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SUMMARY

The mechanism of iron biocavailability and the principles underlying
siderophore affinity and specificity for iron are briefly reviewed. The
kinetics and mechanism of iron dissociation from ferrioxamine B under
conditions of low pH, or competing ligands, is discussed and compared with
similar data for iron complexes with synthetic hydroxamic acids. Data are
also presented for ferrioxamine B ligand exchange kinetics in the presence
of surfactants. The mechanisms for the surfactant enhanced reactions are
discussed and related to their possible relevance to iron dissociation from
a2 hydroxamic acid siderophore complex at the cell surface.

INTRODUCTION

Iron is the second most abundant metal on the earth's surface, falling
closely behind aluminum and in near equivalent concentration to calcium and
sodium. Iron is an essential element for all living organisms and its key
biclogical functions involve oxidation/reduction and interactions with 0O,.
The biological utility of an element is related to both its relative abund-
ance and its accessibility (or biocavailability). Studies of microbial assim~-
ilation of this essential element have fascinated both chemists and biolo-
gists. The micro-organism must develop a mechanism to selectively make iron
bicavailable. The selectivity of this mechanism is critical since numerous
other metal ions are present in the environment which may not be essential or
which may have a toxic effect on the organism, An example is aluminum, which
is more abundant than iron, but which in many cases exerts a toxic effect on
a living organism., The organism then must select iron over aluminum [1].

In addition to selectivity, another bicavailability consideration is the
insolubility of the ferric ion in aqueous solution at physiological pH. This
comes about because of the relatively large hydrolysis constants for Fega to
form polymeric insoluble hydroxide containing compounds [2].

Coordination chemistry plays an important role in the assimilation of
iron by micro-organisms. These microbes have developed polydentate chelating
agents (siderophores) whose function is to selectively solubilize iron and
transport it to the cell where it is then assimilated and incorporated into
the biological machinery of the organism (3-8). The mechanism of this pro-

cess intimately inveolves fundamental concepts associated with coordination
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chemistry.
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opportunity and his guidance.

SIDEROPHORE COMPLEXATION OF IRON

I wish to thank him for that

The processes involved in microbial iron assimilation are solubilization,

transport to the cell,

[3-8].

and deposition at an appropriate site within the cell

The important chemical characteristics of the natural iron chelators

3+

which are relevant to these processes are affinity and selectivity. for Fe~",

and lability at a specific site

(e.g.,

the cell wall or interior). This

lability occurs either through ligand exchange, which often involves ternary

complex intermediates,

Felt) .

and/or a reduced oxidation state for iron (i.e.,

There are three components to consider in the design or evolution of a

Fe3+—specific (cr any other metal) and high affinity chelating agent.

These

are: 1) the type of Fe3t binding group(s); ii) the number of binding groups

in a particular molecule;

binding groups

and iii)

the stereochemical arrangement of the

Over a 100 siderophores have been isolated to date [4]

and almost all contain either or both of the bidentate chelating groups:
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vide six coordinate chelate complexes with three stable five-membered ring
chelate groups connected by a flexible backbone.

The high stability and Fe3*t selectivity considerations of the sidero-
phores can best be viewed in light of the observation that Fe3t is a hard
Lewis acid with a high charge and high electronegativity. The presence of a
negatively charged O atom donor in both the hydroxzamate and catecholate Fe3t
chelating group undoubtedly plays a major role in producing thermodynamic-
ally stable complexes with Fe3*. Iron(III) has a high affinity for the OH™

ion, the archetypal anionic oxygen donor ligand. This can be seen from the

+
relatively large hydrolysis constant (log Kp = -2.56) for the Fe(HZO)z ion

Kh
Fe (Hp0) g3t == Fe (Hy0) 50u%t+ + ut (3)
[2]. A linear correlation between pKp for a number of different metal ions

and the product of metal ion electronegativity times charge (Xm-2Z) exists [1]
which suggests that the high affinity that Fe3* exhibits for OH™ is a result
of the high charge and electronegativity of the ion.

Figure 1 is a plot of pM [7] values for various metal-ligand complexes
versus the product of electronegativity times charge for a wide range of +2
and +3 metal ions. Good linear relationships exist for these data which
demonstrate that metal ion affinity for a particular chelate increases with
increasing metal ion electronegativity and/or charge. The plot further
demonstrates that the high affinity of the catecholate and hydroxamate che-
late groups for Fe3' is a result of the Fe3' ion being a strong, hard Lewis
acid with a high yn2.

The selectivity of a ligand for specific metal ions is illustrated by the
slopes of the lines in Figure 1. Catechol and the hydroxamic acids exhibit
large slopes, with the trihydroxamate siderophore deferriferrioxamine B (III)

exhibiting the largest slope of the chelators shown in Figure 1. The high
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Fig. 1. Plot of pM values vs. electronegativity-charge (¥y'2)} product at

pH 7 for a range of 2+ and 3+ metal ions with A deferriferrioxamine B (8.3},
B EDT2 (2.8), C catechol (4.8}, D acetchydroxamic acid (4.3), E salicyclic
acid {3.8), and F glycine {1.7). Slopes of the plots are given in paren-
theses. Linear correlations are defined for more metal ion data points than
are shown. Metal-ligand stability constant data obtained from Refs. [10-12]
and electronegativity data from Ref. {[13].

selectivity of the siderophores can be seen to result from the high electro-
negativity and charge of Fe3+, and the sensitivity of the hydroxamic acid
and catechol chelating groups to changes in either or both of these para-
meters. Most other bioclogical or environmental metal ions tend to have a +2
charge (with the exception of the 213* ion) and lower electronegativity {1},
These and other relevant aspects of metal-ligand complex stability are dis-
cussed more completely in several recent reviews [1,4,7,9,117.

In addition to siderophore metal ion affinity and selectivity, a third
aspect of the microbial iron assimilation process is removal of iron from its
siderophore complex in order to deposit it at an appropriate cite on the cell
surface or cell interior. Stated in a different way, the Fedt-selective
chelator which forms a highly stable complex with iron must somehow increase
its lability and release the bound iron on demand. This then becomes a

mechanistic problem where a reaction pathway or pathways for iron dechela-
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tion become available at a suitable time and location. Here the mechanistic
literature of the coordination chemist becomes helpful in elucidating possi-
ble iron-siderophore dissociation pathways. These include: i) a pH decrease;
ii) ternary complex formation with membrane bound or intracellular ligands,

or inorganic ions such as C17; iii) oxidation/reduction to form the more
labile FeZt complex; iv) environmental effects such as the hydrophobicity/
hydrophilicity of the medium; v) cell surface effects which may include
charge and molecular recognition or receptor sites.

In this paper we feature the iron coordination chemistry of the hydroxa-
mic acids, particularly of the siderophore deferriferrioxamine B (III), and
some kinetic studies which relate to the general process of siderophore
mediated iron biocavailability. The ferrioxamine B studies are intended to
illustrate in vitro chemical mechanisms applicable to hydroxamate siderophore
mediated iron biocavailability mechanisms in general, not the specifics of

ferrioxamine B pathways in vivo.

FERRIOXAMINE B KINETIC STUDIES
Deferriferrioxamine B is a linear trihydroxamic acid siderophore whose
structure is shown in III. The kinetics and mechanism of the formation and

aquation of its iron complex, ferrioxamine B (IV), are probably the most
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studied of the iron siderophore complexes [14~21]. This is likely due to the
stability and ready availability of the ligand as a result of its use as a
therapeutic agent in the treatment of individuals with acute [22] or chronic
[23] iron poisoning and iron overload associated with B-thalassemia (Cooley's
Anemia) [24,25)]. Relevant ligand exchange reactions with ferrioxamine B have
also been investigated [26,27].

The simple mono-hydroxamic acid, acetohydroxamic acid (CH3C(O)N(OH)H),

may be viewed as a model for the Fe3* binding site in trihydroxamic acid
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siderophores. The tris Fe3*t complex is readily formed in aqueous medium and
Fe3(;q) + 3 CH3C(O)N(Q)E™ =—= Fe (CH3C(O)N(O)H) 3 (4)
log B3 = 28.29 [28]; AH® = -5.9 kcal/mole and AS® = 112 eu [2%-31]
Fe3?  + HDFB2~ === FeHDFB* (5)
(aq)
log B = 30.6 [28]; AH® = -19.8 kcal/mole and AS° = 71 eu [30,32]

its stability is comparable with that of ferrioxamine B. However, the en-
thalpy and entropy parameters suggest there may be some subtle differences
in the reasons for this similarity in Fe3+ binding affinity. The more posi-
tive entropy change for the tris acetohydroxamate complex may be due to the
larger entropy of desolvation for three acetohydroxamate anions relative to
the HDFB2~™ anion. The more exothermic enthalpy change for the complexation
of Fegé by HDFB2~ may be a result of the larger inductive electron donor
strength of the N-atom substituent in HyDFBY (—tCHpYZ) than in acetohydroxa-
mic acid {(~H). Iron(III) stability constant measurements with C- and N-sub-
stituted synthetic hydroxamic acids show that a definite trend exists whereby
stability increases with electron donor ability of both the C- and N-substi-
tuent, with the influence of the N—substitugnt being dominant [29,33]. This
is consistent with an inductively stabilized N atom lone electron pair delo-
calized into the C-N bond, placing additional negative charge density on the

carbonyl O atom (V and VI) as the dominant feature in determining changes in
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stability constants with changes in C- and N-substituent.

The metal-hydroxamic acid resocnance picture represented in V and VI is
supported by available structural data. X-ray crystal structures show that
C-N and C-0 bond distances in Fe3* hydroxamate complexes are influenced by
the N-substituent, with inductive electron releasing groups shortening the

C-N and elongating the C-0O bonds [34-44].

Acid dissociation

The dechelation kinetics of ferrioxamine B in strong acid is not of
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direct bioclogical relevance. However, an elucidation of the dechelation
mechanism under experimental conditions where complete dechelation can occur
(strong acid) provides a basis for understanding the stepwise dechelation
process in neutral or weakly acid media. Furthermore, these data also en-
hance our understanding of biclogically relevarnt ligand interchange processes
and catalyzed iron release from many different siderophore structures. The
most complete investigations of the stepwise dissociation of Fe3* from
ferrioxamine B in acidic medium in the absence of coordinating anions were
performed by Monzyk and Crumbliss [14,15], and Wilkins, Pribanidé, and co-
workers [16]. These two studies are largely in agreement, although some
significant differences are also evident. Both studies were carried out at
acidic conditions to prevent complications from hydroxy complex formation
and both utilized a sudden decrease in pH to drive the dechelation process.
There is general agreement between both laboratories [14-16] that there are
four kinetically detectable ferrioxamine B dechelation steps operable with
rate constants which span five orders of magnitude (from 102 M1 g=1 to

1073 M-l 51y,

A comparison of the kinetics of dechelation of tris{acetchydroxamato)-
iron(I1I}, Fe(CH3C(O)N{Q)H)3, and FeHDFBY in acid solution will serve as a
model for the mechanism of linear trihydroxamic acid siderophore dissocia-
tion. A complete study of the equilibria, kinetics, and mechanism for
tris(acetohydroxamate) iron(III) aguation in aqueous acid solution at condi-
tions identical to the ferrioxamine B aquation studies was carried out by
Pribanié¢, Wilkins and co-workers [45)}. The acetohydroxamate ligand serves
as a model for each hydroxamate group of ferrioxamine B.

The first step in the scheme is the dissociation and protonation of the
first hydroxamate group of ferrioxamine B to form the tetraccordinate complex.
An important feature of FeHDFBT is that dechelation is initiated at the pro-
tonated amine end of the molecule, based on analogy with aquation/formation
kinetic studies of synthetic mono~hydroxamic acid complexes with re3*,
Fe(Rlc{O)N(O)RZ)(HZO)42+ [15,29,33,46]. A discrepancy between the two reports
{15,161 concerns whether the protonation occurs before or after the rate

limiting process in the production of the tetracoordinate intermediate,

+ + k1 2+ 6
Fe (HOFB) ¥ + HY === Fe (HpDFB) (H20) 2 : (6)
-1
X1 .
Fe (CH3C(O)N(O)H) 3 + HY - Fe (CH3C(O)N{O)H) 5 {H0) 27 + CH3C(O)N(OH)H (7)
-1

Fe(HQDFB)(H2G)22+. Monzyk and Crumbliss [15] report an acid independent rate
constant (290 s~ 1) for the dechelation of Fe (HDFB) ¥ to form the tetradentate
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species Fe(HzDFB)(H20)22+. Wilkins, et al. report a value for kj =
380 M1 571 [16] and k1 = 1.0 x 105 M~1 571 (457, Apparently dissociation
of a hydroxamate group from Fe(CH3C(O)N(O)H)3 is a kinetically more facile
process than from Fe (HDFB) V. This may reflect the influence of the hydro-
phobic connecting chain(s) in Fe (HDFB)* which hinder attack by the hydrated
proton [16].
For ferrioxamine B an intermediate is formed between the tetradentate
Fe (HoDFB) (H0) 32% and bidentate Fe (H3DFB) (Hp0) 4°% structures. Although the
structures of E‘e(HzDFB)(HZO)ZZ+ and Fe(H3DFB)(H20)43+ [15,16] may be inferred
from proton stoichiometries and spectral comparisons with synthetic mono-~hy-
droxamate complexes of Fe3* [{29,45], the structure of the intermediate,
Fe(HzDFB)(HZO)x2+*, formed in the proton independent step between the tetra-
and bidentate forms of the dechelating ferrioxamine B complex is speculative.
Further dechelation to form the bidentate chelated ferrioxamine B from
the half chelated intermediate and the corresponding acetohydroxamate/Fe3+

dissociation reaction may be represented as follows. Wilkins, et al. report

k
Fe (HpDFB) (Hp0) ,2** + nt o B Fe (H3DFB) (Hp0) g3+ (8)
k-2
k'
+ t ol 2+
Fe (CH3C(O)N(0)H) 5 (Hp0) T + H = Fe (CH3C (0)N(O) B) (Hp0) 4 (9
-2

+ CH3C(O)N(OH)H

a value for ky = 2.3 x 1072 M~ 571 [16] and ky = 1.4 x 103 M1 =1 (457,
Monzyk and Crumbliss report a value for the corresponding process as
kp < 7.2 % 1072 M~ 571 [15]. The proton assisted dechelation of the second
hydroxamate residue from ferrioxamine B is five orders of magnitude slower
than dissociation of the second hydroxamate group from Fe (CH3C(O)N(O)H)3.
Again the hydrophobicity and/or steric constraint of the siderophore backbone
may be playing a role.

The slowest step in the overall ferrioxamine B dechelation process is the
dissociation of the last hydroxamate group. This final step proceeds by

parallel paths for both Fe(H3DFB)(H20)43+ and Fe(CH3C(O)N(O)H)(H20)42* to

k
Fe (H3DFB) (Hp0) 43+ + B* —_ Fe (Hy0) g% + H4DFBT (10)
k.3
Kq
Fe (H3DFB) (Hp0) 437 == Fe (Hy0) 50H2T + H,DFBT (11)
-4
5
Fe (CH3C (O)N(0) H) (Hp0) 42+ + HY === Fe(H0) g% + CH3C(O)N(OH)H (12)
k-3
k‘
Fe (CH3C(O}N(0) H) (Hp0) 42+ ——%A Fe (Hp0) 50HT + CH3C(O)N(OH)H (13)
k

~4
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produce Fe(HZO}63+ and Fe(Hzo)soaz*. Wilkins et al. report values of 5 x 1074
M-t st and 9.3 x 1074 371 for k3 and k4, respectively, which were obtained
from equilibrium data and formation rate studies [16]. Monzyk and Crumbliss
report corresponding values of 1.9 x 1073 M7t 571 and 2.1 x 1073 571 for kg
and kg4 by studying the dissociation reaction directly [15], which is in
reasonable agreement with Wilkins et al. results. The corresponding values
for acetohydroxamic acid dissociation are 1.1 x 1071 M1 s~1 for x3 and

7.9 % 1072 71 for k& [28]. These data again show that dissociation of an
acetohydroxamate group from re3t is faster than dechelation of a hydroxamate
moiety in ferrioxamine B, this time by two orders of magnitude.

The existence of parallel dissociation paths for the final step in ferri-
oxamine B aquation is a result of the strong tendency for the aquo ferric ion,
Fe(B20)33+, to hydrolyze {1]. The mechanism of dissociation of the hydroxa-
mate group by initial cleavage of the Fe~0(N) bond, with synchronous protona-
tion from solution or a c¢is coordinated water molecule, is based on kinetic
investigations of Fegg chelation and dissociation by a series of synthetic
mono~hydroxamic acids RyC(O)N(OH)Ry [29,33,46]. Hydrolysis of partially
chelated ferric ion is relatively unimportant in acidic medium, so the para-
llel acid independent dechelation step involving an intramolecular proton
transfer from Fe3* coordinated Hy0 as shown in VII is only observed in the

final step.

‘0
Q \

\(\3 /N~Rz
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The greater kinetic efficiency of the final hydroxamate group dissocia-
tion in the acetohydroxamic acid complex relative to ferrioxamine B may be
in part due to the hydrophobic effect of the connecting backbone in the
siderophore. However, the acid independent intramolecular HY transfer path
is also two orders of magnitude greater for the acetohydroxamate system than
for ferrioxamine B (egns 11 and 13). This suggests that something other than
connecting backbone hydrophobicity is likely to be operative.

The structure of the linear trihydroxamic acid deferriferricxamine B

(IXIT} is such that the substituent on the N atom of each hydroxamate molety
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is an electron releasing alkyl group. Comparison of the kinetic parameters
for the final hydroxamate dissociation step between ferrioxamine B and a
synthetic mono-hydroxamate (R;C(O)N(OH)Rp) may be more appropriate for the
case where Ry is an alkyl group rather than H, as is the case with acetohy-
droxamic acid. For example, rate constants for the acid dependent and acid
independent dissociation of the mono-N-methylacetohydroxamate complex of
Fe3%, Fe (CH3C(0)N(0)CH3) - (Hz0) 42%, are 2.8 x 1073 M~1 571 and 2.7 x 1073 573,
respectively [29]. This is comparable to the k3 and kg4 values reported for
the final step of ferrioxamine B dechelation (reactions (10) and (11))
[15,16].

A linear correlation has been observed for the log ¢of the rate constants
associated with the acid dependent and acid independent parallel paths (e.g.
eqns (12) and (13)) for the aquation of eighteen different mono-hydroxamato
complexes Fe(Rlc(O)N(O)RZ)(H20)42+ ({including a thiohydroxamate), where Ry
and Rp are different alkyl, aryl and H substituents [29,33,46]. This linear
correlation with a slope of unity suggests that all of the agquation reactions
proceed via the same mechanism and that the transition states for the two
parallel paths differ by a H'. Inspection of the data reveals that both the
R; and Ry substituents influence aquation rates via both paths, but that the
dominant substituent is the one at the Ry position on the N atom. When
Ry = H (independent of the Rj; substituent) the aquation rate constants are
the largest. When Ry = alkyl (independent of the Rj substituent) the aqua-
tion rate constants are relatively smaller. The Ry = aryl hydroxamic acids
exhibit rate constants that are intermediate in range, independent of the Rj
substituent. The rate constants for the final stage of the ferrioxamine B
aquation (k3 and kg in eqgns (10) and (11)) fall on the extreme low end of
this line in the region for the synthetic hydroxamates where Ry = alkyl
[9,14]. Conformity to this linear relationship suggests that the final
dechelation step of ferrioxamine B proceeds by the same mechanism as the
dissociation of the synthetic mono~hydroxamate group from Fe{R1C(QO)N(O)Rp)~
(H20)42+. Additional evidence for this mechanistic similarity comes from the
activation parameters (AH*, As) for the forward and reverse parallel path
process in the final ferrioxamine B dechelation step (eqns (10) and (11))
[30), which follow the same linear isokinetic An¥-As* relationship defined
by eighteen synthetic hydroxamic acids [29,33,46}.

The minimization of the acid dependent and acid independent aquation rate
constants for the hydroxamic acids with Ry = alkyl has been discussed
{29,33,46] in terms of the inductive stabilization of the formal positive
charge on N resulting from the delocalization of the N atom lone electron

pair into the C-N bond. This places additional electron density on the car-
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bonyl O atom as shown in resonance form ¥. Since the second and rate limit-
ing bond cleavage for each hydroxamate group is Fer}%O}Ci, placing additional
electron density on the carbonyl O atom retards the hydroxamate dissociation
rate.

Our analysis suggests that the small rate constant for the final disso-
clation step of ferrioxamine B via the acid dependent and acid independent
paths may be due to the electronic influence of the N-alkyl substituent.

This also suggests that electronic factors may at least be partially respon-
sible (in addition to possible hydrophobic and steric effects) for the
smaller rate constants in the earlier stages of ferrioxamine B dechelation

relative to the acetohydroxamic acid complex.

Ternary complex formation

Although ferrioxamine B dechelation in strongly acidic medium as de-
scribed above is not directly comparable to siderophore mediated iron trans-
port at biological conditions, an understanding of the process provides some
insight into possible in vivo catalytic pathways for a whole range of sider-~
ophores. As dechelation of ferrioxamine B occurs, vacant coordination sites
on Fe3* become available for competing ligands and metal free binding sites
on the deferriferrioxamine B become available for chelation to other metal
ions. The latter case has been illustrated by Pribanié and co-workers
{19,30,47~49] and Pribanidé, Wilkins and co-workers [16] who have observed
the production of diferrioxamine B, FeZ{HDFB)4+, in the reaction of Fega and
deferriferrioxamine B (H4DFBY), and in the dechelation of ferrioxamine B in
the presence of excess Fega. Such a species is not likely to be important
in terms of siderophore mediated iron bioavailability, but it does suggest
the possibility for excess metal ions of some sort taking the place of a H'
ion in preventing ring re-closure during the dechelation process for ferrio-
Xamine B or other hydroxamate siderophores [9].

A similar example may be seen in the citrate promotad reductive removal
of iron from the hydroxamate siderophores rhodotorulic acid, ferrichrome,
ferrioxamine B, triacetyl fusarinine C and ferrichrome A, which occurs only
in the presence of Ga3t [50]. Apparently Ga3+ plays the role of H* in pre-
venting ring closure of the dissociatin§ siderophore and enhances the
accessibility of the Fe3t to the citrate reducing agent.

Inorganic ions such as C17 can enhance ferrioxamine B dissociation
kinetics, presumably by ternary complex formation. This may be seen by com~
paring ferrioxamine B chelation/dechelation kinetic data obtained in aqueous
media containing NaClO4 (2.0 M) and NaCl (1.0 M) background electrolytes

[16,20). The last step of the ferrioxamine B dechelation process is repre-
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sented in egns {10) and (ll). The rate acceleration for each of the micro-
scopic rate constants on changing the reaction medium from ClO4~ to Cl7 is
as follows (the number in parentheses represents the ratio of k, in Cl17
medium to k, in Cl04~ medium) {16,20]: k3 (1.3 x 103); ko (1.4 x 102);
kg (1.7 x 101, k-4 (1.1). The observed rate constant increase is too large
to be ascribed to a medium effect and clearly the biggest effect is in the
non OH™ ligand path. Presumably Cl7 enters the coordination shell of Fe3*
and labilizes the dissociating donor atoms, which are either the hydroxamate
group in the dechelation step or coordinated HpO in the chelation step. This
is similar to the labilizing effect of OH™ and probably explains why Cl” has
a lesser effect on the kyg/k.4 path (egn (11)). <Chloride ion has also been
shown to have a similar labilizing effect on mono-(acetohydroxamato) and
(betaine hydroxamato)iron(III) complex systems [47].

Kinetic results obtained in the presence of chloride ion illustrate the
labilizing influence that small molecules or ions (ligands) may have in sid-
erophore ligand exchange reactions. The kinetics and mechanism of the ferri-

oxamine B/EDTA exchange reaction (14) have been investigated [26,27]. The
Fe (HDFB) ¥ + HEDTA(47%X)~ ——= peEDTA™ + H4DFB* (14)

addition of any one of several synthetic mono-hydroxamic acids ({(CH3C(O)N(OH)H,
CgHgC(O)N(CHYH, CH3C(O)N(OH)CH3) was found to catalyze the exchange reaction
[27]. A detailed kinetic study which included spectrophotometric character-
ization of reactive intermediates was carried out at pH 5.4. The mechanism
for the mono-hydroxamate catalyzed process involves four parallel paths,
three of which include ternary complex formation to produce Fe(HZDFB)A+'

Fe (H3DFB)A,' and FeA3 (A = mono-hydroxamate anion) which lead to FeEDTA™
product formation. Different stabilities of the various ternary complexes
are reported which are consistent with the expected influence of the C and
N substituents in the mono-hydroxamic acid catalyst. Catalysis presumably
occurs as a result of the labilizing effect of the mono-hydroxamate in the
inner coordination shell, which also prevents ferrioxamine B ring closure.
Furthermore, the entering mono-hydroxamic acid may provide a proton to the
dissociating ferrioxamine B via a Ht transfer within the inner coordination

shell, which prevents deferriferrioxamine B ring closure.

LIGAND EXCHANGE KINETICS IN THE PRESENCE OF SURFACTANTS
The previous discussion has illustrated the pH sensitivity of Fe3t dis~
sociation from ferrioxamine B and the effect of Cl~ and low molecular weight

chelators (e.g. mono-hydroxamic acids) on the enhancement of Fe3t dissocia-
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tion. While a redox process may be involved in in vivo iron release from
ferrioxamine B and sudden large pH drops may not provide a particularly viable
biological mechanism for Fe3*t deposition, ternary complex formation involving
commen environmental ions such as Cl” or low molecular weight chelators is a
reasonable pathway for Fe3*t deposition from some siderophore carriers at the
cell surface or interior.

As another consideration we wish to devise in vitro experiments which may
probe the influence that the aqueous/cell interface may have on enhancing
re3t dissociation from a siderophore complex. 1In these experiments we employ
various cationic, anionic and neutral suxrfactants to produce micelles. These
micelles serve as models for the agueous/hydrophobic barrier associated with
a cell surface [51,52). The experimental approach is to investigate the
kinetics and mechanism of Fe3t exchange between a hydrophilic chelator in an
agueous environment (siderophore or model siderophore) and a hydrophobic

chelator associated within a micelle (Scheme A). These data will then be

hydrophobic

hydrophilic '%)che ator

carrier . &
micelle

SCHEME A

compared with similar data obtained in the absence of surfactants. We are
interested in looking for possible surface effects (e.g. charge), ternary
complex formation, and any role orientation or molecular recognition might
play in enhancing ligand exchange rates. Again, the prototype siderophore
used in these experiments is ferrioxamine B, not because the objective is to
probe the in vivo iron biocavailability mechanism for ferrioxamine B specific-
ally, but rather to use ferrioxamine B as a prototype linear hydroxamate
siderophore for which we have detailed kinetic and mechanistic data on un-
catalyzed Fe3* dechelation to aid in our interpretation of any catalytic
mechanisms.

The hydrophobicity of the hydroxamic acids can be controlled by varying
the substituent on the C or N atom. For example, changing the C substituent
from -CH3 (acetohydroxamic acid, hydrophilic), to -CgHg (benzohydroxamic
acid, hydrophobic), to a seven-carbon chain (octanohydroxamic acid, hydro-
phobic) provides for a wide range of hydrophobic control. Octanohydroxamic

acid is an amphiphilic molecule that can form co-micelles with other surfac-

tants (53,54].



168

In a solution containing micelles, acetohydroxamic acid is in the aqueous
phase while benzo- and octano-hydroxamic acids reside in the micelle pseudo-
phase [54). This variation allows us to investigate Fe3+/ligand exchange
reactions in the presence of micelles whereby Fe3% is transferred from a
hydrophilic carrier to a tris(hydroxamate) binding site which is located in
aqueous medium or within the micelle pseudo-phase. The uv-visible absorption
spectrum of tris(hydroxamato)iron(IIIl) complexes is sensitive to solvent
environment. This can be used to establish that Fe(RC(O)N(0)H)3 occurs in
the aqueous phase when R = CH3 (acetohydroxamic acid) and in the micelle
pseudo-phase when R = CgHg or CqHj5 (benzo or octanchydroxamic acid) [54].

In our investigations we have used cationic (CTAB), anionic (SDS) and
uncharged (Triton X) surfactants to produce micelle containing solutions.
Appropriate control experiments were performed to ensure that any surfactant
influence on Fe3+—ligand exchange kinetics was not due to specific ion or

ionic strength effects.

Iron EDTA/hdroxamic acid ligand exchange
We have investigated the influence of surfactants on the Fe3+-ligand

exchange reaction (15), whereby Fe3* is exchanged from the hydrophilic

FeEDTA™ + 3 RC(O)N(OH)H —'Ji—ﬁ Fe(RC(O)N(O)R)3 + HxE‘,DTAx_4 (15)

R = CH3, CgHg, CyH15; S = CTAB, SDS, Triton X

carrxier, EDTA, to a tris-hydroxamate complex [55]}. The rate of the reaction
of FeEDTA™ with the hydrophilic acetohydroxamic acid is not influenced by
charged or uncharged surfactants. The reaction rate of FeEDTA™ with the
hydrophobic chelators benzo~ or octano-hydroxamic acid is not influenced by
neutral or negatively charged surfactants, but is influenced by CTAB, a posi-~
tively charged surfactant. Figure 2 illustrates the increase in rate constant
observed for reaction (15) in the presence of CTAB concentrations above the
critical micelle concentration [55].

The parallel path reaction shown in Scheme B involving Fe3+~ligand
exchange in aqueous medium and at the micelle pseudo-phase surface is consis-
tent with data obtained at various H' and hydroxamic acid concentrations for
reaction (15) in the presence of CTAB. Table 1 lists the micelle binding
constants, Kp and microscopic rate constants associated with the aqueous
phase, kaq, and the micelle pseudo-phase, kg, which were calculated using the
Berezin model ([561]. kaq values were obtained from experiments using aceto-

hydroxamic acid where ky and km‘ are zero. The partially hydrolyzed

Fe(OH)(EDTA)2° was assumed to be only associated with the micelle surface
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Fig. 2. Pseudo~first-order rate constant for reaction {15) plotted as a
function of CTAB concentration for A benzohydroxamic acid (PhC(0)N(OH)H)
and B octanohydroxamic acid (CH3 (CH2) ¢C(O)N(OH)H) . Conditions: pH = 7.0
(0.05 M Tris); 25°C; [FeEDTA™] = 2.0 x 107% M; A [PhC(O}N(CH)H] = 0.10 M;
[CH3 (CHp) gC{O)N(OH)K] = 0.006 M. CTAB cmc in 0.05 M Tris buffer; pH 7.0 a
25°C is 5.1 x 1075 M. CTAB/octanohydroxamic acid co-micellar cmc at 6.0
1073 M CH3(CHp) gC(OIN(OHIE, in 0.05 M Tris buffer, pH 7.0 at 25°C is 4.0
1075 M. All data from Ref. [55].

k ZHA
- a - -
FeEDTA ;g + HAzq —oI— Fe (HEDTA) (A) ag — FeA3 + HpEDTAZ 4 {(16)
K, Fe R HA
_ kp ~ 2HA 2-
FeEDTA™ p, + HAgL —> Fe(HEDTA) {A) p — FeA3m + HzEDTA aqg {(17)
~
K
OH o+
5 Kp' 2HA
Fe (OH) (EDTA) ™y + HBp — Fe(EDTA) (A) Ty —> FeAg_ + HpEDTAZ 54 (183

SCHEME B. HA = PhC(O)N{OH)H, CH3(CHp)gC{O}N{OH}H, ag designates agueous
phase, and and m designates micelle pseudo-phase.

due to its high negative charge [57]. Evidence for the wvalidity of the

Berezin model in analyzing these data may be seen in the relatively constant
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value obtained for FeEDTA™ aqueous/micelle binding constant, KmFe, and the
increase in the corresponding hydroxamic acid binding constant, KmHA, on
going from benzohydroxamic acid to the more hydrophobic octanohydroxamic acid
(Table 1).

Comparison of kp and kag values in Table 1 indicates that the cationic

TABLE 1 (55]

Microscopic constants associated with Scheme B in the presence of CTAB.

Parameter Hydroxamic Acid
CgHsC (O)N (OH)} H €Hq5C (O) N (OH) H
Kpfe/m 1 20 30
K AA/m71 30 154
Kog/M® 2.6 x 1078 2.6 x 1078
kag/Mt s-1P 3.5 x 1073 3.5 x 1073
kp/M™1 571 9.1 x 10~4 6.9 x 1075
kp' /ML s~ 2.9 x 1072 1.1 x 1072

a . N s
Obtained from Ref. [26] in aqueocus medium.
value listed is for CH3C(O)N(OH)H where kp and ky = 0.

CTAB surfactant has little influence on the microscopic rate constant for
Fe3+/ligand exchange at the micelle surface. Rather the rate enhancement
observed in the presence of CTAB (see Figure 2 for example) is due to a pre-
concentration or proximity effect as suggested by the KmFe and KmHA values.
Apparently the charged micelle surface enhances the concentration of the
FeEDTA™ /hydroxamic acid encounter complex, but does not influence the reac-
tivity of the FeEDTA™ coordination shell. The smaller k, value for octano-
hydroxamic acid suggests a deeper partitioning of this more hydrophobic
hydroxamic acid within the micellar region. The enhanced reactivity of the
partially hydrolyzed EDTA complex, Fe(OH)(EDTA)Z', at the micelle surface
(ké/km) is consistent with the known labilizing influence of OH™ in the inner
coordination shell.

The mechanistic picture developed for reaction (15) in the presence of
surfactants is one in which the ligand exchange reaction is proceeding in
parallel paths in aqueous medium and on the micelle surface. A rate enhance-
ment is observed when the micelle surface serves to bring the reacting part-
ners together in close proximity. Such is the case when the micelle surface
is positively charged (CTAB) and the hydroxamic acid is preferentially parti-

tioned into the micelle pseudo-phase (benzo~ and octanohydroxamic acid).
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Ferrioxamine B/hydroxamic acid exchange

The Fe3* ligand exchange reaction (19) between ferrioxamine B and benzo-

FeHDFB}, + 3 PhC(O)N(OH)Hp, =, Fe (PhC(0)N(O)H) 354 + H4DFBY (19)
S = CTAB, SDS, Triton X

hydroxamic acid has been investigated in the presence of various surfactants
over a wide range of H' and PhC(O)N(OH)H concentrations [58]. The negatively
charged surfactant SDS has been found to accelerate the rate of this exchange

reaction as is illustrated in Figure 3. Positive and neutral surfactants

0.008

0.006 ~

0.000 v T T T T
0.00 0.02 ° 0.04 0.08 0.08 0.10

{SDS], M

Fig. 3. Pseudo-first-order rate constant for reaction (19) plotted as a
function of SDS concentration. Conditions: pH = 7.1 (0.05 M Tris); 25.0%°C;
[FeHDFB+] = 7.5 x 1075 M; [PhC(O)N(OH)H] = 0.1 M, SDS cmc = 2.0 x 10_3 M [59].
Data from Refs, [54,58].

have no influence on reaction (19). The pseudo-first-order rate constant for
reaction (19) at a given SDS concentration exhibits a non-linear dependence
on [Ph(C(O)N(OH)H], as well as a strong pH dependence as illustrated in
Figure 4.

The three step mechanism shown in Scheme C is consistent with the kinetic
data. The mechanism involves ferrioxamine B hydroxamate chelate ring opening
(eqn (20)) and benzo-hydroxamic acid ternary complex formation on the nicelle

surface (ean (21)), followed by rapid formation of the tris(benzohydroxamic
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Fig. 4. Pseudo-first-order rate constant for reaction (19) plotted as a
function of PhC(O)N(OH)H concentration at various pH values. Conditions:
25.0°C; ([SDS] = 0.04 M; [FeHDFB*] = 7.5 x 105 M. Data from Ref. [58].

k
FeHDFBY + H k=1 Fe (HpDFB) (Hp0) 52+ (20)
aqueous -1
2+ k2
Fe (HpDFB) (Hp0) 2T + PhC(O)N(OH)H ——> Fe (HoDFB) (PhC(O)N(O)H)* + H*Y (21)
Fe (H,DFB) (PhC (O)N(O)H) ¥ + 2 PhC(0)N(OH)H ~2225 5 pe (BhC(O)N(0)H) 3 (22)
micelle " H4DFB+
aqueous
SCHEME C
acid)iron(III) complex in the micelle interior (egn (22)). Microscopic rate

constants may be obtained from kinetic data using the following algebraic

X _ a [BHA]

OBS b + (BHA] (23)
expression where a = [H*]k; and b = k.1/kpy. Assuming ki/k.; = 10 M7l as
established independently in agqueous solution [15,28], microscopic rate con-
stants obtained from kinetic data at variable PhC(O)N(OH)H and H' concentra-
tions and a fixed SDS concentration are ky = 1.1 x 105 M71 571 and kp = 8.2 x
104 M1 571, These microscopic rate constants are 3 orders of magnitude

greater than values obtained for H* driven ferrioxamine B aquation or ligand
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exchange reactions in the absence of surfactant micelles [15%,16,26]. Appar-
ently the micelle surface exhibits a significant influence on the dynamics of
this ligand exchange reaction.

An important consideration in comparing an anionic surfactant system with
aqueous data is the effect of the anionic micelle surface. There is an elec-
trostatic attraction between the negatively charged surface and H' ions,
which effectively decreases the pH at the surface [60,61]. This may be quan~

tified using egn (24) (60) where [H']y and [#']g are the H' concentrations in
(a1 = (HY)} exp(-e¥/XkT) (24)

the bulk and micelle surface, respectively, e the electronic charge, Y the
surface potential (~120 mv {62] for SDS), k the Boltzmann constant and T the
temperature. This equation predicts a 100 fold increase in HY concentration
at the SDS micelle surface over that found in the bulk. If the ligand ex~
change reaction occurs at the SDS micelle surface, then given the pH sensi~-
tivity of the ferrioxamine B dechelation process it is reasonable that SDS
surfactant molecules at concentrations above the cmc will enhance the ligand
exchange reaction (19).

Equation (23) may be used to calculate an effective "kinetic" [H?] on the
surface of the SDS micelle by inserting microscopic rate constants for the
steps represented in Scheme C that are derived from H' driven ferrioxamine B
dechelation, or ferrioxamine B ligand exchange kinetics, in the absence of
surfactants (15,16,26,58]. This assumes that the SDS micelle does not influ-
ence the microscopic rate constants in Scheme C, only the surface (ut1. For
example, a surface [H'] = 3.8 x 1075 M was calculated in this way using data
in which the measured bulk aqueous {H*] = 7.9 x 1078 M, This pH drop is con-
sistent with the calculation using egn (24).

The mechanistic picture that emerges from this study [58] is that in the
presence of negatively charged head group surfactants ferrioxamine B exchanges
Fe3* with micelle encapsulated benzohydroxamic acid on the surface of the
micelle at significantly faster rates than in bulk aqueous solution due to
the higher Bt concentration on the micelle surface. The reaction proceeds
through ternary complex formation on the micelle surface, with reactivity
similar to that observed in bulk sclution once the difference in surface HY
concentration is accounted for. The influence of the negative SDS head group
in bringing the positively charged FeRDFB' in close proximity to the benzo-

hydroxamic acid undoubtedly also plays a role.
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Ferrioxamine B/hydroxamic acid exchange in the presence of a crown ether

Receptor sites on the cell surface may appropriately orient an Fe3*t
siderophore complex or increase its reactivity with respect toc ligand
exchange. Siderophore molecular recognition via coordination shell or ligand
backbone geometry has been investigated in other laboratories [63]. We are
interested in modeling the possibility of siderophore side chain recognition
being involved in enhancing Fe3* ligand exchange lability. We are also inves-
tigating ways in which a modified micelle surface may influence the dynamics
of Fe3+~ligand exchange reactions which occur on the surface.

In an attempt to model such a system we have studied the kinetics of
ferrioxamine B/benzohydroxamic acid exchange in the presence of surfactants,
with the additional feature of adding a hydrophobic crown ether to the reac-
tion mixture, cis-dicyclohexyl-18-crown-6 (DC~18-C-6) [(64]. This particular
crown ether was selected for two reasons: it is hydrophobic and therefore is
associated with the micelle and it has a cavity size appropriate for complex-
ing primary ammonium ions {65].

DC-18-~C-6 can readily complex the protonated amine side chain of aqueous
ferrioxamine B and extract the iron complex into chloroform solution. Ferrio-
xamine B is not scluble in CHCljy and the extraction process illustrated in
reaction (25) with Keq =5 M1 [64] is indirect evidence for DC-18-C-6
complexation of the protonated amine side chain of ferrioxamine B. The uv-

K=5M1
= FeHDFB*-DC-18-C-6 (CHC13) (25)

FeHDFB (5q)* + DC-18-C-6 (cpcy 5

visible spectrum of FeHDFB'-DC-18-C-6 in CHCl3 is similar to that observed for
FeHDFB* in water. The Keq value obtained for reaction (25) is in the range
expected for protonated primary amine complexation by a cyclic polyether with
the cavity size of an 18-crown-6 ring [66].

Figure 5 illustrates the influence of DC-18-C-6 on the pseudo-first-order

rate constant, kgps, for the ligand exchange reaction (26) in the presence of

FeHDEB}y + 3 PhC(O)N(OH) Hp ——Dklsi‘ﬁia Fe (PhC (0)N(0) H) 3, (26)
S = SDS, CTAB, Triton X + H4DFBY,

micelles formed by anionic (SDS), cationic (CTAB) and uncharged (Triton X)
surfactants. The ligand exchange process is sensitive to increasing DC-18-C-6
concentrations and whether this results in an increase or decrease in rate
depends on the head group charge on the surfactant. The kgpg for reaction
(26) decreases with increasing DC-18-~C-6 in SDS (negative head group) and

increases with Triton X (uncharged head group) and CTAB (positive head group).
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Fig. 5. Pseudo-first-order rate constant for reaction (26) in the presence
of A SDS, B Triton X and C CTAB surfactants plotted as a function of dicyclo-
hexyl-18-crown-6 concentration. Conditions: pH = 7.1; 25%¢; [PhC(O)N (OH)H]
= 0.10 M; [FeHDFB¥] = 7.5 x 1073 M; [SDS] = 0.10 M; [Triton X] = 0.08 M;
[CTAB] = 0.08 M. Data from Ref. [64].

Results presented in Figure 5 suggest that micelle bound DC-18-C-6 complexes
the protonated amine arm of ferrioxamine B at the micelle surface, followed
by Fe3t exchange to form the tris(benzohydroxamato)iron(III) complex within
the micelle pseudo-phase. Recall that Triton X and CTAB do not influence this
Fe3* ligand exchange reaction in the absence of crown ether (see above), pre-
sumably because there is no pH drop at the surface and no electrostatic
attraction between the cationic FeHDFB* and CTAB or Triton X. Addition of
DC~18-C-6 to Triton X or CTAB provides a pathway for FeHDFB* association with
the micelle surface via complexation of the -(CHp)g-NH3* side chain. This
complexation at the micelle surface then enhances the ligand exchange process

to form Fe (PhC(O)N(O)H)3 within the micelle, either due to a proximity effect
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or a labilization of FeHDFB' dissociation. In the presence of $DS, complexa-~
tion of the —(CH2)5NH3+ side chain evidently prevents a kinetically signifi-
cant electrostatic interaction between —(CH2)5NH3+ and the negatively charged
head group, thus retarding the rate.

The model proposed is illustrated in Figure 6, in which DC-18-C~6, while

oty \’\—Q u—o TNO'YO

° ~
N >li<o [ H” “H J \o/Fe(o

7 AN dou P
O
O

Fig. 6. Schematic representation of dicyclohexyl-18-crown-6 complexation of
the —(CH2)5—NH3+ side chain of ferrioxamine B and subsequent ligand exchange
to form Fe(PhC(O)N(O)H)3 within the micelle.

associated with the surfactant micelle, "recognizes" ferrioxamine B by com-
plexing the —(CH2)5NH3+ side chain. Additional supporting evidence for the
model comes from similar experiments using the more hydrophilic crown ether
of equivalent cavity size 1,4,7,10,13,16-hexaoxacyclooctadecane (18~C~6) [64].
In this case the crown ether is distributed in the aqueous phase and not
largely confined to the micelle. The pseudo~first-order rate constant for
Fe3t ligand exchange in the presence of SDS surfactant (reaction (26))
decreases as in the case of DC-~18-C-6. This is consistent with the agueous
crown complexing the protonated amine side chain of ferrioxamine B and
decreasing the electrostatic attraction between cationic FeHDFBY and the SDS
micelle surface. In the presence of Triton X and CTAB, 18-C-6 has no influ-
ence on the observed psuedo-first-order rate constant for reaction (26), con-~-
sistent with there being no crown ether "molecular recognition™ of the

-(CHp) 5NH3" side chain of ferrioxamine B at the micelle surface.

CONCLUSIONS
Kinetic data obtained under various conditions for Fe3' dissociation from
ferrioxamine B have been presented as a model for non-reductive iron release

from a hydroxamate siderophore. These data have been discussed within the
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context of similar kinetic data for synthetic hydroxamic acid complexes of
iron(III). Apparently the connecting chains between the hydroxamate groups
in ferrioxamine B exert a rate retarding electronic influence on the dechela-
tion kinetics, as well as steric and perhaps hydrophobic influences.

The question of possible non-reductive pathways for iron release from its
high affinity siderophore carrier at the appropriate time and place is posed.
High acidity, and competing ligands resulting in ternary complex formation,
enhance the dissociation rates of Fe3% from ferrioxamine B. The presence of
certain surfactants are also found to enhaﬂce Fe3* exchange rates from
ferrioxamine B to a micelle bound synthetic hydroxamic acid chelator. The
mechanism for this rate enhancement by surfactants includes ferrioxamine B
ring opening at the micelle surface, where in the case of SDS a region of low
PH exists. Rapid ternary complex formation occurs due to the micelle induced
close proximity of ferrioxamine B and the micelle bound exchanging ligand. &
micelle bound crown ether was found to further enhance this exchange process
by encapsulating the protonated amine side chain of ferrioxamine B. These
results may have relevance to in vivo iron dissociation from a hydroxamate
siderophore where orientation, molecular recognition, and/or a localized pH
decrease may serve to enhance the lability of the siderophore complexed iron

at the cell surface.
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