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Thermodynamic and Kinetic Studies

Guy Serratrice,* Hakim Boukhalfa, Claude Béguin, Paul Baret, Catherine Caris, and
Jean-Louis Pierre

Laboratoire de Chimie Biomintigue, LEDSS, UMR CNRS No. 5616, Universideseph Fourier,
BP 53, Grenoble Cedex 9, France

Receied July 10, 1998

The thermodynamic stability of Fe(lll) complexes with a new hexadentate tripodal ligand (O-TRENSOX)
incorporating three 8-hydroxyquinoline (“oxine”) subunits, linked to a tetraamine (“TREN”) via an amide
connection, has been investigated by the use of-Mi¥ spectrophotometry and potentiometric methods.
O-TRENSOX has been found to form, at pH1, a protonated complex FelsH (orange color) which deprotonates,

over the pH range-12, to a green complex Fel2H through a four-proton process. The first protonation constant

of ferric O-TRENSOX has been determined to be 5.60. The stability constaphjetnas been determined to

be 30.9. A pFe (pFe= — log [Fe*™]) value of 29.5 has been calculated at pH7.4, [ligand],: = 10 M, and
[Fe¥* ot = 1 uM, indicating that O-TRENSOX is one of the most powerful among the iron synthetic chelators.
Cyclic voltammetry experiments have shown that the systeth-@TRENSOX/F8—0-TRENSOX is quasi
reversible, with a redox potential of 0.087 V vs NHE. This value is related to the high complexing ability of
O-TRENSOX for both the ferric and ferrous iron redox states, making it relevant for biological uses. The kinetics
of formation and acid hydrolysis of the ferric O-TRENSOX complex have been investigated in acidic medium
using the diode array stopped-flow spectrophotometry technique in 2.0 M Y&{THD, at 25°C. The determining

step for the complex formation involves the reaction of FéOWith the LH;" ligand species, with a rate constant

of 7894 17 M~ s~ The acid hydrolysis of the Fel4 complex in 0.02-1.0 M HCIO, and ionic strength 2.0

M NaCIlO4/HCIO, leads to the FeLkt+ complex, indicating that O-TRENSOX is a very strong chelating agent

for Fe(lll) in acidic medium. The kinetic data have been interpreted by a stepwise mechanism related to the
successive protonation of four binding sites. The spectroscopic change is consistent with removal of one arm of
the ligand followed by a shift from a bis(oxinate) to a bis(salicylate) mode of coordination.

Introduction higher food production. Furthermore, iron overload is a
h. common and serious disease which needs iron chelation
" therapy? The methanesulfonate of desferrioxamine B (Des-
feral), a natural trihydroxamate siderophore, is currently used
as a drug for the treatment of iron overloetl. The use of
Desferal suffers a number of limitations (it requires subcutaneous
administration, short duration of action, prohibitive price), and
an important part of the research on iron chelation is focused
on the development of orally more effective drugs. Several
authors have developed strategies of synthesis of chelating

Although iron is one of the most common elements on Eart
its availability to living organisms is limited because of its
extremely low solubility! In response to this challenge, many
microorganisms secrete low-molecular-weight chelating agents
(siderophores) that possess a high affinity for iron(lll). These
ligands make soluble ferric iron and facilitate its transport from
the extracellular medium into the cefis® Siderophores typi-
cally contain hydroxamate or catecholate groups to bind the

ferric ion, giving octahedral complexes. On the other hand, ! ) . . .
aving P agents which could mimic natural siderophores i.e. which

plants develop different strategies for enhancing iron uptake, ) ;
one of them using phytosiderophofesych as mugineic acid contain hydroxamate and/or catechol groups. The most important
work was carried out by the group of Raymond, who has

that possesses two amino acid groups and one hydroxy acid . . . 10 -
group? Nevertheless, plants can develop syndromes of iron described numerous tricatecholate ligahd810 Several series

deficiency such as iron chlorosis, especially in calcareous soils,Of trihydroxamate ligands haye aIsp been synthes%ié@. .
and diminishing this problem is fundamentally important for Recently, octadentate desferrioxamine B catechol derivatives

have been preparéfl. These derivatives have been shown to
be more effective iron(lll) chelators at pH 7.4 than their parent
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compound. Some ligands possess a tripodal structure based ospectroscopic study of the complexation of ferric ion by
the backbone of tris(2-aminoethyl)amine (TREN). This central O-TRENSOX has provided evidence of a change from a bis-
organizing unit (“spacer”) is connected through a trisamide (salicylate) to a bis(oxinate) mode of coordination on raising
moiety to pendant arms each containing a bidentate group suchthe pH. So, the kinetic study of the protonation of the ferric
as catechdl,hydroxamaté? or 2,2-dihydroxybiphenyl” How- O-TRENSOX complex using the pH jump method provides
ever, no ligand containing 8-hydroxyquinoline subunits has been kinetic evidence of a process involving a change in the
described. The synthetic 8-hydroxyquinoline (oxine) is a well- coordination environment of the ferric ion.

known complexing agent used in analytical chemistry, but few

studies appear in the literature concerning complexation of Fe- Experimental Section

(im). '8 Furthermore, 8-hydroxyquinoline-5-sulfonic acid (sul- Materials. All the commercial reagents were of the highest purity
foxine) forms water-soluble ferric complexes and is a good and were used without further purification. Iron(lll) stock solutions
chelating agent?2° This stimulated us to investigate a new were prepared by dissolving appropriate amounts of ferric perchlorate
series of siderophores analogs based on the TREN spacer anéydrate (Aldrich) in standardized HCIONaCIQ, solutions. The
related to sulfoxine subunits for water solubility. Two ligands solutions were standardized for ferric ion spectrophotometrically by
were synthesized by connecting the TREN backbone through ausing a molar extinction coefficient of 4160 Mcm at 240 nn?*
trisamide moiety to the 2-position or the 7-position of sulfoxine. The syntheses of the unsulfonated analogues of N-Trensox and
The structures of the two derivatives (named N-TRENSOX and O-Trensox have been described elsewRerghe sulfonated derivatives

) : : . were prepared according to the method earlier descfibed.
O-TRENSOX, respectively) are depicted as follows: Potentiometric and Spectrophotometric Experiments. All the

measurements were made at €5 and the solutions were prepared
with deionized and bidistilled water. The ionic strength was fixed at

SO.N 0.1 M with sodium perchlorate (PROLABO puriss). The pH measure-
Ehe ments were performed using a TACUSSEL lonoprocesseur-11 milli-
voltmeter equipped with glass and calomel electrodes (TACUSSEL).

0

NaO;S

The electrodes were calibrated to read p[H] according to the classical
method?® Potentiometric titration employed a TACUSSEL buret
Electroburex and a pH meter (lonoprocesseur-Il) connected to a Hewlett
Packard microcomputer. The automation of the titration was realized
O-TRENSOX using software developed in our laboratory. The ligands and their iron-
(1) complexes of ca. 0.001 M were titrated with standardized 0.05 M
sodium hydroxide 0.05. The titration data were refined by the nonlinear
least-squares refinement program SUPERQWBAD determine the
equilibrium constants (protonation and complexation).
Electronic absorption spectra were recorded on a Perkin-Elmer
Lambda 2 spectrometer using 1.000 cm path length quartz cells and
connected to a COMPACQ Despro 386 s microcomputer. The ferric
SO .Na complexes were investigated in two sets of experimental conditions.
’ (i) The UV—visible spectra of solutions containing Fe(lll) in excess
with respect to the ligand were recorded for various ¢bncentra-
tions: the ligand concentration was constant (1), and the Fe(lll)
concentrations were 18-10" M (5—8 values) for each Hconcentra-
tion (5 values from 0.3 to 1.5 M HClIfstandardized solutions). The
H* produced by hydrolysis and dimerization of Fe(lll) was assumed
to be negligible. (ii) The UV-visible spectra of a solution containing
equal amounts of ligand and Fe(lll) (X¥OM) were monitored as a

NaO;S

N-TRENSOX

A preliminary report on the properties of the ferric O-
TRENSOX complex .h"?‘s been pupllsh%d]'he ferric .c_omplex function of pH over the range-110 (adjusted with HCI@or NaOH).
exhibits hl'ghly promising properties fo.r plant ”‘Jt”t'%a“d . An aliquot was taken from the solution after each adjustment of the
the free ligand seems to be well-suited for iron chelation i (which was measured using a pHmeter) and its spectrum recorded.
therapy?® In this article we present a detailed investigation of The ionic strength was fixed at 0.1 M with NaG}8ICIO, for this
this ligand and its Fe(lll) complexes in aqueous solution, second set of experiments. The spectrophotometric data were fitted
including potentiometric, spectroscopic, and electrochemical with the LETAGROP-SPEFO prografh. The program uses a nonlinear
studies. The ligand N-TRENSOX was not studied extensively, least-squares method and calculates the thermodynamic constants of
but some results are described for comparison with O-TREN- the absorbing species and their corresponding electronic spectra. The
SOX. Kinetic studies were carried out in order to assess the calculations were done from absorbances data of abod08wvave-

mechanism of iron complexation and release. In particular, the 'ength (between 400 and 650 nm). - _ _
The spectrophotometric competition was carried out withHya

EDTA over the pH range23. Typical solutions were 10 M in ferric
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400.13 MHz for*H and 100.62 MHz fot3C. The pyridine ring proton 12
signals were assigned on the basis of the coupling consti{hts3,H-
4) larger tharfJ(H-2,H-3)% The more deshielded methylene signal

correspond to the one bonded to the NH amide. P@esignals were 10
assigned using a heteronucléa—23C shift correlation. 2D experi- (a)
ments were performed using standard sequences. ]

Electrochemistry. The electrochemical behavior of the +@- 8 - ®)

TRENSOX redox system was studied in aqueous media using 0.1 M
NaClQ, as supporting electrolyte by starting from either the ferrous or  *g. 1
the ferric complex. The ferrous O-TRENSOX complex was prepared 6
in deoxygenated aqueous solution using Fe$&drich) and was T
characterized by its U¥visible spectrurft (band at 576 nmg = 1700 1

M~cm™ at pH 7.5). The pH was adjusted with a diluted aqueous

solution of NaOH or HCIQ. Experiments were carried out using a 47 ©

PAR Model 273 potentiostat. The electrochemical curves were 1

recorded on a Kipp-Zonen x-y recorder. All experiments were run

under an argon atmosphere at room temperature. A standard three- 2 ) ! - ! T !
electrode electrochemical cell was used. The working electrode was a 0.00 2.00 4.00 6.00 8.00
platinum disk electrode (diameter 5 mm) polished withn2 diamond m (Equivalents of base)

paste. When NaClOis employed as the supporting electrolyte, itis  Figure 1. Potentiometric titration curves for (a) 1 mM N-TRENSOX,
advisable to replace the reference electrode solution with NaCl solution (b) 1 mM O-TRENSOX, (c) O-TRENSOX- Fe**, 1:1, 0.8 mM. All
in order to avoid the formation of solid KCIOn the liquid junction. solutions were at 28C andl = 0.1 M (NaClQ). A slight precipitate
Experiments were carried out using either an Ag/AgCl, KCl saturated was observed below pH 6 during the titration of N-TRENSOX. The
reference electrode or Ag/AgCI, NaCl saturated reference electrode, pK’s of the ligands were calculated using the program SUPERQUAD
and very similar results have been found using these two referencewith o < 2.5.
electrodes. Potentials referenced to the Ag/AgCl system can be )
converted into the NHE by adding 0.197 V (KCl saturated) or 0.204 v Table 1. Deprotonation Constaritef O-TRENSOX and
(NaCl saturated). N-TRENSOX

Kinetic Studies. Kinetic measurements were performed with a O-TRENSOX N-TRENSOX O-TRENSOX N-TRENSOX
KINSPEC UV (BIO-LOGIC Co., Echirolles, France) stopped-flow o
spectrophotometer equipped with a diode array detector (J & M) and pE; g%i gzgg g:?gtioo_é)ll $2 ggéi 8:83 g:ggi gg}ﬁ
connected to a TANDON microcomputer. The kinetic data were treated px,  7.44+0.04 8.26£0.02 [K; 1.83+0.10 3.10+ 0.06
on line with the commercial BIO-KINE program (BIO-LOGIC Co., pK, 6.36+0.03 6.99+ 0.02
Claix, France). The ionic strength was fixetl2aM (NaClO,, HCIOy) A LHp = LHp_1 + H*, Ky = [LH_1][H “V[LH . ® pKs = 6.46 from

owing to the H concentrations upotl M and to allow comparisons L . -
g ko P spectrophotometric titratiolf.These values are less reliable since a

with literature data. slight precipitate was observed below pH 6
Formation kinetics were carried out under pseudo-first-order condi- gnt precip pH .

tions at 25°C with Fe(lll) in excess with respect to the ligand. The

Fe(lll) concentration was varied from 2 1073 to 2 x 1072 M for Ferric ComplexeS’ Equilil?ria. A Cme!”ed use of spec-
each H concentration which was over the range 6:0% M. In every trophotometric and potentiometric titration allowed us to
case, first-order kinetics was observed. The reported rate constantsdetermine the O-TRENSOX ferric species and their formation
are the average of 8 replicate determinations. constants.

The acid hydrolysis kinetics of ferric O-TRENSOX complex was —  frgt set of UV—visible spectra were recorded for solutions
studied under pseudo-first-order conditions in the presence of excess

protons ([H] range 0.02-1 M) at 25°C. The initial pH of the ferric containing a constant concentration of ligand and varying

O-TRENSOX solution was 4.0. amounts of Fe(lll) (Fe:O-TRENSOX ratio was varied from 1:1
to 10:1) and K (HCIO4, 0.3—-1.5 M). The spectra exhibited a
Results charge transfer band at 435 nm (orange complex; see spectrum

Ligand Deprotonation Constants. The sulfonated ligands L In Figure 2), and the absorbance increased (i) as the proton
O-Trensox and N-Trensox possess seven protonation sites (thre€oncentration decreased at constanf{Fand (ii) as the Fe-
pyridine nitrogen atoms, one tertiary amine nitrogen atom, and (1) concentration increased at_consta_mt*]lH The equmbrlu_m
three hydroxyl oxygen atoms) and are denoted,t,Haking F:onstant could thus. pe .determlned, since the complexation was
into account the negative charges of the three sulfonate groupsincomplete at equilibrium. A second set of spectra were
The deprotonation constants of O-Trensox were determined bygenerated for 1:1 solutions of ferric ion and ligand from pH 1
two potentiometric titrations, over the pH range 2 (for the to 10. As the pH was increased from 1 to 2, the charge transfer
lower pK, values) and over the pH range-30 (Figure 1b). bands were found to shift to 443 nm+ 5200 Mt cm™1) and
The deprotonation constants for N-Trensox were determined 595 nm € = 5200 M™* cm™) (green complex) forming two
by potentiometric titrations (Figure 1a). Spectrophotometric isosbestic points at 370 and 534 nm (Figure 2). The absorbance
titration was also carried out showing a buffer region from pH data for the two sets of spectra were processed with the Letagrop
5 to 8. The corresponding spectra (not shown) exhibited program?® The best fit was obtained by considering the
isosbestic behavior dt= 265 nm fmax= 254 nm at pH 5and  equilibria of the formation of the [FeL#P* species (orange
Amax = 278 nm at pH 8$° The data were analyzed over the complex) at pH< 1 and of the [FeLH] species (green
pH range 5-8 by the method of Schwarzenbdtlyielding a complex) at pH> 1:
pKavalue of 6.46. Thelg, values of O-Trensox and N-Trensox

are tabulated in Table 1. Fet + LH7+‘_—‘ FeLH52+ 4 o4t (1)
(29) fSIdI;CBOiZSHdeI D.; Hocjan, D.; Rutar, \Org. Magn. Resorl981 FeLH52+ - FeLHz_ 1At (2)

(30) Boukhalfa, H. Thesis, Universitioseph Fourier, Grenoble, 1996.
(31) Schwarzenbach, G.; SchwarzenbachHEly. Chim. Actal963 46, .
1390-1400. In addition, the spectra were analyzed over the pH range 1
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Figure 2. UV-—uvisible spectra of a 1:1 solution of ferric ion and
O-TRENSOX as a function of pH (from 1 to 2): 1.01, 1.28, 1.49,
1.61, 2.11. [O-TRENSOX¥ [F€ ]t = 0.07 mM;1 = 0.1 M (NaCIQ

+ HCIQy); 25 °C. (Inset: Schwarzenbach plot within the pH range
1.0-2.0, whereA is the absorbance at 595 nm at each pH value and
A, the final absorbance of Fel2H measured at pH 3.)

Table 2. Equilibrium Constants, lo@mir® and UV—Visible Spectral
Characteristics of Complexes

ligand complex login® pFe A(m) e (M~tcm™?)
O-TRENSOX FelLH?t 42.2+0.1 435 8200
FeLH~ 36.5+0.1 443 5200
595 5200
Fel3~ 309+ 0.1 295 443 5400
595 5400
N-TRENSOX Fel>~ 253+ 0.1 222 595 1200

a B11n = [FeLHy)/[Fe*M][L][H T]"is the equilibrium constant for Ee
+ L + nH* = FeLH,. P pFe= — log [F€*"], calculated for [F&] =
103 mM, [L] = 102 mM, and pH= 7.4.

by the method of Schwarzenb&&R? (Figure 2). The results
confirm the FeLH2"/FeLH?~ equilibrium constant determined
with Letagrop program. The values 8f;sandf11: defined as

[FeLH
Bin = d

= 3

[FeIILIH 7" ©
are reported in Table 2. It must be noted that the valyg of
is less accurate than that B3, due to the variation of the
ionic strength over the [H range 0.3-1.5 M. A tiny spectral
change was observed over the pH range92and was not
suitable for analysis.

The potentiometric titration was carried out for 1:1 solutions
in ferric ion and ligand from pH 2 to 10. The curve (Figure
1c) showed an inflection ah = 6 andm = 7 (m is the number
of moles of base per mole of metal). This indicates the
formation of successively two species in which 6 and 7 protons
have been displaced from O-TRENSOX by the ferric ion, i.e.
the FeLH~ and the FeB~ species, respectively. The poten-
tiometric titration thus confirms the formation of the FetH

Inorganic Chemistry, Vol. 36, No. 18, 1993901

100
3
. 2 FelL
FeLH2
80 —
=
.2 60 —
Ei
E -1
Q
2
5 40—
Q
AN 2+
20 — FcLH5
]
O o
T I I l
20 40 6.0 8.0

pH
Figure 3. Species distribution curves for the ferric O-TRENSOX
complex ([O-TRENSOX-Fe] = 0.1 mM).

Fel3~ equilibrium constant was determined from titration data.
The formation constant logi10 was calculated to be 30.9.

The stability constant of the ferric complexes could also be
determined by spectrophotometric competition experiments
against EDTA over the pH range-3. The following equations
correspond to the competition equilibrium (charges omitted for
clarity):

FeY+L=FeL+Y (4)

FeL

_ [FEL][Y] __ P10

[FeYIL] gty

®)

FeL represents the O-TRENSOX complex, and Y, the tetraanion
of EDTA. The concentration of FeL was calculated from the
absorbance at 595 nm, where FeL is the only absorbing species.
The concentrations of the other species in eq 5 were calculated
from mass balance equations and pH:

[Fe]tot = O*FeL[FeL] + O*FeY[FeY] (6)
[L] 1ot = oper[FEL] + oy [L] ()
[Y] o= Orer[FEY] + 0y [Y] 8

Here o’s are the usual Ringbom’s coefficierts. Using the
known formation constants of fe-EDTA (B110andp111)3*and

the protonation constanKeein, 10g S110 Of the ferric O-
TRENSOX was determined to be 30.8. This is in excellent
agreement with the value determined from spectrophotometric
and potentiometric titration. The distribution curves are shown
in Figure 3.

A quite different behavior was observed for ferric N-
TRENSOX solutions. The formation of a green complex was
obtained only upon addition of successive small amounts of a
Fe(lll) solution to a solution of ligand at pH about-8. The

species in agreement with the spectrophotometric titration. SinceCOMPlex was found to be stable in a narrow range of pH,

the complex FeLP is fully formed at pH 2, only the FeLH/

(32) The Schwarzenbach plot was used to determine the number of protons

involved in equilibrium 2 according to the relatiogh= (Ao — A)/
(K[HFIM+ A, where A is the initial absorbance of the FekH
complex,As the final absorbance of the FekH complex, andA the
observed absorbance at any"[HThe absorbances were measured at
595 nm. A linear plot was obtained only far= 4.

approximately 6-9. The complex FeN-TRENSOX vyields a
charge transfer band at 600 nm=€ 1200 M1 cm™1). The
stability constantfiip could however be determined from

(33) Ringbom A Complexation in Analytical Chemistrinterscience: New
York, 1963.

(34) Martell, A. E.; Smith, R. M.Critical Stability ConstantsPlenum
Press: New York, 1974.
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the complexes formation are very large, the spectra exhibited
signals of coordinated protons only. TRE spectra of the
solutions at pH 2.0, 3.0, and 5.0 are shown in Figure 5.
Increasing the pH from 2.0 to 5.0 induced large shifts of the
coordinated ligand signals, indicating a change in the complex
species. At pH 2 (Figure 5a), three different sets of signals
were observed for the aromatic (noted i, and ri') and
methylene protons. The signals occur in a 1:1 integration ratio,
and the connectivities between the protons in each sulfoxine
moiety were deduced from COSY 2D experiments (except for
the H-6 proton). It should be noted that sharp signals were
observed for two protons H-6. The shoulder at 8.40 ppm (Figure
5a) and the broadened signal at 8.35 (Figure 5b) were assigned
to the third proton H-6. Th&C spectrum (not shown) exhibited
the same features as tHe spectrum i.e. three sets of signals.
It could be concluded that the three arms of the ligands are
nonequivalent. On increase of the pH, the intensity of the
signals decreased and vanished at approximately pH 5, whereas
another set of signals (noted a) appeared above pH 3 (Figure
5b,c). The spectra recorded over the pH rang&®remained
unchanged and exhibited only one set of signals which may be
assigned to the G&L complex, on the basis of the study of
the Fé'—O-TRENSOX complexation and assuming similar
behavior for GH and Fé'. This indicates that the pendant arms
of the coordinated ligand are equivalent. These results are
consistent with the IR study. The spectrum at pH 2 could thus
be attributed to a protonated species assumed to be &alH
Another significant change between thé NMR spectra of
the complexes and the free ligand is observed in the methylene
protons signals. In the free ligand, the two protons of each
methylene group are magnetically equivalent as a result of free
rotation. In the diamagnetic complexes of Ga(lll), however,
the chelation causes these protons to become nonequivalent.
Four resonances were observed for the Galomplex at 3.96,
3.17, 2.78, and 2.43 ppm. For the GafH complex the

spectrophotometric competition against EDTA over the pH
range 78. The value of log3110 was calculated to be 25.3,

assuming that the ferric N-TRENSOX complex is of the FeL
type. A complete study of the complexation of Fe(lll) by

methylene resonances were displayed over the range2#43
ppm.

Electrochemistry. Cyclic voltammograms were recorded in
aqueous solution at scan rate between 10 and 200 mV/s (Figure
N-TRENSOX was not undertaken. 6). The same voltammetric data were obtained by starting from

Spectrometry. Solid samples of the orange FetH and either Fe(lll-O-TRENSOX or Fe(I}-O-TRENSOX solutions.
green Fek ferric O-TRENSOX complexes could be extracted The results show a quasi reversible one electron transfer which
from a saturated aqueous solution. Unfortunately, no crystalSijs attributed to the FE—O-TRENSOX/Fé—0O-TRENSOX
suitable for crystallographic analysis could be obtained. Infrared process AE, = 75, 85, 90, 95, and 105 at scan rates of 10, 20,
spectra were recorded on the dried solids as KBr pellets in ordersg 100, and 200 mV/s, respectively). The one electron transfer
to gain more information on the mode of coordination in the has been confirmed by potentiostatic and coulometric measure-
orange and the green ferric O-TRENSOX complexes. The IR ments starting either from a Fe(H)O-TRENSOX or a Fe(IF-
spectra of O-TRENSOX (kL form), the orange FelLkt* O-TRENSOX solution. A value of the redox potential, denoted
complex, and the green FéLcomplex are shown in Figure 4. Eg of 0.087 4 0.005 V/NHE or 0.084+ 0.005 V/NHE has
Interest was focused on the bands over the range-16600 been calculated for measurements using an Ag/AgCl, KCI
cm* which have been assigned to the-o amide stretch. The  saturated reference electrode or Ag/AgCl, NaCl saturated
spectra of HL and Fel*~ (Figure 4a,b) both exhibit thec—o reference electrode, respectively. This value is independent of
band in the region 16561610 cnt?, indicating a similar  the pH over the range-410. Taking into account the°® values
environment of the amide carbonyl group in the free and for the redox couples e /Fe'L (E = 0.087 V) and Fé/Fe!
coordinated ligand. A significant difference appears between (gp = 0.77 V), the ratiofi10 (F€'L) can be calculated from
these spectra and the spectrum of Fel'HFigure 4c). The
vc—o absorption is shifted to 16301595 cnt!. This indicates
a change in the environment of the carbonyl group in the
FeLHs?™ and in the FeB~ species. In addition, the absorption
at 1360 cm? in the FeLH2" spectrum, which could be assigned
to OH deformation, disappears in the FettHspectrum. (1) —O-TRENSOX complex formation was investigated by a

For thelH NMR spectra, Fe(lll) was replaced with Ga(lll)  stopped-flow spectrophotometric method under pseudo-first-
in the O-TRENSOX complexes, Ga(lll) being diamagnetic and order conditions [Fe(lll)}> > [O-TRENSOX] at the wavelength
structurally and chemically close to Fe(llI1#H,0 solutions of 435 nm and = 2 M (NaCIOy, HCIO4). The absorbance change
Ga(lll) and of the ligand in the 1:1 molar ratio were examined with time showed a single exponential curve indicating that the
over the pH range210. Since the equilibrium constants for complex formation reaction proceeds through a single rate-

ES= Ef+ 0.059 logP,,(F€'L)/By,{FE"L)]  (9)

and gives log3110 (FE'L) = 19.3.
Kinetic Studies. Formation Kinetics. The kinetics of Fe-
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Figure 5. H NMR spectra (400 MHz) of O-TRENSOX (0.01 M) and ©g0.01 M) in?H,O solutions at pH 2 (a), 3 (b) and 5 (c), showing
quinoline ring and methylene protons. For numbering, see the drawing of O-TRENSOX.

limiting stage. The corresponding pseudo-first-order constants The least-squares fit df,ps versus [Fé&)/[H™] (Figure 8)

Kobs (s71) determined at [H] over the range 0.050.6 M and

various concentrations of Fe(lll) are plotted in Figure 7. Slopes
and intercept variations with [ suggest that the main reaction
mechanism is the complex formation through the hydrolyzed

ferric ion FeOH™ and the LH™ ligand species:
k
FeOH" + LH," <=FeLH*" + H,0 (10)

FeLH = FeLH>" + H* (11)
The predicted rate law is then given by

[Fe’']
Kobs = KiKpe —— + k4 (12)

[H']
_ [FEOH™]H ]

Fo [Fe*'] = [Fe’"],,,— [FeOH™]

Fe

The value ofKgein 2.0 M NaClQ is 1.51 103 M.35 Fe** and
FeOH represent [Fe(bD)s]*" and [Fe(HO)sOH]?*, respec-
tively (omitting solvating water).

(35) Milburn, R. M.; Vosburgh, W. CJ. Am. Chem. So&955 77, 1352—
1355.

yields the values
k,=789+17M*s* k. ,~0

Acid Hydrolysis Kinetics. The acid hydrolysis kinetics of
the ferric O-TRENSOX complex was studied in water«2.0
M, 25 °C) by the pH jump method. This rate constants
were determined from the absorbance data versus time at either
595 nm or 443 nm. The absorption spectra were also monitored
(A range 306-700 nm) using a diode array stopped-flow
spectrophotometer. The pH jump reactions were performed
under pseudo-first-order conditions with respect to for
solutions containing Fe(lll) and O-TRENSOX in a 1:1 molar
ratio at pH 4.0. According to the distribution curves, the
FeLH~ complex predominates. It should be pointed out that
experiments carried out for solutions at pH 7.0 (Fekpecies)
provided the same results as those at pH 4.0, indicating that
the first protonation of the FELC complex is a very fast process.
This protonation has been assumed to occur at the tertiary amine
nitrogen atom fide infra).

Upon addition of acid to dilute solutions of FeBHcomplex,
the green color was changed to orange, as expected. However,
the affinity of O-TRENSOX for Fe(lll) is such that complete
dissociation of the ferric complex did not occur even in 3 M
HCIO4. The spectrophotometric signal recorded vs time at 595
nm exhibited four successive decays. A loss of amplitude (30%
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Figure 6. Cyclic voltammetry of ferric O-TRENSOX in aqueous
solution (1 mM) with 0.1 M NaCI@ » = 10 (1), 20 (2), 50 (3), 100
(4), and 200 mV/s (5).
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Figure 7. Variation of the experimental rate constdgis (s™1) as a
function of [Fé*],, at various [H] (M): (O) 0.05, (») 0.1, (a) 0.2,
(#) 0.5, ©) 0.6. [O-TRENSOX]= 0.05 mM. Solvent: water (= 2.0
M, T = 25°C).

of the initial absorbance amplitude for all of the spectrum) was

Serratrice et al.
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Figure 8. kops(M™s71) as a function of [F&]/[H '] according to eq
12 for the complexation of Fe(lll) by O-TRENSOX.
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Figure 9. Acid hydrolysis kinetics of the ferric O-TRENSOX complex
(FeLH~ species). [FeLA] = 0.05 mM; [H"] = 0.06 M for stages 1
and 2, [H] = 0.2 M for stage 3. Solvent: water £ 2.0 M, T= 25
°C).

of seconds (denoted stage 3) (Figure 9). Furthermore, the
absorbance recorded versus time at 443 nm for the stage 3
(Figure 9) exhibited a very small decay over the 0.2 s time scale
(corresponding to the fast decay recorded at 595 nm), followed
by a first-order absorbance increase over the-@2 s time
scale. The rate constants of the stage 2 (denkigd were
determined from the absorbance decay at 595 nm over thle [H
range 0.020.2 M. The rate constantgps zandKkqps 4 related
to stage 3 were determined over thet]Hange 0.1 M by
fitting the two-exponential decay at 595 nm. In addition, the
values of kyps4 were also calculated from the first-order
absorbance increase at 443 nm. These values were found to
be in reasonable agreement with the values determined at 595
nm. However, these late values are less reliable since they are
obtained by fitting a two-exponential signal having a small
amplitude decay. So, owing to their higher accuracy, the data
at 443 nm were used for the study of {Hdependence.

The UV-visible spectra were recorded as a function of the

observed during the first milliseconds, but the process (denotedtime for selected [H] in order to monitor the change of the

stage 1) was too fast to be monitored by stopped-flow measure-spectrum in each stage of the hydrolysis reaction and to provide
ments. Then, a first-order absorbance decay was measured iradditional information on the intermediate species (Figure 10).
the time range of deciseconds (denoted stage 2) and a two-This change suggests the formation of four intermediate

exponential absorbance decay was detected in the time ranggrotonated ferric O-TRENSOX complexes.

The spectrum
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0.40 for all of the wavelengths. The formation of the second
@ intermediate (stage 2) results in a decrease of the absorbance at
l 1 595 nm and a slight increase at 443 nm (Figure 10b). The
030 spectra collected during this process exhibit a sharp isosbestic

point at 520 nm, confirming the presence of only two absorbing
species. The third stage leads to a species the spectrum of which
resembles that of Fel#" but with a lower absorption coef-
ficient at 443 nm (Figure 10c). An isosbestic point at 540 nm
was observed for the spectra recorded over the second step of
0.10 this stage. Finally, after a reaction time longer than 50 s an

increase of the absorbance was observed (Figure 10d) exhibiting
a behavior unsuitable for kinetic analysis.

Absorbance
[=]
b1
!

0.00 — T The proton stoichiometry of steps 1 and 2 was determined
350 400 450 500 550 600 by analyzing the absorbance values measured at the end of the
0.40 two first stepsh. 2 vs [H*] and by taking into account following

the two equilibria:

030 - FeLH +nH 22 FelH,2 K, (13)
" ,
£ 00 1 FeLH[Z+ WH <=FeLH[Z K,  (14)
L
<
The absorbance at equilibrium for step 2 is expressed by
0.10 -
Aoz crant eaKy[H']"+ K KH]™ 1)
0.0 [FeLHZ_]mt 1+KyH "+ K{K,[H B e
350
0.40 Analysis of A.> vs [H'] using a nonlinear least-squares
method leads ta = 2 andn’ = 1. The absorption coefficients
0.30 €1 and e, at 595 nm of the species Fe@l—ﬁ i.e. FeLH, and
N ' FeLHI" 2 ie. FeLH, respectively, and the stability con-
g stantsK; andK; were calculated:
8020 4
2 K, = 18000+ 6000 M ¢, = 3200 600 M *cm*
<<
0.10 - K,=42+37M ¢,=20004+ 150 M *cm*
0 The values of the pseudo-first-order rate const&gis, and
0.

Kobs,3 Kobsarelated to stages 2 and 3, respectively, are reported

350 in Table 3. kops 2€xhibits a linear dependence on'HFigure

11), and the intercept is slightly negative, suggesting that

reaction 14 is first-order in proton in agreement with= 1

and is irreversible. Linear least-squares regression of the data
against eq 16 givek, = 643+ 22 M1 s71,

Kos.2= Ky [H] (16)

< i
Lo £
S S
1 1

A linear dependence on [ is exhibited bykops 3 (Figure
12a) suggesting a reaction first-order in proton consistent with
the reaction 17.kops 4 €Xhibits saturation-like kinetics (Figure
12b) with respect to [H]. This is consistent with a proton-
dependent equilibrium followed by a proton-independent reac-

Absorbance

0.20

0.10

0.00 — T T T tion with a reaction rate slower than the reaction rates involved
350 400 450 500 550 600 in the equilibrium. According to these results, we propose for
Wavelength (nm ) stage 3 the two reactions 17 and 18:

Figure 10. UV —visible spectra recorded as a function of the time for
the acid hydrolysis kinetics of the FeBHcomplex (F& —O-TREN-

+ +_. 2+
SOX): (a) stage 1,610 ms (1.3 ms interval); (b) stage 2,-1R00 FelH,” +H = FelLH"* kg K 3 (17)
ms (5 ms interval); (c) stage 3;-R0 s (1 s interval); (d) stage 4, 20
200 s (10 s interval). Experimental conditions: See Figure 9 except FeLH52+* = FeLH52+** K, K, (18)

for stage 4, where [H = 0.5 M and [FeLH™] = 0.065 mM. The

arrows show the direction of change as the reaction proceeds. . .
g P Here FeLH?™* and FeLH2™** are species different from the

recorded at the end of the stage 1 (Figure 10a) is the same ashermodynamic product Felsf. The associated first-order rate
that of the initial complex but with lower absorption coefficient constantsk,ps 3 and kops 4 are related to the microscopic rate
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Table 3. Pseudo-First-Order Rate Constants for the Acid
Dissociation of Ferric O-TRENSOX

[H +] kobsé) kobsé) kobs,zP kobs,lf

(M) (s (s G (s
0.005  2.55+0.07

0.007  4.26+ 0.06

0.008 5.0+0.1

0.020 6.5£0.2

0.040 17.8:0.6 0.0370G+ 0.0005
0.050 0.041Gt 0.0005
0.058 26.9£0.5

0.077 444+ 0.7

0.095 57+1

0.100 0.058# 0.0007
0.112 74+2

0.131 87+2

0.148 100+ 2

0.150 2.23+ 0.05 0.110+ 0.007 0.08Gt 0.004
0.165 109+ 2

0.182 116+ 3

0.200 0.094+ 0.006
0.250 2.88+0.05 0.15£0.01  0.105t 0.003
0.300 3.13:0.05 0.15+0.01 0.121+ 0.008
0.350 3.50£ 0.05 0.16+0.01  0.11% 0.008
0.400 4.00+0.04 0.17+0.01  0.133t 0.004
0.450 0.14'A# 0.004
0.500 0.151 0.005
0.600 0.163+ 0.003
0.700 0.173+ 0.018
0.800 0.184+ 0.002
0.900 0.195+ 0.017
1.000 7.0:£05 0.24£0.01 0.19%+ 0.018

a[Ferric O-TRENSOX]=5 x 10°°M; T= 25°C, andl = 2.0 M.
b Determined afl = 595 nm.¢ Determined afl = 443 nm.
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Figure 11. Kinetic data for stage 2 in the acid hydrolysis of the ferric
O-TRENSOX complex (FeLH species). [FeLP] = 0.05 mM;| =
2 M; T = 25°C. kops2 = f[H ] according to eq 16.

constants of chemical reactions 17 and 18 by the following
relationships:

Kobs:aT Kops 4= ks [H'] + k g+ k,+k,  (19)
Kobs Jobs.a= Ka (kg T K_g) [H'] + k_gk_, (20)

Linear plots of kops 3+ Kobs49 VS [H™] and Kobs,Kobs 9 VS [H']

Serratrice et al.
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Figure 12. Kinetic data for stage 3 in the acid hydrolysis of the ferric

O-TRENSOX complex (FeLF species). [FeLP] = 0.05 mM;| =

2 M, T=25°C. Key: (a)kobsz = f[H™]; (b) Kobsa = f[H].
Discussion

Ligand Deprotonation Constants. The three lower K,
values and the three higheKpvalues of O-TRENSOX were
assigned to pyridine nitrogen and hydroxyl groups, respectively,
by comparison with thelg, values of the 8-hydroxyquinoline-
5-sulfonate. Thelg, of 6.36 was attributed to the tertiary amine
from IH NMR measurements since the nitrogen deprotonation
results in large chemical shifts effect on the methylenes of the
“TREN" backbonel” The K, values of the pyridine protonated
nitrogen atoms (1.83, 2.55, and 3.01) and of the hydroxyl groups
(7.44, 8.18, and 8.62) cover a range 00474 that reflects a
roughly statistical separation (log 3 or 0.48)which is
consistent with noninteracting pendant arms. THKg yalues
for the pyridine nitrogen atoms are significantly lower than the
value 3.95 in the 8-hydroxyquinoline-5-sulfonate presumably
related to the electron-withdrawing effect of the amide group
ortho to the hydroxyl group. The average value of the hydroxyl
pKa's, 8.07, is lower than the correspondingpof 8.42 in
8-hydroxyquinoline-5-sulfonaté in relation to the electron-

were obtained. The four microscopic rate constants could be withdrawing amide group. However, this effect appears to be

extracted from the slopes and intercepts of the two plots:

ky=574+04M's' k,=134+0.1s"

k,=0.26+0.01s* k_ ,~0

smaller (0.35 log unit) for O-TRENSOX than for catechot
biphenol derivative’d (0.8). The basicity of the tertiary amine

(36) Adams, E. QJ. Am. Chem. Sod 916 38, 1503-1510.
(37) Letkeman, P.; Martell, A. E.; Motekaitis, R.Jl.Coord. Chem198Q
10, 47-53.
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is strongly lowered as expected for tripodal ligands with a follows (L = H,O; amide NH, quinoline ring, and SOomitted
“TREN" backbone’!# This is related to the formation of hydro-  for clarity):
gen bonding between the amine and theHNamide proton.

Concerning the ligand N-TRENSOX, the two loweKp
values and the three higheKyp values have been clearly
assigned to the pyridine protonated nitrogen and to the hydroxyl
groups. The hydroxyl g, values are higher than those of
O-TRENSOX as a result of the effect of the amide group. The
values of 6.44 and 6.99 can be attributed to either one pyridine
nitrogen or the tertiary amine. NMR measurements did not
allow us to determine theky of the tertiary amine since
N-TRENSOX was not soluble enough #i,0 solutions, but
UV —visible measurements suggested that th& pf the
protonated pyridine atoms is 6.44 as the pyridine nitrogen . . . . I
deprotonation is expected to give an absorbance effect contrary, This structure is consistent with the proton stoichiometry of

to that for the tertiary amine deprotonation. TH&,walue for the complex. Furthermore.’ a tr!s(salicylate) °.°r.“|°'ex must
one pyridine nitrogen is much higher than the two other ones. presumably be unfavorable in relation to high strain in the ligand

A possible explanation could be the formation of a network of k;acLIf_I;(Ene. ‘_Il'_rg)e_four_- prﬁton step de%rotonation f_or thehlgstle

two hydrogen bonds between the carbonyl oxygen and both the el equilibrium is thus assumed to occur via a shift from
pyridinium and the tertiary ammonium protons, giving rise to a bis(salicylate) to a bis(oxinate) coordination (pyndme nitrogen
a five-membered ring and a seven-membered ring which sta-arIOI hydroxyl oxygen atoms) and the formation of an oxinate

bilize the protonated pyridine nitrogen of one arm. It is sug- coord_inat_ion with the free arm giving rise to a tr_is(oxinate)
gested that these hydrogen bonds could be formed only Whencoordlnatlon of Fe(lll) as deduced from the electronic spectrum.

) ) > N A
the pyridine nitrogen atoms of the two other arms are depro- Fma[y, the errotpnatlon for the F?LHFGI‘. equmbrlum
tonated. (pK = 5.60) is attributed to the tertiary amine, in agreement

. . with the small change of the electronic spectrum atpH. In
Complexation. Ferric O-TRENSOX Complexes. The  jccordance with the Uwvis and IR spectra of the ferric
large spectral change observed in the spectrophotometric titrationy_trRENSOX complex, théH and3C NMR spectra ofH,0
of the ferric O-TRENSOX complex in acidic media is indicative  ¢qjution of G&' and Ol-TRENSOX support the formation of

of a change in the coordination of iron with the ligand. At pH 4 structurally different complexes depending on the pH. At
> 2, the spectrum of the species is very similar to that of the |4, pH the well-resolved NMR spectrum is attributed to a
tris (8-hydroxyquinoline-5-sulfonato)iron(lll) complex (tris-  yrtonated complex with three arms of the ligand magnetically
oxinate coordination)nax = 450 nm,e = 5000 M™* cm ™, nonequivalent. This appears consistent with two coordinated
andAmax = 575 nm,e = 5100 M"* cm™*)?%in which the iron arms and one free arm. The assignment of the five protons to
is hexacoordinated to the three bidendate molecules through thésach arm is not discussed in this paper. However, NMR does
phenolic oxygen atoms and the pyridine nitrogen atoms. Since 5t allow one to deduce the type of bonding between Ga(lll)
the absorption coefficients of these bands are too large for agng the ligand. At higher pH, tHéi NMR spectrum attributed
d—d transition, they are likely due to ligand-to-metal charge {4 the deprotonated G&L complex is consistent with a 3-fold
transfer (LMCT). The band at 443 nm is assigned to-@e" symmetry of the ligand around the metal ion. Since 8-hydrox-
charge transfer by comparison with other phenolate or catecho- quinoline is an nonsymmetrical bidentate ligand, meridional
late complexes. It can thus be assumed that the band at 5954 tacial isomers Gat (or Fel3-) complex can exist. The
nm is of the N, — Fe'' type. This band disappears in the 14 NMR spectrum suggests the formation of the facial isomer
spectrum of the FeLkt" complex whereas the band at 440 nm  gjnce the three arms of the tripodal ligand are magnetically
is slightly shifted to lower energy (435 nm) with significant  equivalent as expected for a facial isomer (3-fold symmetry).
increase of the absorption coefficient (8200 Mm™). The Interestingly, the spectra recorded for solutions containing a
change in the absorption spectrum can be interpreted by amixture of the two complexes show that these two species are
change in the coordination sphere of the ferric ion. This sug- iy slow exchange on the NMR time scale.
gests that i, — Fe" bonding is replaced by ©- Fe!' bonding. In order to compare the Fe(lll) complexation efficiency of
The infrared spectra provide additional information on the O-TRENSOX with other iron chelators, the pFe value has been
mode of bonding between the ferric ion and the ligand in the calculated under given ligand and metal concentration and for
orange FelLkP™ and in the green FeéC complexes. The  various pH values over the range-30. The corresponding
carbonyl band of Fet- appears at the same frequency (1650 pFe= f (pH) plot is presented in Figure 13 together with the
1610 cn1?) as in the free ligand. However, the carbonyl band plots calculated for other tripodal or reference ligands. In
of FeLHs2" is shifted to lower frequency (1630595 cnt?) addition, the pFe values at physiological pH (7.4) are reported
than the band of the free ligand. Such a lowering of the carbonyl in Table 2. According to these values, O-TRENSOX is the
absorption indicates a coordination of the carbonyl oxygen atom strongest synthetic iron chelating agent over the pH rang# 3
to the iron, as already observed for catecholate ferric com- At pH > 8, the pFe values of catecholate ligands are higher
plexes®® Furthermore, the spectrum of Fek# contains an than those of O-TRENSOX, in relation to the highét.p
absorption at 1360 cm tentatively assigned to a free OH Interestingly, the ligand N-TRENSOX has been found to be
deformation which is absent from the spectrum of FeLWe significantly less efficient than O-TRENSOX: the pFe value
are thus led to propose that, in the Fe£Hcomplex, two arms is about 7 orders of magnitude lower than that for O-TRENSOX.
of the ligand are coordinated to Fe(lll) through a “salicylate” The explanation of the higher iron-sequestering properties of
mode of coordination, the third one being free as depicted as O-TRENSOX versus N-TRENSOX may reside in the hydrogen-
bonding network available in the free ligand and in the complex.

(38) Harris, W. R.; Raymond, K. NI. Am. Chem. S04979 101, 6534 Indeed, hydrogen bonding has been claimed to play a significant
6541 role in the preorganization of the ligand for iron binditfgf?
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Figure 13. Plot of pFe vs pH for various tripodal ligands, EDTA, and
sulfoxine. pFe was calculated for [Fe(lIB} 1 «M and [L] = 10 uM
using the known constants of the tricatecholate TRENCA®M),
trihydroxamate TRENDROX (+), EDTAZ (*), and sulfoxin&® (O),
O-TRENSOX @), and N-TRENSOX 4).

especially to explain the very high affinity of enterobactin
toward Fe(ll)1° The amide group in N-TRENSOX is substi-
tuted ortho to the nitrogen of the quinoline ring while in

Serratrice et al.

occur in one rate-limiting step involving the hydrolyzed ferric
species [Fe(kD)sOH]2" and the fully protonated form of
O-TRENSOX LH* and to lead to the FeL§" species. The
value of the rate constatg (789 st M™1) is slightly higher
than that of sulfoxin®® (485 st M1, evaluated at 28C from
published values determined over the temperature range 35
45°C atl =1 M) . This result indicates that there is no steric
hindrance due to the “TREN backbone” in the rate-determining
step . Furthermore, the value &f is in the same order of
magnitude than those determined for various hydroxathéte
(670-4300 s M~1) and catecholate complex€s*® (1700-
3300 st M™1). In addition, the value ok; is very close to
those determined for sulfonated 2d2hydroxybiphenyl tripodal
ligand$7 (485-821 st M~1atl = 0.5 M). The rate constant
ki is found to be slightly dependent on the structure of the ligand.
This is interpreted by a dissociative Eigewilkins mecha-
nisn® with a fast formation step of an outer-sphere complex
(Ko9 followed by a rate-limiting step involving the water
substitution of the monohydroxylated Fe(lll) speci&s)(

kl = Kos kex
A mechanism can be proposed taking into account two

structural features of the ligand O-TRENSOX: (i) The positively
charged pyridine nitrogen site induces a repulsive effect on the

O-TRENSOX it is substituted ortho to a phenolate oxygen. As Incoming hydrated ferric species. (ii) The sulfonate group in
a consequence, a salicylate coordination is favored for ferric € 5-position appears to be more favorable for ion-pairing in
O-TRENSOX in acidic media since hydrogen bonding between the precursor complex. Hence, it is suggested that initial
the carbonyl oxygen and the phenol “preorganizes” the ligand bonding of the hydrated ferric ion proceeds through a coordina-

for this mode of bonding with the ion. This cannot occur with

tion with the carbonyl oxygen atom followed by a rapid ring-

N-TRENSOX. Furthermore, as the coordination changes from closure with the phenolate oxygen to form a six-membered ring
a salicylate to an oxinate mode of bonding upon deprotonation (‘Salicylate coordination”). The formation of the FebH
of the complex, an amide conformational change is assumed toSPECi€s, as deduced from the equilibrium studies, is thus assumed

occur for the full complexation of the metal. So, hydrogen

to occur through a rapid salicylate type coordination with a

bonding of the amide and the corresponding preorganization S8cond arm of the ligand.

of the complex must occur with O-TRENSOX. This is not the
case with N-TRENSOX.
Electrochemistry. The potential of the ferric O-TRENSOX

Acid Hydrolysis Kinetics. The proposed protonation mech-
anism of the ferric O-TRENSOX complex (Fe€H in acidic
medium is depicted in Figure 14. On the basis of the kinetic

complex is more than 500 mV higher than that of hydroxamate _results, a four stage mechanism has been proposed, correspond-

siderophores (ferrioxamine B;0.468 V/NHE) and more than

ing to a partial dechelation at the iron center followed by a shift

800 mV higher than that of the catecholate siderophore to a bis(salicylate) coordination and involving four intermediates.

enterobactin {0.750 V/NHE*?) and of the tricatecholate
TRENCAM (—1.04 V/INHE) This indicates the lower selectiv-
ity of O-TRENSOX for ferric ion vs ferrous ion compared to

The structure of each intermediate is supported by the visible
absorption spectrum.
Stage 1 has been found to occur very fast and to involve two

the catecholate and hydroxamate ligands. As a consequencepmtons- The spectrum of the intermediate kinetic species

the stability constant of the ferrous O-TRENSOX complex (log
B110= 19.3) is significantly larger than that of the tricatecholate
TRENCAM (log B110 = 12.6) and of ferrioxamine B (Iof110
= 9.5) but lower than that of enterobactin (Ifgio = 22.2)
owing to an exceptionally high stability constant for its ferric

FeLH,, at the end of this stage (Figure 10a), is the same as the
spectrum of the FeLH complex, but with lower absorption
coefficient at 595 nmey = 3200 M1 cm™). It is similar to

the spectrum of the Fe(lll) bis(oxinate) compREx This result

is in favor of the removal of one arm from the inner coordination

complex. Furthermore, the value of the reduction potential of SPhere of the Fe(lll) center, leading to a bis(oxinate) mode of

the ferric O-TRENSOX indicates that the Fenton reaction is coordination, with the accompanying replacement by coordi-
thermodynamically allowed. Nevertheless, we have shown that Nated water molecules. Stage 2 has been found to be one-proton
the ferrous complex is unable to promote the Fenton reaction dePendent and to lead to a decrease of the absorbance at 595

owing to the kinetic barrie#? This property makes O-
TRENSOX relevant for biological applications.

Formation Kinetics. The formation reaction of the Fe(IH)
O-TRENSOX complex in acidic medium has been found to

(39) Garrett, T. M.; Cass, M. E.; Raymond, K. 8l.Coord. Chem1992
25, 241-253.

(40) Shanzer, A.; Libman, J.; Lifson, Bure Appl. Chem1992 64, 1421~
1435.

(41) Wawrousek, E. F.; McArdle, J. \. Inorg. Biochem1982 17, 169~
183.

(42) Lee, C. W.; Ecker, D. J.; Raymond, K. Bl. Am. Chem. S0d.985
107, 6920-6923.

nm (e = 2000 M~1 cm™) and a small increase at 443 nm
(Figure 10b). Since the band at 595 nm has been attributed to

(43) Das, A. K.Bull. Chem. Soc. Jprl992 65, 2205-2210.

(44) Monzyk, B.; Crumbliss, A. LJ. Am. Chem. S0d.979 101, 6203~
6213.

(45) Brink, C. P.; Crumbliss, A. Linorg. Chem.1984 23, 4708-4718.

(46) Mentasti, E.; Pelizetti, E. J. Chem. Soc., Dalton Trans973 2605—
2608.

(47) Mentasti, E.; Pelizetti, E. J.; Saini, G. Inorg. Nucl. Chem1976
38, 785-788.

(48) Xu, J.; Jordan, R. Bnorg. Chem.1988 27, 1502-1507.
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Figure 14. Proposed mechanism for the acid hydrolysis of the FeLtbmplex (L= H,0O; amide NH, quinoline rings, and $Oomitted for
clarity).

a Npyr— Fe ligand to metal charge transfer, it is reasonable to these complexes with linear ligands, involving the successive
suppose that this stage is associated with the proton-assistegbrotonations of the coordination sites. This process results in
cleavage of a FeNpyr bond and substitution byJ@ giving a the unwrapping of the linear ligands and leads to the total
tridentate bonded complex. Stage 3 involves-dependent dechelation of the metal. The values of the rate constants of
equilibrium 17 followed by H-independent reaction 18. stages +3 in the acid hydrolysis kinetics of the Fe(HD-

The equilibrium reaction rates are faster than the late reaction. TRENSOX system can be compared with literature data since
The spectral change associated with reaction 17 is characterizedhey characterize the dissociation of coordination bonds. The
by a very small variation of the absorbance at 443 nm and a comparison shows that the dissociation of the first bidentate
decrease at 595 nm (see Figure 9). This suggests the protongroup (stage £} is significantly slower for hydroxamate type
assisted cleavage of the third-Fyy,, as in stage 2, leadingto ~ coordination in ferrioxamine B (290 or 380 Ms 15051 and
formation of a bidentate intermediate. The increase of absor- for catecholate type coordination in pyover@i(l800 M s™1)
bance at 443 nm (Figure 10c) associated with reaction 18 canthan for sulfoxinate type coordination in O-TRENSOX. This
be explained by formation of a Fearbonyl oxygen atom bond.  process is very fast since steric strain in the ligand may increase
It requires an exchange of a water molecule, giving rise to a the rate of Fe-Np,, and Fe-O cleavage. An other possible
tridentate intermediate involving coordination with three oxygen explanation for the high kinetic lability of the hexacoordinated
atoms. Stage 4 is characterized by a large increase of thecomplex may be invoked by considering the solvent rearrange-
absorbance at 443 nm suggesting the formation of a second Fe ment resulting from dissociation of one sulfoxine group, as
carbonyl oxygen coordination. already supported for hydroxamate dissociatforAn associa-

To our knowledge, there is no example of acid hydrolysis tion by hydrogen bonds may be envisioned in the tetradentate
kinetics of ferric complexes with tripodal hexadentate ligands. complex FeLH between the water molecules coordinated to
Nevertheless, it would be instructive to compare the dissociation Fe(lll) and the free sulfoxine moiety, probably through oxygen
rate constants of the Fe(ItHO-TRENSOX system with some ~ atoms. This results in a small motion of the arm as it dissociates
literature data. Numerous data are available for the dissociationfrom the Fe(lll) and a slight solvent rearrangement. So, the
of the extensively studied ferrioxamine585! as well as Fe- hexadentate= tetradentate equilibrium may be a facile process.
(1) —dihydroxamic acid complex&and pyoverdirf3 A step The rate constank, related to the tetradentate tridentate
by step dissociation mechanism has been proposed for all offeaction can be compared to the values obtained for a similar

(50) Monzyk, B.; Crumbliss, A. LJ. Am. Chem. So0d.982 104, 4921~ (53) Albrecht-Gary, A.-M.; Blanc, S.; Rochel, N.; Ocaktan, A. Z.; Abdallah,
4929. M. A. Inorg. Chem.1994 33, 6391-6402.

(51) Birus, M.; Bradic, Z.; Krznaric, G.; Kujundzic, N.; Pribanic, M.; (54) A lower limit for the dissociation rate constant related to stage 1
Wilkins, P. C.; Wilkins, R. G.Inorg. Chem.1987, 26, 1000-1005. (reaction 13) can be estimated to approximately 50601 on the

(52) Caudle, M. T.; Cogswell, L. P.; Crumbliss, A. Inorg. Chem1994 basis of a 26 ms reaction half-time for [H = 0.1-0.02 M.

33, 4759-4773. (55) Caudle, M. T.; Crumbliss, A. Unorg. Chem1994 33, 4077-4085.
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process involving dissociation of a tetradentate into a tridentate Conclusion
complex which was observed in the acid hydrolysis of ferri-
oxamine B° and of Fé' —dihydroxamic acid complexé8The The present work has shown that the tripodal ligand O-
values, over the range 317 M~1 s71, are significantly lower TRENSOX possessing three bidentate oxine subunits is a very
than the value (643 Mt s™1) obtained for F —O-TRENSOX, strong chelator for Fe(lll) over a large range of pH from acidic
suggesting a high kinetic lability of the F&Npyr bonds. As to basic medium. Our results confirm that the tripodal structure
previously invoked, this can be related to a slight solvent is well adapted for strong hexadentate coordination. The
rearrangement resulting from “half-opened” chelation. interesting feature of O-TRENSOX is that the amide connection
The rate constante = 643 M1 st andk; = 5.7 M1 s1 in the ortho position with respect to the hydroxyl group favors
are decreased as expected in a stepwise dissociation. The fadn initial strong coordination of the salicylate type, which
thatks is decreased by a factor of 113 with respedttoan be probably “preorganizes” the ligand for a full complexation of
best explained by considering the repulsive effect of the positive the metal by the three oxinate ligands. This is in contrast with
charge on the pyridine nitrogen atoms on the incoming proton the behavior of the ligand N-TRENSOX with an amide
which is necessary for dissociation. Indeed, the two successiveconnection in the ortho position with respect to the pyridine
ring openings of the oxinate chelation probably imply a small nitrogen. This ligand is characterized by a poor affinity for
solvent rearrangement. Therefore, the-Rg, bond cleavage Fe(lll). The remarkable property of O-TRENSOX is its high
rates from analysis of stage 1 (too fast to be measured), stagecomplexing ability for both the ferric and ferrous ion redox
2 (ko), and stage 3kg) are decreased from the complex with states, contrary to the catecholate and hydroxamate ligands.
three Fe-Npyr bonds to the complex with no FéNy, bond as The redox potential of 0.087 V vs NHE is more than 0.4 and
observed in a dissociation mechani%m. 0.8 V higher than that of the hydroxamate and catecholate
The last step of the mechanism has been tentatively assignederric complexes, respectively. The kinetic study of the acid
to the formation of coordination with two carbonyl oxygen hydrolysis of the F&é—O-TRENSOX complex provides ad-
atoms on the basis of the UWisible spectra. We were able ditional information on the change of coordination in relation
to determine the rate constakt & 0.26 s'%) corresponding to to the protonation state of the complex. Furthermore, the
the first carbonyl oxygen coordination. The value has to be proposed mechanism for the acid hydrolysis shows that the
related to the rates of rotation around the@Cand C-N bonds complex has one labile arm and two relatively labile-iNgpyr
of the chain connecting the central nitrogen to the sulfoxine coordination bonds. This feature is important in view of ligand
moiety. One might expect that the rate of rotation around the interchange process. So, attack by a competing ligand would
C—N bond of the amide group would be the slowest owing to be expected to form a ternary complex which may be kinetically
its partial double-bond character. The formation of the second |abile. The lability of some coordination sites is an important
carbonyl coordination occurs over a2200 s time scale. The  parameter for the release of iron by siderophores to microorgan-
nonexponential behavior of this process is hard to interpret. We jsms. This lability can occur through ligand exchange. O-
suppose that the rearrangement necessary to coordination iSRENSOX has been found to be efficient in the iron nutrition
hindered by the strains in the complex. of plants22 Our kinetic data provide an element for understand-
Finally, the picture that emerges from the mechanism of the ing this efficiency. Further investigations on ligand exchange
hydrolysis of the Fé —O-TRENSOX complex in highly acidic  are now in progress.
medium is that the stepwise protonation reactions lead to a
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