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I. Introduction

The use of actinides for civilian as well as military purposes has led -and still leads-to their environmental release. Atmospheric nuclear tests from 1945 to 1980 are the main source of contamination of the terrestrial and marine environment. It is estimated that about 3.1 PBq of 241 Am, 40 PBq of 237 Np, 13 PBq of 239,240 Pu and 170 PBq of 241 Pu have been deposited on Earth [1980PER] [1998BEA]. The contamination from underground nuclear tests is more localized with actinides incorporated in rocks. But plutonium has been detected in groundwater at 1.3 km from the Nevada Test Site where 826 tests were conducted between 1956 and 1992 [1999KER].

Accidental releases, such as the two B52 plane crashes in Palomares in 1966 (Spain) and Thule in 1968 (Greenland), have also contaminated the environment locally. In the context of nuclear energy production, all facilities related to the fuel cycle are likely to face to actinides release in the geosphere and the biosphere, both in normal operation and in the event of an accident. The processing of ore in uranium mines has led to an accumulation of U daughters in mine tailings and pit waters. The fire in a reactor at Winscale in 1957, an explosion of a tank containing radwaste at Kyshtym also in 1957, the explosion and fire of a reactor at Chernobyl in 1986, the cores meltdown at Fukushima in 2011, have also led to actinides spreading but much less than the nuclear weapons testing [1996AIH] [2018DEN]. In addition, some naturally occurring actinides with lifetimes comparable to the age of the earth are also present in the environment: 232 Th, 235 U and 238 U are the main primordial radionuclides. By radioactive decay, they produce other actinide isotopes like 234 U, 231 Pa, 230 Th.

[2004LAN] [2010HU] [2015GRA]
Actinides from either natural or anthropogenic sources are of environmental and health concerns due to their high toxicity, long half-life and the exposure risk of internal contamination (accumulation in drinking water or in food). Modeling the behavior of actinides under environmental conditions is therefore essential, but extremely challenging, because of the complexity of the chemistry of actinides on one hand, and the complexity of the environmental medium on the other hand:

-The light actinides ions exist in various oxidation states that exhibit their own reactivity. For example, Pu(IV) is rather insoluble (in the absence of strong complexing agent) whereas Pu(V) is mobile.

-The environmental systems cover surface waters, groundwaters, rocks, clays… with very diverse composition (inorganic and organic ligands, microbes, colloids…). The present work is limited to the study of one type of interaction: the complexation with a naturally occurring organic ligand that belongs to the class of siderophores. Siderophores (Greek: "iron carrier") are small, high-affinity iron-chelating compounds secreted by microorganisms such as bacteria and fungi allowing iron to be transported into the cell [1995NEI].

Since Pu 4+ and Fe 3+ have similar charge/radius ratio, Pu 4+ and other tetravalent actinides are expected to form also strong complexes with siderophores, especially with desferrioxamine B (DFB) [1992BRA]. This ligand possesses three hydroxamate groups (RC(O)N(OH)R') and can therefore acts as a hexadentate ligand (which matches with Fe(III) maximum coordination). Some data relative to the complexation of actinides (IV) with DFB are available in the literature.

Formation constants have been proposed by Boukhalfa et al. for Th(IV) [2007BOU] and by Whisenhunt et al. for Pu(IV) [1996WHI]. Additionally, the structure of the complexation of Pu(IV) with desferrioxamine E (similar to DFB) has been characterized by using X-ray diffraction [2000NEU]. A dimer Pu(IV)-DFB has also been recently observed [2014BOG].

The aim of the present work is to develop suitable experimental protocols to collect fundamental data on the complexation between actinides at the oxidation states +III and +IV with desferrioxamine B. For that purpose, trivalent actinides have been simulated by lanthanides and Pu(IV) by Th(IV) and U(IV). The study was conducting according to a twofold approach: thermodynamic and structural. The thermodynamic study involved different concentrations of metal ions.

Liquid-liquid extraction experiments combined with γ-spectrometry were carried out with europium and thorium at ultra-trace scale using the radionuclides 152 Eu and 227 Th. The complexation of stable lanthanides in macroconcentration and of U(IV) was studied using affinity capillary electrophoresis and/or UV-Vis absorption spectrophotometry. Infrared and X-ray absorption spectroscopies combined with quantum chemistry calculations were the techniques used for the structural study of Eu/Th/U-DFB complexes.

The present PhD thesis is divided in five chapters. The present (first) one is a general introduction in order to explain the context and the aim of the work. The second chapter is a bibliographic study devoted to the chemical properties of actinides and of hydroxamate ligands. In the third chapter, the methodology and the techniques used are described. The results and discussion on the complexation of lanthanides, Th(IV) and U(IV) with some hydroxamates are presented in Chapter IV. Finally, Chapter V presents a general conclusion.

II. Bibliographic Study

II.1 Actinides

II.1.1. General points

Actinides commonly refer to 15 elements from actinium (Z = 89) to lawrencium (Z = 103) as shown in the periodic table presented in Figure II.1. However, the placement of Ac (and La) and even Lr (and Lu) has been controversial for many years [1982JEN] [2008LAV]. The elements Ac and La are often placed in d-block below Y in group 3. In the following, actinium is considered as the first member of the actinide series, similarly to lanthanum in the lanthanide series [2010KIR].

Figure II.1 Periodic table of the elements [2019IUP].

The actinides correspond to the filling of the 5f electron shell as suggested by G.T. Seaborg in 1945 [1945SEA]. Their electron configuration is [Rn]5f n 6d m 7s 2 , similarly to lanthanides configuration [Xe]4f n 5d m 6s 2 [2000CLA] [2011EDE]. The ground-state electron configurations of lanthanide and actinide atoms are reported in Table II.1. One could notice that the filling of 5f shell is less homogeneous than the 4f and a special stability of Cm and Gd is observed due to the half-filled 5f and 4f shells respectively. According to the electron configurations listed in Table II.1, the 6d orbitals of the actinides appear energetically more accessible than the 5d orbitals of the lanthanides. Moreover, 4f and 5f orbitals display a relatively small radial extension. They are shielded from interactions with ligands by the 5s 2 , 5p 6 and 6s 2 , 6p 6 filled shells for lanthanides and actinides, respectively. This means that the interaction of nf electrons with the electrons from ligands is relatively weak. But the light actinides, from Pa to Am exhibit a more complex behavior since 5f orbitals are more spatially extended whereas 4f orbitals are localized. In addition, the 5f, 6d and 7s orbitals are much closer in energy than the corresponding 4f, 5d and 6s. This is illustrated by the variations of the radial probability of valence electrons (dotted lines) as function of the distance nucleus-electron in Figure II.2. The overlap of valence orbitals is less significant in the case of Sm 3+ as compared to Pu 3+ . The multiplicity of oxidation states of the light actinides (U, Np, Pu, Am) originates from this feature whereas lanthanide exhibit mainly the trivalent oxidation state.

The electronic structures of lanthanides and especially actinides are also impacted by relativistic effects [1988PYY] [1994BAL]. The increase in Z brings with it an increase in the electric field produced by the bigger number of protons which leads to the increase of the speed of inner electrons that approaches the speed of light. The general idea is that the relativistic increase in the mass of the inner electrons leads to the contraction of s and p shells and to their energetic stabilization. This contraction, in turn, allowing a strong screening of the d and f orbitals from the nucleus charge, leads to relativistic expansion and destabilization of the f and d orbitals [1988PYY] [1994BAL] [1995YAT]. the relativistic effects on spin-orbit splitting of p, d and f orbitals into lower lying p1/2, d3/2, f5/2 and higher lying p3/2, d5/2, f7/2. The outer 6d and 5f electrons of the light actinides are more weakly bound than the 5d and 4f electrons of lanthanides. Thus, these outer electrons are more chemically reactive and can easily be removed leading to multiple oxidation states. From americium, the actinides behave like lanthanides, with the predominance of the +III oxidation state.

The increase in Z indeed, leads to the contraction of 5f orbitals, the 5f electrons becoming more and more localized. At the end of the series, +II oxidation state is observed. 

II.1.2. Actinides in solution

The speciation of actinides in solutions depends on several parameters such as the redox potential, pH, cations and anions concentrations. In this paragraph, essential properties of some actinides in solution, which are necessary for a good understanding of this study, are described.

A) Oxidation states

Depending on the chemical and natural environment, the light actinides may exist in solution under different oxidation states that are presented in Table II.2. Americium and curium will be mainly found in the +III oxidation state. The actinides beyond Cm, except No, act as lanthanides and exist in the +III oxidation state. U 4+ is also stable in solution if no oxidizing agents are present. The kinetics of redox transformations depends if there is a change in the chemical composition between the oxidized and reduced species. Thus, the reaction between UO2 2+ and UO2 + and between U 4+ and U 3+ are fast whereas the redox reaction between UO2 2+ and U 4+ is slow [1959NEW] Plutonium has not been used in this work because of handling difficulties (α-emitting isotopes, complicated chemistry), but its redox properties will be briefly described. In solution, plutonium might be present in the +III, +IV, +V and +VI oxidation states as Pu 3+ , Pu 4+ , PuO2 + and PuO2 2+ respectively. Pu(IV) is the most stable species in solution. Usually, Pu(III) and Pu(IV) are more stable in acidic solutions whereas Pu(VI) and Pu(VII) are more stable in alkaline solutions. Pu(V) will be mainly found as the main species in near-neutral solutions at low concentration. The complexity of plutonium chemistry is that all these oxidation states can coexist in the same solution. In acidic media, the redox potentials relative to the couples involving the oxidation states +III, +IV, +V and +VI are all close to 1 V as it can be shown in the Latimer's diagram in Figure II.5. It is a unique feature in the periodic table of elements [1970CLE]. This ability to exist under multiple oxidation states in solution is due to the tendency of Pu(IV) and Pu(V) to disproportionate. In acidic solution without complexing ligands, Pu(IV) disproportionate into Pu(III) and Pu(VI). The disproportionation of Pu(V) takes place in moderately acidic solution leading to Pu(IV) and Pu(VI). Generally, those reactions involve two steps with different kinetics. As uranium, the reactions involving the formation or the breaking of Pu=O bonds are slow, whereas reactions involving a simple electron exchange are fast [1959NEW]. 

B) Aqua ions

The hydration structure of actinide ions has been studied mainly by X-ray and neutron scattering, EXAFS and theoretical calculations. However, the exact number of H2O molecules Nw in the first coordination sphere of An 3+ and An 4+ is still under debate: these ions are surrounded by at least 8 water molecules. There is often a difference of 1 molecule between experimental and theoretical values [2006SZA] [2013KNO]. An equilibrium between 8-and 9-coordinated An 3+ , or between 9-and 10-coordinated An 4+ , may occur. For instance, the coordination number of Cf(III) with water molecules is determined to be eight by combining EXAFS and Monte Carlo simulation. Moreover, quantum chemistry calculations lead to too small difference in free energy between the corresponding configurations [2010GAL].

The number of water molecules coordinated to Th 4+ has been found to vary from 9 to 13 [1999MOL] 

C) Hydrolysis

Hydrolysis can be regarded as a complexation with hydroxide in water. For a given actinide, the tendency towards hydrolysis follows the sequence An 4+ > AnO2 2+ > An 3+ > AnO2 + [1986KAT]. according to the effective charge on the metal ions: in the case of actinyl ions, these charges are indeed 2.3 ± 0.2 and 3.3 ± 0.1 for An V O2 + and An VI O2 2+ respectively, because of the covalent bond between actinide and oxygen [1983CHO]. For a given oxidation state (+III or +IV) this tendency increases with Z.

The first step of hydrolysis corresponds to the transfer of a proton from the first coordination sphere to the second. It is followed by the release of proton in the bulk. The hydrolysis equilibria can be described by the following equation:

[𝑀(𝑂𝐻 2 ) 𝑚 ] 𝑛+ + ℎ𝐻 2 𝑂 ⇌ [𝑀(𝑂𝐻) ℎ (𝑂𝐻 2 ) 𝑚-ℎ ] (𝑛-ℎ)+ + ℎ𝐻 3 𝑂 + II.1
Once formed, the hydrolyzed species can undergo condensation reaction according to olation (Equation II.2) or oxolation (Equation II.3) mechanisms [1992HEN].

𝑀-𝑂𝐻 + 𝑀-𝑂𝐻 2 → 𝑀-𝑂𝐻-𝑀 + 𝐻 2 𝑂 II.2 𝑀-𝑂𝐻 + 𝑂𝐻-𝑀 → 𝑀-𝑂-𝑀 + 𝐻 2 𝑂 II.3
Hydrolyzed actinide ions tend to undergo mainly condensation by olation, leading to the formation of hydroxo-bridged oligomers [2013KNO]. In the case of An(IV), polymer aging leads to oxo bridged species [1978JOH]. But a feature of An(IV) chemistry lies in the formation of colloids, for which the first step is the formation of hydrolyzed monomeric species [2009WAL].

The hydrolysis behavior of actinides has been studied for many decades and a large amount of hydrolysis constants (not always consistent) are available in the literature. Some critical reviews devoted to the development of thermodynamic database on equilibria involving actinides in aqueous solution include monomers and oligomers [2001LEM] [2003GUI] [2008RAN]. In the present work, different concentration scales of lanthanides and actinides have been used. Liquid-liquid extraction experiments were performed with metal at ultra-trace and at relative low pH, allowing the condensation of hydrolyzed actinides to be neglected. Higher metal concentrations have been used in spectroscopic measurements, but the use of strongly acidic medium may avoid the formation of colloidal species [2013KER].

In the following, only hydrolysis constants relative to mononuclear species have been considered. The general equilibrium of hydrolysis reaction for mononuclear species can be expressed as:

𝑀 𝑛+ + 𝑚𝐻 2 𝑂 ⇌ 𝑀(𝑂𝐻) 𝑚 (𝑛-𝑚)+ + 𝑚𝐻 + II.4
Thus, the cumulative hydrolysis constant expressed in concentration is:

𝛽 𝑚 = [𝑀(𝑂𝐻) 𝑚 (𝑛-𝑚)+ ][𝐻 + ] 𝑚 [𝑀 𝑛+ ] II.5
Without consideration of colloid and polymer species, the hydrolysis constants of An 4+ (An = Th, U, Pu), Cf 3+ and Eu 3+ are presented in Table II 

D) Actinide complexation

Hard Soft Acid Base (HSAB) principle has been applied to explain qualitatively the interaction between metal ions and inorganic or organic ligands for many years. Hard acids are characterized by small size and high positive charge whereas hard bases exhibit low polarizability and high electronegativity respectively. On the other hand, soft acids have large size and low positive charge; soft bases have high polarizability and low electronegativity. The general statement of the HSAB principle is that hard acid prefers to coordinate with hard base, and soft acid with soft base [1997PEA].

The common hard, soft and intermediate electron donors are shown in Table II.4. According to HSAB principle, actinides ions, with relative high charges and small sizes belong to the class of hard acids. In particular, they interact strongly with oxygen atoms of a great variety of organic compounds. Since the strength of the interaction between actinides and a given ligand depends on the effective charge of actinides in the ionic forms, regardless of steric hindrance, the order of the interaction strength should be:

AnO2 + < An 3+ < AnO2 2+ < An 4+
This rule can be commonly observed in aqueous solution without ligands or in the presence of inorganic ligands in aqueous solution since the water molecule or inorganic ligand are small enough to ignore the steric hindrance. Thus, the effective charge decides the strength of interaction in this case.

However, with consideration of steric hindrance, the reactivity order of An 3+ and AnO2 2+ may be reversed and the general tendency of actinides to form complexes follows the sequence:

AnO2 + < AnO2 2+ < An 3+ < An 4+
Thus, the complex with An(IV) should be most stable in solution due to its highest effective charge. On the contrast, An(V) should normally form the weakest complex with ligands.

At the same oxidation state, the stability of actinide complexes increases with atomic number (decrease of the atomic radii). The effective ionic radii for An(IV) with a coordination number of eight are 1.05, 1.00, 0.96, 0.95, 0.95 and 0.92 Å for thorium, uranium, plutonium, americium, curium and californium, respectively [1976SHA]. Thus, the interaction of Pu 4+ with ligand is expected to be stronger than that of U 4+ and Th 4+ .

II.1.3. Actinides in the environment

Actinides released in the environment have several sources. The sources can be natural or anthropogenic. Most environmental contamination is anthropogenic.

The naturally occurring actinides are composed of primordial nuclides. They were created before our solar system. Among those primordial, 238 [2018DEN].

The mobility and toxicity of actinides in the environment are mainly governed by their speciation and depend on several parameters (pH, I, Eh, inorganic ligands and organic ligands concentrations, etc.). The oxidation state has a strong influence on the mobility of the actinide in the environment. As mentioned previously, some of the light actinides can be present under several oxidation states. Thus, U, Np and Pu can be present under subsurface conditions as An 3+ , An 4+ , AnO2 + and AnO2 2+ . This feature complicates the prediction of their behavior in the envi- States mentioned in bracket (-) are unstable; and with a question mark (?) were not confirmed.

The oxidation states bolded correspond to the predominant states [2013MAH].

Thus, in reducing environment (anaerobic zone) uranium is mainly present as the low soluble U(IV), whereas in groundwater and in the majority of natural waters, uranium is more soluble in the +VI state. Plutonium speciation in the environment will be strongly dependent on Eh, pH, I, the presence of organic and inorganic ligand, as well as the disproportionation. It may often exist under several oxidation states, from +IV to +VI. Plutonium(III) is only observed in anaerobic environment or in very acidic waters. Pu(V) is the main species in most of natural waters (aerobic conditions at near-neutral pH) but in very low concentration. The main oxidation states remains Pu(IV) in the environment. Indeed, because of the disproportionation and also because of the low solubility of Pu(IV) the concentration of Pu(V) in natural waters is limited

[2007CHO] [2013MAH]
. The low solubility of Pu(IV) can reduce its migration by precipitation.

Without complexing ligands, the main species observed in the environment and mainly in natural waters, are hydrolyzed species. In natural waters, the main ligands that can complex with actinides are carbonates and hydroxides. Trivalent actinides form in natural waters mainly An(OH) 2+ , An(CO3)2 -and An(CO3) + [2007CHO]. However, hydrolysis remains the most important reaction and hydroxyl species have a high tendency to sorb onto colloids, sediments or humic substances. Thorium(IV) species are composed of monomeric and polymeric hydrolysis species according to the pH and the amount of thorium in solution. For instance, at low concentration, Th(OH) 3+ , Th(OH)3 + and Th(OH)4 will be formed [2007CHO]. For U, Np an Pu, at near neutral pH, the main species are often carbonate species. In natural waters, in presence of carbonate, U(VI) is mainly present as UO2(CO3)2 2-and often as

CaUO2(CO3)2 [1996BER] [2007CHO] [2009PRA] [2013MAH] [2015MAL].
The oxidation state is not the only factor that can influence the migration of actinides in the environment. Another parameter is the sorption of some actinides onto mineral surfaces or colloids. Trivalent and tetravalent actinides are known to sorb readily to surfaces that can reduce their mobility. However, the formation of intrinsic colloids but also the sorption of hydrolyzed species onto colloids leads to further migration of those actinides, especially for plutonium Their mobility can also be affected by complexation with inorganic and organic ligands, which limits the polymerization. Complexation with organic ligands, from simple carboxylic acids to more complex organic molecules (humic substances) may also strongly influence the actinide behaviors in the environment. The formation of stable complexes with a variety of organic ligands can increase the mobility of the actinide by increasing their solubility. Several organic ligands can be naturally found in the environment, such as humic substances or siderophores.

II.2 Hydroxamate siderophores

The fate of actinides can be strongly affected by the presence of natural organic compounds present in the environment that can modify their speciation and their solubility. Desferrioxamine B is a bacterial siderophore containing three hydroxamate functional groups. (N is considered as soft in ligands that bear only N atoms) [1983CHO]. Therefore, hydroxamate functional group has a strong ability to coordinate with actinides and stabilize the actinide complex in aqueous solution, and then influence their transport in the environment. Protonation and deprotonation reactions of organic ligands have a large influence on the formed complexes. The successive dissociation constants available in the literature, starting from totally protonated form of DFB are listed in Table II.5. In that case, the four functional groups of DFB (3 hydroxamates and 1 amine) can be involved in protonation-deprotonation process.

The constants in Table II.5 are limited to data available at 25 °C or/and detailed acceptable references. All the values were determined by pot. Except [2010SIM] determined by IR sp.

According to the collected data in the table, it can be seen that the dissociation constants at 0.1 M ionic strength do not depend significantly on the medium composition. A slight increase is observed with increasing ionic strength. Most of the data have been determined by potentiometric titration. The only different technique applied is infrared spectroscopy using a speciationmodeling analysis [2010SIM]. The pH in this work is controlled to be lower than 6.0. Thus, the species of AHA and BHA should be the non-dissociated one. 

II.3 Interaction between actinides and hydroxamates II.3.1 Interaction of actinides with monohydroxamates

The interaction of metal ions with ligands can be described by using the corresponding formation constants. The published stability constants of An(IV) with BHA and AHA are collected and listed in Table II.8. The stability constants are normalized to the same equilibrium (Equation II.6) in order to compare with each other.

𝑖𝑀 + 𝑛𝐿 + 𝑚𝐻 ⇌ 𝑀 𝑖 𝐿 𝑛 𝐻 𝑚 II.6

𝛽 𝑖𝑛𝑚 = [𝑀 𝑖 𝐿 𝑛 𝐻 𝑚 ]/[𝑀] 𝑖 [𝐿] 𝑛 [𝐻] 𝑚 II.7
From the tables, it can be seen that the constants were determined by the techniques such as potentiometric titration, spectrophotometric titration and solvent extraction. The stability constants of Pu(IV) are larger than Th(IV), indicating that the interaction of Pu(IV) is stronger than Th(IV). Barocas et al. determined the stability constants of Th(IV) and U(IV) with BHA by potentiometric titration, but the ionic strength is not clearly indicated [1966BAR]. Generally, the complex ability of metal ion increases with atomic number (Z) due to the decrease of ionic radius. Many different models can be used to predict or correct the stability constants [1999CHA]. Thus, by using the stability constants of Th(IV) and Pu(IV), the stability constants of U(IV) may be estimated in the case of metal in ionic form.

II.3.2 Interaction of actinides with DFB

The complexation of several actinides with DFB has been previously studied. The stability constants of DFB are summarized and listed in Table II.9. Because in the literature, equilibrium can be expressed differently, all stability constants listed were normalized to the same equilibrium (Equation II.6) in order to compare with each other.

From the table, it can be seen that the interaction of Eu(III) with DFB (logβ113 = 35.72) is weaker than with Th(IV) (logβ113 = 41.99). And Pu(IV) exhibit the largest interaction strength with DFB (logβ113 = 46.37). Eu(III), Th(IV) and Pu(IV) can commonly form the 1:1 complex with DFB and the formation of 1:2 complex was also reported with Pu(IV) [2007NEU] via spectrophotometric titration. For the complex between Th(IV) and DFB, the stability constants with successive deprotonation are determined and the complex involved in hydrolyzed Th(IV) was also studied (logβ11-1 = 19.49) by Boukhalfa et al. [2007BOU]. Besides the thermodynamic studies, many works have also been done to obtain structural information of free DFB and its complex. For example, Siebner-Freibach et al. studied the infrared spectra of free DFB and its complex with Fe as function of pH and temperature [2005SIE].

They reported that the presence of Fe makes C=O (hydroxamate) around 1624 cm -1 downshift to lower frequencies around 1586 cm -1 according to the curve fitted analysis, which indicates that Fe is complexed with hydroxamate group in DFB. Some other works using FTIR spectroscopy also obtained close conclusions [2005EDW] complex is unlikely to occur [2007BOU].

II.4 Summary

The required knowledge about the complexation between actinides and hydroxamate ligands has been reviewed in this section. The general chemical properties of actinides in aqueous solution and in the environment have been described, including oxidation states, hydration structures, hydrolysis, condensation, complexation, etc. A state-of-the-art knowledge about the properties of desferrioxamine B, benzohydroxamic acid and acetohydroxamic acid, the interaction between tetravalent actinides and trivalent lanthanides with these ligands was presented. The complexation constants available in the literature have been collected, but structural studies are rather scarce.

According to the literature data, speciation diagrams can be plotted using the software HYSS, as illustrated in 

III. Methodology

This work is focusing on thermodynamic and structural studies of the complexation of trivalent lanthanides (analogues of trivalent actinides) and tetravalent actinides with hydroxamate ligands. The applied techniques, the studied systems and the corresponding experimental conditions are summarized in Table III.1. In the perspective of thermodynamic study, the techniques liquid-liquid extraction, UV-visible absorption spectroscopy and affinity capillary electrophoresis were applied to determine the stability constants of the complexes between metal ions and hydroxamate ligands. The tracer scale radioactive metal ions were used in liquid-liquid extraction combined with gamma spectroscopy in order to statistically prevent tetravalent actinides against condensation and develop the protocol for the future study on the scarce actinides. UV-visible absorption spectroscopy was applied to study the metal ions having a good optical absorption property. Affinity capillary electrophoresis was used in this work due to its advantage of homogeneous partition method.

Objective

In terms of structural study, the techniques ATR-FTIR spectroscopy and EXAFS combined with theoretical calculation were employed to obtain the structural information of the complexation in aqueous solution. The principles of the used techniques, the associated experimental description and preparations of stock solutions of tetravalent actinides are illustrated in the following sections.

III.1 Techniques for thermodynamic study

Radionuclides at tracer scale (10 -15 -10 -10 M) are commonly used in radiochemistry, especially with radioactive isotopes having high specific activity of stable elements or of radioelements, ( 95 Zr, 239 Np) and with radionuclides not available in macro-amount (At, heavy actinides)

[1959ISH] [1969NOR] [1974SIL] [2018GUO].
At such low concentration, in situ species characterization is not feasible [1993ADL]. Partition or transport methods based on radiation or mass detection can be used: for example, liquidliquid extraction or ion-exchange combined with γ or α spectrometries, capillary electrophoresis combined with ICP-MS are currently used for actinide speciation studies [1996RYD] [2009TOP]. With the radioelements in macro-concentration, conventional techniques of solution chemistry can be used, with caution and technical adaptation allowing handling of radioactive material. In the present work, capillary electrophoresis combined with UV-vis detector and UV-vis spectrophotometry have been used.

III.1.1 Liquid-liquid extraction

A) Principle

In liquid-liquid extraction, a solute is distributed between two immiscible solvents. One generally is an aqueous phase and the other one is an organic phase consisting of an extracting molecule and a diluent. This technique is used in industrial processes, particularly in the reprocessing of nuclear fuel (PUREX, SANEX, DIAMEX, ...) [2002MAD]. In this work, this technique is used as a tool to conduct the speciation study in aqueous phase [1996RYD].

The partition of a metal M is quantified by the distribution ratio D according to the following equation:

𝐷 = 𝐶 𝑜𝑟𝑔 × 𝑉 𝑜𝑟𝑔 𝐶 𝑎𝑞 × 𝑉 𝑎𝑞 III.1
where C refer to the concentration of metal (whatever its chemical form) in both phases.

In the present work, solvent extraction experiments have been performed with the metal at trace scale, using an acidic extractant (β-diketone) that leads to the formation of a neutral chelate in organic phase. In aqueous phase, according to the Rydberg's formalism, the monomer can be written as:

𝑀(𝐻𝑝𝐿) 𝑙 (𝐻𝐴) 𝑥 𝐻 -𝑦 (𝐻 2 𝑂) 𝑧 (𝑛-𝑦)+
Where HpL and HA are the neutral forms of the ligand and of the extractant, respectively. y stands for the number of group OH -(y > 0) or H + (y < 0). This writing is valid at constant ionic strength and temperature, with non-polar solvents (or low polarity like toluene). In the organic phase, the complex is expected to be neutral. This leads to 𝑁 -𝑦 = 0 (𝑦 = 𝑁). So the general form of complex in the organic phase can be written as:

𝑀(𝐻𝑝𝐿) 𝑙 (𝐻𝐴) 𝑥 𝐻 -𝑛 (𝐻 2 𝑂) 𝑧 0 ̅̅̅̅̅̅̅̅̅̅̅̅̅̅̅̅̅̅̅̅̅̅̅̅̅̅̅̅̅̅̅̅̅̅̅̅
At constant ionic strength and temperature, thermodynamic activities can be regarded as constant and water molecules do not affect complexation and partition equilibria.

Rydberg's formalism leads to: 

N x l p y , x , l y 0 y x 0 x l 0 l org N x l p N , x , l N , x , l x 0 x l 0 l ] H [ ] HA [ ] L H [ K ) ] H [ ] HA [ ] L H [ K P ( D max max max max max - = = = - = =      = With ] H ) HA ( ) L H ( M [ ] H ) HA ( ) L H ( M [ P y x l p org y x l p N , x , l - - = the

𝜕𝑙𝑜𝑔𝐷 𝜕log [𝐻𝑝𝐿]

= 〈𝑙 𝑜𝑟𝑔 〉 -〈𝑙 𝑎𝑞 〉 III.3

𝜕𝑙𝑜𝑔𝐷 𝜕log [𝐻𝐴]

= 〈𝑥 𝑜𝑟𝑔 〉 -〈𝑥 𝑎𝑞 〉 III.4

𝜕𝑙𝑜𝑔𝐷 𝜕log [𝐻]

= -𝑛 -(-𝑦) III.5

B) Experimental

Organic phase was prepared by dissolving TTA (thenoyltrifluoroacetone) in toluene. Aqueous phase consists of DFB, NaClO4, HClO4 and radionuclides ( 152 Eu or 227 Th). The preparations of both phases are described in Appendix A. Experiments with 227 Th have been performed in glass vials with walls protected by galxyl parylene (Comelec) in order to prevent the adsorption of Th(IV) on glasses walls. Sorption of Th as well as of the complex Th(TTA)4 from perchlorate solutions on glasses has namely already been observed [1969EDR].

III.1.2 Ultraviolet-visible absorption spectroscopy

A) Principle

Ultraviolet-visible spectroscopy refers to absorption spectroscopy in the spectral region with wavelength ranging from 200 to 800 nm. An atom or ion can absorb ultraviolet and visible light (electromagnetic radiation), which can lead to excitation of electrons promoted to higher energy levels [2017SKO].

Most of lanthanides and actinides (whatever their oxidation states) exhibit sharp characteristic absorption bands in the ultraviolet-visible region due to f-f transition. For example, plutonium at different oxidation states forms color ions as shown in Figure II.7. The color of substance species depends on the wavelength of absorbed energy. Beer-Lambert law states that the absorbance of a solution is directly proportional to the concentration of the absorbing species in the solution and the path length [2016WOR].

𝐴 = 𝑙𝑜𝑔 10 ( 𝐼 0 𝐼 𝑡 ) = 𝜀𝑐𝐿 III.6
where A is the measured absorbance, I0 is the intensity of the incident light at a given wavelength, It is the transmitted intensity, L is the path length, and c is the concentration of the absorbing species. For each species and wavelength, ε is a constant known as the molar absorptivity or extinction coefficient. This constant is a fundamental molecular property in a given solvent, at a particular temperature and pressure, and has units of L/M• cm.

In the case of a mixture of absorbing species, the total absorbance is the sum of the absorbance of each individual species as shown in Equation III.7.

𝐴 𝑡𝑜𝑡 = ∑ 𝐴 𝑖 = ∑ 𝜀 𝑖 𝑐 𝑖 𝐿 III.7
where 𝜀 𝑖 is the absorbance extinction coefficient of each species and 𝑐 𝑖 is the concentration of each species. 𝐴 𝑡𝑜𝑡 is the total absorbance of all species. L is the light path length through the sample.

According to Equation III.7, the stability constant can be deduced from the experimental variation of the total absorbance as a function of ligand or metal concentration using non-linear fitting programs [1993CLA].

Experimentally, absorbance was measured using an UV-visible spectrophotometer. 

B) Experimental

The studied organic ligands AHA BHA and DFB possess broad and intense absorption bands around 200 nm. Variation of the absorption of organic ligands in ultraviolet-visible spectral region is therefore difficult to analyze. Alternatively, the spectral signal of lanthanide or actinide metal ions is followed by UV-visible spectrophotometer. It is expected that the obtained spectra can show the successive variation of the absorption spectra as the increase of the concentration of organic ligands.

The experiments of lanthanides were performed with Agilent Technologies Cary 60 UV-visible spectrophotometer. The baseline was defined by deionized water (MilliQ). The same 1 cm path length cuvette (QS) was used throughout the whole experiment. Before the measurement, the cuvette was washed at least twice by the sample solution which was going to be measured. The scan speed was 3 nm/s and the interval was 0.5 nm. The temperature was roughly estimated to be 20 °C. The software HypSpec was used for spectral data processing [1996GAN].

The experiments of tetravalent with U(IV) were performed with SHIMADZU, UV-2501-PC UV-visible spectrophotometer. The baseline was defined by deionized water (Millipore di-rectQ3). The same cuvette was used throughout the whole experiment. Before the measurement, the cuvette was washed at least twice by the sample solution which was going to be measured.

The scan speed was 3 nm/s and the interval was 1 nm. The measurements were conducted at 25 °C using a Peltier temperature controller.

III.1.3 Affinity capillary electrophoresis

A) Principle

Electrophoresis refers to the migration of charged species under the influence of an electric field. In capillary electrophoresis, a potential gap is applied between the ends of a capillary dipping into a conductive solution called electrolyte allowing ions to be separated according to their migration rate v. The electrophoretic mobility µ of the charged species represents the proportionality factor between v and E. It depends on two opposite forces, electrostatic and friction, and it is constant in a given medium [1993GUZ]. The electrophoretic mobility is expressed as:

µ 𝑒𝑝 = 𝑞 6𝜋𝑟𝜂 III.8
where µ 𝑒𝑝 is the electrophoretic mobility of a species in a given media. 𝑞 is the charge of ions and 𝑟 represents the hydrodynamic radius of ions. 𝜂 is the dynamic viscosity of the electrolyte.

Due to the differences in charge/size ratio of ions in solution, the ions migrate through the capillary at different speed. Smaller size and higher charge can facilitate the migration. In addition, electrolyte, ionic strength and temperature have an influence on viscosity η and further influence on migration µ [1993GUZ]. Electroosmotic mobility µ 𝑒𝑜𝑓 is an important phenomenon in capillary electrophoresis, indicating the flow of electrolyte under an electric field. If the kinetic of equilibrium is much faster than the separation time, the apparent electrophoretic mobility is the integration of individual mobility of each species in the sample. In other words, the individual mobility of all the species in the sample makes the contribution to the total electrophoretic mobility [2008CHE]. Thus, the electrophoretic mobility can be described as:

µ 𝑒𝑝 = ∑ µ 𝑖 𝐶 𝑖 𝐶 𝑡𝑜𝑡 = ∑ µ 𝑖 𝛼 𝑖 III.11
where µ 𝑖 is the migration mobility of each species and 𝐶 𝑖 is the concentration of each species.

𝐶 𝑡𝑜𝑡 is the total concentration of all species. 𝛼 𝑖 is the molar fraction of each species.

Thus, according to Equation III.11, the stability constant can be deduced from the experimental variation of the global electrophoretic mobility as a function of ligand or metal concentration using non-linear fitting programs [2016SLA].

B) Experimental

The experiments were performed with the instrument P/ACE system MDQ capillary electrophoresis (Beckman Coulter, France). The system was equipped with a power supply at 0 -30 kV high voltage and a UV-vis spectrophotometric diode array detector. UV direct detection at 200 nm was applied to record the mobility of analyst. A capillary (50 μm inner diameter and 363 μm outer diameter) made from fused silica was purchased from Beckman Instruments and was used with a total length (Lt) of 31.2 cm and an effective separation length (Ld) of 21 cm.

The capillary was set up in an interchangeable cartridge with circulating liquid coolant. The ambient temperature was maintained at 25 °C. Every single measurement was repeated at least three times. Data acquisition and processing were carried out with Karat 32 software (Beckman Coulter, France). Prior to using, the capillary was conditioned by successive washes with 0.1 M sodium hydroxide, deionized water and the prepared buffer solution, respectively. It was rinsed for 2 minutes (at a pressure of 103.4 kPa) with the background electrolyte for study before beginning the electrophoresis.

III.2 Techniques for structural study III.2.1 Attenuated total reflectance Fourier-transform infrared spectroscopy

A) Principle

Infrared spectroscopy refers to absorption spectroscopy in infrared spectral region. The analysis of the interaction of infrared light with molecules allows to determine functional groups in molecules (organic or inorganic) and to determine the structure of a complex. This is a vibrational spectroscopy. Infrared spectra are from the different vibrational and rotational modes of a molecule. Thus, the absorption of infrared radiation leads to the excitation of those vibrations and rotations. To observe a vibrational mode, it is necessary that the dipole moment change during the vibration. For polyatomic molecules, there are many different modes of vibrations in which bending and stretching are the simplest ones [2000STU]. The vibration frequency depends on the masses of the two bound atoms and on the bond strength. The other atoms connected can also slightly influence the frequency. Generally, the wavenumber cm -1 is used to indicate the absorption energy of bonds. The larger the wavenumber of the infrared energy absorbed to make resonance, the higher the frequency of vibration in the bonds of molecules. The infrared absorption spectrum can reflect the characteristic of molecule structure since the absorption wavenumbers are affected by the mode of vibration, the mass of atom, and the strength of bonds [2000STU].

Infrared spectrometer is the instrument to measure the absorption of infrared radiation passing through a sample. There are many types of infrared spectrometers with different advantages. In this work, the used technique was ATR-FTIR short for Attenuated Total Reflectance Fourier Transform Infrared Spectroscopy. The main advantage of ATR-FTIR is that the sample in solid or liquid form can be directly measured without any preparation [1993MIR]. Because the penetration depth is so thin, the infrared absorption of water molecules can be minimized and even be neglected. Since there are usually many bonds with diverse vibrations in molecules, the infrared spectrum can contain many similar wavenumbers of absorptions, which result in the difficulties to analyze the spectrum. Thus, this technique is often applied to study the structure of molecules qualitatively.

B) Experimental

An aliquot of 10µL of each solution was deposited on the surface of the ATR diamond and let dry during half an hour at room temperature. The air-dried samples were analyzed on an IR affinity 1 spectrometer (Shimadzu) with a single reflection ATR (Miracle10, Shimadzu) module and a DLATGS detector. The infra-red spectra were recorded in the range 4000-700 cm -1 (resolution 2 cm -1 , 64 scans per spectrum). The samples studied by ATR-FTIR in this work are summarized in Table III.2. 

Sample

III.2.2 X-ray absorption spectroscopy

A) Principle

X-ray absorption spectroscopy (XAS) refers to absorption spectroscopy in X-ray spectral region with energies ranging approximately from 500 eV to 500 keV (wavelength from 0.25 Å to 25 Å).

This is a powerful technique using synchrotron radiation and based on photoelectric effect.

XAS analysis provides information on the electronic properties (oxidation states) of an absorbing atom, as well as, its local structural information (bond distances, neighboring atoms, coordination number).

An incident X-ray photon is absorbed by an atom leading to the excitation or ejection of a core electron. The photoelectron ejected can be considered as a wave emitted in all directions. This wave can then be scattered by nearby atoms, returning to the absorbing atom. It can influence the density of electrons and affect the absorption coefficient μ. Thus, as shown in This spectrum can be divided in two parts: the XANES and the EXAFS oscillations. The preedge and edge correspond to the XANES spectrum (X-ray Absorption Near Edge Structure).

This part of the spectrum allows to access to the charge of the absorbing atom. The oscillations correspond to the EXAFS part of the spectrum (Extended X-ray absorption fine structure).

Those oscillations are from interferences that can be constructive or destructive between the original wave and the scattered waves from the nearby atoms. The study of the EXAFS spectrum is essential to obtain information on the local structure around the absorbing atom.

XAS is often used to study the speciation of actinides. This is an element specific technique that can be performed at large concentration range (down to 10 -5 M). Generally, analyses are performed at mM range. Moreover, XAS analyses may be carried out on different sample type such as gas, solutions, amorphous solid, crystalline solid. 

B) Experimental

The samples studied by EXAFS are summarized in Table III.3. Data processing was carried out using the Athena code [2005RAV]. The Eo energy was identified at the first inflection point. Fourier transformation (FT) in k 3 was performed between 2.8 and 14 Å -1 with Hanning windows using the ARTEMIS code [2005RAV]. Spectral noise was calculated using the CHEROKEE code [2009MIC] [2013MIC] by using the Fourier back transform filter above 6 Å corresponding to the noise spectrum. The r factor (%) and the quality factor (QF, reduced χ²) of the fits were provided from ARTEMIS. Phases and amplitudes were calculated using the FEFF9 simulation code [2010REH] using the model structures obtained by the DFT computational method as described in the dedicated section. Three simple scattering paths were included in the fit. The first two simple paths corresponded to oxygen atom scattering, differentiating oxygen atoms from the hydroxamate groups, Th-ON/C, and oxygen atoms from water molecules, Th-Owat. The last path corresponds to carbon and nitrogen (Th• • • C/N) atoms scattering from the hydroxamate groups.

Sample

III.3 Stock solution preparations of tetravalent actinides III.3.1 Preparation of 227 Th(IV) stock solution

The isotope 227 Th is one of the decay products of 231 Pa. During the purification of 231 Pa from its daughters, performed by anion exchange chromatography in HCl medium, the isotopes that were not fixed on the resin ( 227 Ac, 227 Th, 223 Ra) have been stored for several years [1956KRA] [2005LEN]. Since the solution of daughters still contains a small amount of 231 Pa, an additional purification was carried out in order to completely remove protactinium. This solution in 10 M HCl was transferred to a column filled with the macroporous anion exchanger Bio-Rad AG-MP1 (100-200 mesh). Then fresh solution of 10 M HCl was percolated on the column until 227 Th was no longer detected by γ-spectrometry. Finally, the residual 231 

III.3.2 Preparation of U(IV) stock solution

A piece of the uranium metal was washed successively with acetone, concentrated nitric acid and water, allowing the color of U piece to change from black to silver. Then it was quickly contacted with ~12 M HCl to initialize the reaction and transfer to a beaker containing HCl at about 2 M. The dissolution solution was centrifuged in order to eliminate the black solid residue.

The obtained U(IV) solution was characterized using PERALS (for determination of U concen- The determination of the proton concentration was conducted by titration with NaOH, after addition of DTPA in order to avoid hydrolysis and precipitation of U(IV) [1968CAR]. The titration, performed 3 times, led to: It is known that TTA exhibits good ability to extract a wide range of metallic cations from acidic media [1961POS]. In order to determine the formation constants of Eu-DFB complex in aqueous solution, the competition between the formation of Eu-TTA chelate in organic phase and Eu complexation in aqueous phase must be established in the proper experimental conditions. Figure IV.1 presents the percentage of Eu(III) extracted in organic phase as function of pCH. It can be seen that when pCH is higher than 3.5, Eu(III) is quantitatively extracted into the organic phase in the absence of DFB. The values corresponding to CDFB = 0 (D0) have been arbitrarily drawn at CDFB = 10 -8 M. Whatever the acidity, the extraction curves display the same general shape: a plateau is first observed at low DFB concentration. Then the D values decrease with the increase in DFB concentration, reflecting the formation of complex in aqueous phase. The slope of the logarithmic variations of D indicates that the maximum stoichiometry of the complex is one according to Equation III.3. Thus, the equilibrium in the system can be described as:

𝐶 𝐻𝐶𝑙 = 1.6 ± 0.1 𝑀

III.4 Summary

𝐸𝑢(𝐼𝐼𝐼) + 𝐷𝐹𝐵 𝐾 𝑐𝑜𝑛𝑑 ↔ 𝐸𝑢 -𝐷𝐹𝐵 IV.2

𝐾 𝑐𝑜𝑛𝑑 = [𝐸𝑢 -𝐷𝐹𝐵] [𝐸𝑢(𝐼𝐼𝐼)][𝐷𝐹𝐵]

IV.3

The conditional stability constants can be determined according to Equation IV.4. 

𝐷 0 𝐷 -1 = 𝐾 𝑐𝑜𝑛𝑑 [𝐷𝐹𝐵] IV.4
𝐾 𝑐𝑜𝑛𝑑 ′ = [𝐸𝑢 -𝐷𝐹𝐵] [𝐸𝑢 3+ ][𝐷𝐹𝐵] IV.12
The distribution equilibrium of Eu 3+ is described as:

𝐸𝑢 3+ + 3𝐻𝑇𝑇𝐴 ̅̅̅̅̅̅̅̅ 𝐾 𝑒𝑥 ↔ 𝐸𝑢(𝑇𝑇𝐴) ̅̅̅̅̅̅̅̅̅̅̅̅ 3 + 3𝐻 + IV.13 𝐾 𝑒𝑥 = [𝐸𝑢(𝑇𝑇𝐴) ̅̅̅̅̅̅̅̅̅̅̅̅ 3 ][𝐻 + ] 3 [𝐸𝑢 3+ ][𝐻𝑇𝑇𝐴 ̅̅̅̅̅̅̅̅ ] 3 IV.14
In the absence of DFB, D0 can be expressed as:

𝐷 0 = [𝐸𝑢(𝑇𝑇𝐴) ̅̅̅̅̅̅̅̅̅̅̅̅ 3 ] [𝐸𝑢 3+ ] + ∑[𝐸 𝑢(𝑇𝑇𝐴) 𝑚 (3-𝑚)+ ] + ∑[𝐸 𝑢(𝐶𝐻 3 𝐶𝑂𝑂) 𝑖 (3-𝑖)+ ] + ∑[𝐸𝑢(𝑂𝐻) 𝑛 (3-𝑛)+ ] = 𝐾 𝑒𝑥 [𝐻𝑇𝑇𝐴 ̅̅̅̅̅̅̅̅ ] 3 [𝐻 + ] -3 1 + ∑ 𝛽 𝑇𝑇𝐴,𝑚 [𝐻𝑇𝑇𝐴] 𝑚 [𝐻 + ] -𝑚 + ∑ 𝛽 𝑎𝑐𝑒𝑡𝑎𝑡𝑒,𝑖 [𝐶𝐻 3 𝐶𝑂𝑂𝐻] 𝑖 [𝐻 + ] -𝑖 + ∑ 𝛽 𝑂𝐻,𝑛 [𝐻 + ] -𝑛
In the presence of DFB, D can be expressed as:

𝐷 = [𝐸𝑢(𝑇𝑇𝐴) ̅̅̅̅̅̅̅̅̅̅̅̅ 3 ] [𝐸𝑢 3+ ] + ∑[𝐸 𝑢(𝑇𝑇𝐴) 𝑚 (3-𝑚)+ ] + ∑[𝐸𝑢(𝐶𝐻 3 𝐶𝑂𝑂) 𝑖 (3-𝑖)+ ] + ∑[𝐸𝑢(𝑂𝐻) 𝑛 (3-𝑛)+ ] + [𝐸𝑢 -𝐷𝐹𝐵] = 𝐾 𝑒𝑥 [𝐻𝑇𝑇𝐴 ̅̅̅̅̅̅̅̅ ] 3 [𝐻 + ] -3 1 + ∑ 𝛽 𝑇𝑇𝐴,𝑚 [𝐻𝑇𝑇𝐴] 𝑚 [𝐻 + ] -𝑚 + ∑ 𝛽 𝑎𝑐𝑒𝑡𝑎𝑡𝑒,𝑖 [𝐶𝐻 3 𝐶𝑂𝑂𝐻] 𝑖 [𝐻 + ] -𝑖 + ∑ 𝛽 𝑂𝐻,𝑛 [𝐻 + ] -𝑛 + 𝐾 𝑐𝑜𝑛𝑑 ′ [𝐷𝐹𝐵] Thus, 𝐷 0 𝐷 -1 = 𝐾 𝑐𝑜𝑛𝑑 ′ [𝐷𝐹𝐵] 1 + ∑ 𝛽 𝑇𝑇𝐴,𝑚 [𝐻𝑇𝑇𝐴] 𝑚 [𝐻 + ] -𝑚 + ∑ 𝛽 𝑎𝑐𝑒𝑡𝑎𝑡𝑒,𝑖 [𝐶𝐻 3 𝐶𝑂𝑂𝐻] 𝑖 [𝐻 + ] -𝑖 + ∑ 𝛽 𝑂𝐻,𝑛 [𝐻 + ] -𝑛 𝐾 𝑐𝑜𝑛𝑑 ′ = 𝐾 𝑐𝑜𝑛𝑑 × (1 + ∑ 𝛽 𝑇𝑇𝐴,𝑚 [𝐻𝑇𝑇𝐴] 𝑚 [𝐻 + ] -𝑚 + ∑ 𝛽 𝑎𝑐𝑒𝑡𝑎𝑡𝑒,𝑖 [𝐶𝐻 3 𝐶𝑂𝑂𝐻] 𝑖 [𝐻 + ] -𝑖 + ∑ 𝛽 𝑂𝐻,𝑛 [𝐻 + ] -𝑛 )

IV.15

In order to determine the stability constants for the equilibrium (Equation IV.11), 𝛽 𝑂𝐻,𝑛 , 𝛽 𝑇𝑇𝐴,𝑚 and 𝛽 𝑎𝑐𝑒𝑡𝑎𝑡𝑒,𝑖 can be used to correct the value of 𝐾 𝑐𝑜𝑛𝑑 by Equation IV.15. However, the unique values of 𝛽 𝑇𝑇𝐴,𝑚 are found to be incorrect in the literature [1970IKE]. Thus, only 𝛽 𝑂𝐻,𝑛 = -8.06 ± 0.08 and 𝐾 𝑎𝑐𝑒𝑡𝑎𝑡𝑒,1 = 1.97 ± 0.03, 𝐾 𝑎𝑐𝑒𝑡𝑎𝑡𝑒,2 = 1.41 ± 0.04 (pKa = 4. 

D) Determination of apparent constant Ky

In the pH domain from 4 to 5, the predominant species of DFB is H4DFB + (see Figure II.12)

and the complexation is expected to occur by the departure of at least one proton of hydroxamate group DFB to form a bond with Eu. Thus, it has been supposed that the overall equilibrium for the 1:1 complex can be described as:

𝐸𝑢 3+ + 𝐻 4 𝐷𝐹𝐵 + 𝐾 𝑦 ↔ 𝐸𝑢(𝐻 4-𝑦 𝐷𝐹𝐵) (4-𝑦)+ + 𝑦𝐻 + IV.16 with 𝐾 𝑦 = [𝐸𝑢(𝐻 4-𝑦 𝐷𝐹𝐵) (4-𝑦)+ ][𝐻 + ] 𝑦 [𝐸𝑢 3+ ][𝐻 4 𝐷𝐹𝐵 + ] ⁄ IV.17
where y means the average number of ligand deprotonations occurring during the formation of Eu-DFB complex. It must be emphasized that although there are four possible deprotonations of ligand H4DFB + , in fact just three hydrogens of hydroxamate groups can be replaced by Eu(III), which means the maximum value of y is three in the equilibrium. Thus, Equation IV.17 can be written as:

𝑙𝑜𝑔𝐾 𝑦 = 𝑙𝑜𝑔[𝐸𝑢(𝐻 4-𝑦 𝐷𝐹𝐵) (4-𝑦)+ ] [𝐸𝑢 3+ ][𝐻 4 𝐷𝐹𝐵 + ] ⁄ + 𝑦𝑙𝑜𝑔[𝐻 + ] IV.18
Using Equation IV.12, the following relationship is obtained:

𝐾 𝑐𝑜𝑛𝑑 ′ = [𝐸𝑢 -𝐷𝐹𝐵]/[𝐸𝑢 3+ ][𝐷𝐹𝐵] IV.19
Thus, 

𝑙𝑜𝑔𝐾 𝑐𝑜𝑛𝑑 ′ = 𝑙𝑜𝑔𝐾 𝑦 -𝑦𝑙𝑜𝑔[𝐻 + ] IV.20

IV.1.2 Complexation of Ln(III) with DFB studied by UV-visible spectrophotometry

The interaction of Eu(III) and Pr(III) with DFB has been studied by UV-visible absorption spectrophotometry. Eu(III) and Pr(III) have been selected because they possess high molar absorption coefficient in UV-visible range. For Eu(III), the absorption maximum has been determined at 394 nm, and for Pr(III), at 444 nm. 𝐷𝐹𝐵 3-+ 𝐿𝑛 3+ + 3𝐻 + = 𝐿𝑛𝐻 3 𝐷𝐹𝐵 3+ IV.26

𝛽 113 = [𝐿𝑛𝐻 3 𝐷𝐹𝐵 3+ ] [𝐷𝐹𝐵 3-][𝐿𝑛 3+ ][𝐻 + ] 3
IV.27

𝐷𝐹𝐵 3-+ 𝐿𝑛 3+ + 2𝐻 + = 𝐿𝑛𝐻 2 𝐷𝐹𝐵 2+
IV.28

𝛽 112 = [𝐿𝑛𝐻 2 𝐷𝐹𝐵 3+ ] [𝐷𝐹𝐵 3-][𝐿𝑛 3+ ][𝐻 + ] 2
IV.29 a. Calculated with pKa1 = 8.54±0.01 pKa2= 9.06±0.01 pKa3= 9.70±0.02 pKa4= 10.89±0.06 [2011CHR] b. Determined at I = 0.7 M (Na, HClO4)

It can be seen that the obtained stability constants are close to, but slightly different from the literature data determined by potentiometry [2011CHR]. It is probably due to the differences of experimental conditions and techniques. Since the nitrate salt of lanthanide is used in the solution preparation, the electrolyte contains nitrate apart from perchlorate. Additionally, the calculated results can be influenced by the DFB dissociation constants input into HypSpec, but there is no published constants corresponding to the experimental conditions of this work. All the constants in the literature [2011CHR] were used to initialize the calculation of HypSpec. Thus, in spite of the slight difference between the determined constants and the literature data, it can be concluded that the obtained values are in good agreement with the literature data [2011CHR] and this is a useful protocol to determine the stability constant for the further study of trivalent actinides. 

IV.1.3 Complexation of Ln(III) with DFB studied by affinity capillary electrophoresis

The complexation of La and Lu, the lightest and heaviest lanthanide, with DFB has been studied by affinity capillary electrophoresis. By using UV detector to monitor the mobility, some component in the injected sample must display a high extinction coefficient around the wavelength of 200 nm. Instead of lanthanide ions, DFB solution exhibits a strong ultra-violet absorption because of the presence of several absorbing groups [2016WOR]. That is why it was injected into capillary as analyte and its mobility followed by its UV absorption thanks to the diode array detector of the ACE instrument [2006SIM].

Experiments have been conducted at pH = 2. It can be seen that the mobility of injected analyte (DFB) increases with the increase of lanthanide concentration. This can be related to the formation of a complex Ln-DFB that leads to the increase of the total charge of the analyte. Over the narrow range of Ln concentration investigated, the variation of DFB mobility displays a similar tendency in the presence of La(III) and Lu(III). The formed complex is likely to be MH3DFB 3+ according to literature data [2011CHR].

Moreover, in this experimental condition (pH = 2.5), the hydrolysis of La 3+ and Lu 3+ has been neglected [2000KLU].

The experiments performed at the higher ionic strength (I = 0.5 M), allowed the range of metal concentration to be extended to 0.045 M. However, the high UV absorption of background electrolyte at the higher concentration of lanthanide ions has been found to interfere with the signal of DMSO (the marker used for determination of electroosmotic migration). In that case, the electroosmotic flow was indicated by H2O instead of DMSO in order to avoid the slight influence of lanthanides ions on the mobility of DMSO.

The following equilibrium have been considered:

𝐻 4 𝐷𝐹𝐵 + + 𝑀 3+ 𝐾 1 ↔ 𝑀𝐻 3 𝐷𝐹𝐵 3+ + 𝐻 + IV.30 𝐾 1 = [𝑀𝐻 3 𝐷𝐹𝐵 3+ ][𝐻 + ] [𝐻 4 𝐷𝐹𝐵 + ][𝑀 3+ ] IV.31
Another way to express the equilibrium is:

𝑀 3+ + 𝐷𝐹𝐵 3-+ 3𝐻 + 𝛽 113 ↔ 𝑀𝐻 3 𝐷𝐹𝐵 3+ IV.32 𝛽 113 = [𝑀𝐻 3 𝐷𝐹𝐵 3+ ] [𝑀 3+ ][[𝐷𝐹𝐵 3-][𝐻 + ] 3
IV.33

In addition, the kinetic of the equilibrium should be fast enough compared to the separation time since the mobility of free DFB and complexed DFB was not distinguished. Thus, the following equation has been used to calculate the equilibrium constant.

𝜇 𝑜𝑣𝑒𝑟𝑎𝑙𝑙 = 𝜇 𝐻 4 𝐷𝐹𝐵 + × [𝐻 4 𝐷𝐹𝐵 + ] [𝐻 4 𝐷𝐹𝐵 + ] + [𝑀𝐻 3 𝐷𝐹𝐵 3+ ] + 𝜇 𝑀𝐻 3 𝐷𝐹𝐵 3+ × [𝑀𝐻 3 𝐷𝐹𝐵 3+ ] [𝐻 4 𝐷𝐹𝐵 + ] + [𝑀𝐻 3 𝐷𝐹𝐵 3+ ] = 𝜇 𝐻 4 𝐷𝐹𝐵 + × 1 1 + 𝐾[𝑀 3+ ]/[𝐻 + ] + 𝜇 𝑀𝐻 3 𝐷𝐹𝐵 3+ × 𝐾 1 [𝑀 3+ ]/[𝐻 + ] 1 + 𝐾[𝑀 3+ ]/[𝐻 + ] 𝛼 𝐻4𝐷𝐹𝐵+ = 1 1 + 𝐾[𝑀 3+ ]/[𝐻 + ] 𝜇 𝑜𝑣𝑒𝑟𝑎𝑙𝑙 = 𝜇 𝐻 4 𝐷𝐹𝐵 + × 𝛼 𝐻4𝐷𝐹𝐵+ + 𝜇 𝑀𝐻 3 𝐷𝐹𝐵 3+ × 𝐾 1 [𝑀 3+ ]/[𝐻 + ] × 𝛼 𝐻4𝐷𝐹𝐵+
IV.34

In Equation IV.34, 𝜇 𝑜𝑣𝑒𝑟𝑎𝑙𝑙 can be determined experimentally and 𝜇 𝐻 4 𝐷𝐹𝐵 + corresponds to the measurements in the absence of lanthanide. The pH was fixed at 2.5. The value of 𝐾 1 and 𝜇 𝑀𝐻 3 𝐷𝐹𝐵 3+ can be obtained by a non-linear fitting according to Equation IV.34.

The calculation results at I = 0.1 M and T = 25 °C are shown in Table IV 

Reference this work [2011CHR] this work [2011CHR]

The used protonation constants of DFB used for normalization of stability constants are the values obtained in I = 0.7 M (Na, HClO4) [2011CHR]. The stability constant 𝐾 1 is calculated to be 0.07 ± 0.01 and 0.06 ± 0.01 at I = 0.1 M in the system with La 3+ and Lu 3+ respectively.

The difference of the interaction strength of DFB with La(III) and Lu(III) cannot be distinguished in this experiment. And the obtained values are much higher than the literature data [2011CHR]. Fitting data at I = 0.5 M, using the same equilibrium (Equation IV.31) as I = 0.1 M did not allow to determine the stability constants.

Several reasons can be given to explain the absence of reliable results using ACE. The Ln samples have been prepared by dissolution of a nitrate salt in the electrolyte (Na, HClO4). Although ionic strength has been maintained to 0.1 and 0.5 M, the composition (ratio between nitrate and perchlorate) has continuously varied with increasing Ln concentration. The change in electrolyte composition may affect the viscosity of the buffer. In addition, given the ratio DFB/Ln, the formation of bi-and tri-nuclear species cannot be ruled out. Indeed, the existence of di-nuclear complexes of Ce(III), Nd(III) and Gd(III) have been deduced recently from potentiometric titrations involving metal to ligand ratio equal 2:1 [2013TIR]. A tri-nuclear species of transition element Pb(II) with DFB was also observed by potentiometric titration at 1.5 to 1 metal to ligand ratio [2008FAR].

Further use of capillary electrophoresis to study this system would require an increase of pH to observe a more significant variation of mobility as function of metal concentration. However, using UV-detector, the experiments have to be performed by varying metal concentration in excess over ligand concentration, complicating the curve fitting to find out the proper equilibrium. Thus, it is better to use alternative detector like mass spectrometry to monitor the mobility, so that metal ions can be allowed to be analyte.

Structural study with trivalent lanthanides

IV.1.4 Structural study of the complexation of Eu(III) with DFB by ATR-FTIR

A) IR spectra of free DFB

In order to better understand the complexation of Eu(III) with DFB, IR spectra of the free ligand DFB have been recorded in different conditions. They generally appear at 1058 and 1164 cm -1 respectively using KBr pellets [2006COZ] or 1049 and 1185 cm -1 in solution with an ATR-FTIR [2009BOR]. Secondary amide group is usually featured by amide carbonyl band among 1695-1615 cm -1 , which is around 1651 cm -1 for dry samples [2005SIE]. In in absence of Eu(III) at pH from 3.1 to 8.9. Compared to the thermodynamic study, the ionic strength was not fixed at 0.5 M or 0.7 M, preventing the strong influence of the electrolyte in the analysis by drying the samples. In this case, solutions were prepared in pure water and ionic strength was varied due to the pH adjustment. The ionic strength is roughly estimated to be around 2.5×10 -2 M. In this experiment, the spectra variation due to the deprotonation of hydroxamate groups is expected to be observed, however, the locations of bonding vibrations of DFB are not changed as the increase of pH. It is probably resulted by drying process before the measurements. For the dried powder of DFB, the unique form is always the fully protonated H4DFB•CH3SO3 and actually it is meaningless to condition the solid using pH or ionic strength. 

B) IR spectra of Eu-DFB complexes

Although many works has been done to study the infra-red spectra of DFB in presence of metal

ions [2005EDW] [2006COZ] [2009BOR] [2010SIM]
, it is still difficult to interpret all the bonding vibrations due to the strong couplings of many methylene bridges in DFB and the interference of mesylate in this case. Thus, this work is mainly focused on the bonding variations of hydroxamate groups which possess a strong tendency to coordinate with Eu(III). In addition, it is known that only hydroxamate groups are involved in the complexation [2000NEU], which means the complexation should only affect the infrared absorption of hydroxamate groups. Furthermore, it gradually downshifts to 1589 cm -1 as increasing pH to 9.4. It is probably due to the successive deprotonation of hydroxamate groups due to the complexation. Because hydroxamate carbonyl groups increasingly participate to the complexation of Eu(III) with the decreasing acidity. It is very likely that the predominant species of Eu-DFB complex could be varied from EuH3DFB 3+ to EuHDFB + as the increase of pH. This result is in agreement with the speciation diagram (Figure II.15) plotted using the stability constants from literature [2011CHR].

In addition, increasing the pH leads to the exposure of the amide carbonyl bands at 1637 cm -1 , which is assigned to be amide carbonyl bands.

At high frequencies, a broad peak appears at 3400-3500 cm -1 from the HOH stretching (water molecules included in the complexes). The frequency of the N-H band of the secondary amide at 3308 cm -1 is strongly decreased. However, secondary amine does not participate to the complexation of DFB with Eu(III). This change could be due to intramolecular hydrogen bonds.

Finally, the intensity of the broad peak around 3100 cm -1 due to the O-H stretch from the hydroxamic groups decreases at lower pH until disappearance at higher pH. Instead, a very broad weak peak slightly shift at 3085 cm -1 is seen. This peak can be the C-NH overtone band of the secondary amide which was already reported at 3084 cm -1 in ferrioxamine [2005SIE]. The frequencies and assignments of the major bands of H4DFB + and Eu-DFB complexation are also summarized in Table IV.6. 

IV.2 Tetravalent actinides

This work is part of the ANR project PLUTON (ANR-17-CE08-0053).

Thermodynamic study with tetravalent actinides

IV.2.1 Complexation of Th(IV) with DFB studied by liquid-liquid extraction

A) Preliminary study in the absence of DFB

TTA is known to extract a wide range of metallic cations from acidic media [1961POS]. With the aim at the determination of the formation constant of Th-DFB in aqueous phase, experimental conditions ensuring a competition between the formation of Th-TTA chelate in organic phase and Th complexation in aqueous phase have to be found. -1,0 -0,5 0,0 The variation of the distribution ratio D of 227 Th has been determined as function of the total TTA concentration at pCH = 1.0. In these conditions, Th hydrolysis can be neglected [2008SAS].

DFB solution at pCH = 1.0 has been proved to be stable within at least one day. The study of DFB stability by UV-visible absorption spectroscopy is described in Appendix E. Working at constant ionic strength and temperature allows one to use Equation III.4 that correlates the slope of the logarithmic variations of D to the difference in the mean number of TTA molecules per Th atom between species in organic and aqueous phase. The variations in Figure IV.21 lead to a slope equal 3.7 ± 0.2. Like other tetravalent cations, Th(TTA)4 has been proved to be the only Th-containing species extracted in aromatic diluent [1950DAY] [1951ZEB] [2008SAS]. The value obtained in this work is slightly lower than 4: this could be related to the formation of a small amount of Th(TTA) 3+ in aqueous phase, as suggested in the literature

[1951ZEB] [1952WAG] [1996XIA].
The concentration of HTTA in aqueous phase can be deduced from the distribution ratio of HTTA:

𝐷 𝐻𝑇𝑇𝐴 = [𝐻𝑇𝑇𝐴 ̅̅̅̅̅̅̅̅ ] [𝐻𝑇𝑇𝐴] IV.36
The value of [HTTA] corresponding to the experimental conditions of As weak acid (pKa = 6.20) [1996RYD], HTTA in aqueous solution undergoes dissociation. Its concentration in aqueous solution can be calculated according to the following equation:

[𝐻𝑇𝑇𝐴] = 𝐶 𝑇𝑇𝐴 𝑡𝑜𝑡 1 + 𝐷 𝐻𝑇𝑇𝐴 + 𝐾 𝑎 [𝐻 + ] ⁄ IV.37
The values of HTTA and TTA -concentration in the aqueous phase corresponding to the extreme values of total TTA concentration used in Figure IV.21 are presented in Table IV.7. The amount of ThTTA 3+ has been estimated using the constant determined by Waggener et al. According to Equation III.3, the derivative of logarithmic variations of D with CDFB can be related to the maximum stoichiometry of the complex, equal to 1 in this case. Without considering the precise form of chemical species, the equilibrium in the aqueous phase can be written as:

𝑇ℎ(𝐼𝑉) + 𝐷𝐹𝐵 𝐾 𝑐𝑜𝑛𝑑 ↔ 𝑇ℎ -𝐷𝐹𝐵 IV.43 with 𝐾 𝑐𝑜𝑛𝑑 = [𝑇ℎ -𝐷𝐹𝐵] [𝑇ℎ(𝐼𝑉)][𝐷𝐹𝐵] ⁄ IV.44
And the conditional stability constants can be determined according to the following Equation IV.45. 

𝐷 0 𝐷 -1 = 𝐾 𝑐𝑜𝑛𝑑 [𝐷𝐹𝐵] IV.45

C) Determination of corrected conditional stability constant K'cond

The aim here is to determine the corrected constant associated to:

𝑇ℎ 4+ + 𝐷𝐹𝐵 𝐾 𝑐𝑜𝑛𝑑 ′ ↔ 𝑇ℎ -𝐷𝐹𝐵 IV.46 with 𝐾 𝑐𝑜𝑛𝑑 ′ = [𝑇ℎ -𝐷𝐹𝐵]/[𝑇ℎ 4+ ][𝐷𝐹𝐵] IV.47
As with Eu indeed, Th 4+ is likely to undergo some reactions in aqueous phase, especially hydrolysis and complexation with TTA -. Although the hydrolytic behavior of Th 4+ is characterized by the formation of oligomers, these species have not been taken into account since Th was present at tracer scale. The following equilibria have been considered:

𝑇ℎ 4+ + 𝑛𝐻 2 𝑂 𝛽 𝑂𝐻,𝑛 ↔ 𝑇ℎ(𝑂𝐻) 𝑛 (4-𝑛)+ + 𝑛𝐻 + IV.48 with 𝛽 𝑂𝐻,𝑛 = [𝑇ℎ(𝑂𝐻) 𝑛 (3-𝑛)+ ][𝐻 + ] 𝑛 [𝑇ℎ 4+ ] ⁄ IV.49 𝑇ℎ 4+ + 𝑚𝐻𝑇𝑇𝐴 𝛽 𝑇𝑇𝐴,𝑚 ↔ 𝑇ℎ(𝑇𝑇𝐴) 𝑚 (4-𝑚)+ + 𝑚𝐻 + IV.50 with 𝛽 𝑇𝑇𝐴,𝑚 = [𝑇ℎ(𝑇𝑇𝐴) 𝑚 (3-𝑚)+ ][𝐻 + ] 𝑚 [𝑇ℎ 4+ ][𝐻𝑇𝑇𝐴] 𝑚 ⁄ IV.51
In the absence of DFB, D0 can be expressed as:

𝐷 0 = [𝑇ℎ(𝑇𝑇𝐴) ̅̅̅̅̅̅̅̅̅̅̅̅ 4 ] [𝑇ℎ 4+ ] + ∑[𝑇ℎ (𝑇𝑇𝐴) 𝑚 (4-𝑚)+ ] + ∑[𝑇ℎ(𝑂𝐻) 𝑛 (4-𝑛)+ ] = 𝐾 𝑒𝑥 [𝐻𝑇𝑇𝐴 ̅̅̅̅̅̅̅̅ ] 4 [𝐻 + ] -4 1 + ∑ 𝛽 𝑇𝑇𝐴,𝑚 [𝐻𝑇𝑇𝐴] 𝑚 [𝐻 + ] -𝑚 + ∑ 𝛽 𝑂𝐻,𝑛 [𝐻 + ] -𝑛
In the presence of DFB, D can be expressed as:

𝐷 = [𝑇ℎ(𝑇𝑇𝐴) ̅̅̅̅̅̅̅̅̅̅̅̅ 4 ] [𝑇ℎ 3+ ] + ∑[𝑇ℎ (𝑇𝑇𝐴) 𝑚 (4-𝑚)+ ] + ∑[𝑇ℎ(𝑂𝐻) 𝑛 (4-𝑛)+ ] + [𝑇ℎ -𝐷𝐹𝐵] = 𝐾 𝑒𝑥 [𝐻𝑇𝑇𝐴 ̅̅̅̅̅̅̅̅ ] 4 [𝐻 + ] -4 1 + ∑ 𝛽 𝑇𝑇𝐴,𝑚 [𝐻𝑇𝑇𝐴] 𝑚 [𝐻 + ] -𝑚 + ∑ 𝛽 𝑂𝐻,𝑛 [𝐻 + ] -𝑛 + 𝐾 𝑐𝑜𝑛𝑑 ′ [𝐷𝐹𝐵] Thus, 𝐷 0 𝐷 -1 = 𝐾 𝑐𝑜𝑛𝑑 ′ [𝐷𝐹𝐵] 1 + ∑ 𝛽 𝑇𝑇𝐴,𝑚 [𝐻𝑇𝑇𝐴] 𝑚 [𝐻 + ] -𝑚 + ∑ 𝛽 𝑂𝐻,𝑛 [𝐻 + ] -𝑛 𝐾 𝑐𝑜𝑛𝑑 ′ = 𝐾 𝑐𝑜𝑛𝑑 × (1 + ∑ 𝛽 𝑇𝑇𝐴,𝑚 [𝐻𝑇𝑇𝐴] 𝑚 [𝐻 + ] -𝑚 + ∑ 𝛽 𝑂𝐻,𝑛 [𝐻 + ] -𝑛 )
IV.52

The selected hydrolysis constants to calculate 𝐾 𝑐𝑜𝑛𝑑 ′ are from T. Sasaki et al. (𝑙𝑜𝑔𝛽 𝑂𝐻,1 = -2.6 ± 0.1) at the ionic strength (I = 0.1 M, NaClO4) by liquid-liquid extraction [2008SAS]. It is the latest data and not included in OECD books. Some other hydrolysis constants were also found in OECD books, but they were not used in this case because they were determined with different techniques and conditions. Since only the stability constant of 1:1 Th-TTA complex was found in the literatures, only 𝛽 𝑇𝑇𝐴,1 [𝐻𝑇𝑇𝐴][𝐻 + ] was calculated in this case (𝛽 𝑇𝑇𝐴,1 = 6.6 ± 0.3 [1952WAG]). The obtained values of 𝐾 𝑐𝑜𝑛𝑑 ′ are listed in Table IV.9. The impact of taking into account the hydrolysis species of Th and Th(TTA) 3+ complex becomes increasingly significant with the increase of pCH from 0.7 to 2.3. After the correction, the value of 𝐾 𝑐𝑜𝑛𝑑 ′ at pCH = 2.3 is still unreasonably lower than, but closer to that at pCH = 1.5. If the formation constants of 1:2, 1:3 and 1:4 Th-TTA complexes in aqueous phase are available, a better correction is expected to be conducted. Anyway, due to the seemingly inconsistent result at pCH = 2.3, this value has not been used in the following calculations. 

D) Determination of apparent constant Ky

In the pCH domain from 0.7 to 1.5, the predominant species of DFB is H4DFB + . The complexation is expected to occur by the departure at least of one proton of the DFB hydroxamate. It is supposed that the overall equilibrium for the 1:1 complex can be described as:

𝑇ℎ 4+ + 𝐻 4 𝐷𝐹𝐵 + 𝐾 𝑦 ↔ 𝑇ℎ(𝐻 4-𝑦 𝐷𝐹𝐵) (5-𝑦)+ + 𝑦𝐻 + IV.53 with 𝐾 𝑦 = [𝑇ℎ(𝐻 4-𝑦 𝐷𝐹𝐵)][𝐻 + ] 𝑦 [𝑇ℎ 4+ ][𝐻 4 𝐷𝐹𝐵 + ] ⁄ IV.54
Equation IV.54 can be also written as:

𝑙𝑜𝑔𝐾 𝑦 = 𝑙𝑜𝑔[𝑇ℎ(𝐻 4-𝑦 𝐷𝐹𝐵)] [𝑇ℎ 4+ ][𝐻 4 𝐷𝐹𝐵 + ] ⁄ + 𝑦𝑙𝑜𝑔[𝐻 + ] IV.55
Using Equation IV.46, the following relationship is obtained:

𝑙𝑜𝑔𝐾 𝑐𝑜𝑛𝑑 ′ = 𝑙𝑜𝑔𝐾 𝑦 -𝑦𝑙𝑜𝑔[𝐻 + ] IV.56
The logarithmic variations of the corrected conditional constant as function of proton concentration are plotted on Figure IV.24. The slope obtained allows to get y = 1.2 ± 0.2. It means two types of the complexes Th(H3DFB) 4+ and Th(H2DFB) 3+ are formed in this pCH domain, which is in good agreement with the literature [1996WHI]. Thus, the following complexation equilibria can be considered:

𝑇ℎ 4+ + 𝐻 4 𝐷𝐹𝐵 + 𝐾 1 ↔ 𝑇ℎ𝐻 3 𝐷𝐹𝐵 4+ + 𝐻 + IV.57 𝐾 1 = [𝑇ℎ𝐻 3 𝐷𝐹𝐵 4+ ][𝐻 + ] [𝑇ℎ 4+ ][𝐻 4 𝐷𝐹𝐵 + ] IV.58 𝑇ℎ 4+ + 𝐻 4 𝐷𝐹𝐵 + 𝐾 2 ↔ 𝑇ℎ𝐻 2 𝐷𝐹𝐵 3+ + 2𝐻 + IV.59 𝐾 2 = [𝑇ℎ𝐻 2 𝐷𝐹𝐵 3+ ][𝐻 + ] 2 [𝑇ℎ 4+ ][𝐻 4 𝐷𝐹𝐵 + ] IV.60
Thus,

𝐾 𝑐𝑜𝑛𝑑 ′ = 𝐾 1 /[𝐻 + ] + 𝐾 2 /[𝐻 + ] 2 IV.61
According to least-square fitting, the values of logβ113 and logβ112 were obtained and shown in Table IV.10. The obtained stability constant of Th(H3DFB) 4+ and Th(H2DFB) 3+ does not agree well with the literature data [1996WHI]. D.W. Whisenhunt et al. determined this stability constant by potentiometric titration from pH = 2.1 to 10.7. But they mentioned that the slight pH changes in the low pH region related to the formation of Th(H2DFB) + and Th(H3DFB) + are difficult to extrapolate and they did not consider the first hydrolysis of Th even at pH = 2.1 where Th has been beginning hydrolysis [2008SAS]. In addition, our experimental conditions including ionic strength and its component are also different from the literature. And due to the lack of stability constants of Th-TTA, the formations of 1:2, 1:3 and 1:4 Th-TTA complexes in aqueous phase are not considered in the calculations. Moreover, instead of macro Th(IV) (1.25×10 -3 M) used in the literature, ultra-trace scale of Th(IV) (10 -12 M) was applied in this work to avoid polymerization. With considering the constants determined from just three experimental points at pCH = 0.7, 1.0 and 1.5, a relatively large error (0.2) is associated to the constants. The experiments at more pCH values are needed to be performed in order to verify and accurate the formation constants. Overall, this protocol is considered to be a promising protocol for an application to the study of the complexation of other tetravalent actinides with DFB. The experiments were performed at CHCl = 0.5 M in order to protect U(IV) against hydrolysis or oxidation. The contribution of U(IV), BHA and AHA to the ionic strength has not been taken into account since their concentrations were far lower than that of HCl. On the two figures, the characteristic bands of U(IV) appears at 485, 550 and 650 nm respectively in absence of BHA or AHA, which is in good agreement with the literature [1960COH].

IV.2.2 Complexation of U(IV

In both cases of BHA and AHA, with the increasing concentration of ligands, the bands around 485, 550, 650 and 675 nm are decreasing. The band around 485 nm is shifted to higher wavelength and the band at 670 nm almost disappears when BHA and AHA concentrations are increased to 5×10 -2 M and 0.8 M, respectively.

The spectra have been processed with the software HypSpec. In order to start calculation, input parameters (acid dissociation constants of ligand, estimated complexation constants) were introduced into the software. According to principal component analysis (PCA), the number of species existing in solution can be identified. In our condition, one complex with BHA and two complexes with AHA have been observed.

The determined stability constants associated to the equilibrium (Equation IV.62 and Equation IV.64) are summarized in Table IV.11.

𝑀 4+ + 𝐿 -= 𝑀𝐿 3+
IV.62

𝛽 110 = [𝑀𝐿 3+ ] [𝑀 4+ ][𝐿 -]
IV.63

𝑀 4+ + 2𝐿 -= 𝑀(𝐿) 2 2+
IV.64 a. Calculated with pKa (BHA) = 8.07±0.06 [2010AKS] b. Calculated with pKa (BHA) = 8.83±0.01 [2011TUR] c. Calculated with pKa (AHA) = 9.15 [2011CHU] Due to the absence of pKa(BHA) in the literature corresponding to our experimental conditions, the minimum and maximum pKa(BHA) were used in the calculation of constants. Depending on the pKa value used, up to 2 orders of magnitude are observed in comparison with Baroca's work [1966BAR]. A. Barocas et al. determined the constant of ThBHA 3+ by potentiometric titration in the pH range from 2.11 to 5.77. They observed a brown precipitation at pH = 5.77, but the hydrolysis of U(IV) was not mentioned or considered in their work. In the case of AHA, it is failed to find any literature related to the stability constant between U(IV) and AHA.

𝛽 120 = [𝑀(𝐿) 2 2+ ] [𝑀 4+ ][𝐿 -] 2 IV.65

Ligand

Acti

For binding of electrostatic nature, the interaction strength between An(IV) and organic ligand is known to depend on the ionic radius of metal ion. For the same coordination number, a correlation can be made between the stability constants and the inverse of ionic radius of An(IV) [1976SHA] [1999CHA]. The stability constants of Th(IV) and Pu(IV) available in the literature (Table IV The most noticeable effect upon complexation with thorium is the shift of the absorption band from 1620 cm -1 to 1589 cm -1 due to the coordination of thorium with the hydroxamate groups.

The hydroxamate carbonyl bands are affected due to the complexation with Th(IV). This shift is observed even at low pH and the same shift is also observed when DFB is deprotonated An evidence of the thorium chelation with the hydroxamate groups is also the disappearance of the OH deformation band at 1396 cm -1 and the shift at higher frequencies of the N-O bands as it can be observed in ferrioxamine spectra [2005SIE].

From pH = 3, no significant change is observed in the FTIR spectra. The only difference is between pH = 6.5 and 7.6 where the band of the amide carbonyl at 1643 cm -1 is better resolved.

From study on the deprotonation of DFB, it is known that spectra of DFB 3-and HDFB 2-are nearly identical since the last deprotonation is from the terminal amine group. Indeed, the N-H deformation bands related to this functional group is weak and broad [2005EDW] [2010SIM].

It seems that from pH = 3, Th(HDFB) 2+ or/and Th(DFB) + are the main species in solutions, and that from pH = 7, Th(DFB) + becomes the majority complex. This result is in agreement with the speciation diagram (Figure II.16) plotted using the stability constants obtained by Whisenhunt et al.11 [1996WHI] that depicts the presence of more than 50% of Th(HDFB) 2+ at pH = 3 and the appearance of Th(DFB) + at pH = 7.

Unfortunately, all the bands could not be assigned. An intense band was observed at 1349 cm - 1 . This band is present from pH = 1.3 but is shifted until pH = 3. This is also the case for the band at 835 cm -1 . Those bands were only observed in presence of thorium which was not the case in presence of iron or other studied metals. More experiments or calculations would be needed to better understand those vibration bands. Hydrolysis or formations of hydrogen bonds due to the drying process were suspected. However, in the case of Th(OH)4, stretching bands of Th-O and O-H were observed at 528 and 3750 cm -1 respectively [2005WAN]. The assigned vibrations of Th-DFB complexation are also summarized in Table IV.12 and compared with Eu-DFB complexation.

The noticeable differences between Th-DFB and Eu-DFB complexes are the frequencies of CH2 symmetrical and amide carbonyl vibrations. For a given ligand DFB, the size of hexadentate chelation ring can be different depending on the specific center metal atom. It can probably affect the length of the carbon chain and further lead to the variation of CH2 vibrations.

It is unreasonable to observe the difference of amide carbonyl vibrations between Th-DFB and

Eu-DFB complexes. The amide carbonyl groups should not be involved in the complexation, which has been proved by XRD using a very similar ligand as DFB [2000NEU]. One possibility is due to the interference of the stronger and sharper bands from hydroxamate carbonyl groups nearby. Moreover, it can be probably explained by the formation of hydrogen bonds in the secondary amide. The samples of Th-DFB and Eu-DFB complexes were measured at different pH, 9.1 and 9.4, respectively. And the pH was not determined precisely without considering the ionic strength.

IV.2.4 Structural study of the complexation of An(IV) with DFB by theoretical calculations and EXAFS

This work has been carried out in close cooperation with Melody MALOUBIER (IPNO-PACS)

and Jé rôme ROQUES (IPNO-Radiochimie).

A) Complexation of Th(IV) with DFB studied by DFT calculations

A.1 Computational details

All structures were optimized using density functional theory (DFT) approach as implemented in the Gaussian09 package [2009FRI]. Calculations were performed using the hybrid B3LYP functional [1993BEC]. MWB60 Stuttgart relativistic effective core potentials were used to describe thorium atoms while the 6-31+G* basis set was used for others. To take into account part of the solvent effect, solvation was introduced using a dielectric continuum model of permittivity ɛ = 80. The conductor-like polarizable continuum model implemented in Gaussian09 was used. Vibrational harmonic frequencies, corresponding to the optimized structures, were also calculated and compared to the experimental ones. the species of Th(H3DFB) 4+ and Th(HDFB) 2+ are predominant at pH = 0.5 and 5, respectively.

Due to the instability of DFB at pH = 0.5, the structure of the Th(IV)-DFB complex has been studied at pH = 5 using X-ray absorption fine structure. The EXAFS spectrum as well as its corresponding Fourier transform is presented in Figure IV.40. The experimental spectrum was adjusted using the calculated structure (Figure IV.38) with the three hydroxamate sites (bidentate) coordinated to thorium. Indeed, both speciation diagrams and FTIR analysis seem to indicate the formation of the deprotonated complex Th(HDFB) 2+ at pH = 5. The EXAFS FT modulus exhibits an intense peak at R+ ≈ 1.9 Å (non phase shift corrected distance). This first peak corresponds to a first oxygen shell around 2.3-2.5 Å. This oxygen contribution could not be fitted with only one oxygen shell. Two distinct oxygen shells were observed, one at 2.36 Å with 3 oxygen atoms and a longer one at 2.45 Å with 5 oxygen atoms (Table IV.17). The total coordination number of thorium was fixed at 8, according to the DFT calculations results. Unlike the DFT calculations, the difference between Th-ON and Th-OC lengths (hydroxamate) is due to the negative charge on ON atom, rather than due to the radial resolution (ΔR = π/2Δk = 0.13 Å). However, the average bond length (2.42 Å) is in agreement with the one calculated from the DFT calculations (2.43 Å) (Table IV.15). The results obtained from the first coordination sphere seems to be in good agreement with the presence of the Th(HDFB) 2+ with two water molecules. However, the adjustment of the second coordination sphere (Th It is important to notify that at the end of the EXAFS analyses, the thorium solution took a bright orange color. The same coloration was not observed for the same solution not exposed to the X-ray beam. However, no change was observed on the EXAFS spectra over time. corresponding Fourier transforms (FT). The best fit parameters are reported in Table IV.17. As the thorium sample, the spectrum was adjusted by considering a three bidentate coordination configuration. A better adjustment was obtained with a coordination number set to nine instead of eight. In this case, uranium(IV) has a similar behavior than plutonium(IV) with the siderophore DFE [2000NEU]. DFE is a cyclic siderophore with functional groups to those in DFB. Thus, for uranium, the intense peak at R+ ≈ 1.9 Å was fitted by 6 oxygen atoms at 2.34 Å and 3 oxygen atoms at 2.46 Å characteristics of three water molecules. A better fit could be obtained by using several U-O distances to distinguish oxygen atoms bonded to N or C; however, the bond length resolution is also limited at 0.13 Å (ΔR = π/2Δk). The second coordination sphere was fitted with 6 carbon and/or nitrogen atoms at 3.25 Å. Those values are in good agreement with the distances determined by Neu et al. for the structure of Pu(IV)-desferrioxamine E [2000NEU]. Three Pu-O bonds were isolated. The Pu-OH2O was evaluated at 2.46 Å, Pu-ON at 2.31 Å and Pu-OC at 2.36 Å leading to an average bond length for hydroxamates equal to 2.33 Å. The Pu-C and Pu-N distances were calculated at 3.21 Å.

The bond length difference between U-O, Pu-O and Th-O is mainly due to the difference of the effective ionic radii. The effective ionic radii of those actinides are evaluated at 0.96, 1.00 and 1.05 for Pu 4+ , U 4+ and Th 4+ respectively [1976SHA].

IV.3 Summary

The formation constants of Ln(H3DFB) 3+ and Ln(H2DFB) 2+ have been determined using two different techniques (liquid-liquid extraction and UV-Vis absorption spectrophotometry) and two different metal concentrations (tracer scale and macro-amount). The values obtained are consistent and agree well with literature data. However, results from affinity capillary electrophoresis were found inconclusive. ATR-FTIR spectroscopy measurements were also performed on solutions of equimolar Eu and DFB. The shift of the carbonyl band of hydroxamate group with increasing pH has been correlated to the successive deprotonation of hydroxamate groups due to the complexation, and thus to the successive formation of the complexes Eu(H3DFB) 3+ , Eu(H2DFB) 2+ and Eu(HDFB) + in agreement with the speciation diagram.

The formation constants of Th(H3DFB) 4+ and Th(H2DFB) 3+ have been deduced from liquidliquid extraction experiments with 227 Th. And those of U(BHA) 3+ , U(AHA) 3+ and U(AHA)2 2+ have been deduced from UV-Vis absorption spectrophotometry measurements. The values obtained are presented in Table IV.18 with the available literature data. The discrepancy observed on the system Th-DFB could be explained not only by the difference in techniques, concentrations and medium composition but also by the fact that several auxiliary data have been used when calculating the stability constants. d. Calculated with pKa (AHA) = 9.15 [2011CHU] e. Determined at T = 25 °C EXAFS spectra have been registered on the complexes Th(IV)-DFB and U(IV)-DFB at pH = 5, where the species M(HDFB) + is expected to be predominant. For Th(IV), the spectrum was adjusted using optimized structures deduced from DFT calculations. The best fitting has been obtained by considering a bidendate coordination of 3 hydroxamate groups. The coordination sphere was completed by 2 and 3 oxygen atoms of water molecules for Th(IV) and U(IV), respectively.

V. Conclusion

The aim of this work was to determine thermodynamic and structural data on the complexation of tri-and tetra-valent actinides with hydroxamate ligands, especially desferrioxamine B, a natural occurring organic ligand. These fundamental data indeed are essential to improve models of actinides behavior in the environment.

Trivalent lanthanides were used to simulate trivalent actinides, whereas Th(IV) and U(IV) were considered as Pu(IV) analogues. The thermodynamic study has been conducted using different techniques and different metal concentration:

-Liquid-liquid extraction experiments combined with gamma spectroscopy were carried out with 152 Eu (commercial) and 227 Th (purified at IPNO). In both cases, only complexes of stoichiometry 1:1 have been identified, and the formation constants of two complexes Eu(H3DFB) 3+ / Eu(H2DFB) 2+ and Th(H3DFB) 4+ / Th(H2DFB) 3+ have been determined.

-Affinity capillary electrophoresis with UV detector was used to investigate the complexation of La and Lu with DFB. But no conclusive results were obtained. Since UV detector can only monitor the mobility of DFB, experiments were performed with the metal in excess over DFB. Multi-nuclear species can be probably formed, complicating data analysis.

-UV-Visible absorption spectrophotometry was used to study the complexation of Eu(III), Pr(III), U(IV) with DFB and also aceto-and benzo-hydroxamate (AHA, BHA). The constants of the complex Ln(H3DFB) 3+ and Ln(H2DFB) 2+ were obtained for two pH values using HypSpec software. The stability constants of U(BHA) 3+ , U(AHA) 3+ and U(AHA)2 2+ have been determined in 0.5 M HCl. But the complexation constants of U(IV) with DFB could not be determined because of their strong interaction.

The thermodynamic data obtained in the present work are in agreement with the scarce available literature data (Table V.1) However, auxiliary data (hydrolysis constants, complexation constants with acetate, TTA, acidity constants of DFB) and differences in the techniques and media b. Determined at I = 0.7 M (Na, HClO4) c. Calculated with pKa (BHA) = 8.07±0.06 [2010AKS] d. Calculated with pKa (BHA) = 8.83±0.01 [2011TUR] e. Calculated with pKa (AHA) = 9.15 [2011CHU] f. Determined at T = 25 °C

The structural study has been carried out on DFB complexes of Eu(III), Th(IV) and U(IV) using infrared and X-ray absorption spectroscopies combined with quantum chemistry calculations:

-By using ATR-FTIR spectroscopy, the main bands of DFB and its complex with Eu(III)

and Th(IV) have been assigned. In particular, the gradual shift of the hydroxamate carbonyl band with increasing pH has been correlated to the successive deprotonation of hydroxamate groups leading to the formation of Eu(H3DFB) 3+ to Eu(HDFB) + , and Th(H3DFB) 4+ to Th(HDFB) 2+ .

-The structure of the possible Th-DFB complexes: Th(H3DFB), Th(H2DFB) and Th(HDFB), have been optimized using DFT calculations, with a coordination number equal 8.

In the case of Th(HDFB) where the 3 hydroxamate groups are involved in bondings, bidentate and monodentate have been considered. In the XANES spectra of U(IV)-DFB, no significant variation between the first and last scans is observed. The absorption edge and the dioxo shoulder band of UO2 2+ is not clearly observed in the XANES spectra of U(IV)-DFB, which indicates that no significant amount of U(VI) was formed under the beam. 
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Figure

  Figure II.7 (a) The color of non-complexed plutonium at various oxidation states in 1 M HClO4 from Pu(III) to Pu(VI) and in strong base for Pu(VII) (b) their corresponding absorption spectra [2000CLA].

  ronment. Other actinides of environmental interest are mainly present under one oxidation state, which is the case for Th(IV) and Am(III) for instance (Figure II.9). Light actinides in the oxidation states +III and +IV commonly exist in the environment according to the diverse conditions. As regarding the elements used in the present work, Th and Eu (as chemical analog of trivalent actinides) are at the +IV and +III oxidation states respectively. Generally, actinides in the +III and +IV states have a lower solubility and a higher tendency to sorb on mineral surfaces, whereas in the +V and +VI states, a higher solubility is observed enhancing their mobility.

Figure II. 9

 9 Figure II.9 Common oxidation states of actinides in the environment under different conditions.

[

  2007CHO] [2013KER] [2013MAH]. Some studies have shown that Pu migration in the environment could occur by transport on colloidal particles [1999KER] [2002SAN] [2006NOV] [2013ABD] [2013KER].

  Among the relevant organic compounds present in the environment, siderophores are an interesting class of organic complexing ligands. Siderophores are metal-chelating agents secreted by microorganisms and plants [2014AHM]. For the moment, more than 500 different kinds of siderophores are known and are divided into three main classes according to their characteristic functional groups which are hydroxamates (Figure II.10), catecholates and carboxylates. As a member of hydroxamate siderophores, desferrioxamine B (abbreviated name: DFB) was studied in this work in particular because of its commercial availability. Moreover, DFB is estimated to be found in soils at concentrations from 1.7×10 -7 to 1.3×10 -8 M [1980POW]. It has a strong ability to bind with actinides owing to its three hydroxamate groups (Figure II.11). Collecting fundamental data on actinides-DFB interaction will improve our understanding of their migration behavior in the environment and allow the development of remediation process of contaminated soils and natural waters.

Figure II. 10

 10 Figure II.10 General structure of hydroxamate functional group.

Figure

  Figure II.11 presents the molecule formula of desferrioxamine B. According to HSAB principle, actinides ions are hard acids and hydroxamate group contains O atom donors, i.e hard bases

Figure II. 11

 11 Figure II.11 Desferrioxamine B.

  The dissociation constants obtained byChristenson et al. [2011CHR] at I = 0.7 M NaClO4 have been selected in this work since their experimental conditions are the closest to ours. According to the selected dissociation constants[2011CHR], the speciation diagram of DFB is plotted and presented in Figure II.12. It can be seen that many different species of DFB exist in a large range of pH. In this work, the thermodynamic study has been conducted at a pH much lower than 6.0. Thus, the predominant species of DFB was always H4DFB + (fully protonated DFB).

Figure 4 .

 4 Figure II.12 Speciation diagram of desferrioxamine B (I = 0.7 M Na, HClO4, T = 25 °C).

Figure II. 13

 13 Figure II.13 Benzohydroxamic acid (BHA) (left) and acetohydroxamic acid (AHA) (right).

Figure II. 14

 14 Figure II.14 Speciation diagrams of benzohydroxamic acid (left) in 0.1 M NaClO4 at 25°C and acetohydroxamic acid (right) in 1.0 M NaCl at 25°C.

a.

  The values were determined at T = 25 °C and I = 0.1 M by pot. [2007KHA]. b. The values were determined at T = 25 °C by pot. [1966BAR]. c. The values were determined at T = 25 °C and I = 1.0 M by sol. [1966BAR]. d. The values were determined at T = 25 °C and I = 1.0 M by sol. [2010BRO].e. The values were determined at T = 22 °C and I = 2.0 M by sp.[2007CAR].

  a. The values were determined at T = 25 °C and I = 0.7 M NaClO4 by pot.[2011CHR].b. The values were determined at T = 25 °C and I = 0.1 M KCl by sp.[1996WHI].c. The values were determined at T = 25 °C and I = 0.1 M NaNO3 by sp.[2007BOU].

  [2006COZ] [2009BOR]. However, no infrared spectrum was found on actinides-DFB complexes. The work related to the structural study of the complexation between actinides and DFB is also very scarce. In 1999, Neu et al. firstly characterized the structure of the complex Pu(IV)-DFE by single-crystal X-ray diffraction[2000NEU]. They concluded that Pu(IV) is coordinated with three water molecules and three bidentate hydroxamate groups of one DFE molecule. The ligand DFE (Desferrioxamine E) is very similar to DFB in this work. Both of them have three hydroxamate functional groups and the only difference is that DFE is a cyclic hydroxamate and DFB is a linear one.Hydroxamates can also act as reducing agents. This property has been considered in nuclear fuel reprocessing for controlling the oxidation states of actinides[1998TAY] [2007CAR]. In the presence of formo-and aceto-hydroxamic acids, reductions of Pu(IV) into Pu(III) and Np(VI) in Np(V) has been observed[1998TAY] [2008CAR]. Under the acidic conditions used in the PUREX process, hydrolysis of hydroxamate moiety in the complex or of free hydroxamic acid, leading to hydroxylamine, has to be taken into account. But in environmental conditions (5.5 ≤ pH ≤ 8.2), where no hydroxylamine is expected to be formed, a rapid reduction of Pu(VI) in Pu(V) was observed upon complexation with AHA and DFB, but Pu(IV) complex and further reduction to Pu(III) were not observed: in environmental conditions hydroxamate groups do not favour the reduction of Pu(V) into Pu(IV)[2018MOR]. Additionally, Boukhalfa et al. also studied the redox properties of Pu(IV)-DFB complex, indicating that the reduction in Pu(III)

Figure

  Figure II.15 Speciation diagram of Eu(III)-DFB (CEu(III) = CDFB = 2.5×10 -2 M ) plotted by using the literature data [2011CHR].

  individual distribution ratio of M(HpL)l(HA)xH-y, otherwise characterized by the formation constant Kl,x,y, in aqueous phase 𝐾 𝑙,𝑥,𝑦 = [𝑀(𝐻𝑝𝐿) 𝑙 (𝐻𝐴) 𝑥 𝐻 𝑦 ( 𝑧 (𝑛-𝑦)+ ] [𝑀][𝐻𝑝𝐿] 𝑙 [𝐻𝐴] 𝑥 [𝐻] -𝑦 III.2 A mathematical processing of D leads to the 3 following relationships that allow the determination of the mean composition and charge of species involved in extraction and complexation equilibria.

1.

  System 152 Eu-DFB Direct extractions (Eu introduced in aqueous phase) were performed away from light in a temperature-controlled water bath (25 °C) at 50 rpm stirring speed during 26 hours. This contact time has been proven to be sufficient to reach equilibrium, the limiting step being partition of the extractant[2003JAU]. Both phases were carefully separated and their activity wer determined by gamma spectrometry. The D values were determined according to the counts of each phase at 121 keV. Additionally, it is verified that the values of D0 in absence of ligands were not significantly influenced by the energy for counting (Appendix B). The determination method of proton concentration is described in Appendix C.2. System 227 Th(IV)-DFBBecause of insufficient reproducibility in direct extraction experiments with Th, a new protocol based on Sasaki's work, has been developed[2008SAS].227 Th(IV) was first quantitatively extracted into the organic phase, a TTA solution prepared by dissolution of TTA-hydrate in toluene pre-equilibrated with an aqueous phase of a given pCH. Then aqueous phases with DFB concentration ranging from 0 to 0.08 M at a given pCH were contacted during 3 hours with the 227 Th-loaded TTA solution at 25 °C. This time was proved to be sufficient to reach equilibrium (Appendix D). Then aliquots parts of same volume of each phase were withdrawn and their activity determined by γ-spectrometry at 236 keV, allowing the distribution ratio to be calculated.

  Its schematic diagram is shown in Figure III.1.

Figure III. 1

 1 Figure III.1 Schematic diagram of UV-visible spectrophotometer.

Figure III. 2

 2 presents the schematic of electroosmotic flow. The deprotonation of SiOH groups on the silica capillary leads to the formation of a double layer. The outer layer free ions can be moving towards electrode, leading to the electroosmotic flow in an electrolyte-filled capillary under high-voltage [2017SKO].

Figure III. 2

 2 Figure III.2 Schematic of electroosmotic flow.

Figure III. 3

 3 Figure III.3 Schematic process of affinity capillary electrophoresis.

Figure III. 4

 4 presents the possible vibration types. From the figure, it can be seen that stretching vibrations are characterized by a change of bond lengths and bending vibrations is featured by a modification of bond angles[1989HAR].

Figure III. 4

 4 Figure III.4 Types of stretching and bending.

Figure III. 5 ,

 5 if we suppose there would be no neighboring atom, the absorption spectrum should be the blue ones. However, in fact, with the existence of neighboring atoms, the scattered photoelectrons can modulate the amplitude of new-created photoelectron wave-function at the absorbing Xray atom and the actual absorption spectrum should be the red ones. Electronic and structural information are obtained from the absorption spectrum (Figure III.5).

Figure III. 5

 5 Figure III.5 Principle of EXAFS.

  XAS at the thorium LIII edge (16300 eV) and uranium LIII edge (17 166 eV) were conducted on the MARS beamline of the SOLEIL synchrotron facility. The monochromator was set with the Si(220) crystal and the mirrors with the Pt strips. The optics of the beamline consist of a watercooled double-crystal monochromator (FMB Oxford), used to select the incident energy of the X-ray beam and for horizontal focalization, and two large water-cooled reflecting mirrors (IRE-LEC/SESO) that are used for rejecting the harmonics at high energy and vertical collimation and focalization. Energy calibrations were conducted at the Y K edge at 17038 eV. EXAFS measurements were conducted in fluorescence mode using a 13-element high purity germanium detector (ORTEC). Due to the possibility of redox reactions under large photon flux, XANES of the uranium(IV) solutions were monitoring over time to verify the oxidation states (+IV and +VI). The multiple scattering around 15 eV above the edge, featuring the presence of the transdioxo from U(VI) was not observed during the acquisition.

  Pa was eluted with 10 M HCl / 1 M HF. The progress of the purification was monitored by analysis each fraction (500 µL) by γ-spectrometry as illustrated in Figure III.6. The elution histogram (Figure III.6 upper) shows that purified 227 Th is obtained in the first 4 mL of 10 M HCl. Gamma spectra of the 227 Th and 231 Pa fractions are illustrated in Figure III.6 lower. Obviously, the 227 Th fraction does not contain 231 Pa: the three characteristic peaks of 231 Pa located at 284.4, 300.8 and 303.5 keV are not observed. But the 227 Th fractions still contains 231 Pa daughters: 223 Ra at 155.2 and 270.4 keV, 211 Bi at 351.9 keV and probably 227 Ac. The isotope 227 Ac cannot be observed (no γ emission). The hydrochloric solution of 227 Th was evaporated to dryness for medium change. The mother solution was prepared in 4 M HClO4; at the time of its use, the 227 Th concentration was 4.5 10 -8 M. Just prior to liquid-liquid extraction experiments, an aliquot of 227 Th mother solution (10 to 50 µL) was evaporated to dryness in a PTFE crucible and the residue taken up in 0.1 M HClO4.Depending on the pCH value used in experiments, an additional dilution was carried out. The amount of Bi and Ra isotopes was too low to be detected by γ-spectrometry after distribution between organic and aqueous phases.

Figure III. 6

 6 Figure III.6 Percentage of 227 Th and 231 Pa in each fraction (upper) and the gamma spectra of largest fraction of 227 Th and 231 Pa (lower).

  Figure III.7 α liquid scintillation spectrum of an aliquot of the mother solution of U(IV).

  This chapter was devoted to the presentation of the methodology used for the investigation of the complexation of tri-and tetra-valent actinides with hydroxamates. The techniques used for the thermodynamic study are liquid-liquid extraction with element at tracer scale, UV-visible absorption spectrophotometry and affinity capillary electrophoresis. For the structural study, ATR-FTIR and X-ray absorption spectroscopies combined with DFT calculations are going to be used. The principle of each technique and its implementation have been described in this part, as well as the preparation of stock solution of227 Th and U(IV). The applied techniques and experimental conditions of each system in this work are summarized in TableIII.4. Table III.4 Applied techniques and experimental conditions of each system in this work.

  Figure IV.1 Variations of 152 Eu extracted as function of pCH (CTTA = 2.5×10 -2 M in toluene I = 0.7 M (Na, HClO4), T = 25°C).

FigureFigure IV. 3

 3 Figure IV.2 Variations of D as function of TTA concentration (CAcetate = 5×10 -3 M, I = 0.7 M (Na, HClO4), T = 25 °C, pCH = 4.75).The variation of the distribution ratio D of 152 Eu has been determined as function of the total TTA concentration at pCH = 4.75. The hydrolysis of Eu(III) can be neglected in this condition[2003RAM]. Working at constant ionic strength and temperature allows correlating the slope of the logarithmic variations of D to the difference in the mean number of TTA molecules per

Figure

  Figure IV.4 Variations of D0/D-1 as function of DFB concentration (CAcetate = 5×10 -3 M, I = 0.7 M (Na, HClO4), T = 25°C, pCH = 4.75).

Figure IV. 4

 4 Figure IV.4 shows an example to calculate 𝐾 𝑐𝑜𝑛𝑑 at pCH = 4.75. Theoretically, D0/D-1 is proportional to DFB concentration. According to the linear fitting, the obtained value of slope is equal to the value of the conditional stability constant. The obtained stability constants at pCH = 4.75, 4.60 and 4.20 are summarized in Table IV.1. It can be seen that the values of 𝐾 𝑐𝑜𝑛𝑑 increase with increasing pCH.

  76) were applied to calculate 𝐾 𝑐𝑜𝑛𝑑 ′ [2003RAM] [2006KIT]. The calculated values of conditional stability constants are shown in Table IV.2. During the calculation, considering the hydrolysis of Eu(III) does not influence the speciation of Eu(III) in this pCH domain, but the presence of acetate changes the species distribution of Eu(III) in aqueous phase and further makes the constants decreased.

Figure IV. 5

 5 Figure IV.5 presents the variations of log K'cond as function of pCH. The linear fitting of the data, according to Equation IV.20, leads to y = 1.4 ± 0.1. It means two types of Eu-DFB complex are formed in the system. The corresponding equilibrium is shown below.

First, the validity

  of Beer-Lambert law relative to Eu(III) and Pr(III) was checked: absorption spectra have been registered at ambient temperature, pH = 4.0, I = 0.5 M with 10 -3 M ≤ CEu ≤ 4×10 -2 M and 6×10 -4 M ≤ CPr ≤ 6×10 -3 M. Figure IV.6 and Figure IV.7 presents the corresponding absorption spectra. The absorption bands of DFB appear at the wavelength lower than 300 nm (Figure A. 5), which does not interfere with the absorbance of Eu(III) or Pr(III).

  Figure IV.6 Absorption spectra of Eu(III) at different concentrations (pH = 4.0 and I = 0.5 M (Na, HClO4)).

Figure

  Figure IV.7 Absorption spectra of Pr(III) at different concentrations (pH = 4.0 and I = 0.5 M (Na, HClO4)).

Figure IV. 8

 8 Figure IV.8 Test of Lambert-Beer Law of Eu(III) at the concentration ranging from 10 -3 to 4×10 -2 M at pH = 4.0 and I = 0.5 M (Na, HClO4) at the wavelength of 394 nm.

Figure

  Figure IV.14 Mobility of 1×10 -4 M DFB as function of La(III) (black points) and Lu(III) (red points) at I = 0.1 M (left) and 0.5 M (right) pH = 2.5, T = 25 °C.

Figure

  Figure IV.15 IR spectrum of protonated desferrioxamine mesylate at pH=3.1.

Figure IV. 16

 16 Figure IV.16 Main functional groups of protonated DFB.

Figure IV.17 IR spectra of solutions containing either the mesylate form

  Figure IV.17 IR spectra of solutions containing either the mesylate form of DFB (5×10 -2 M) at pH = 5.5 or methanesulfonate (5×10 -2 M) at pH = 4.0 [2009BOR].

Figure IV. 15 ,Figure

 15 Figure IV.18 presents the mid-infra-red spectra of desferrioxamine mesylate solution (air dried)

Figure

  Figure IV.18 IR spectra of the dried DFB solution at 2.5×10 -2 M in absence of Eu(III) at pH from 3.1 to 8.9.

Figure

  Figure IV.19 FTIR spectra of air-dried Eu(III)-DFB complexes as a function of pH (from 3.1 to 9.4). CEu(III) = CDFB = 2.5×10 -2 M at room temperature.

Figure

  Figure IV.19 shows the variation of infra-red transmittance spectra of the complexation between Eu(III) and DFB at the stoichiometric ratio 1:1 as function of pH. FTIR spectra have been scaled and offset to facilitate their comparison. It can be seen that the carbonyl bands mentioned above are affected by the complexation with Eu(III). The hydroxamate carbonyl band at 1620 cm -1 downshifts to 1597 cm -1 due to the complexation with Eu(III) at pH = 3.1.

  Figure IV.20 presents the percentage of extracted Th as function of pCH. It can be seen that the quantitative extraction can be observed at pCH higher than 1.5.

  Figure IV.20 Variations of the percentage of extraction of 227 Th as function of pCH (CTTA = 0.08 M in toluene, I = 0.7 M (Na, HClO4), T = 25 °C).

Figure

  Figure IV.21 Variations of the distribution ratio D of 227 Th as function of total TTA concentration in toluene (I = 0.7 M (Na, HClO4), pCH = 1.0, T = 25 °C).

  Figure IV.21 (I = 0.7 M, T = 25 °C) has been estimated by interpolation of the DHTTA values at I = 0.5 and 1.0 M determined by Jaussaud in her systematic study of TTA distribution between toluene and an aqueous solution (Na, HClO4) of fixed acidity (7×10 -3 M) [2003JAU]. DHTTA does not depend on the initial concentration of TTA since there is no strong interaction between the extractant and the diluent [1992RYD]. Mean value of D for 5.10 -3 M ≤ 𝐶 𝑇𝑇𝐴 𝑡𝑜𝑡 ≤ 0.1 M equal to 35.3 (I = 0.5 M) and 41.6 (I = 1.0 M) were taken from reference [2003JAU]. Moreover, DHTTA does not depend on acidity as long as pH < 4. Thus, DHTTA (Figure IV.21) is estimated to be 37.8 ± 0.5.

[ 1952WAG ]

 1952WAG Figure IV.22 Variations of D as a function of DFB concentration at different pCH (CTTA = 0.08 M, I = 0.7 M (Na, HClO4), T = 25 °C).

FigureIn

  Figure IV.23 Variations of D0/D-1 as function of DFB concentration (I = 0.7 M (Na, HClO4), T = 25 °C, pCH = 1.5) and associated linear fitting.

Figure

  Figure IV.23 shows an example of calculation of Kcond at pCH = 1.5. According to Equation IV.45, the obtained slope deduced from linear fitting represents the conditional stability

Figure IV. 24

 24 Figure IV.24 Variation of K'cond as function of proton concentration.

Figure IV. 25 and

 25 Figure IV.25 and Figure IV.26 presents the UV-visible absorption spectra of U(IV) at 4.8×10 -3 M and 9.6×10 -3 M with increasing amount of BHA from 0 to 5×10 -2 M and AHA from 0 to 0.8 M, respectively. It can be pointed out that BHA and AHA does not have any absorption in the range from 450 to 700 nm. The variations of the spectra reflect therefore the formation of U(IV)-BHA complex.

Figure

  Figure IV.26 UV-visible absorption spectra of U(IV) at 9.6×10 -3 M with increasing amount of AHA from 0 to 0.8 M in 0.5 M HCl at 25 °C.

Figure IV. 27

 27 Figure IV.27 Correlation of stability constants of Pu(IV), Th(IV) and U(IV) with BHA (left) and AHA (right).

Figure IV. 31

 31 Figure IV.31 presents the variation of U(IV) absorption spectra as function pCH. It can be seen that as the increase of pCH, the absorption tends to be decreasing due to the formation of U(IV)-DFB complex, exhibiting the similar tendency as the system U(IV) with AHA or BHA (Figure IV.26 and Figure IV.25). Increasing either pCH or ligand concentration favor the formation of complex, leading to the decrease of absorption.

Figure IV. 31 3 Figure

 313 Figure IV.31 Variation of U(IV) absorption spectra as a function of pCH (pCH from 1.35 to 0.54, CU = 9.6×10 -3 M, CDFB = 1.1×10 -2 M).

[

  2005EDW] [2010SIM]. By increasing the pH, the shift to lower frequencies is more significant and leads to the exposure of the amide carbonyl bands at 1643 cm -1 and a disappearance of N-H band at 1565 cm -1 . The same behavior has been observed with successive deprotonation of DFB [2005EDW] [2010SIM]. The amide carbonyl bands are not well resolved for the H4DFB + and H3DFB species due to the overlapping with the hydroxamate carbonyl bands. The IR spectra variation of Th-DFB complex at high frequencies is almost same as Eu-DFB complex (Figure IV.19 left).

A. 2

 2 Deprotonation of ligand DFB Since one DFB molecule contains three geometrically different hydroxamate groups (Figure IV.33), the deprotonation process of ligand DFB alone is expected to be known by theoretical calculation. However, the overall energy of the optimized structures of ligand DFB deprotonated at Site 1, 2 and 3 (Figure IV.34) are the same, indicating that they exhibit the same stability. The overall energy of the structure of ligand DFB deprotonated at amine (Figure IV.34) is 0.4 eV higher than those deprotonated at hydroxamate groups. It means that the deprotonation at amine should take place lastly, which is in good agreement with the dissociation constants of DFB that pKa (amine) is larger than pKa (hydroxamate) [2010SIM] [2011CHR] [2013TIR].

Figure IV. 33

 33 Figure IV.33 Optimized structure of ligand DFB.

Figure IV. 34 A. 3

 343 Figure IV.34 Optimized structures of ligand DFB with different deprotonation.

Figure IV. 35

 35 Figure IV.35 Optimized structures of Th with one hydroxamate group at coordination number = 8 (left) and 9 (right).

Figure IV. 36

 36 Figure IV.36 Optimized structures of the complex of Th with one hydroxamate group at Site 1 (first figure), Site 2 (second figure) and Site 3 (third figure).

Figure IV. 37

 37 Figure IV.37 Optimized structure of Th(H2DFB) complex obtained by DFT calculation.

Figure IV. 38

 38 Figure IV.38 Optimized structure of Th(HDFB) complex (three bidendate hydroxamates) obtained by DFT calculations.

Figure IV. 39

 39 Figure IV.39 Optimized structure of Th(HDFB) complex (one bidentate and two monodentate hydroxamates) obtained by DFT calculations.

Figure IV.40 k 3 -

 3 Figure IV.40 k 3 -weighted EXAFS spectra and their corresponding Fourier transform at the Th LIII edge of a solution of Th-DFB at pH = 5. Experimental spectrum (circles) and adjustment (red line).TableIV.17 EXAFS best fit parameters for the Th(IV) and U(IV)-DFB solutions at pH = 5. s0 2 is the EXAFS global amplitude factor and is fixed to 1; ε is the average noise, Δχ 2 is the quality factor and Rf(%) is the agreement factor of the fit.

Figure IV.41 k 3 -

 3 Figure IV.41 k 3 -weighted EXAFS spectra and their corresponding Fourier transform at the U LIII edge of a solution of U(IV)-DFB at pH = 5. Experimental spectrum (circles) and adjustment (red line).

  used are likely to increase sometimes discrepancies. Nevertheless, the protocols used in liquidliquid extraction and UV-Vis absorption spectrophotometry appear to be valid for further studies with trivalent actinides. Concerning Pu(IV), the use of UV-Vis spectrophotometry will require the development of a new method involving a competition with an organic ligand like DTPA. Moreover, performing liquid-liquid extraction experiments with Pu at tracer scale should include a step that ensure that Pu remains at the +IV oxidation state.

Figure A. 5

 5 Figure A. 5 presents the corresponding absorption spectra. Figure A. 6 presents the experimental variations of DFB absorbance at 200, 210 and 220 nm with its concentration and linear fittings. Whatever the wavelength, Beer-Lambert law appears to be valid over the investigated concentration.

Figure A. 6

 6 Figure A. 6 Test of Lambert-Beer Law of DFB at the concentration ranging from 10 -5 to 5×10 -6 M at pH = 4.0 and I = 0.5 M (Na, HClO4) at the wavelength of 200, 210 and 220 nm. The UV absorption of 1×10 -5 M DFB solution at 200 nm was recorded as function of time at the acidity 1 and 0.01 M as shown in Figure A. 7.

  page 102: XANES spectra of U(IV)-DFB and U(VI)-DFB complexes.
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 2 Figure 1a : Acide hydroxamique Figure 1b : Desferrioxamine B

Figure 3 :Figure 5 :MFigure 6 :

 356 Figure 3 : Variations de [D0/D-1] en fonction de la concentration totale de DFB (25°C, I = 0,7 M) et ajustement associé .

Figure 7 :Figure 9 :

 79 Figure 7 : Variations de [D0/D-1] en fonction de la concentration totale de DFB (25°C, I=0,7 M, pCH=1,5) et ajustement associé .

Figure 10 :

 10 Figure 10 : Structure optimisé e du complexe Th(HDFB) avec 3 hydroxamates bidentates obtenue par calculs DFT.
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Table II .1 Electron ground-state configurations of lanthanides and actinides [2000CLA].

 II 

Table II .2 Oxidation states of actinides in aqueous solution (the most common ones are denoted in bold).

 II 

	Actinide			Oxidation state	
	90Th			IV		
	91Pa			IV	V	
	92U		III	IV	V	VI
	93Np		III	IV	V	VI	VII
	94Pu	II	III	IV	V	VI
	95Am	II	III	IV	V	VI
	96Cm		III	IV		
	97Bk		III	IV		
	98Cf		III			
	99Es		III			
	100Fm	II	III			
	101Md	II	III			
	102No	II	III			
	103Lr	II	III			
	In aqueous solution, thorium has only one stable oxidation state, +IV. Uranium can be found in
	+III to +VI oxidation states. The most stable is U(VI) as the linear uranyl ion, UO2 2+ . The
	stability area of U(III) lies outside of the stability limits of water: it is quickly oxidized in U(IV).

Figure II.6 summarizes

  the possible molecular geometries of aqua ions for plutonium at several oxidation states (+III, +IV, +V, +VI and +VII)[2000CLA].

	[2002NEC] [2002ROT] [2007HEN] [2009TOR] [2012KNO]. The distance Th-Ow
	was determined ranging from 2.45 to 2.46 Å at low pH using X-ray absorption spectroscopy.
	By comparing experimental and theoretical XANES spectra calculated considering different
	values of Nw and different coordination polyhedra, Chaboy et al. conclude that Th(IV), U(IV)
	and Np(IV) are surrounded by 9 water molecules that form a tricapped trigonal prism like struc-
	ture b in Figure II.6 [2011CHA]. This is consistent with the experimental data of Hennig et al.
	(U(IV)) [2007HEN] and Antonio et al. (Np(IV)) [2001ANT], but not with Ikeda et al. who
	found Nw = 10 for U(IV) [2009IKE]. The distances An(IV)-Ow were found equal to 2.41, 2.37
	and 2.39 Å respectively for U, Np and Pu, the latter being surrounded by 8 or 9 water molecules
	[1998CON].
	At oxidation states +V and +VI, U, Pu, Np and Am exist as molecular ions. They exhibit a
	linear trans-dioxo bond: the actinyl moiety (An-Oax between 1.75 and 1.82 Å). Due to the steric
	hindrance produced by this bond, only 5 water molecules coordinate the metal in the equatorial
	plane with An-Oeq distance ranging from 2.36 to 2.52 Å [2006SZA] [2010CHO].

.3. The speciation diagrams of Th(IV), Cf(III) and Pu(IV) in non-complexing media using the values in Table II.3 are presented in Figure II.8. For

  

	Th(IV), hydrolysis starts at pH = 1.0, while the first hydrolysis species of Cf(III) is
	observed from pH = 5.5. The hydrolysis of Pu(IV) is much stronger than Th(IV): at pH around
	0.5, the concentrations of Pu 4+ , Pu(OH) 3+ and Pu(OH)2 2+ are almost the same. The validity of
	using Th(IV) as model for Pu(IV) can therefore be limited because of the difference in hydro-
	lytic behavior of Th(IV) and Pu(IV).

Table II .3 Hydrolysis constants of Th(IV), U(IV), Pu(IV), Cf(IV) and Eu(III) at 25 °C.

 II 

	Actinide		β1	β2		β3		β4	Medium	Method Reference
	Cf(III)		-7.8						0.1 M NaClO4	em.	[1989ROS]
	Eu(III)		-7.3						0.7 M NaCl	sol.	[1983CAC]
	Th(IV) a -3.35	-8.6		-14.2 -19.4	1.0 M NaClO4	sol.	[2000EKB]
	U(IV) a		-1.56						0.5 M NH4Cl	sp.	[1975DAV]
	Pu(IV)		-0.45	-1.2		-4.5		-10.8	1.0 M LiClO4	sol.	[1972MET]
	a. Values are selected by OECD to estimate the hydrolysis constants at I = 0 [1992GRE] [2008RAN].
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0.2 0.4 0.6 0.8 1.0 Ratio pH Pu 4+ Pu(OH) 3+ Pu(OH) 2+ 2 Pu(OH) + 3 Pu(OH) 4 Figure II.8 Hydrolysis speciation diagram of mononuclear Th(IV), Cf(III) and Pu(IV) without considering colloid or polymer species.

  

Table II .4 Classification of Bases [1997PEA].

 II 

Table II .5 Dissociation constants of H4DFB + at 25 °C .

 II 

	HnL⇌Hn-1L+H Ka(5-n)=[Hn-1L][H]/[HnL] pKa = -logKa		
	pKa4	pKa3	pKa2	pKa1	I, M	Reference
	10.87	9.57	8.97	8.35 0.1 (NaClO4)	[1996HER]
	10.89	9.55	8.98	8.32	0.1 (KNO3)	[1996HER]
	11.0±0.3	9.7±0.2	9.2±0.1	8.4±0.3	0.1 (NaCl)	[2005DUC]
	10.87	9.54	8.96	8.31	0.1 (KCl)	[1996HER]
	10.79	9.55	8.96	8.32	0.1 (KCl)	[1989EVE]
	10.84±0.01	9.49±0.02	8.96±0.01	8.26±0.03	0.2 (KCl)	[2013TIR]
	10.84±0.03	9.46±0.01	9.00±0.01	8.30±0.01	0.2 (KCl)	[1999FAR]
	10.85±0.01	9.52±0.01	8.96±0.01	8.33±0.01	0.2 (KCl)	[2011SZA]
	10.74±0.09	9.58±0.02	8.93±0.02	8.40±0.01	0.7 (NaCl)	[2011CHR]
	10.89±0.06	9.70±0.02	9.06±0.01	8.54±0.01 0.7 (NaClO4)	[2011CHR]
	10.89±0.02	9.61±0.01	9.05±0.01	8.51±0.01	1.0 (KCl)	[1989BOR]
	10.9±0.1	9.8±0.2	9.2±0.3	8.6±0.4	1.0 (NaCl)	[2010SIM]

Table II .6 Dissociation Constants of Benzohydroxamic Acid (BHA).

 II 

	HL⇌L+H Ka=[L][H]/[HL] pKa = -logKa		
	pKa T, ℃	I, M Method	Reference
	8.54±0.05 22±1	0 (Davies)	sp.	[2007GLO]
	8.79	20	0.1 (NaClO4)	pot.	[1963SCH]
	8.76±0.05 22±1	0.1 (NaClO4)	pot.	[2007GLO]
	8.8	25	0.1 (NaClO4)	pot.	[1975LIU]
	8.757±0.005	25	0.1 (KNO3)	pot.	[1989KOI]
	8.63±0.03	25	0.1 (NaNO3)	pot.	[2007KHA]
	8.07±0.06	25	0.1 (KNO3)	pot.	[2010AKS]
	8.10±0.05	25	0.1 (KNO3)	pot.	[2010AKS]
	8.83±0.01	25	0.1 (NaCl)	pot.	[2011TUR]
	8.71±0.03	25	0.2 (KCl)	pot.	[2000OBR]
	8.65±0.01	25	0.2 (KCl)	pot.	[2005BUG]
	8.69±0.02	25	0.2 (KCl)	pot.	[2011SZA]

Table II .7 Dissociation Constants of Acetohydroxamic Acid (AHA).

 II 

	HL⇌L+H Ka=[L][H]/[HL] pKa = -logKa		
	pKa T, ℃	I, M Method	Reference
	9.35	20	0.1 (NaNO3)	pot.	[1963AND]
	9.37	20	0.1 (NaClO4)	pot.	[1963SCH]
	9.29±0.06	25	0.1 (KNO3)	pot.	[2010AKS]
	9.36±0.01	25	0.1 (NaCl)	pot.	[2011TUR]
	9.328±0.006	25	0.1 (KNO3)	pot.	[1989KOI]
	9.40±0.01	25	0.1 (NaNO3)	pot.	[2007KHA]
	9.27	25	0.2 (KCl)	pot.	[1999FAR]
	9.25±0.01	25	0.2 (KCl)	pot.	[2005BUG]
	9.25±0.01	25	0.2 (KCl)	pot.	[2011SZA]
	9.15	25	1.0 (NaClO4)	sp.	[2011CHU]
	9.018±0.003 22±1	2.0 (NaClO4)	sp.	[2002SIN]
	9.12±0.05	25	2.0 (NaClO4)	pot.	[2007SIN]

Table II

 II 

	Actinide	Ligand	logβ110	logβ120	logβ130	logβ140
	Th(IV) a	BHA	8.97±0.02	17.53		
	Th(IV) b	BHA	9.6	19.81	28.76	
	U(IV) b	BHA	9.89	18	26.32	32.94
	Pu(IV) c	BHA	12.73			
	Actinide	Ligand	logβ110	logβ120	logβ130	logβ140
	Th(IV) a	AHA	10.50±0.03	19.70±0.05		
	Pu(IV) d	AHA	14.30±0.03			
	Pu(IV) e	AHA	14.2±0.2	24.1±0.2	32.2±0.2	

.8 Stability constants of Th(IV), U(IV) and Pu(IV) with BHA. iM+nL+mH⇌MiLnHm βinm=[MiLnHm]/[M] i [L] n [H] m

Table II

 II 

	Actinide	logβ113	logβ112	logβ111	logβ110 logβ11-1 logβ211
	Eu(III) a	35.72	30.91	24.56		
	Th(IV) b	41.99	40.19	37.49	29.69	19.49

.9 Stability constants of Eu(III), Th(IV) and Pu(IV) with DFB. iM+nL+mH⇌MiLnHm βinm=[MiLnHm]/[M] i [L] n [H] m

Pu(IV) c 46.37±0.5 45.76±0.30 44.87±0.9 84.08

  

Table III .1 Applied techniques and studied systems in this work.

 III 

Table III .2 ATR-FTIR samples description.

 III 

Table III .3 Description of EXAFS samples.

 III 

Table IV .1 Conditional stability constants Kcond (Equation IV.3) between Eu(III) and DFB at dif- ferent pCH.

 IV 

	𝛽 𝑇𝑇𝐴,𝑚 =	[𝐸𝑢(𝑇𝑇𝐴) 𝑚 [𝐸𝑢 3+ ][𝐻𝑇𝑇𝐴] 𝑚 (3-𝑚)+ ][𝐻 + ] 𝑚	IV.8
	Complexation with acetate:
	𝐸𝑢 3+ + 𝑖𝐶𝐻 3 𝐶𝑂𝑂𝐻	𝛽 𝑎𝑐𝑒𝑡𝑎𝑡𝑒,𝑖 ↔	𝐸𝑢(𝐶𝐻 3 𝐶𝑂𝑂) 𝑖	(3-𝑖)+ + 𝑖𝐻 +	IV.9
	𝛽 𝑎𝑐𝑒𝑡𝑎𝑡𝑒,𝑖 =	[𝐸𝑢(𝐶𝐻 3 𝐶𝑂𝑂) 𝑖 [𝐸𝑢 3+ ][𝐶𝐻 3 𝐶𝑂𝑂𝐻] 𝑖 (3-𝑖)+ ][𝐻 + ] 𝑖	IV.10
	By definition, the corrected conditional stability constants K'cond correspond to:
	𝐸𝑢 3+ + 𝐷𝐹𝐵	𝐾 𝑐𝑜𝑛𝑑 ′ ↔	𝐸𝑢 -𝐷𝐹𝐵	IV.11
						pCH	Kcond	logKcond
						4.75	192±12	2.28±0.03
						4.60	123±7	2.09±0.03
						4.20	40±3	1.60±0.03
	Hydrolysis:		
	𝐸𝑢 3+ + 𝑛𝐻 2 𝑂	𝛽 𝑂𝐻,𝑛 ↔	𝐸𝑢(𝑂𝐻) 𝑛	(3-𝑛)+ + 𝑛𝐻 +	IV.5
	𝛽 𝑂𝐻,𝑛 =	[𝐸𝑢(𝑂𝐻) 𝑛 [𝐸𝑢 3+ ] (3-𝑛)+ ][𝐻 + ] 𝑛	IV.6
	Complexation with TTA in aqueous phase:
	𝐸𝑢 3+ + 𝑚𝐻𝑇𝑇𝐴	𝛽 𝑇𝑇𝐴,𝑚 ↔	𝐸𝑢(𝑇𝑇𝐴) 𝑚	(3-𝑚)+ + 𝑚𝐻 +	IV.7

The conditional stability constants for the equilibrium (Equation IV.2) has been determined without considering the possible formation of Eu(III) species in aqueous phase, like Eu(OH) 2+ , Eu(CH3COO)

2+ 

or Eu(TTA)

2+ 

. The determination of the corresponding corrected values of Kcond is described below.

C) Determination of corrected conditional stability constant K'cond

Here is to calculate the conditional stability constants taking Eu 3+ as the chemical form of Eu(III). In aqueous phase, apart from DFB, the molecules possibly interacting with Eu 3+ are H2O, TTA and acetate. The corresponding equilibria and associated constants are written from Equation IV.5 to Equation IV.14.

Table IV .2 Corrected conditional stability constants logK'cond (Equation IV.12) between Eu 3+ and DFB at different pCH and comparison with logKcond (Equation IV.3).

 IV 

	pCH	logKcond	logK'cond
	4.75	2.28±0.03	2.5±0.1
	4.6	2.09±0.03	2.2±0.1
	4.2	1.60±0.03	1.7±0.1

cond pC H Slope = 1.4  0.1 R 2 = 0.99 Figure IV.5 Variations of logK'cond as function of pCH.

  

	𝐾 𝑐𝑜𝑛𝑑 ′	= 𝐾 1 /[𝐻 + ] + 𝐾 2 /[𝐻 + ] 2				IV.25
	According to least-square fitting, the values of logβ113 and logβ112 were obtained and shown in
		2,8			
			Experimental values		
		2,6	Linear fitting		
		2,4			
		2,2			
	4,0 1,4 1,6 1,8 2,0 ↔ 𝐸𝑢(𝐻 3 𝐷𝐹𝐵) 3+ + 𝐻 + 4,2 4,4 logK' 𝐸𝑢 3+ + 𝐻 4 𝐷𝐹𝐵 + 𝐾 1	4,6	4,8	5,0	IV.21
	with 𝐾 1 = [𝐸𝑢(𝐻 3 𝐷𝐹𝐵) 3+ ][𝐻 + ] [𝐸𝑢 3+ ][𝐻 4 𝐷𝐹𝐵 + ] ⁄		IV.22
	𝐸𝑢 3+ + 𝐻 4 𝐷𝐹𝐵 + 𝐾 2 ↔ 𝐸𝑢(𝐻 2 𝐷𝐹𝐵) 2+ + 2𝐻 +			IV.23
	with 𝐾 2 = [𝐸𝑢(𝐻 2 𝐷𝐹𝐵) 2+ ][𝐻 + ] 2 [𝐸𝑢 3+ ][𝐻 4 𝐷𝐹𝐵 + ] ⁄		IV.24
	Thus,				

Table IV . 3 .

 IV3 The obtained stability constants are also compared with the literature data. It can be seen that the obtained values are in good agreement with the literature data. But with con-

	sidering the constants determined from just three experimental points at pCH = 4.2, 4.6 and 4.75,
	a relatively large error (0.2) is associated to the constants. The experiments at more pCH values
	are needed to be performed in order to verify and accurate the formation constants. According
	to the current results, this protocol appears promising for an application to the study of the
	complexation of trivalent actinides with DFB.

Table IV .3 Obtained and published stability constants of Eu(H3DFB) 3+ and Eu(H2DFB) 2+ .

 IV 

	iM+nL+mH⇌MiLnHm βinm=[MiLnHm]/[M] i [L] n [H] m			
	a logβ113	b logβ112	Condition	CEu(III)	Method	Reference
	35.4±0.2	30.9±0.2	25 °C 0.7M (Na, HClO4)	7×10 -7 M	sol.	this work
	35.72±0.06 30.91±0.06	25 °C 0.7M (Na, HClO4)	0.04 M	pot.	[2011CHR]
	a. logβ113=logK1+pKa1+pKa2+pKa3+pKa4			
	b. logβ112=logK2+pKa1+pKa2+pKa3+pKa4			
	pKa1 = 8.54±0.01 pKa2= 9.06±0.01 pKa3= 9.70±0.02 pKa4= 10.89±0.06 [2011CHR]	

Table IV .4 Obtained and published stability constants of Ln(H3DFB) 3+ and Ln(H2DFB) 2+ for Eu(III) and Pr(III).

 IV 

	iM+nL+mH⇌MiLnHm βinm=[MiLnHm]/[M] i [L] n [H] m			
	Actinide Ligand	logβ113	logβ112	Condition b Method Reference
	Eu(III) DFB a	35.6±0.1	31.5±0.1	20 °C	sp.	this work
	Eu(III) DFB	35.72±0.06 30.91±0.06	25 °C	pot.	[2011CHR]
	Pr(III) DFB a	35.1±0.1	29.9±0.1	20 °C	sp.	this work
	Pr(III)	DFB	35.10	29.55	25 °C	pot.	[2011CHR]

DFB 2+ PrH 3 DFB 3+ Figure IV.12 Molar absorbance of Eu 3+ , EuH3DFB 3+ and EuH2DFB 2+ . Figure IV.13 Molar absorbance of Pr 3+ , PrH3DFB 3+ and PrH2DFB 2+ .

  

			3	Eu 3+			10							Pr 3+
	Molar absorbance	Molar absorbance	350 0 1 2	Wavelength, nm Eu 3+	400	Molar absorbance	4 6 8							PrH 2
					EuH 2 DFB 2+								
					EuH 3 DFB 3+		2						
	400		450	500	550	600		0	430	440	450	460	470	480	490	500
		Wavelength, nm							Wavelength, nm	
						66								

Table IV .5 Obtained and published stability constants of Ln(H3DFB) 3+ for La(III) and Lu(III).

 IV .5. In order to compare with literature data[2011CHR], the complexation equilibrium constant β113 (Equation IV.33)

	was calculated using Equation IV.35.			
	𝑙𝑜𝑔𝛽 113 = 𝑙𝑜𝑔𝐾 1 + 𝑝𝐾 𝑎1 + 𝑝𝐾 𝑎2 + 𝑝𝐾 𝑎3 + 𝑝𝐾 𝑎4		IV.35
	Lanthanides	La(III)		Lu(III)	
	μH4DFB , m 2 /Vs	0.849	-	0.835	-
	μMH3DFB, m 2 /Vs	2.11	-	2.32	-
	K1	0.07±0.01	-	0.06±0.01	-
	logβ113	36.5±0.1	34.13	36.4±0.1	35.73
	T, °C	25	25	25	25
	I, M	0.1	0.7	0.1	0.7
	Method	ACE.	pot.	ACE.	pot.

Table IV .6 Frequencies and assignments of the major bands in the IR spectra of H4DFB + at pH = 3 and Eu-DFB complex at pH = 9.1.

 IV 

	H4DFB +	Frequency	Eu-DFB	Assignment
	3308		-	ν N-H (amide)
	3100		-	ν O-H (hydroxamate)
	2930		2933	ν CH2 asymmetrical
	2856		2864	ν CH2 symmetrical
	n.r.		1638	ν C=O (amide)
	1565		-	δ N-H, ρ C-N-H (amide)
	1458		-	δ C-H (CH3)
	1396		-	δ N-OH, δ O-H
	1620		1589	ν C=O (hydroxamate)

Table IV .8 Conditional stability constants Kcond relative to the formation of Th-DFB at different pCH.

 IV 

	pCH	Kcond	logKcond
	0.7	2027±186	3.31±0.04
	1.0	5309±521	3.72±0.04
	1.5	12320±1116	4.11±0.04
	2.3	3821±356	3.58±0.04

Table IV .9 Obtained conditional stability constants K'cond (Equation IV.47) between Th 4+ and DFB at different pCH and comparison with Kcond (Equation IV.44).

 IV 

	pCH	logKcond	logK'cond
	0.7	3.31±0.04	3.3±0.1
	1.0	3.72±0.04	3.8±0.1
	1.5	4.11±0.04	4.3±0.1
	2.3	3.58±0.04	4.2±0.1

Table IV .10 Obtained and published apparent stability constants of Th(H3DFB) 4+ and Th(H2DFB) 3+ .

 IV 

	iM+nL+mH⇌MiLnHm βinm=[MiLnHm]/[M] i [L] n [H] m			
	a logβ113	b logβ112	Condition	CTh(IV)	Method	Reference
	40.9±0.2	38.2±0.2	25 °C 0.7 M (Na, HClO4)	10 -12 M	sol.	this work
	42.0±0.1	40.2±0.1	25 °C 0.1 M (KCl)	1.25×10 -3 M	pot.	[1996WHI]
	a. logβ113=logK1+pKa1+pKa2+pKa3+pKa4			
	b. logβ112=logK2+pKa1+pKa2+pKa3+pKa4			
	pKa1 = 8.54±0.01 pKa2= 9.06±0.01 pKa3= 9.70±0.02 pKa4= 10.89±0.06 [2011CHR]	

Table IV .11 Stability constants β110 of An IV L 3+ (EquationIV.63) and β120 of An IV (L)2 2+ (Equation IV.65).

 IV 

Table IV .13 Geometrical parameters associated with Figure IV.36 obtained by DFT calculations.

 IV 

	Distance	Th(H3DFB) Site 1, Å Site 2, Å Site3, Å
	Th-O1 (H2O)	2.57	2.59	2.58
	Th-O2 (H2O)	2.60	2.64	2.64
	Th-O3 (H2O)	2.69	2.69	2.69
	Th-O4 (H2O)	2.95	2.84	2.83
	Th-O5 (H2O)	2.86	2.64	2.86
	Th-O6 (H2O)	2.59	2.62	2.64
	Average Th-O (H2O)	2.71	2.67	2.71
	Th-O7N	2.27	2.26	2.26
	Th-O8C	2.40	2.38	2.37
	Average Th-O (hy-droxamate)	2.33	2.32	2.31
	are increased. For instant, at Site 1, the distances of Th-O5N (2.28 Å) and Th-O6C (2.45 Å) in
	the complexation with two bidentate hydroxamate groups are larger than those (2.27 Å and 2.40
	Å) in the complexation with only one bidentate hydroxamate groups. It is led by the steric effect
	in the complexation with two bidentate hydroxamate groups.	

A.5 Stability investigation of the complex Th(H2DFB)

All the possibility of the complex of Th coordinated with two hydroxamate groups (bidentate) were investigated. The most stable Th(H2DFB) complex is formed by binding to two bidentate hydroxamate groups at Site 1 and Site 2. The optimized structure of the most stable Th(H2DFB) complex is presented in Figure IV.37 and the associated geometrical parameters are summarized in Table

IV

.14. It can be seen that the distances of Th-O (hydroxamate) for the same site

Table IV .14 Geometrical parameters associated with Figure IV.37 obtained by DFT calculations. Distance Th(H2DFB) Distance Th(H2DFB) Site 1 and Site 2, Å Site 1 and Site 2, Å

 IV 

	Th-O1 (H2O)	2.64	Th-O5N (Site 1)	2.28
	Th-O2 (H2O)	2.79	Th-O6C (Site 1)	2.45
	Th-O3 (H2O)	2.91	Th-O7N (Site 2)	2.35
	Th-O4 (H2O)	2.77	Th-O8C (Site 2)	2.43
	Average Th-O (H2O)	2.78	Average Th-O (hy-droxamate)	2.38

A.6 Stability investigation of the complex Th(HDFB)

  The optimized structure of the most stable Th(HDFB) complex where Th is coordinated with three hydroxamate groups (bidentate) is presented in Figure IV.38 and the associated geometrical parameters are summarized in TableIV.15. It can be seen that the average distance of Th-

	O (2.43 Å) (hydroxamate) in the complexation with three bidentate hydroxamate groups is
	larger than that (2.38 Å) in the complexation with two bidentate hydroxamate gourps. Thus, the
	distances are further increased due to the increasing steric constraint in the complexation with
	three bidentate sites.

Table IV .15 Geometrical parameters associated with Figure IV.38 obtained by DFT calculations. Distance Th(HDFB) Site 1 Site 2 and Site 3 (bidentate)

 IV 

	Th-O1 (H2O)	2.73
	Th-O2 (H2O)	2.65
	Average Th-O (H2O)	2.69

Th-O3N (Site 1) 2.37 Th-O4C (Site 1) 2.51 Th-O5N (Site 2) 2.37

  

	Th-O6C (Site 2)	2.46
	Th-O7N (Site 3)	2.36
	Th-O8C (Site 3)	2.49
	Average Th-O (hydroxamate)	2.43
	The complex structure of Th coordinated with three hydroxamate groups (monodentate and
	bidentate) was also studied by DFB calculation. The optimized structure of the most stable
	Th(HDFB) complex is presented in Figure IV.39 and the associated geometrical parameters

are summarized in Table

IV

.16. The distances of Th-O5N (2.26 Å) and Th-O8N (2.22 Å) at monodentate sites (Site 1 and Site 3) are shorter than Th-O6N (2.36 Å) at bidentate Site 2, indicating a higher coordination potential with monodentate sites. However, according to the EXAFS results, the use of monodentate coordination fashion did not allowed to obtain a better fit.

Table IV .16 Geometrical parameters associated with Figure IV.39 obtained by DFT calculations. Distance Th(HDFB) Distance Th(HDFB) Site 1 and Site 3 (monondentate) Site 2 (bidentate) Site 1 and Site 3 (monondentate) Site 2 (bidentate) Th-O1 (H2O) 2.78 Th-O5N (Site 1) 2.26 Th-O2 (H2O) 2.70 Th-O6N (Site 2) 2.36 Th-O3 (H2O) 2.70 Th-O7C (Site 2)

 IV 

				2.44
	Th-O4 (H2O)	2.71	Th-O8N (Site 3)	2.22
	Average Th-O (H2O)	2.72	Average Th-O (hy-droxamate)	2.32
	B) Complexation of Th(IV) and U(IV) with DFB studied by EXAFS	
	According to the speciation diagram (Figure II.16) plotted using literature data [1996WHI],

Table IV .18 Formation constants obtained in this work and available in the literatures.

 IV 

	iM+nL+mH⇌MiLnHm βinm=[MiLnHm]/[M] i [L] n [H] m

Actinide Ligand logβ110 logβ120 Condition e Method Reference 227 Th(IV) DFB a 40.9±0.1 38.2±0.1 0.7 M (Na, HClO4) LLE this work Th(IV) DFB a 42.0±0.1 40.2±0.1 0.1 M (KCl) pot

  

					.	[1996WHI]
	U(IV)	BHA b	11.0±0.1	0.5 M (HCl)	sp.	this work
	U(IV)	BHA c	11.8±0.1	0.5 M (HCl)	sp.	this work
	U(IV)	AHA d	12.0±0.1 21.1±0.1	0.5 M (HCl)	sp.	this work
	a. Calculated with pKa1 = 8.54±0.01 pKa2= 9.06±0.01 pKa3= 9.70±0.02 pKa4= 10.89±0.06 [2011CHR]
	b. Calculated with pKa (BHA) = 8.07±0.06 [2010AKS]			
	c. Calculated with pKa (BHA) = 8.83±0.01 [2011TUR]			

Table V .1 Obtained formation constants between trivalent lanthanides and DFB iM+nL+mH⇌MiLnHm

 V βinm=[MiLnHm]/[M] i [L] n [H] m

	Actinide Ligand	logβ113	logβ112	Condition b Method	Reference
	152 Eu(III)	DFB a	35.4±0.2	30.9±0.2	25 °C	LLE	this work
	Eu(III)	DFB a	35.6±0.1	31.5±0.1	20 °C	sp.	this work
	Eu(III)	DFB a	35.72±0.06 30.91±0.06	25 °C	pot.	[2011CHR]
	Pr(III)	DFB a	35.1±0.1	29.9±0.1	20 °C	sp.	this work
	Pr(III)	DFB a	35.10	29.55	25 °C	pot.	[2011CHR]
	Actinide Ligand	logβ113	logβ112	Condition	Method	Reference
	227 Th(IV)	DFB a	40.9±0.1	38.2±0.1	25 °C 0.7 M (Na,HClO4)	LLE	this work
	Th(IV)	DFB a	42.0±0.1	40.2±0.1	25 °C 0.1 M (KCl)	pot.	[1996WHI]
	Actinide Ligand	logβ110	logβ120	Condition f Method	reference
	U(IV)	BHA c	11.0±0.1		0.5 M (HCl)	sp.	this work
	U(IV) BHA d	11.8±0.1		0.5 M (HCl)	sp.	this work
	U(IV)	AHA e	12.0±0.1	21.1±0.1 0.5 M (HCl)	sp.	this work
	a. Calculated with pKa1 = 8.54±0.01 pKa2= 9.06±0.01 pKa3= 9.70±0.02 pKa4= 10.89±0.06 [2011CHR]

Table A . 1 UV absorbance of 2×10 -5 M DFB solution (pCH = 0.7) at 200, 210 and 220 nm as func- tion of time.

 A 

	Time, min	200nm	Degra-dation	Absorbance 210nm Degra-dation	220nm	Degra-dation
	0	0.5268	0.00%	0.3280	0.00%	0.1451	0.00%
	30	0.5195	1.39%	0.3226	1.65%	0.1422	2.00%
	60	0.5165	1.96%	0.3194	2.62%	0.1419	2.21%
	90	0.5137	2.49%	0.3160	3.66%	0.1411	2.76%
	120	0.5125	2.71%	0.3136	4.39%	0.1410	2.83%
	150	0.5090	3.38%	0.3126	4.70%	0.1400	3.51%
	180	0.5043	4.27%	0.3098	5.55%	0.1393	4.00%
	210	0.5033	4.46%	0.3085	5.95%	0.1369	5.65%
	240	0.4963	5.79%	0.3073	6.31%	0.1369	5.65%
	Supplementary figure for page 102:				

Microbial siderophores like DFB are strong chelating agents that are likely to influence the mobility of actinides (IV) in the environment, otherwise rather characterized by their insolubility. Studying such systems remains challenging since on one hand, hydroxamates are not stable in acidic media, and on the other hand, An(IV) exhibit a strong tendency towards hydrolysis leading to polymers and colloids formation. Further thermodynamic studies should be performed at higher pH than in the present work. For that purpose, new experimental protocols have to be developed.

Appendix

Appendix A: Preparation of solutions

1) HClO4 solution

A stock solution of perchloric acid (~3M) was prepared by dilution of concentrated perchloric acid (70%, ACS Reagent, Sigma-Aldrich). Its concentration was determined by acid-base titration with fresh standard solution of 0.1 M NaOH.

2) NaClO4 solution

The stock solution of sodium perchlorate was prepared by dissolution of the monohydrate salt NaClO4• H2O (≥ 99%, Fluka) in deionized water. The resulting solution was filtered on Millipore Stericup Unit (0.2 µm). Its concentration was determined by gravimetry on 3 samples. The error associated to the NaClO4 concentration was derived from the mean value of the 3 weighted masses of the monohydrate salt obtained after drying of 500 µL of the stock solution.

3) TTA (2-Thenoyltrifluoroacetone) solution

The commercial TTA product (99%, Sigma-Aldrich) was contacted with deionized water for 7 days in order to get TTA in the hydrated form [1951KIN]. The hydrated TTA (P.M. 240.2 g/mol)

was recrystallized twice from diethyl ether [2003JAU]. The so-purified TTA was stored in a glass bottle in a fridge at 8°C. The organic phases (TTA dissolved in toluene -Analytical Reagent Grade, Fisher Chemical) were prepared just prior to use.

4) Ligand (AHA, BHA and DFB) solution

Acetohydroxamic acid (>98%, Sigma-Aldrich) and benzohydroxamic acid (> 98%, Alfa Aesar) solutions have been prepared by solubilization of each reagent in electrolyte.

Desferriooxamine mesylate (>98.7%, Apollo Scientific) have been prepared in ionized water or in electrolyte.

5) Stable lanthanide (La, Pr, Eu, Lu) solution

The stock solutions were prepared in deionized water or in electrolyte by dissolution of the salt of La(NO3)3• 6H2O, Pr(NO3)3• 5H2O, Eu(NO3)3• 5H2O and Lu(NO3)3• 5H2O (>99%, ACS Reagent, Sigma-Aldrich), respectively.

6) Isotope 152 Eu solution

The commercial solution of 152 Eu (CERCA-LEA) is packaged in HCl in a sealed ampoule. In a glove box, the whole solution has been evaporated and the residue taken up in 0.1 M HClO4.

At the time of its use, the 152 Eu concentration was 7×10 -7 M. Just prior to liquid-liquid extraction experiments, a few µL of this stock solution was evaporated in a PTFE crucible and taken up with 1300 µL of HClO4 solution which concentration corresponds to the pCH value under study.

This fresh solution was distributed over the twenty samples used for extraction and three reference for mass balance.

7) Organic and aqueous solutions for liquid-liquid extraction

Experiments of 152 Eu(III)-DFB:

Organic phase: Toluene was used as the diluent and was pre-equilibrated with the electrolyte for two days. The TTA stock solution was prepared by dissolution of TTA hydrate in pre-equilibrated toluene and was filtered on WHATMAN filter (grade 3). Experiments were performed in glass vials covered by galxyl-parylene (Comelec).

Appendix B: Influence of γ-ray energy for counting

The self-absorption (gamma-ray) is related to sample size, shape, density, chemical composition and emitted photon energy. In this work, 0.5 ml of aqueous solution or organic phase (TTA in toluene) is measured with identical geometry by gamma-spectroscopy. It can be seen that the distribution values (D0) are almost constant with the increase of counting energy, indicating that the energy for counting in this work does not impact the distribution value.

Appendix C: Determination of proton concentration

The measurements of the proton concentration were carried out by a conventional assembly:

pH-meter and a glass electrode combined with a reference Ag/AgCl with saturated 3M NaCl solution. However, the ionic strength of the studied solutions was different from commercial buffer solutions. Thus, a range of buffer solution was prepared by mixing the stock solution of NaClO4 and HClO4, in order to obtain the solutions at I = 0.7 M (Na, HClO4) with known proton concentrations (CH = 0.1, 0.01 and 0.001 M). The potential (ΔE) was measured for each solution, allowing plotting a calibration line. Thus, the value of pCH can be calculated by measuring ΔE of the solution according to the calibration line [2012LEG].

Appendix D: Back and direct extraction of Th(IV)

At first, the equilibrium time between TTA solution (CTTA = 0.08 M) charged by 227 Like other An(IV), Th(IV) exhibits a strong tendency to hydrolysis that favors the formation of oligomer and colloids. The condensation of hydrolyzed actinides can impact liquid-liquid extraction experiments [1963BRO]. If the distribution coefficients in both direct and back extraction are not equal, it means the inextractable poly-nuclear complex indeed exists in the aquatic system [1965TAK]. mL organic phase ( 227 Th and 0.08 M TTA in toluene) was contacted with 2 mL aqueous phase.

After reaching equilibrium, 1 mL of each phase was taken to contact with 1 mL fresh aqueous phase and organic phase, respectively. 

Appendix E: Study of DFB Stability

In order to avoid the hydrolysis of tetravalent actinides, the solutions have been prepared in acidic media. But DFB and hydroxamic acid are not stable [1959PLA]. The degradation of DFB was studied in acidic media by UV-visible spectrophotometry.

First, the validity of Beer-Lambert law relative to DFB was checked: absorption spectra have been registered at ambient temperature, pH = 4.0, I = 0.5 M with 10 -5 M ≤ CDFB ≤ 5×10 -6 M. b. calculé avec pKa(BHA)=8,07±0,06 [START_REF] Aksoy | Study of the interaction between chromium(III) and hydroxamic acids[END_REF] c. calculé avec pKa(BHA)=8,83±0,01 [START_REF] Turkel | Stability of Metal Chelates of Some Hydroxamic Acid Ligands[END_REF] d. calculé avec pKa(AHA)=9,15 [START_REF] Chung | Complexation of U(VI), Ce(III) and Nd(III) with acetohydroxamic acid in perchlorate aqueous solution[END_REF] Une é tude structurale du complexe Th-DFB a é té conduite par spectroscopie infrarouge en