siderophores, this presents a
problem with respect to iron dissociation and incor-
poration into the cell. We have demonstrated that
proton driven ligand exchange reactions, particularly
for hexadentate siderophores, are often slow and re-
quire pH ranges beyond that found at the cellular
level. As noted above, tetradentate siderophores have
a potential advantage here. Another mechanism for
iron release presented here is redox facilitated lig-
and exchange. Fe2+

aq is a more labile ion than Fe3+
aq

(e.g., the t1/2 for bound water in Fe(H2O)2+
6 is 104

shorter than in Fe(H2O)3+
6 ) (Ducommun et al. 1980;

Dodgen et al. 1981; Grand & Jordan 1981; Swad-
dle & Merbach 1981; Lincoln & Merbach 1995). As
we note in Table 1, Fe(II)-siderophore complexes are
some 20 orders of magnitude less stable than their
Fe(III) counterparts. Consequently, on both thermo-
dynamic and kinetic considerations, reduction of an
Fe(III)-siderophore complex followed by ligand ex-
change appears to be a viable in vivo mechanism for
Fe release and incorporation into the cell.

A problem with this redox hypothesis is that the
significantly negative redox potentials reported for the
siderophores (Table 1) seemingly precludes reduc-
tion by a biological reducing agent such as NADH
or NADP, which has a redox potential ∼= −320 mV
at neutral pH. (The tetradentate siderophores provide
some advantage here as a result of their higher redox
potentials. This suggests consideration of hexaden-
tate siderophore ligand hydrolysis followed by redox
and ligand exchange as another redox related iron
release mechanism.) We have noted that the nega-
tive Fe(III/II) redox potential provides the basis for
the high siderophore selectivity for Fe(III) among en-
vironmental metal ions (Equation 11), and removes
the Fe-siderophore couple from the region which may
catalyze the Haber-Weiss cycle to generate toxic re-
active oxygen species (ROS) (Figure 7). However, by
coupling competitive ligand exchange with an Fe(II)
chelator and Fe(III)-siderophore reduction, the effec-
tive redox potential for a Fe(III/II) siderophore can
be shifted into the range where reduction by NADH
may readily occur. For example, although ferriox-
amine B has a thermodynamic redox potential of
−480 mV/NHE, the presence of a Fe(II) chelator with
βFe(II) ∼= 1013 will shift the effective redox potential
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above −300 mV, well into the region where reduction
by NADH becomes thermodynamically feasible.

We propose that the redox process be considered as
part of a molecular switch. In this model, when iron is
in transit and needs to maintain a constant immediate
chemical environment (inner coordination shell) for
solubilization, transport and molecular recognition by
the cell, it is in the +3 oxidation state. When the chem-
ical environment must change (iron incorporation into
the internal workings of the cell or movement to an
alternate carrier) the iron oxidation state is changed
to +2. This reduction may be facilitated by a coupled
chelation reaction which scavenges the Fe(II) (Equa-
tions 19–20). Coupling Fe(III/II) redox to a ligand
exchange reaction allows the overall process of iron
release to function as a synergistic switch. Linking a
ligand exchange process to a reductive electron trans-
fer process can shift the ‘effective’ redox potential
positive – that is to make the Fe(III) thermodynam-
ically easier to reduce. The thermodynamic redox
potential for the Fe-siderophore complex is a measure
of the sensitivity of this switch. The more negative
the potential, the greater the difference between the
siderophore affinity for Fe(III) and Fe(II) (βFe(III) and
βFe(II); see Equation 11) and presumably the greater
the change in iron lability on reduction (see Figure 7).
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