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The coordination chemistry of a saccharide-based ferrichrome analogue, 1-O-methyl-2,3,4-tris-O-[4-(N-hydroxy-N-
methylcarbamoyl)-n-butyrate]-o.-p-glucopyranoside (HsL), is reported, along with its pK, values, Fe(lll) and Fe(ll)
chelation constants, and aqueous-solution speciation as determined by spectrophotometric and potentiometric titration
techniques. The use of a saccharide platform to synthesize a hexadentate trihydroxamic acid chelator provides
some advantages over other approaches to ferrichrome models, including significant water solubility and hydrogen-
bonding capability of the backbone that can potentially provide favorable receptor recognition and biological activity.
The pK, values for the hydroxamate moieties were found to be similar to those of other trihydroxamates. Proton-
dependent Fe"—HsL and Fe'—-HsL equilibrium constants were determined using a model involving the sequential
protonation of the iron(lll)= and iron(ll)—ligand complexes. These results were used to calculate the formation
constants, log B110 = 31.86 for Fe'"lL and 12.1 for Fe'L~. The calculated pFe value of 27.1 indicates that HsL
possesses an Fe(lll) affinity comparable to or greater than those of ferrichrome and other ferrichrome analogues
and is thermodynamically capable of removing Fe(lll) from transferrin. E;, for the Fe''L/Fe''L~ couple was determined
to be —436 mV from quasi-reversible cyclic voltammograms at pH = 9, and the pH-dependent E;,, profile was
used to determine the Fe'L~ protonation constants.

Introduction functional groups for iron coordination, and their Fe(lll)-

Iron is universally required for the growth of almost all chelating affinity largely determines the microbial bioavail-

o e
living cells. Although iron is the most abundant transition ability of iron.

metal in the biosphere, under aqueous-aerobic conditions andm Sr:(t:i?rr]?/plleore-m?d;ﬁitze%|r2n ahcqluljlt:]on ;r'(zm ItITefrer;:]/lri?n-
neutral pH, iron is present mostly as insoluble iron(lll) € olves solubilization (chelation) of Fe(lll) from its

hydroxide! At pH = 7.4 and in the absence of chelating highly insoluble hydroxide fgrm, transport to apd ac.ross.th.e
ligands, the total amount of soluble iron fFgq + Fe- cell meﬂ?}raﬂe' a_nd o!eposmon atan appropriate site W'Fhm
(OHP*wy + Fe(OHY*@wq] is as low as 10° M2 a the_ gell.' ‘8Microbial siderophores exhlblt_hlgh and §peC|f|c
d d affinity for Fe(lll) (log B > 30Y for selective chelation of
Fe(lll) in the presence of other environmentally prevalent
metal ions. The siderophotéron complexes are recognized

concentration that is 4 orders of magnitude lower than the
concentration required by microorganisfridicroorganisms
secrete siderophores, a class of highly specific Fe(lll)-
chelating agents, under iron-deficient conditions to sequester 4y ajprecht-Gary, A.-M.; Crumbliss, A. L. IiMetal lons in Biological
iron from the environment. These potent Fe(lll)-specific SystemsSigel, A., Sigel, H., Eds.; Marcel Dekker: New York, 1998;
chelators usually include either hydroxamate or catecholate (5) \C/(r)llm?gllspszigL InHandbook of Microbial Iron ChelatesVinkel-

mann, G., Ed.; CRC Press: Boca Raton, FL, 1991; p 177.
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at the cell surface by high-affinity siderophore receptors and
enter the cell through outer membrane proteins in an energy-
dependent proceds®*® The iron-release mechanism, the
final step of siderophore-mediated microbial iron transport,
ultimately involves ligand exchange; hydrolysis of the sidero-
phore ligand; and/or protonation of the iresiderophore
complex, which might be preceded by Fe(lll) reducttdn.

The desferrichromes, a class of structurally related fungal
siderophores, are trihydroxamates and represent one of the
very well studied siderophore systefnall desferrichromes
include a cyclic hexapeptide backbone containing a tripeptide
sequence df’>-acyl-N°-hydroxy+ -ornithine, with the excep-
tion of tetraglycyl desferrichrome, a heptapeptide. The Fe-
(llN-chelating moieties in desferrichromes, hydroxamate
groups, are located at the ends of three peptide arms that
asymmetrically extend from the cyclic hexapeptide backbone
(Figure 1)!6-20 Recent crystallographic data of ferrichrome
bound to ferrichrome receptor and periplasmic binding
protein show that the carbonyl oxygen donor atoms in the
peptide backbone, as well as the oxygen atoms at the Fe-
(Il1) coordination shell, are involved in hydrogen-bonding
interactions with the protein during the receptor and peri-
plasmic binding protein recognition procégs?® This il-
lustrates the critical role of both the backbone and the Fe(lll)
coordination shell in the receptor-recognition process. Over
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the years, various desferrichrome analogues have beerkigyre 1. Desferrichrome and desferricrocin, naturally occurring exocyclic
synthesized in which the cyclic hexapeptide backbone is siderophores with hydroxamate functional groups, and a synthetic desfer-

; ; 31 ; richrome analogue with a saccharide backboné-rhethyl-2,3,4-trisO-
substituted by a series of scaffoRfs These synthetic [4-(N-hydroxyN-methylcarbamoyl)+-butyrate]e-p-glucopyranoside (L).

(10) Letain, T. E.; Postie, KMol. Microbiol. 1997, 24, 271.
(11) Postle, K.Mol. Microbiol 1990 4, 2019.
(12) Ecker, D. J.; Matzanke, B. F.; Raymond, K. l.Bacteriol. 1986

desferrichromeanalogues include trianithand benzerié@
as the backbone. Such substitutions have been successful in

167, 666. maintaining a tripodal or exocyclic trihydroxamic acid

(13) Armstrong, S. K.; Mclntosh, M. AJ. Biol. Chem 1995 270, 2483.

(14) Newton, S. M. C.; Allen, J.'S.; Cao, Z.; Qi, Z.; Jiang, X.. Sprencel, Structure for Fe(lll) chelation, but in the process, the water
C.;lgo, J. D.; Foster, S. B.; Payne, M. A.; Klebba, PFEoc. Natl. solubility of these compounds is sacrificed, as well as the

Acad. Sci.1997, 94, 4560.

(15) van der Helm, D. IiMetal lons in Biological SystemSigel, A., Sigel,
H., Eds.; Marcel Dekker: New York, 1998; Vol. 35, p 355.

(16) Matzanke, B. F. lidandbook of Microbial Iron Chelate$Vinkelmann,
G., Ed.; CRC Press: Boca Raton, FL, 1991; p 15.

receptor-recognition capability of the backbone.

A series of synthetic analogues of enterobactin, an
exocyclic triscatecholate siderophore produced by enteric

(17) Van der Helm, D.; Baker, J. R.; Eng-Wilmot, D. L.; Hossain, M. B.; bacteria, based on a carbohydrate backbone have recently

Loghry, R. A.J. Am. Chem. S0d.98Q 102 4224.
(18) zalkin, A.; Forrester, J. D.; Templeton, D. Sciencel964 146, 261.
(19) zalkin, A.; Forrester, J. D.; Templeton, D. H.Am. Chem. So4966

been characterized with respect to their Fe(lll) coordination
chemistry?? These synthetic analogues have Fe(lll) chelation

88, 1810. capabilities comparable to that of the natural siderophore,

(20) Norrestam, R.; Stensland, B.; Branden, Cl.IMol. Biol. 1975 99,
501.

enterobactin, and also show significant siderophore activi-

(21) Clarke, T. E.; Ku, S.-Y.; Dougan, D. R.; Vogel, H. J.; Tari, L. W.  ties3® indicating favorable cell receptor recognition. This

Nat. Struct. Biol.200Q 7, 287.
(22) Ferguson, A. D.; Hofmann, E.; Coulton, J. W.; Diederichs, K.;
Wolfram, W. Sciencel998 282, 2215.

novel use of a carbohydrate as the scaffold for exocyclic
tripodal siderophore analogues shows early promise in better

(23) Locher, K. P.; Rees, B.; Koebnik, R.; Mitschler, A.; Moulinier, L.;  elucidating siderophore-mediated iron transport, as well as

Rosenbusch, J. P.; Moras, Dell 1998 95, 771.
(24) Ng, C. Y.; Rodgers, S. J.; Raymond, K. Morg. Chem.1989 28,

providing significant synthetic flexibility in the design of

2062. N these chelators. Here, we explore the possibilities of using a
(25) Yoshida, I.; Murase, |.; Motekaitis, R. J.; Martell, A. Ean. J. Chem. saccharide backbone to generate analogues of the desfer-

1983 61, 2740.

(26) Esteves, M. A; Vaz, M. C. T.; Goncalves, M. L. S. S.; Farkas, E.; fichrome family of hydroxamate siderophores.

Santos, M. AJ. Chem. Soc., Dalton Tran%995 2565.
(27) Shanzer, A.; Libman, J. IMetal lons in Biological SystemsSigel,

A trihydroxamate analogue of desferrichrome (Figure 1)

A., Sigel, H., Eds.; Marcel Dekker: New York, 1998; Vol. 35, p 329. has been synthesized using a methyb-glucopyranoside

(28) Hara, Y.; Shen, L.; Tsubouchi, A.; Akiyama, M.; Umemoto iKorg.
Chem.200Q 39, 5074.
(29) Hara, Y.; Akiyama, MJ. Am. Chem. SoQ001, 123 7247.

scaffold with three hydroxamic acid moieties per saccharide

(30) Tsubouchi, A.; Shen, L.; Hara, Y.; Akiyama, Mew J. Chem2001,
25, 275.

(32) Dhungana, S.; Heggemann, S.; Heinisch, L:|iMann, U.; Boukhalfa,
H.; Crumbliss, A. L.Inorg. Chem 2001, 40, 7079.

(31) Matssumoto, K.; Ozawa, T.; Jitsukawa, K.; Einaga, H.; Masuda, H. (33) Heggemann, S.; Schnabelrauch, M.; Klemm, D.;/liIMann, U.;

Chem. Commur2001, 978.

Reissbrodt, R.; Heinisch, IBioMetals2001, 14, 1.
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unit: 1-O-methyl-2,3,4-tris©-[4-(N-hydroxyN-methylcar- side (HL) are described elsewhet€The tris(hydroxamate)iron(l1l)
bamoyl)n-butyrate]e-p-glucopyranoside (kL).3 This first complex [F&'L] was formed by adding 1 equiv of Fgaq) to an
example of a desferrichrome model with a carbohydrate @queous solution of the ligand and slowly increasing the pH to 9
backbone is a retrohydroxamate siderophore analogue (sidWith constant stirring over the course of 30 min.

erophore analogue in which the positions of the hydroxamate Methods. Potentiometric Measurements. Samples (10.00
nitrogen and carbon are interchanged relative to their mL) were placed in a double-walled titration cell maintained at

it in th tural sid h Previ K 25.00 £ 0.05 °C by a circulating constant-temperature bath.
positions in the natural siderophore). Previous work on Solutions were adjusted to= 0.10 M by the addition of 2.0 M

hydroxamate systems covalently linked to a saccharide ur‘itNr:\CIQ;, and all solutions were purged with Ar prior to titration. A

are limited and include only monohydroxamatesThe  Tiyonic 96 standard buret was used for the titration; data were
saccharide scaffold allows for an asymmetrical distribution analyzed with the software SUPERQUAD.

of the Fe(lll)-binding hydroxamate arms and also increases Spectrophotometric MeasurementsUV —visible spectra were
the hydrophilicity of the molecule, unlike previously syn- recorded using a Cary 100 spectrophotometer. All solutions were
thesized desferrichrome analogues. The presence of oxygerdjusted tol = 0.10 M by the addition of 2.0 M NaCIp The
atoms in and around the saccharide ring gives the cyclic UV—Visible spectra of the iron complexes as a function of pH were
backbone the ability to act as a hydrogen-bond-acceptorObtamed from a single stock solution. The stock solution was
during the cell receptor-recognition process. This structural divided into various batches, and each batch was used separately
: i} ) ., for the spectrophotometric titration. Titrations were carried out in
property is comparable to the hydrogen-bond-accepting oth directions, from low pH to high pH and from high pH to low
capacity of the carbonyl groups that are present on the natural

desferrich backb h heti | h H, using different batches of iron complexes. After each adjustment
esferrichrome backbone. Such synthetic analogues, t Creaf pH, the solution was allowed to equilibrate for-105 min, after

fore, are expected to be more complete models for desfer-yich an aliquot was taken and its visible spectrum was recorded.
richrome and might be of significant interest as they can be At low and high pH, the dilution due to the addition of concentrated
used as penetration vectors for antibiotics or other biological acid and base, respectively, was corrected accordingly; data were
applications involving Fe(lll) uptake and metabolism. This analyzed using the software LETAGROP-SPE®On spectro-
article describes the aqueous solution characterization of thephotometric competition experiments with EDTA, 5.0-mL samples

Fe(lll)- and Fe(ll)-chelating ability of kL. were allowed to equilibrate for 48 h at 2&. Typical solutions
were 1x 1074 M in Fe(lll) and the trihydroxamic acid ligand,
Experimental Section with up to a 6-fold excess of EDTA (Aldrich). The protonation

and Fe(lll) formation constants for EDTA were taken from the
critical compilation of Martell and Smittt

Electrochemistry. The electrochemical behavior of the'Fe
HsL complex was studied in aqueous solution with 0.10 M NaCIO
as the supporting electrolyte. Experiments were carried out using
an EG&G Princeton Applied Research model 263 potentiostat.
Voltammograms were recorded using PowerCV cyclic voltammetry
software. All experiments were carried out under an Ar atmosphere
at room temperature. The voltammograms were recorded at a scan
rate of 100 mV/s with a HDME working electrode, Ag/AgCl (KCI
saturated) reference electrode and platinum wire auxiliary electrode.
Typical solutions were x 102 M in Fe(lll) and 1 x 1072 M in
ligand. The pH of the solution was adjusted using 1.0 M NaOH
and 2.0 M HCIQ. Observed potentials referenced to Ag/AgCl (KCI
saturated) were converted into NHE by adding 197 mV.

All solutions were prepared in deionized water. All pH measure-
ments were made using a Corning 250 pH/ion meter equipped with
an Orion ROSS pH electrode filled with 3.0 M NaCl solution. The
pH's of all solutions were adjusted accordingly with NaOH or
HCIO,. A stock solution of 2.0 M NaCl@was prepared from solid
sodium perchlorate hydrate (Aldrich99%) and allowed to pass
through a Dowex 50 W-X8 strong acid cation-exchange column
in H* form. The acid displaced from the column was titrated with
standard NaOH solution to the phenolphthalein end point to obtain
a standardized NaClGolution. The 2.0 M HCIQ stock solution
was prepared from concentrated perchloric acid (Fisher 70%) and
standardized by titration with standard NaOH solution to the
phenolphthalein end point. Iron(ll) perchlorate stock solution (0.1
M) was prepared from recrystallized iron(lll) perchlorate (Aldrich),
standardized spectrophotometrically in strong ®aahd titrimetri-
cally by reduction with Sn(ll), and titrated with the primary standard Ragyits
potassium dichromaf€. Carbonate-free NaOH was prepared by
diluting Fishe 1 M NaOH with deionized water purged with Ar Ligand Deprotonation Constants. The compound 13-
for 45 min and standardized by titration with standard 0.2000 M methyl-2,3,4-trisO-[4-(N-hydroxy-N-methylcarbamoyl)-
HCI (Fisher) to the phenolphthalein end point. A glass bulb butyrate]e.-D-glucopyranoside (kL) (Figure 1) is very
electrode (Corning high performance) was used for the measuremengg|uble in water and, when dissolved in 0.10 M NaglO
of pH. The glass electrode was calibrated to read pH according t0 gave a solution of pH 5.92. The ligandslHis a trihydrox-

the classical method. amic acid, and the three deprotonation constants were

[ 4_1(—3135:‘;:945\";6‘;?] f?::sgﬁgzlifgztogf;‘zgl'lzu’if'"r':fc')_ determined by potentiometric titration. The potentiometric
ydroxy y y y glucopy equilibrium curves for free kL and its Fe(lll) complex are

(34) Heggemann, S.; Mienann, U.; Gebhardt, P.; Heinisch, BioMetals shown in Figure 2. The ligand deprotonation constafis
in press. (n=1-3), are defined by eqs 1 and 2 and are listed in Table

(35) ;Jé’ggegséirc B.; Pilepic, V.; Vikic-Topic, DCroat. Chem. Acta 1 as Kan [—log(Ks_n)], along with those of analogous
(36) Bastian, R.; Weberling, R.; Palilla, Rnal. Chem1956 28, 459.

(37) Vogel, A. I. Quantitatie Inorganic Analysis Including Elementary  (39) Gans, P.; Sabatini, A.; Vacca, A.Chem. Soc., Dalton Tran$985

Instrumental Analysis3rd ed.; Longmans, Green and Co., Ltd.: 1195.
London, 1968. (40) Sillen, L. G.; Warsquist, BArk. Kemi1968 31, 377.

(38) Martell, A. E.; Motekaitis, R. JDetermination and Use of Stability (41) Martell, A. E.; Smith, R. M.Critical Stability ConstantsPlenum
Constants2nd ed.; VCH Publishers: New York, 1992. Press: New York, 1974; Vol. 1.
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Table 1. Ligand (K, Values for HL and Relevant Natural and Synthetic Siderophores

pK4—na
n Hslb desferrichrome desferricrocifl desferrioxamine B TRENDROX®
3 8.67+ 0.03 8.11 8.14 8.39 8.58
2 9.31+0.01 9.00 9.01 9.03 9.33
1 9.94+ 0.01 9.83 9.92 9.70 10.30

aDefined by eq 2P Conditions: T = 298 K andu = 0.10 M NaClQ. ¢ References 45 and 48Reference 462 Reference 24.

11
10 4

pH
W A~ O O N O ©

0.0 0.5 1.0 15 2.0 25 3.0 3.5 4.0 45 5.0

a (mole base/mole ligand)

Figure 2. Potentiometric titration curves: (a) 50 1074 M Hal; (b)
HsL/Fe*t = 1:1, 5.9x 104 M. Conditions: T = 298 K andu = 0.10 M
NaClQOs.

trinydroxamic acids.

K —Nn —_
Han3+n _4n anlL 4+n + H+ (1)
[H, L MHT]
hn = )

[HoL "]

The acid dissociation constants foglHall in the normal
range (K, = 8—10) for hydroxamic acid$** and are in

0.7
0.6
0.5
0.4 -

0.3 1

Absorbance

0.2 N

0.1 1

0.0 T T T T T T T T T T T
300 325 350 375 400 425 450 475 500 525 550 575 600

Wavelength (nm)

Figure 3. Spectrophotometric titration: UVvisible spectra of Pé—HsL

as a function of pH from pH 0.31 to 8.27. ConditionszLHe3" = 1:1,

2.0 x 10 4 M; T = 298 K; andx = 0.10 M NaClQ.

base/mol of HL (a = 2) occurs in the pH range 4:31.7,
where the solution is deep red wilhx = 465 nm € =
2100 Mt cm™). The absorbance band at 465 nm (Figure
3) is assigned to a ligand-to-metal charge transfer (LMCT)
for the iron(lll)—dihydroxamate complex [HeHL(H,O),"],

and the release of two protorna € 2) during the potentio-
metric titration is consistent with the formation of a bis-
(hydroxamate) complex. These spectrophotometric and po-
tentiometric titration observations are consistent with those
corresponding to the bis(hydroxamate) complexes of mono-

good agreement with the acid dissociation constants for hydroxamic acids with Fe(lll) and bis(hydroxamate) com-

analogous trinydroxamic acids (Table?t¥>46The K,'s for

plexes of other trihydroxamic acids with Fe(Iftj. The

HsL are slightly higher than those of the natural trihydrox-  infiection point ata = 3 (Figure 2) indicates a release of
amate siderophores (desferrichrome, desferricrocin, andhree protons during the course of the titration and occurs at

desferrioxamine By“¢and are comparable to those of the
synthetic retrohydroxamate TRENDRGXThe deprotona-

pH = 7. At this point, the solution becomes reddish orange
With Amax = 416 nm € = 2900 M* cm™?) (Figure 3). This

tion constants are evenly separated from each other andransition is assigned to a ligand-to-metal charge transfer

display only slightly greater (0.63 and 0.64 log unit) than

(LMCT) for the tris(hydroxamatejiron(lll) complex, as

the statistical separation of 0.48 log unit. This suggests thatthese complexes give a characteristic LMCT band at-415
there is no Significant intramolecular interaction between the 425 nm. These parameters and qua"tative aspects of the

three hydroxamate groups.

Fe(lll) Complex Formation and Protonation Constants.
(a) General Considerations.The potentiometric titration
curve for HL in the presence of an equivalent concentration
of Fe(lll) (Figure 2) shows a slight inflection at= 2 and
a clear inflection point ah = 3. The inflection at 2 mol of

(42) Brink, C. P.; Crumbliss, A. LJ. Org. Chem1982 47, 1171.

(43) Brink, C. P.; Fish, L. L.; Crumbliss, A. LJ. Org. Chem1985 50,
2277.

(44) Monzyk, B.; Crumbliss, A. LJ. Org. Chem198Q 45, 4670.

(45) Anderegg, G.; L'Eplattenier, F.; SchwarzenbachiH&lz. Chim. Acta
1963 46, 1409.

(46) Wong, G. B.; Kappel, M. J.; Raymond, K. N.; Matzanke, B.;
Winkelmann, GJ. Am. Chem. S0d.983 105, 810.

UV —visible spectra are very similar to those corresponding
to the tris(hydroxamate) complex of monohydroxamic acids
with Fe(lll), such as acetohydroxamic acid and other tris-
(bidentate) model compounds that coordinate to Fe(lll)
through six oxygen atoms on the hydroxamate moiétbes.
Both the spectrophotometric and the potentiometric titrations
indicate that, at pH> 7, a single species is formed,
accompanied by the displacement of three protons. During
the course of both spectrophotometic and potentiometric
titrations, two distinct Fe(lll) complexes were observed over
two pH ranges, and they can be identified as the bis-
(hydroxamatey-iron(lll) complex, F&'HL(H,0),", and the
tris(hydroxamateyiron(lll) complex, F&'L.
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The spectrophotometric titration was carried out separately Table 2. Protonation Constants for FeL and Ferrioxamine B

in both directions, from low pH to high pH and from high

Fel? ferrioxamine B
pH to low pH, with identical results. A spectral profile for Fe(lllP Fe(lly Fe(lllP Fe(lly
the titration going from low pH to h|gh pH is shown in Elgure log Krert 2695005 56101 0.04 3=
3. Above pH= 7, there was no significant change in the 42402
LMCT bands, indicating complete formation of the tris  logKrer. 2.41£0.10 5.1+0.2 - -

log Kret 0.61+0.22 4.0+0.2 - -

complex F&'L. However, at a much higher pH, 9.5, the
complex irreversibly hydrolyzes with loss of the characteristic
LMCT bands.

aConditions: T = 298 K andu = 0.10 M NaClIQ. P As defined by eqs
4, 6, and 8¢ As defined by egs 19 and 20Reference 53¢ Reference 2.

o f Calculated from electrochemical data in Figure 6 using eq 21.
(b) FE"L Complex Equilibria. The potentiometric titra-

tion curve for HL in the presence of Fe(lll) exhibits a large
jump ata = 3, as expected for the three protons of the
hydroxamate groups (Figure 2). This steep inflectioa at
3 indicates tight Fe(lll) binding. The titration curve also has
a small inflection ab = 2 in the pH range 4:24.7. The pH
values corresponding t® = 2.5 anda = 1.5 represent the
first and second protonation constants of Egrespectively.  complex, with subsequent dissociation to a free triprotonated
Spectrophotometric titration of the 'Fe-HsL complex ligand, KL, and hexaaquo-iron(lll) species, 'Hgd,0)e".
allowed us to determine the complex protonation constants This is consistent with the gradual decrease in the LMCT
by observing the changes in the intense LMCT band of the band with a fixedlmax 0f 510 nm. During the course of the
metal complex. The UVvisible spectra of Pé—HsL as a experiment, even at a pH as low as 0.3, the LMCT band
function of pH are shown in Figure 3. As discussed earlier, was observed. This suggests that the mono(hydroxamate)
the pH-dependent spectral profile clearly indicates the iron(lll) complex is quite stable even at low pH.
presence of the tris(hydroxamatajon(lll) complex above The protonation and subsequent dissociation model for the
pH = 8. As the pH of the PEL complex is loweredimax second and third protonation processes are represented by
shifts to longer wavelength, 465 nm. This néwax also eqs 5 and 7, and the corresponding protonation constants
corresponds to the first isosbestic point, which clearly extends are defined by eqs 6 and 8, respectively.
over the pH range of 48. This isosbestic point indicates

with further decreases in pH while maintainifga.x at 510

nm. Such a gradual decrease in the LMCT bands at a
stationaryimax 0f 510 nm indicates that the concentration of
Fe'"H,L(H,O)42" is being depleted as the pH is lowered
below pH= 1. This suggests that, at low pH, there is a
further protonation of the mono(hydroxamaté&pon(lIl)

that, over this pH range, a simple equilibrium exists between Fd"HL(H,0)," + H" = Fd"H,L(H,0),* (5)

two different metal complexes. This equilibrium results from

the protonation and subsequent dissociation of one of the B [Fe"H,L(H,0),”]

three hydroxamate groups in'He to give the bishydrox- Pl e L (H.O). T TTH (6)
N ) ) [Fe (H0), I[H ]

amate complex, BEHL(H,O),", consistent with other mono-

hydroxam|c_ acid I_:e(I_II) e_qumbrlq prevu_)gsl_y reportéelin Fé"HzL(H20)42+ +H = Fé”(HzO)e3+ +HL (7

the potentiometric titration, this equilibrium has equal

concentrations of the two species at= 2.5, and the [Fe" (H,0) TH L]

corresponding pH value of ca. 4.8 can be approximated as FellHL — (8)

1l 2+ +
the logarithm of the first protonation constant of the'Ee [FeH,L(H-0),™ H ']

complex. The corresponding protonation equilibrium is
indicated by eq 3, and the protonation constepiy is
defined by eq 4.

The protonation constants for e were calculated by
refining the entire spectrophotometric data set using the
software LETAGROP-SPEF®1o fit the above-described
model. This model fits the data well, as indicated by the

[ + o dll +
Fe'L +H Fe HL(H,0), (3) small standard deviations for the protonation constants
[Fe"HL(H,0),"] tabulated in Table 2. The logarithm of the first protonation
oL = - v emed (4) constant (egs 3 and 4), ldg-d1y, was spectrophotometri-

[Fe"LIH ] cally determined to be 4.69. This value is consistent with
the isosbestic point at 465 nm in the pH range4Z during

the spectrophotometric titration (Figure 3). The lKdginnL
value is also consistent with the potentiometric data, where
the pH value corresponding o= 2.5 is ca. 4.8 (Figure 2).
(hydroxamate)iron(lll) complex. Protonation of the bis-  Unlike the first protonation step, there is no distinct qualita-
(hydroxamate}iron(lll) complex, F&'HL(HO),*, involves tive evidence for the second and third protonation steps
protonation of one of the two hydroxamate groups coordi- during both potentiometric and spectrophotometric titrations;
nated to Fe(lll) and its subsequent dissociation to give a however, the protonation constants determined fall within
mono(hydroxamate)iron(lll) complex, F&'H,L(H,0),?". the spectral profile determined by the spectrophotometic
The absorbance due to LMCT bands of the mono(hydrox- titration. This agreement, as well as the very good fit of the
amate)-iron(lll) complex, Fé'H,L(H.0)2", starts to fade  above model to the data, supports the validity of the values

As the pH is lowered further, the absorbance of He-
(H.O)," gradually decreases, anihax shifts to longer
wavelength, 510 nme(= 950 Mt cm™?), typical of a mono-
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100 A Table 3. Fe—Siderophore Complex Thermodynamic Parameters
80 | Fe(lll)+H3L _ log f11d Eipvs
ligand Fe(lll) Fe(ll) pFé NHE (mV) ref
Fe(ll)L Hal© 31.86+0.11 12.1 27.1 —436  thiswork
= 60 desferrichrome ~ 29.07 9.9 252 —400 45,54
E’ desferricrocin 30.4 11.6 26.5 —412 46
2 40 desferrioxamine B 30.60 10.3 26.6 —468 48,52, 55,56
TRENDROX 32.9 - 278 24
20 - aDefined asBi110 = [FeL]/[Fe][L] for Fe + L = FeL (charges omitted
for clarity).  —log[Fe**] at [Fe(lll)]it = 1076 M, [ligand]t = 1075 M,
0 and pH= 7.4.¢Conditions: T = 298 K andu = 0.10 M NaClQ.
0 1 z iH 4 5 8 The log B}, for Fé'L was also determined by spectro-
photometric competition experiments with EDTA at pH 8.91.
100 B The competition equilibrium is described by egs 11 and 12.
Fe(ll)L
80 1 gl X gl
Fe(ll)+HaL\ Fe(l)HaL Fe'L + EDTA=Fe EDTA+ L (12)
= 60
= 111 FeEDTA
3 Fe(Il)HL __[FE"EDTA]IL] _ Pi1o (12)
53 ] T T pFe(il)L
a0 [Fe"LIEDTA] L5
20 The molecular charges and water molecules involved in the
0 equilibrium are omitted for clarity. The concentrations of
2 3 4 5 6 7 8 e Fé''L were calculated from the absorbance at 416 nm, where
pH Fe''L is the only light-absorbing species. The concentrations

Figure 4. Calculated species distribution for (A) Fe(lll) and (B) Fe(ll) ~ Of other species in eq 12 were calculated from mass balance

complexes of HL. Metal-containing species are normalized to the total equations using the experimental pH values
concentration of iron. Coordinated water molecules omitted for clarity.
Conditions: HL/Fe*™ = 1:1, T = 298 K, andu = 0.10 M NaClQ. i i
[Felot= e [FEL] 1 0paugpralFE€" EDTA] - (13)

determined for these protonation constants. In addition, the

above-determined protonation constants are in good agree- [L]1or= Otpan, [FE"L] + o [L] (14)
ment with those reported for certain tripodal synthetic
analogues of desferrichrome. [EDTA] o = OraneoralFE"EDTA] + 0pra[EDTA]  (15)

(c) Overall Complex Stability and Species Distribution.
The protonation constants that were determined fdtLFe ~ Wherea is the usual Ringbom’s coefficiefit. The stability
were used to generate a species distribution curve (Figureconstant, logpyy, for Fe'L was calculated using the
4A). The speciation diagram for the'FeHsl system clearly ~ relationship defined by eq 12 and found to be 31.1, in
shows that all three iron(lltyhydroxamate species, 'Ite, excellent agreement with the value determined from the
Fe'HL(H,O),", and F&'H,L(H.0)2*, are present as sig- SPectrophotometric fitration.
nificantly abundant species over a distinct pH range. At pH ~ To compare the Fe(lll)-chelating properties oflHvith
= 1.5, Fé'H,L(H,0)2* is the major species; at pH 3.6, other Fe(lll) chelators at physiological conditions, the pFe
Fe'HL(H,0),* is the predominate species; and above pH Values were calculated-{(og[Fe**] at pH= 7.4 with a total

= 6, Fé'L becomes the only species present. ligand concentration, [L}, of 10° M and total Fe(lll)

. " . concentration of 1¢° M).5° The concentration of free Fe-
The overall stability constant, log;;, (defined by eqgs 9 () ion in solution can be expressed by eq 16

and 10), for FEL was calculated using the software

LETAGROP-SPEF and data from the spectrophotometric [FeL]i: oy

titration (Table 3). The stability constant for'lfe is higher [Fe"l = > = (16)
i Ald(L)or — (FeLlo]  9(tean)Br:

than those of ferrichrome and the other natural hydroxamate 11 tot o FeilL/P110

siderophores listed in Table234546:48 " -
wheref3;;, represents the overall stability constant for Fe-

(1) and o andaed,. are the usual Ringbom's coefficiefits

Fe, + L% =FeL 9 _ o )
Qo) ©) for the ligand and the ironligand complex, respectively.
w o [FeL] The pFe for HL was calculated to be 27.1, which is
110 — [F 3+][L 3_] (10)
€ (49) Ringbom, AComplexation in Analytical Chemistry: A Guide for the
Critical Selection of Analytical Methods Based on Complexation
ReactionsInterscience Publishers: New York, 1963.
(47) Motekaitis, R. J.; Sun, Y.; Martell, A. Ehorg. Chem1991, 30, 1554. (50) Raymond, K. N.; Mler, G.; Matzanke, B. F. IMopics in Current
(48) Schwarzenbach, G.; SchwarzenbachHkly. Chim. Actal963 46, Chemistry Boschke, F. L., Ed.; Springer-Verlag: Berlin, 1984; Vol.
1390. 123, p 49.
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E (V vs NHE) Figure 6. Fé''L reduction potential E1/2) as a function of pH (upper
curve, triangles). Conditions: [Fet 1 x 103 M, [HaL] =1 x 1072 M,
HDME working electrode, scan rate 100 mV/s, T = 298 K, andu =

0.10 M (NaClQ). The solid triangles represent data points used in the
nonlinear regression analysis. The solid line represents a plot of eq 21,
whereE2, = +732 mV; B}, = 103186 gl 5 = 1012% Ky = 10768

and Kre'n, KrdimL, and Krdin,e were determined by non linear Ieast
comparable or greater than the values calculated for desfer- squares analysis to be®19 1P, and 169, respectively. The ferrioxamine

richrome and desferrichrome analogues (Table 3), and iSB data (lower curve) are from ref 2; the solid line represents a plot of
significantly higher than that of transferrin, 23%. the equatior = Eg, — 59.15 |09{ﬂ2'1dﬂ21&”+ 59.15 log(1 +HKrem[H]),
(d) Electrochemistry and Fe(ll) Chelation. Reversible =~ WhereEg, = +732 mV, fijyo = 10%% fy;o = 100 and Kegv was
. . . determined from nonlinear least-squares analysis to B& 10
electrochemistry is illustrated by the cyclic voltammogram
for FE"'L (Figure 5) corresponding to an Fe(lll)/Fe(ll) couple
with a half-wave potentialK;;) of —436 mV vs NHE at

Figure 5. Cyclic voltammogram of P&L. Conditions: [Fe]=1 x 1073
M, [Hsl] = 1 x 1072 M, pH = 9.5, HDME working electrode, scan rate
= 100 mV/s, T = 298 K, andu = 0.10 M (NaClQ). Ey;, = —436 mV
with a peak separation of 90 mV.

experimental pH range.

pH = 9.5. The negative reduction potential for the Fe(lll)/ Fd'l + e — Ed'L- 1
Fe(ll) couple indicates thatdH has great selectivity for Fe- ¢ © e (18)
(1) over Fe(ll). This selectivity is directly related to the EdH L2t 4 H+ Fe“H L(H,0 “1+n (19
stability constants for the Fe(lll) and Fe(ll) complexes of n-1 (H2O)z (19)
HsL and is described by eq 17 [Fe”HnL(HzO)zann]
n FelHL — Il —2+mppy + (20)
anuo_ complex 59.15 IoQﬁ (/ﬁ (17) [Fe'Hy oL JH ]

wherep)), and 8}, represent the overall stability constant The pH dependence of the reduction potential profile in

for the Fe(lll) and Fe(ll) oxidation states, respectively. The Figure 6 corresponds to four distinct single protonation
Fe'L~ stability constant for L was calculated (Table 3)  reactions; three protonation reactions for three different Fe-
and found to be in good agreement with values reported for (II) complexes and a protonation of the"Hecomplex. For
desferrichrome and desferrichrome analoguesEfn,value such a system, the observed formal reduction potential should
of +732 mV was used for the above calculation to be vary as
consistent with our previous wofk.

The pH dependence of the cyclic voltammogram shows 2'10
a gradual positive shift in the reduction potential for the Er=Eg.—59.15l0 +59.15 log(L+ Kegyy [H'] +
Fe(ll/Fe(ll) couple as the pH is lowered. The cyclic
voltammogram remains reversible until pH7. As the pH Kean Keer [H1° + Kegi Keairy Keaing [H'T9) =
is lowered below pH= 7, the voltammogram becomes +
quasi-reversible and finally irreversible. THa,, values 29.1510g(1+ Keana [H 1) (21)
for such irreversible pH-dependent voltammograms were
calculated assuming a peak-to-peak separation of 90 mV,
as observed in the reversible case at$K.5. The observed
Ei is strongly pH-dependent (Figure 6) and is attributed
to the protonation and ultimate dissociation of the hydrox-
amate groups in the Fe(ll) complex after the reduction of
the Fe(lll) complex as represented by eqs-28, along
with the protonation of PEL complex (eq 3) over the

11

whereEZ, is the standard reduction potential of the Fe(lll)/
Fe(ll) aquo couplepy, and B, are the overall stability
constants for the Fe(lll) and Fe(ll) hexacoordinated com-
plexes, respectivelyKed'y,L represents the stepwise proto-
nation constants of the Fe(Il) complex (egs 19 and 20); and
KediuL IS the first protonation constant of the Fe(lll) complex
(egs 3 and 4). A nonlinear least-squares refinement of the
data (Figure 6) using eq 21 with a fixd€kdiy value of

(51) Harris, W. R.; Carrano, C. J.; Cooper, S. R.; Sofen, S. R.; Avdeef, 10*®° obtained from the spectrophotometric titration gave

éc.);gl\Y/IcArdle, J. V.; Raymond, K. NJ. Am. Chem. Sod979 101, the Fe(ll) complex protonation constants listed in Table 2.
(52) Spaéojevic, I.; Armstrong, S. K.; Brickman, T. J.; Crumbliss, A. L. These constants were used to generate ﬁﬁ-FlQ_ species

Inorg. Chem.1999 38, 449. distribution curve (Figure 4B) that clearly shows three
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iron(Il)—hydroxamate species, He, FE'HL(H,0),, and stants by 2 orders of magnitude (Table 2). Here, we see that
Fe'H.L(H,0)4", present as major species over three distinct an Fe(lll/Il) reduction process not only decreases the
pH ranges. At pH= 4.6 and 5.8, PeH,L(H,0)," and Fé- thermodynamic stability of the compleglf,, = 10°:86 g},
HL(H:O),, respectively, are the predominate species, and = 10121 and makes the complex more labile with respect

above pH= 8.0, FéL~ becomes the only species present. to ligand exchange, but in addition makes it more susceptible
The doubly protonated Fe(ll) complex species) Hré - to protonation.

(H.0)4™, is only present at 65% abundance at its maximum

f'ﬂ pHZ 4.'6' Below pH= 3.9, mgft of the Fle-H,l. complex B2 demonstrates thd, for ferrioxamine B is less sensitive
Is dissociated to give Fi(aHzO).ﬁ z.;md free HL. _ to pH changes thaR,, for Fe'L (Figure 6). This suggests
When the data presented in Figure 6 are analyzed usingih; ferrioxamine B and P& behave similarly with respect
eq 21 and treating all of the protonation constants fotlFe 1, roqox.dependent protonation reactions! Eéas greater
and FEL" as variables, the values obtained g, are — gapijry (higher B}, and pFe) than ferrioxamine B, but
virtually identical to those listed in Table 2, and the computed because of higher Fe(ll) protonation constant<Eifsis more

value forKediy, is 1042 This is in excellent agreement with o . . .
. S pH-sensitive, making a redox process for delivery of iron
the value determined by spectrophotometric titration (Table . . .
more facile compared to that of ferrioxamine B. Such an

2) and supports the validity of the model used for the pH- observation illustrates that the iron release mechanism in

dependent electrochemical data analysis. siderophore-mediated iron transport could be composed of
two complementary processes involving reduction of the
iron(lll) —siderophore complex to an Fe(ll) complex and its
The high overall stability of the & complex, compared  subsequent protonation. Both "He and ferrioxamine B
to that of other trihydroxamic acid systems (Table 3), makes demonstrate that protonation of the Fe(ll) complex can be
HslL a very attractive model for desferrichrome. The proton- achieved more easily than protonation of the Fe(lll) complex.
dependent equilibrium studies indicate three well-separatedA reduction of the Fe(lll) complex to an Fe(ll) complex and
protonation steps for &, and the protonation constants a subsequent protonation of the reduced Fe(ll) complex
are significantly higher than those seen for other natural drastically changes the pH-dependent speciation profile
trihydroxamate systems, the desferrichromes and desferri—(Figure 4) and can provide a pathway for overcoming the
oxamine B>°* However, these protonation constants are yery high thermodynamic stability of iron(IH)siderophore
similar to those determined for certain tipodal synthetic ¢omplexes. Thus reduction results in the relatively facile

analogues of desferri_chrome yvith bqth hydroxamate and gissociation of hydroxamate chelating groups to release the
retrohydroxamate as iron-binding moietfésThese proto- siderophore bound iron.

nation constants along with the ligand protonation constants . . . . .

. T , : The biological activity of HL was examined by bioassays
influence the species distribution at various pH values (Figure . Vi 10t trai di i ¢ mutants of
4) and directly reflect the relative chelating ability of the nvoiving wild-type strains :and iron transport mutants o

ligand under specific conditions. A more direct indication mycobacteria and of Gram-negative bacteria. These studies

of this effectiveness is achieved by comparing the pFe valuesindicateml positive growth-promotion (siderophore) acFivity
(Table 3). The pFe of bL is one of the highest among the [OF HsL. In general, HL displayed good growth-promotion
trihydroxamate systems, both natural and synthetic, despite@CtiVity for the selected Gram-negative bacteria, as well as
significantly higher FL protonation constants. This is not ~ activity for the wild-type and mutant strains of the myco-
surprising because, at pH 7.4, where pFe is calculated, Pacteria. The details are reported separateBuch positive
Fe''L is the predominant species (Figure 4). The high pFe 9rowth promotion indicates that sH has features for
of HaL indicates that it is a very effective Fe(lll)-chelating favorable cell receptor recognition and thus is a good
agent at physiological pH and, for example, is thermody- siderophore analogue, biologically as well as chemically.
namically capable of removing Fe(lll) from transferrin. The use of a saccharide as the ligand backbone has been
The species distribution curves (Figure 4) provide insight shown to have a few distinct advantages. The presence of
into a possible mechanism for iron release from the complex. the saccharide ring significantly enhances the solubility of
Figure 4A indicates that, above pH 6, Fé'L is the only the ligand regardless of pH, a property lacking in other
species present in an Fe(lll) system; however, upon reductionsynthetic ferrichrome analogues, while maintaining a high
of Fe'L to Fe'L~, more than one Hespecies are present degree of Fe(lll) binding stability. The hydrogen-bond-
(Figure 4B), even at the physiological pH of 7.4. This accepting ability of oxygen atoms in and around the
phenomenon is a result of the'fke” protonation constants  saccharide appears to provide the cyclic backbone with
being consistently greater than the''Eeprotonation con-  favorable cell receptor recognition. The biological activity
displayed by HL over a large range of bacterial straihs

A pH-dependent electrochemical study for ferrioxamine

Discussion

(53) gxers,lgégHggcgfgé R. D.; Martell, A. E.; Motekaitis, R.ldorg. certainly supports this hypothesis of receptor recognition.
em. 3 . . . . .
(54) Wawrousek, E. F.; McArdle, J. \J. Inorg. Biochem1982 17, 169. Finally, the large size of the saccharide ring appears to

(55) Bickel, H.; Hall, G.| E.; rl]<eller-Schierlein, W.; Prelog, V.; Vischer,  provide a very good backbone for the optimal encapsulation
E.; Wettstein, AHelv. Chim. Actal96Q 43, 2129. : ;

(56) Cooper, S. R.: McArdie, J. V.. Raymond, K. Rroc. Natl. Acad. of the Fg(lll) ion by the hydroxamate groups, as illustrated
Sci. U.S.A1978 75 3551. by the high overall stability of the He-HsL complex.
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Summary and Conclusions scopic properties, along with the extensive hydrogen-bonding
capability of the saccharide backbone, make such ferrichrome
analogues very attractive systems for investigation as sub-
strates for cell receptor proteins that recognize Fe(lll)
complexes of the ferrichromes. A comparative analysis of
the Fé'L and FéL~ stabilities and protonation constants
illustrates that one of the iron-release mechanisms in sid-
erophore-mediated iron transport is likely the reduction of
_iron(lll) —siderophore followed by protonation of iron(H)
siderophore and subsequent release of iron.

The Fe(lll) coordination chemistry of a new ferrichrome
analogue, 10-methyl-2,3,4-tris©-[4-(N-hydroxyN-meth-
ylcarbamoyl)n-butyrate]e-p-glucopyranoside (kL), with
a chiral saccharide backbone in aqueous solution was
explored. The thermodynamic and spectroscopic properties
of the Fe(lll) complexes closely parallel those of iron-
[ferrichrome], Fe(lll) complexes of the ferrichrome family
of siderophores, and other ferrichrome analogues. The Fe
(1) binding affinity of HsL is equivalent to or better than
that reported for the ferrichromes and ferrichrome models.
The very high pFe of kL suggests that it is an effective
chelating agent at physiological conditions and, from a
thermodynamic standpoint, could possibly be used to remove
Fe(lll) from transferrin. These thermodynamic and spectro- 1C025647U
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