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Summary

When we began our neutron diffraction work in early
1974, only four metal hydride complexes had been
investigated by this technique.”®#% Four years later,
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through the efforts of several different groups, the
situation has changed dramatically: there are now over
two dozen metal hydride complexes whose structures
have been accurately analyzed by single-crystal neutron
diffraction, as summarized in Table I. It seems clear
that neutron diffraction will continue to be extensively
used to analyze such compounds. At the rate new
results are appearing, it may not take long before most
of the major types of metal-hydrogen linkages are
explored.
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Iron is an essential element for all living things.!”®
This is a consequence of the extremely large number
of enzymes and proteins in which iron plays an essential
part. The ubiquitous role of metal ions in biochemistry
has in fact generated the whole area of “bioinorganic
chemistry”, which has been almost synonymous with
studies of how metal ions interact with biological
molecules. Our interest has been from another
perspective—how the biological systems acquire the
metal ion for incorporation into macromolecules.
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Specifically, we have been concerned with the coor-
dination chemistry of low-molecular-weight chelating
agents called siderophores: molecules which are
manufactured by microbes to obtain the iron they need
to grow.*

Since the evolution of an oxidizing atmosphere on this
planet, the availability of iron to aerobic organisms in
an aqueous environment has been limited by the ex-
treme insolubility of ferric hydroxide (K, ~ 107%).?
With the equilibrium concentration of ferric ion at pH
7 about 107 M, even diffusion limited transport would
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Figure 1. Structural formulas of representative siderophores.

CHj,, the compound is ferrioxamine B; when cyclic and n = 5, the compound is ferrioxamine E. (B) The ferrichromes. For R’

= R’ = H and R = CHj, the compound is ferrichrome itself.

be many orders of magnitude too slow to provide
sufficient amounts of iron to a microbial cell. This
problem has been circumvented by microbes through
the production of the siderophore (previously also called
siderochrome) chelating agents which solubilize ferric
iron and facilitate its transport into bacteria, molds,
yeasts, and fungi. In the past 10 to 15 years a number
of such compounds have been found—first isolated as
microbial growth factors.®

In addition to the interesting questions of how these
organisms acquire iron via a siderophore-mediated
system there are several areas of practical clinical
importance in which siderophores play a part. The
importance of iron in the pathogenicity of certain
bacterial infections has been emphasized by various

(8) C. E. Lankford, CRC Crit. Rev. Microbiol., 2, 273 (1973).

(A) Linear and cyclic ferrioxamines, When linear and R = H, R’
RU

(C) Aerobactin. (D) Rhodotorulic acid. (E) Enterobactin.

workers.”® As little as 1 to 5 mg/kg of iron injected

into mice challenged with strains of P. aeruginosa, S.
typhimurium, or E. coli decreased the number of
bacterial cells required to kill 50% of the test animals
by 3-5 log units, and the ultimate number of cells found
in these animals was increased several thousand-fold.?
It has also been suggested that siderophores are an
important means for pathogenic bacteria to acquire iron
from their hosts.'® Furthermore, iron is the sixth most
common household poison in the United States, and
several siderophores or their analogues are already in
use as potential antidotes to acute iron toxicity.!
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(1972), and H. J. Rogers, Infect. Immun., 7, 445 (1973).
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Most, if not all, of these siderophores use hydroxa-
mate, thiohydroxamate, or phenolate groups as ligands
(Figure 1).
forms extremely stable, highly specific octahedral
complexes containing high-spin ferric ion. The high-
spin d® electronic configuration of ferric ion in the
siderophore complexes has two important consequences
for any proposed studies of their mode of action and
stereochemistry: (1) The absence of any crystal-field
stabilization energy makes the complexes kinetically
labile with respect to isomerization and ligand exchange
in aqueous solution, thus limiting the usefulness of
simple labeling experiments in cell transport studies.
(2) There are no spin-allowed d-d optical transitions;
thus the visible-UV and circular dichroism (CD)
spectra, which are dominated by ligand to metal or
ligand-ligand charge-transfer bands, are much less
amenable to simple theoretical analysis and comparison.

In our research we have used metal-substituted
siderophore complexes to elucidate the mechanisms of
iron transport into microbial cells and have studied the
physiochemical properties of the iron siderophore
complexes to elucidate and delimit their iron release
and exchange mechanisms.®. In the first case, the
substitution of chromic ion for ferric ion (which has the
same size and charge) avoids the problems cited above,
since (1) the kinetically inert d chromic ion complexes
preclude any isomerization or ligand exchange during
transport experiments; thus chromic siderophore
complexes can be used as “biological probes” in studies
of cellular iron transport; (2) the major features of the
vis-UV and CD spectra of the chromic complexes are
due to the well-characterized d-d transitions of the
metal ion, thus allowing the use of the chromic com-
plexes as “stereochemical probes” in assigning the
geometry at the metal site. In the second case, we have
examined the electrochemistry and formation constants
of the siderophore iron complexes to address such
questions as: Is the siderophore thermodynamically
able to remove iron from transferrin (the iron transport
protein in humans)? Is reduction a plausible mecha-
nism for intracellular iron release by the siderophore?

The answers to some of these questions are presented

in this Account. Our studies include the trihydroxa-
mate-containing siderophores ferrichrome and ferri-
oxamine B, the dihydroxamates, rhodotorulic acid and
aerobactln, and the catechol- contalmng siderophore,
enterobactin.

Kinetically Inert Siderophores—Use as
Chemical Probes

All of the hydroxamate siderophores show a char-
acteristic broad absorption band at 420-400 nm (¢ =
3000 L mol™ em™). The iron in these complexes has
been shown to be high-spin d® by magnetic suscepti-
bility, EPR, and Méssbauer spectroscopy.!* As such
there can be no spin-allowed d—d transitions, and the
visible absorption band must be assigned as charge
transfer in character. This precludes detailed analysis
and interpretation of the spectra of the natural ferric
complexes in all but a few cases.

The ferrichromes have natural optical activity as-
sociated with the ligand; accordingly there will be

(11) W. F. Andersen and M. C. Hiller, “Development of Iron Chelators

for Clinical Use”, U.S. Dept. of Health, Education and Welfare, Bethesda,
MD, 1975, DHEW Publication No. (NIH) 77-994.

Every siderophore characterized to date -
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Figure 2, Circular dichroism spectra of A-(NH,)s[Cr(entero-
bactlin)] (—) and chromic desferriferrichrome () (Ae in L mol™
cm™),

overall optical activity of the metal chelate. For an
octahedral complex formed with three equivalent but
optically active hydroxamate anions, there are two
possible geometric isomers, cis and trans, each of which
consists of A and A optical isomers. These are diast-
eromers due to the optical activity of the ligand. Thus
a total of four possible isomers are expected, A-cis,
A-trans, A-cis, and A-trans, where the A isomers have
a right-handed propeller configuration looking down the
C; axis while the A isomers has the left-handed con-
figuration. (For a more detailed explanation of the
naming of these isomers, see ref 12.) In the case of the
ferrichromes, examination of molecular models indi-
cates that, while the trans isomers are improbable on
steric grounds, both diastereoisomers of the cis type
could form.

The molecular structures of ferrichrome A,'? ferri-
chrysin, ferrichrome,'® and alumichrome A!® have been
determined by X-ray crystallographic analysis. In all

" cases the metal is bound by three hydroxamate groups

in an octahedral cis “left-handed propeller” configu-
ration. Although crystallization of all members of the
series yields only the A-cis isomers, it is possible that
both isomers of this labile ferric compléx are in solution
with only the less soluble A-cis isomer preferentially
crystallizing out of the equilibrium mixture. However,
a comparison of the cireular dichroism spectrum with
that of the resolved ferric tris(benzohydroxamato)
complexes indicated that only the A isomer is present
in solution as well, 1

Further support comes from replacement of the ferric
ion with the kinetically inert chromic ion, for which the
large ligand-field stabilization energy of the d3 electronic
configuration leads to slow ligand-substitution and

(12) J. Leong and K. N. Raymond, J. Am. Chem. Soc., 97, 293 (1975).

(13) A. Zalkin, J. D. Forrester, and D. H. Templeton, J. Am. Chem.
Soc., 88, 1810 (1966).

(14) R. Norrestam, B. Stensland, and C. 1. Brandén, J. Mol. Biol., 99,
501 (1975).

(15) R. A. Loghry and D. van der Helm, Abs. Am. Cryst. Ass. Winter
Meeting, Abs. PB2 (March 1978).

(16) K. Abu-Dari and K. N, Raymond, J. Am. Chem. Soc., 99, 2003
(1977).
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isomerization reactions, allowing separation of the
coordination isomers that might exist in an equilibrium
mixture. The CD spectrum of chromic desferri-
ferrichrome (Figure 2) is dominated by the metal-
centered d-d transitions; these data can be used to
identify the coordination isomers of the siderophore
complexes. The chromic complexes of desferriferri-
chrome and desferriferrichrysin have identical CD
spectra,’” which are the same as that of the A-cis isomer
of tris(N-methyl-l-menthoxyacethydroxamato)chro-
mium(III), confirming the previous assignments.!®

The ferrioxamines are another series of trihydroxa-
mates, produced by various species of the bacteria
Nocardia and Streptomyces. In contrast to the fer-
richromes, the linear and cyclic ferrioxamines (Figure
1) have the three hydroxamate groups as part of a
polyamide chain like beads on a string, a characteristic
structural feature being two repeating units of 1-
amino-5-hydroxaminopentane and succinic acid, such
that a stable octahedral ferric complex can be formed.
One other major difference is that the ligands them-
selves are optically inactive; only if a substituent group
has a chiral center, as in the ferrimycins, is there optical
activity for the molecule. Ferrioxamine E, a cyclic
ferrioxamine, crystallizes as a racemic mixture of A-cis
and A-cis isomers as determined by X-ray diffraction
methods.®

We have prepared the chromium complexes of des-
ferriferrioxamines B and D; as possible biological and
chemical probes for this series of siderophores. It was
hoped to be able to resolve both optical isomers of these
kinetically inert complexes; unfortunately repeated
attempts to resolve these compounds have not been
successful. However, the cis geometric isomer was
separated from one or more of the four possible trans
isomers by ion-exchange chromatography.!? The iso-
mers were assigned by comparison with the isomers of
the known Cr(men)s, tris(N-methyl-/-menthoxyacet-
hydroxamato)chromium(III).}¥ The more abundant
isomer (~65% of the total) has visible absorption
maxima similar to those of cis-Cr(men);, which has
spin-allowed d-d transitions ‘A, — *T', and Ay, = *Ty,
at 425 (66) and 592 (70) nm (), respectively. The less
abundant product (~35%) has visible absorption
maxima very similar to those of the trans optical isomer
of Cr(men);, which has bands at 416 (50) and 596 (70)
nm (¢). Both the cis and trans geometrical isomers of
chromic desferriferrioxamine B isomerize with half-lives
of several days in solution at room temperature. The
observed rate of isomerization is slower than that re-
ported for simple model chromic complexes, as ex-
pected.

The well-characterized siderophores such as the
ferrichromes and ferrioxamines are trihydroxamates
which coordinate 1 mol of ferric ion/mol of ligand. Low
iron cultures of the yeast Rhodotorula pilimanae
produce large amounts of rhodotorulic acid (RA), a
cyclic dipeptide containing two hydroxamate groups.®
The compound is produced in truly prodigious
yields—up to 10 g/L of culture and a 50% yield of this
one compound based on all sources of nitrogen.®® Since
there are only two hydroxamate groups per molecule

(17) J. Leong and K. N. Raymond, J. Am. Chem. Soc., 96, 6628 (1974).
(18) J. Leong and K. N. Raymond, J. Am. Chem. Soc., 96, 1757 (1974).
(19) D. van der Helm and M. Poling, J. Am. Chem. Soc., 98, 82 (1976).
(20) C. L. Atkin and J. B. Neilands, Biochemistry, 7, 3734 (1968).
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Figure 3. Circular dichroism spectra of ferrichrome A (—) and
ferric rhodotorulate (----) (¢ in L mol™ cm™).

of RA, a single RA molecule cannot satisfy the six-
coordination requirement of ferric ion. Accordingly, we
have found that the iron, aluminum, and chromium
complexes of rhodotorulic acid are dimeric with the
stoichiometry MyRA;,2! a formulation supported by
analytical results and molecular weights. At pH 7 the
orange dimeric iron complex has A\, 425 nm (e 2700),
and at pH 2 the complex turns red (Ap., 480 nm (e
1750)). This red species has been identified as the
monomeric FeRA*, with the charge on the monomer
established by ion-exchange and electrophoresis
techniques. Ferric rhodotorulate thus undergoes a
monomer-dimer equilibrium which is unique among the
natural siderophores. The stoichiometry of the dimer
is perhaps not surprising in view of the fact that it is
the simplest structure consistent with a tris(hydroxa-
mate) octahedral coordination geometry about the iron,
given a dihydroxamate ligand.

The CD spectrum of the dimeric ferric complex
(Figure 3) and the kinetically inert Cr(IlI) complex
indicate both exist as the A-cis isomer, the opposite
enantiomer found in the ferrichromes and mycobactins.
Thus the A coordination isomer is not the only one
recognized in microbial iron transport systems.
Moreover a cis geometric isomer could be separated
from one or more isomers by silica gel chromatography.

Another class of dihydroxamate siderophores is
represented by aerobactin. Aerobactin, first isolated
and described by Gibson and Magrath in 1969, is a
conjugate of 6-(N-acetyl-N-hydroxyamino)-2-amino-
hexanoic acid and citric acid.?? It is produced by
Aerobacter aerogenes under conditions of low-iron
stress. The CD spectrum of the ferric complex is similar
to that of ferrichrome A, suggesting that the configu-
ration about the metal is the same as in ferrichrome,
A-cis. The chromic complex has been prepared, and its
CD spectrum is consistent with the A-cis configuration
in solution.?® The close similarity of the CD spectra of
the ferrichromes, the simple tris(benzohydroxama-
to)iron(III) complexes, and ferric aerobactin also in-
dicates that the iron is octahedrally coordinated by six
oxygen atoms. Since there are only two hydroxamate
groups in aerobactin, the nature of the additional two

(21) C. J. Carrano and K. N. Raymond, J. Am. Chem. Soc., 100, 5371
(1978).

(22) F. Gibson and D. I. Magrath, Biochim. Biophys. Acta, 192, 175
(1969).

(23) W. R, Harris, C. 4. Carrano, and K. N. Raymond, J. Am. Chem.
Soc., 101, in press.
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oxygens needed to be identified. Examination of
molecular models and equilibrium titration studies
identified these as the citrate carboxyl and hydroxyl
moieties,?

A second ligand functional group commonly found
in the siderophores is o-dihydroxybenzene, or catechol,
which although a very weak acid, can be deprotonated
to give a dianion which acts as a powerful bidentate
ligand. The isolation and characterization of the cyclic
triester of 2,3-dihydroxy-N-benzoyl-L-serine was in-
dependently reported by O’Brien and Gibson? and
Pollock and Neilands;® its synthesis has recently been
reported by Corey and co-workers.? This tricatechol
siderophore was isolated from low-iron cultures of
Salmonella typhimurium and Escherichia coli and
given the names enterobactin and enterochelin, re-
spectively. Enterobactin (ent) can also be isolated from
the enteric bacteria Aerobacter aerogenes, which also
produces the hydroxamate chelate aerobactin. While
the hydroxamate siderophores are common among
various molds, fungi, and yeast, and apparently less
abundant in the prokaryotes, the catechols are found
only among the true bacteria.

Nuclear magnetic resonance and optical spectra have
shown that enterobactin chelates metal ions through the
oxygens of the catechol moieties and not through the
amide oxygen.”” However, examination of space-filling
models suggests that the two diasteromers of metal
enterobactin complexes, A-cis and A-cis, are both
possible. Since little was known regarding transi-
tion-metal catechol complexes and since enterobactin
is relatively unstable and relatively difficult to obtain,
we initially examined the chemistry of model catechol
complexes.

The simple model complex, tris(catecholato)chro-
mate(III), was prepared as a kinetically inert model
complex for enterobactin. Although only partial res-
olution of solutions of [Cr(cat);]* was achieved at
neutral pH, complete resolution could be achieved at
pH 13.2 The optical spectrum of [Cr(cat)s]® is similar
to that of chromium enterobactin (prepared from a
chromium(II) salt followed by careful air oxidation)
although the ligand-centered = — =* transition in
enterobactin masks the Ay, — *T, d-d band found in

the simple model complex. The CD of both [Cr(ent)]*

and A-[Cr(cat)4]® are essentially identical, however,
because the interfering ligand band is not associated
with the chiral center and hence does not contribute to
the optical activity. The known crystal and molecular
structure of the potassium salt of [Cr(cat);]*>",? together
with the established absolute configuration, allows the
following assignment: the predominant isomer of the
monomeric chromium enterobactin complex has a A-cis
absolute configuration., This assignment is further
supported by a comparison of the CD spectra of
chromic desferriferrichrome and chromic enterobactin;

(24) 1. G. O’Brien and F. Gibson, Biochim. Biophys. Acta, 215, 393
(1970).

(25) J. R. Pollock and J. B. Neilands, Biochem. Biophys. Res. Commun.,
38, 989 (1970).

(26) E. J. Corey and S. Bhattacharyya, Tetrahedron Lett., 45, 3919
(1977).

(27) M. Llinas, D. M. Wilson, and J. B. Neilands, Biochemistry, 12,
3836 (1973).

(28) S. 8. Isied, G. Kuo, and K. N. Raymond, J. Am. Chem. Soc., 98,
1763 (1976).

(29) K. N. Raymond, S. S. Isied, L. D. Brown, F. R. Fronczek, and J.
H. Nibert, J. Am. Chem. Soc., 98, 1767 (1976).
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they are clearly enantiomorphic (Figure 2). The sim-
ilarity of the chromic and ferric complexes®* allows
this assignment to be extented to the ferric complex as
well. This is the opposite isomer found for the optically
active hydroxamate siderophores with the exception of
rhodotorulic acid.

Unfortunately the usual oxidation sensitivity of the
catechol dianion is substantially increased in the
chromium complexes, which precludes their use as
biological probes. In an effort to circumvent this
problem, we have prepared the rhodium catechol and
enterobactin complexes.®® The enterobactin complex,
which is air stable and also a A-cis isomer, has proven
to be difficult to synthesize and purify; thus biological
studies have not yet been attempted for this derivative.

Kinetically Inert Siderophores—Use as
Biological Probes

Several microbial iron transport systems have been
investigated in recent years, and three limiting
mechanisms have been recognized. These are outlined
schematically in Figure 4. Mechanism 1 consists of
uptake of the intact metal complex followed by internal
release of the iron (presumably via reduction; vide infra)
and reexcretion of the ligand for additional shuttles.
Donation of iron to a cell membrane bound chelating
agent without penetration of the complex or ligand is
the salient feature of mechanism 2. Mechanism 3 in-
volves uptake of the intact complex as in 1, but the
internal release of iron destroys the ligand so that it is
not reused. These mechanisms involve details that are
often difficult to determine with the native, labile ferric
complexes. The use of chromic-substituted sidero-
phores often can allow a distinction between mecha-
nisms as well as elucidating the detailed steps involved
in each; several examples follows.

Emery first studied the uptake of ferrichrome, in the
smut fungus, Ustilago sphaerogena.’® Using both
radiolabeled iron and ligand he was able to show that
initially the iron and the ligand were taken up at the
same rate, but eventually the ligand uptake slowed to
a steady-state value considerably lower than the
maximum uptake for the iron (Figure 5). This was
interpreted as indicating that the complex initially is
taken up intact, following which the iron is removed

(30) V. H.J. Lindner and S. Gotlicher, Acta Crystallogr., Sect. B, 25,
832 (1969); K. Abu-Dari, J. D. Ekstrand, D. P. Freyberg, and K. N.
Raymond, Inorg. Chem., 18, 108 (1979).

(31) J. V. McArdle, S. R. Sofen, S. R. Coopr, and K. N. Raymond, Inorg.
Chem., 17, 3075 (1978).

(32) T. Emery, Biochemistry, 10, 1483 (1971).
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Figure 5. Uptake of ferrichrome (**Fe, A) and A-cis-chromic
[“C]desferriferrichrome ([“C], O0; Cr, 0) by Ustilago sphaerogena.

[presumably by reduction to Fe(II); vide infra] and the
ligand reexcreted for additional shuttles (i.e., mecha-
nism 1). This system is conformation and structure
dependent, with other siderophores, in particular
desferriferrichrome, generally being inactive. However
other metal-substituted ferrichromes such as the AI(III)
and Ga(III) complexes are transported, indicating that
in this system the conformation of the metal complex
is a primary factor in transport. By using the inert
chromic complex as a biological probe we found that
this complex is transported at a rate identical with that
of the iron complex® (Figure 5) and that both the
desferriferrichrome and the Cr(III) are transported at
the same rate throughout the experiment (Figure 5).
These data lead to the following conclusions: (1) Since
the chromic complex of desferriferrichrome is inert and
found to be transported by Ustilago, the A-cis optical
isomer must be at least one of the biologically active
forms. (2) Since the rates of uptake of the iron and
chromium complexes are identical, they probably share
the same transport system. (3) This specific iron
transport system cannot rely on isomerization or partial
dissociation of the complex during transport through
the membrane. (4) Since no mechanism (such as re-
duction) is available to the cells to remove the chro-
mium from transported chromic desferriferrichrome,
the complex is held within the cells and the ligand is
not excreted again as in ferrichrome.

Uptake of the ferric aerobactin complex has been
examined in A. gerogenes.?® The transport of the %Fe
label is very rapid—it is quantitative within 2 min—
while the 3H label on the ligand initially is rapidly
incorporated and then declines to a low steady-state
level after about 8 min. Thus it resembles the transport
of ferrichrome by U. sphaerogena. Studies of the
chromium-substituted chelate have not been done.

Transport of the ferrioxamines into biological systems
is less well established than it is for the ferrichromes.
In fact, the transport of the natural iron or the synthetic
chromium complexes has not been demonstrated in the

(33) J. Leong, J. B. Neilands, and K. N. Raymond, Biochem. Biophys.
Res. Commun., 60, 1066 (1974).

(34) J. E. L. Arceneaux, W. B. Davis, D. N. Downer, A. H. Haydon,
and B. R. Byers, J. Bacteriol., 115, 919 (1973).
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Figure 6. Uptake of ferric rhodotorulate (intact chromophore,
®; [%Fe], O; [*H], ¢) and [*H]rhodotorulic acid by Rhodotorula
pilimanae,

organisms which produce ferrioxamines. Such work is
presently in progress. Several other organisms which
do not produce ferrioxamines are nonetheless capable
of using them as iron transport agents. The uptake of
the iron and chromium complexes of desferriferriox-
amine has been studied in Salmonella typhimurium.®
Although the ferric ion in the labeled complex was
taken up efficiently, the uptake of the ligand was slower
but reached a similar percentage total after a longer
time, No uptake of a 3H label of either cis- or ¢trans-
chromic [*H]desferriferrioxamine B was observed,
which eliminates a mechanism of transport involving
the intact complex, as occurs with ferrichrome in Us-
tilago. However, more meaningful results should be
obtained from transport studies of ferrioxamine in the
producing organisms.

An example of the second mechanism of transport is
provided in RA-mediated iron uptake, where the
transport of both the ferric and chromic rhodotorulate
complexes into R. pilimanae has been examined.3
Uptake of the *Fe label of the ferric complex is rapid
(complete within 4 h), while uptake of the 3H label on
the ligand is extremely slow (Figure 6). The chromic
complexes (cis or trans) are not transported to any
appreciable extent. The system most consistent with
these results is a shuttle mechanism, whereby iron is
donated by the RA to the membrane but the ligand
itself never enters the cell. The chromic complex is not
transported, presumably because the kinetic inertness
of the complex precludes such exchange. The RA
molecule thus acts as a kind of “iron taxi” in shuttling
iron from solution to the membrane by simply solu-
bilizing the iron.

Uptake of iron by enterobactin occurs via the final
mechanism proposed. The iron enterobactin complex
apparently enters the cell intact, as shown by parallel
uptake studies using %Fe and [!“*C]enterobactin.?’

(35) J. Leong and J. B, Neilands, J. Bacteriol., 126, 823 (1976).

(36) C. J. Carrano and K. N, Raymond, J. Bacteriol., 136, 69 (1978).
(37) G. Frost and H. Rosenberg, Biochim. Biophys. Acta, 330, 90 (1973).
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' Table I
Values of p[M] (Defined as ~log [Fe®*]) for Solutions of
a Series of Ferric Complexes of Biological Ligands

ligand log K ref p[M],® p[M],®
enterobactin 52 39 33.3 31.4
ferrioxamine E 32.5 40 29.7 27.7
ferrioxamine B 30.6 40 28.6 26.6
N-acetylferriox- 30.6 40 28.5 26.4
amine B
ferrichrysin 30.0 40 27.9 26.8
ferrichrome 29.1 40 27.2 26.2
transferrin 25.6 23.6
aerobactin 22.9 23 25.4 23.3

rhodotorulic acid 62.3 (31.2)¢ 41 25,0 21,9

@ Total metal = 10~¢ M; total ligand = 10"* M; pH 7.40.
b Total metal = 10-° M; total ligand = 1075 M; pH 7.40.
¢ Stability constant per iron for the dimeric rhodotorulic
acid complex.

However, once in the cell the ligand is enzymatically
destroyed and is not reused.® A more detailed account
of iron-release mechanisms will be found later in this
Account.

Thermodynamics of Siderophore Iron Binding

The possibility of using the metal-free siderophores
as therapeutic agents for the treatment of iron-over-
load-associated syndromes such as Cooley’s anemia or
acute iron toxicity from poisoning'® has prompted
investigations into the formation constants of the
siderophore ligands with ferric ion. The reaction of
these trihydroxamate ligands with iron can be repre-
sented by a formation constant Kj, where L* is a triply
deprotonated siderophore.

K;
Fe + L% = FeL

This compares with the overall formation constant for
a monochydroxamate.

8
Fe’* + 3L~ — FeL,

The overall stability constants, K, for several members
of the trihydroxamate class are shown in Table 1,394
The values obtained are very large, making these
compounds among the best iron chelators known.
Interestingly very little “chelate effect” is seen, as shown
by the only modest gain of K; over the 3; for simple
acetohydroxamic acid. Based on the excellent chelating
ability of these compounds for iron, Desferal (desfer-

 riferrioxamine B mesylate salt, manufactured by Ciba)
has seen use as a clinical agent in Europe, and more
recently in the U.S., in the treatment of acute iron
toxicity in man.*?

Rhodotorulic acid is already undergoing limited
clinical trials in the U.S. as a drug for the treatment of
iron toxicity.* It has proven to be more efficacious
than Desferal and can be produced at a much lower

(38) 1. G. O’Brien, G. B. Cox, and F. Gibson, Biochim. Biophys. Acta,
237, 537 (1971).

(39) W. R. Harris, C. J. Carrano, and K. N, Raymond, J. Am. Chem.
Soc., 101, in press.

(40) A. E. Martell and R. M. Smith, “Critical Stability Constants”, Vol.
3, Plenum Press, New York, 1977.

(41) C. J. Carrano, S. R. Cooper, and K. N. Raymond, J. Am. Chem.
Soc., 101, 599 (1979).

(42) See the articles by R. D. Propper, S. B. Shurin, and D, G. Nathan
(p 83) and by A. W. Nienhuis and W. F. Anderson (p 115) in ref 11.

(43) R. L. Rawls, Chem. Eng. News, 55, 24 (1977).
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cost. We have examined equilibrium titration data to
determine the overall stability constant of the ferric RA
complex. These data confirm our formulation of the
ferric complex at neutral pH as the dimer, Fe;RA;, and
the red species formed at low pH as the monomer,
FeRA*.#l The overall stability constant

9Fe* + 3RAZ = Fe,RA,

obtained by titration of both the ligand and the met-
al-ligand complex was found to be 2 X 1082, Since the
species in question is a dimer, the overall stability
constant cannot be directly compared with that of the
monomeric species ferrichrome or ferrioxamine due to
the different units of K. However, values of free ferric
ion (p[M]) obtained at pH 7.4, 1 uM ferric ion, and 10
uM ligand are compared in Table I.

The solution chemistry of aerobactin proved to be
quite complex, with six species present over the pH
range from 1 to 7. However, above approximately pH
6 only one species is present, the fully formed complex.
The value of the formation constant, log K;, Fe3* + L3~
= Fel, is 22.9. Aerobactin is compared with the other
siderophores in Table I.

The formation constant for enterobactin recently has
been determined by spectrophotometric competition
with EDTA .3 The value of K* was found to be 10797,
where K* is given by

[Fe(ent)®][H*]®
[Fe3*][Hg(ent)]

Since the ligand protonation constants of entero-
bactin are unknown, the more common formulation, Kj,
is not precisely known.

[Fe(ent)®]
[Fed*][(ent)®]
Assuming typical pK, values from the model ligand
2,3-dihydroxybenzamide of 8.4 and 12.1 for the two OH

groups yields log K; = 52, which is the largest formation
constant of any iron chelate ever determined.

f=

Electrochemistry and the Siderophore Iron
Release Mechanism

Despite the similarity in function between the hy-
droxamate siderophores and enterobactin, there exists
a striking difference in the mechanism of iron release.
The hydroxamate siderophores such as ferrichrome are
known to be reused following intracellular iron
release3®>—the free siderophore is reexcreted by the cell
for another cycle of iron transport (we have called this
the “European approach” to microbial iron transport).
The mechanism of iron release, thought to involve
reduction of Fe(III) to the ferrous state, has been given
experimental support with the determination of the
redox potential of several of these complexes.** The
redox potentials of all of the hydroxamates are within
the range of known physiological reductants (Figure 7).

Enterobactin, however, is known not to be reused, the
cyclic triester linkages of the ferric chelate being cleaved
by a specific esterase.*® Thus only a single ferric ion
is transported by a molecule of enterobactin before it

(44) S. R. Cooper, J. V. McArdle, and K. N. Raymond, Proc. Natl. Acad.
Sci. U.S.A., 75, 3551 (1978).

(45) K. T. Greenwood and R. K. J. Luke, Biochim. Biophys. Acta, 525,
209 (1978).
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Figure 7. A schematic comparison of the reduction potential of
the hydroxamate and catecholate siderophores {ferrichrome and
enterobactin, respectively). The shaded area represents the
potential range of physiological reductants.

is destroyed—it is used once and thrown away (we have
called this the “American approach” to microbial iron
transport). The waste of metabolic energy entailed in
such a scheme suggests that this destruction must be
an essential step in the iron-transport mechanism. It
has been proposed that this destruction may be due to
the inordinately low redox potential for the ferric
complex of enterobactin. We have measured the redox
potential of ferric enterobactin using cyclic voltammetry
and found it to be -986 mV vs. NHE at pH 10.** Below
pH 10 a proton transfer is involved with the reduction
process, leading to irreversible waves in the cyclic
voltammograms, preventing direct determination of the
pH 7 potential. However, based on the observed de-
pendence of the half-wave potential with pH it is
possible to estimate the pH 7 value as ~750 mV vs,
NHE. This redox potential is well out of the range of
any physiological reductants (Figure 7). The tris(di-
hydroxybenzoylserine)iron complex (the product of
enzymatic cleavage) has an irreversible reduction wave
at —350 mV vs. NHE. Therefore reduction is possible
only after cleavage of the internal ester linkages.

Despite the considerable expenditure of metabolic
energy necessary for such a “once-through” mechanism
of iron uptake, a distinct evolutionary advantage is
achieved via enterobactin-mediated iron transport due
to the enormous stability constant for the ferric en-
terobactin complex.

Concluding Remarks

In summary, the siderophore coordination chemistry
that has been reviewed in this Account has established
the following:

(1) The chromic-substituted siderophore complexes
can be prepared and are kinetically inert to isomeri-
zation or ligand substitution.
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(2) The structure and bonding of the chromic and
ferric complexes (as determined by the spectroscopic
properties and single-crystal structure analyses of
simple model compounds) are sufficiently alike to re-
gard them as identical for biological systems.

(8) The chromic siderophore complexes can be used
as chemical probes to assign the geometry of the metal
coordination site by comparison of the IR, vis-UV, and
CD spectra with model compounds. The biologically
relevant isomers of enterobactin, ferrichrome, rhodo-
torulic acid, and aerobactin have been so assigned.

(4) The chromic-substituted siderophores can be used
as biological probes in studies of microbial iron
transport. These studies, which rely on the kinetic
inertness of the chromic complex, have established two
limiting roles for the siderophores. In some cases (such
as ferrichrome in Ustilago sphaerogena) the sidero-
phore acts as a true cell permease in transporting iron
into the cell via an intact, immutable complex. In other
cases (such as rhodotorulic acid in Rhodotorula pili-
manae) the siderophore simply acts as an iron “taxi”
by solubilizing the metal ion and facilitating its dif-
fusion to the cell surface where it is presumably released
to a cell-bound iron chelating agent.

(5) The formation constants and redox potentials of
the ferric siderophore complexes establish thermody-
namic limits to their iron transport and release
mechanisms. For those siderophores which actually
enter the cell as an intact iron complex, the redox
potential determines the feasibility of an iron release
mechanism based on reduction of Fe®* to Fe?t. The
trihydroxamate siderophores such as ferrichrome and
ferrioxamine B have redox potentials near the lower
limit of the redox potential range of physiological re-
ducing agents, which explains the recycling in which a
siderophore ligand can be used several times to
transport iron into the cell. In contrast, the formation
constant of enterobactin is so large that its redox po-
tential precludes physiological reduction and requires
hydrolytic destruction of the siderophore ligand as a
precursor to iron release.

While much progress has been made in our under-
standing of the coordination chemistry of microbial iron
transport, many interesting and important questions
remain. Ironically, one of these is what originally
prompted our interest in this field—that is, in cases
where the siderophore is specifically recognized at the
cell surface and transported against a large concen-
tration gradient into the cell, is the recognition so
specific that only one isomer is accepted (A-cis or A-cis,
for example)? We look forward to the future resolution
of this and many other questions about the coordination
chemistry of the siderophores.
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