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Kinetics of the Dissolution of Magnetite in Thioglycolic Acid Solutions t 
By Erwin Baumgartner, Miguel  A. Blesa," and Alberto J. G. Maroto, Departamento Quimica de Reactores, 

Comisi6n Nacional de Energla Atbmica, Buenos Aires, Argentina 

The kinetics of the dissolution of magnetite by thioglycolic acid (mercaptoacetic acid) have been studied at dif- 
ferent acid concentrations and specific surface areas, and as a function of pH and temperature. The experimental 
evidence points to the overall rate of reaction depending on the instantaneous surface area of the magnetite particles 
and that the probable reaction mechanism is the decomposition of the species formed by the interaction of thiogly- 
colate anion with the protonated OH groups located on the surface of the magnetite particles. This mechanism 
explains the sharp maximum in the dissolution rate constant obtained at pH ca. 4.5, as it takes into account two 
phenomena which are sensitive to pH in opposite directions, the increase in thioglycolate anion concentration 
as the pH is increased and the increase in the amount of protonated superficial OH groups as the pH is lowered. 
The activation enthalpy for this reaction was found to be 15.5 kJ mol- l. 

MAGNETITE, Fe304, is usually found in the oxide layers 
grown on carbon steel under hydrothermal conditions,l 
in a relatively reducing environment.2 It is also found 
on stainless  steel^,^ although in this case nickel ferrite, 
Ni,Feh04 (x 6 1) is often the most important phase. 

Removal of the oxide layer from the base metal may 
become necessary, for instance, for the oxide layers 
containing radionuclides such as '%o formed 4-7 in 
nuclear reactors. I t  can be dissolved using two types of 
reactions of magnetite: 2 9 4 , 8 9 9  (i) by using strong reduc- 
tants, such as H, or V I I  complexes,s or (ii) acid dissolution 
assisted by complexation of the iron@) and/or iron(m) 
ions released using mixtures of polycarboxylic acids, such 
as ethylenediaminetetra-acetic acid (H,edta), nitrilo- 
triacetic acid (H,nta), oxalic, and citric acids. Under 
actual decontamination conditions, the reaction may be 
controlled by the mass-transfer stage, especially when 
diluted reagents are used,1° but the chemical or physico- 
chemical interactions are limiting in many instances. 
For example, in the interaction of H,edta with iron(II1) 
oxides,ll adsorption and dissolution can be observed as 
different phenomena taking place at different pH's. 
For the magnetite-H4edta interaction, it is more difficult 
to separate both phenomena.l2.l3 

Thioglycolate (mercaptoacetate) is a very strong com- 
plexing ion for iron, especially in alkali media. I t  com- 
plexes both iron(@ and iron(I1r) ions 14-16 and reduces 
the latter by intramolecular electron transfer with form- 
ation of disulphide, -02CCH2SSCH2C0,-, as it has been 
demonstrated in homogeneous media.l5* l6 The reaction 
for the dissolution of magnetite by thioglycolic acid 
(mercaptoacetic acid) in deaerated solutions is represen- 
ted by equation (I).15 In the presence of dissolved 

Fe30, + 5 HSCH2C02H -+ 3 Fe(SCH,CO,) + 

oxygen a dynamic interconversion FeII Fell1 is 
established, which is the basis of the colorimetric 
determination of total iron by thioglycolic acid.lP.l6 

In this paper we present a kinetic study of the dissolu- 
tion of magnetite by thioglycolic acid. Apart from their 

H0,CCH2SSCH2C02H + 4 H20 (I)  

t Presented in part at the 7th Scientific Meeting of the 
Argentine Nuclear Technology Association, Mendoza, 1978. 

practica.1 importance, the results also suggest some gen- 
eral considerations which should be applicable to the dis- 
solution of other oxides by acid solutions containing 
complexing ions. 

EXPERIMENTAL 

The reagents employed were all of analytical purity or 
better, and were used as provided. Magnetite was pre- 
pared as described in a previous paper," by reaction of 
potassium nitrate with a slurry of iron(r1) hydroxide in the 
presence of hydrazine. It was characterized by its powder 
X-ray diff ractograni, Mossbauer spectroscopy,'*, l9 and 
scanning electron microscopy (s.e.m.). Except for the 
kinetic runs where the influence of specific surface area was 
investigated, a magnetite sample having an average particle 
diameter of 0 . 1 7  pm was used; its specific surface area, 
as obtained by nitrogen adsorption and Brunauer, Emmett, 
and Teller procedure, was 10 m2 8-l. Special care was taken 
in determining stoicheiometry and purity through Mossbauer 
spectroscopy and ~ . e . m . ~ ~ * ~ ~ * ~ ~  

Kinetic experiments were performed in a cylindrical 
beaker provided with a water jacket and stirred magnetically. 
Magnetite (20 mg) was suspended in doubly distilled water 
in an ultrasonic bath. Thermostatted solutions of thio- 
glycolic acid and sodium hydroxide (enough to obtain the 
desired pH) were added. Periodical sampling was per- 
formed by means of a syringe; these samples were poured 
into a large volume of water containing thioglycolic acid 
and ammonia in excess. This solution was filtered through 
a Nuclepore membrane (pore size 0.45 pm) and the absorb- 
ance of the red complex a t  530 nm was measured with a 
Shimadzu UV-2 10 A spectrophotometer. The amount of 
dissolved iron was then calculated from the calibration 
curve [E = (3.86 & 0.01) x lo2 in2 ~nol -~] .  

RESULTS A N D  DISCUSSION 

The results obtained are shown in I'igures 1 and 2 in 
the form of dissolved iron fraction, f (amount of dis- 
solved iron divided by total iron). Figure 1 shows a 
series of curves off as a function of time at different pH 
values, at 30 "C. Figure 2 shows a series of curves of 
f a s  a function of time at different temperatures, at pH = 
4.0. 

The values plotted correspond to stirring rates above a 
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certain threshold value (around 250 r.p.m.) ; below this 
value, the rate of reaction increased as the stirring rate 
increased. We concentrated on the region where mass 
transfer is certainly not rate determining, i.e. at the 
higher stirring rate. I t  should be noted that below the 
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FIGURE 1 Dissolved iron fraction cf)  as a function of time 
( t )  at pH 2.08 (u), 2.69 (0 ) )  3.46 (O), 4.60 (a), 5.22 ( x ) ,  
and 6.02 (A). [HSCH,CO,H] = 0.735 mol dm-3; temperature 
(T) = 30 "C 

threshold stirring rate, mass transfer is not necessarily 
rate determining, as surface reactions and mass transfer 
to bu€k may be coupled phenomena.21 

In Figure 3 the values of Figure 1 are plotted in the 
form 1 - (1 -f)* versus time.22 The plots obtained are 
linear, a t  least up to a dissolved iron fraction of 0.7. 
This indicates that the overall reaction is proportional to 
the instantaneous surface area S, as shown in equations 
(1)-(6), for a spherical particle of instantaneous mass m. 
Using the expression (2) equation (3) is obtained, which 
on integration gives equation (4). For nN-\ identical 

t/min 
FIGURE 2 Dissolved iron fraction (f') as a function of time a t  

different temperatures: T = 80 (m), 70 (o), 50 (a), 40 (a), 
and 30 "C (A) .  [HSCH,CO,H] = 0.524 mol dm-3; pH 4.0 

- dm/dt = k,S = 4xksr2 (1) 
m = (4xp7.3)/3 (2) 
- dr/dt = k,p-' (3) 
Yo - r = ksp-lt (4) 

spherical particles, which will have a mass M = nN-km, 
equation (5 )  may be obtained. Substituting f = 1 - 
M / M ,  gives equation (6), valid for a fixed initial magne- 

II(4xnNLzp)/3]* (ro - r )  = M,* - M i  = k't (5) 

tite mass, M,. According to  this derivation, the validity 
of the well known equation (6) rests upon the basic 
assumption of N identical spherical particles, in which 
geometrical and specific surface areas are equal. The 
magnetite employed in this study was polydisperse ; 
this does not, however, affect the validity of equation 
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PIGURE 3 1 - (1 - f ) A  as a function of t at pH 2.08 (u), 2.69 

(01, 3.46 ( O ) ,  4.60 (m), 5.22 ( x ) ,  and 6.02 (A). [HSCH,- 
CO,H] = 0.735 mol dm-3; T = 30 "C 

(6), as it has been shown 23 that in the case of the dissolu- 
tion of hematite the width of the particle size distribu- 
tion curve does not significantly change the amount 
reacted versus time profile. 

Rate constants k were obtained, according to equation 
(6), by least-squares analysis of the linear portion of the 
plots of 1 - (1 - j )*  verszcs time. 

Additional experiments were carried out on magne- 
tite samples of different particle sizes. The rate con- 
stant for the dissolution of magnetite depends linearly on 
the specific surface area of the oxide, obtained by gas 
adsorption, as shown in Figure 4 ,  thus confirming the 
assumption used in the derivation of equation (6). 
Actually, the geometrical model used for this derivation 
predicts a linear relationship between the rate constant 
and the geometrical surface area, instead of the specific 
surface area, but s.e.m. pictures demonstrated that the 
materials employed in this study were highly crystalline, 
and that geometrical and specific surface areas, although 
not equal, were close and proportional to each other. 

The influence of the concentration of thioglycolic acid 
on the rate constant k is shown in Figure 5 .  As k is 
proportional to the dissolution rate per unit surface area 
[see equation (6)], its dependence on the concentration 
of thioglycolic acid (practically equal to its equilibrium 
concentration, since the amount adsorbed on magnetite 
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171GuRE 4 Dissolution rate constant k of magnetite as a function 
[HSCH,CO,H] = of the specific surface area of the oxide. 

0.147 mol dm-3; T = 30 "C; pH 2.5 

particles is negligible) can be interpreted as arising 
from a fast adsorption equilibrium, governed by a 
Langmuir type adsorption isotherm, preceding the rate- 
determining step; this is a well known fact in hetero- 
geneous kinet ~ c s . ~ *  

The rate constant of the dissolution is highly depen- 
dent upon the pH of the solution. A sharp maximum in 
rate is achieved at  pH ca. 4.5, as shown in Figure 6. 

The sharp maximum is the result of a mechanism 
involving two phenomena which are sensitive to pH in 
opposite directions. The increase in the rate as the pH 
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Influence of concentration of thioglycolic acid on FIGURE 5 
the dissolution rate constant k of magnetite at 30 "C 

is lowered can be ascribed either to  the changes in the 
charge density of the surfaces or to the role played by 
hydrogen ions in the reactions, whilst the decrease at  
higher H+ concentration points towards the role of 
thioglycolate anion in the dissolution mechanism. 

The variation of surface charge density (oo) and the 
potential (<) of magnetite with pH are presented in 
Figure 7.  These data are taken from previous ~ o r k . ~ S  
The evidence from Figure 7 shows that the fraction of 
protonated sites, FeOH,+, increases notably with lower- 
ing pH <5, even though the t: values do not change 
much. Associated sites of the type FeOH,+ - - L- are 
even more i m p ~ r t a n t . , ~  The adsorption of thioglycolate 
ions (L-) certainly changes the electrical balance in the 
double layer,12J3 but experimental data on the system 
cannot be given because of the changing nature of the 
interface during the course of the reaction. However, 
from the apparent affinity of thioglycolic acid shown in 
Figure 5 (and assuming the anion to be the adsorbate, 
see below), and using interface parameters for the 
Fe,O,-H,O system in the absence of thioglycolic acid, the 
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PH 

FIGURE 6 Influence of pH on the dissolution rate constant k of magnetite at 30 "C. [HSCH,CO,H] = 0.736 mol dm-a 
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simplified Scheme A oi reaction can be written, where 
FeOH represents OH groups on the surface of hydrated 
magnetite particles and where FeOH,+L- represents a 

FeOH,+ .--.LFeOH + H+ Ka, (11) 
FeOH @ FeO- + H+ Ka, (111) 
HL *L- + H+ Ka, (IV) 
FeOH,+ + L- FeOH,+L- Kads. (v) 
FeOH,+L- 
Rate = RV~[FeOH,+L-] 

products [Fe", F F ,  (HO,CCH,S),] (VI) 

= &I Kads.[FeOH~+][L-] (7)  
SCHEME A 

species containing a thioglycolate anion in the inner 
Helmholtz  lane.,^,^' In the interaction described by 
equilibrium (V), there is an important electrostatic 
contribution, but additional specific (chemical) inter- 
actions cannot be ruled out for a complex anion such as 
t hiogl y c ola t e . 

Equilibrium (111) has been included in this Scheme for 
the sake of completeness, but under our conditions it has 
no practical significance, since no kinetic experiments 
were performed above pH 6, and only above pH ca. 6.8 
(point of zero charge) the surface becomes negatively 
charged (see Figure 7 ) .  

10 11 

FIGURE 7 Surface charge density cro (a) at ionic strength 
(0) of magnetite as a function 0.1 mol dm-3 and potential 

of pH. T = 30 "C 

Reaction (11) has been assumed to be fast. This is 
in agreement with previous findings, both in our labora- 
tories and by de Bruyn and co-workers28 and by 
Breeuw~ma.~~  In particular, Breeuwsma has shown 
that surface acid-base equilibria are established rapidly, 
whilst bulk diffusion in the solid phase gives rise to 
further, much slower changes. This is the basis of the 
fast titration technique now currently employed, which 
has been applied to the present system, the findings 
confirming the assumption made above. 

The passage from FeOH,+L- to ' products ' [reaction 
(VI)] involves a complex series of chemical changes 
through which oxide ion (as hydroxide or water),30 

Fe*I, and FeIII are transferred to the bulk. Subsequent 
chemical changes in solution have been described by 
Leussing and Kolthoff ,15 but have not been included here, 
as they do not bear relation to the dissolution kinetics. 

The relationship between thioglycolate anion concen- 
tration and analytical concentration of reagent C L  is 
shown in equation (8); a similar expression (9) can be 

[L-I = Ka3C,/([H+1 + Kas) 
[FeOH2+1 = [H+]CS/([H+I + KaI) 

(8) 
(9) 

written for [FeOH2+] as a function of concentration of 
total available sites, Cs,2s where Cs is given in ' mol- 
number' of sites per cm2, Actually, equation (9) is 
valid only if [H+] is the activity of H+ in the interface, 
which is related to bulk pH through equation (lo), 
where I,& is the potential at the interface. 

[H+]iuterface = [H+]bulk * exp(-e$,/kT) (10) 
In practice, this means that [FeOH,+] changes with 

bulk pH less markedly than as predicted by equation 
(9), but considering that the present experiments have 
been carried out a t  rather high ionic strengths, this cor- 
rection can be safely ignored. 

From equations (7), (€9, and (9), the equation (11) for 
the reaction rate is obtained. 

Rate = kVIKads. {KaI ) / (  [H'] + Ka8)}{ [H']/( [H+1 + 
KaJCLCS (11) 

It is instructive to work out the rate-pH dependence 
at fixed CI, and Cs, for different relative values of K ,  
and KaI. In every case, the rate-pH profile shows a 
maximum, as shown in Figure 6. The relationship of 
kexp. (experimental rate constant) to elementary kvr and 
K values is however different, according to the relative 
values of Kal and K , .  This is shown in the Table. 

Analysis of equation ( 1  1) : values of maximum kexp. for 
different relative values of Ka, and Ka8 

Condition kexp. (maximum) [H+] (at the maximum) 
Ka, 4 Ka8 kVIKads. Ka, e [H+Iinax. 4 Ka, 
Ka, = Ka, = K k~1Kade./4 K 
Ka, & Kaa kVIKatKsda./Kal Ka, < [H+lmax. 6 Ka, 

Typical curves for each case are shown in Figure 8, 
where the relative values of K,, and Ka8 have been taken 
in such a way that the maxima are located at pH 4.5. If 
these curves are normalized with respect to the curve 
kexp .  versus pH, that is their maxima are made coincident 
with the maximum experimental k value (1.14 x 
s-l a t  pH 4 4 ,  the curves shown in Figure 9 are ob- 
tained. An interesting feature of these curves is that for 
any ratio K,, : Ka3, the same curve is obtained, whether 
the ratio or its inverse is used in the calculations. An 
analysis of these curves, together with the values of Keup. 
also included in Figure 9, leads to the conclusion that the 
relative values of K,, and K,, are limited to K,, = 
102K,, or the inverse (K,, = 10-2K,8). By taking into 
consideration the position of the maximum, the absolute 
values of both K,, and Ka8 must therefore be between the 
limits 3.16 x 10-4 and 3.16 x lo4 mol dm3. When using 
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PH 
FIGURE 8 Dependence of the dissolution rate constant R of 

magnetite on pH. according to the term (KaI/([H+] + A'a3)}- 
([H+]/([H+] + Kal)} of equation (ll),  for different values of 
the ratio K,, : Ka3: curve (a) 102, (b) 10, (c) 1, (d) lov1, (e) 1W2, 
(f) 10-3, (g) and ( h )  

the well known value of 3.16 x mol dm3 for Kats,31 the 
preceding analysis, based on kinetic data, gives a value of 
3.16 x This value cannot be ob- 
tained directly from experimental data, but can be 
evaluated in principle by analysis of potentiometric 
titration data using modern models of the oxide-water 
interface; 26927 this is being currently carried out in our 
laboratories, a value of Ka1 = 4 x 10-5 niol dm3 being 
obtained. This value is an order of magnitude larger 
than the \ralue obtained through the kinetic analysis, but 
the approximations inherent in both the kinetic and 
thermodynamic models should explain this difference. 
If a simpler model for the interaction between ions and 
the oxide-water interface is used (see ref. 32), a value of 
6.3 x mol dm3 for KO1 is obtained at  ionic strength 

mol dm3 for K:bl. 

" 1  - 

FIGURE 9 Dependence of the dissolution rate constant k of 
magnetite on pH, according to.the term {Kar/([H+] + Kaa)}-  
([H+]/([H+] + Kal)} of equation (11). for different values of 
the ratio K,, : K,, (curves have been normalized by equating 
the values a t  the maxima to  the maximum experimental k 
value): (a) 1 ,  (b) 10 and lO- l ,  (c) lo2 and (d) los and lW3. 
(e) 104 and 10-4, and (1) 105 and (0) experimental 
values 

0.1 mol dmW3 (much closer to 3.16 x 10" mol dm4). 
Furthermore, in this model, a t  higher ionic strength a 
lower Kal is expected. 

Other possible reaction schemes should be considered 
in view of the ideas advanced by Vermilyeam for the 
dissolution of ionic oxides, which involve a dependence 
of the composite process (VI) with pH. Such a scheme, 
shown below, does not yield the adequate rate constant 
dependence on pH;  i t  should be concluded that in the 
present system [H+] does not influence the value of K ~ I .  

In Scheme B the adsorption sites are considered to be 
more than 80% in the non-dissociated state, FeOH, and 
their number is taken as approximately equal to the 
total number of sites, Cs. Equation (12) gives a rate- 

pH curve levelling off a t  low pH values, with no maxi- 
mum. 

The results reported here have a more general signifi- 
cance, as the main features seem to  be present in many 
cases of dissolution of iron oxides by organic acids. 
Particularly important are the cases of H,edta, to be 
discussed in a future paper, and oxalic acid, which seems 
to be amongst the best reagents for dissolution of iron 
oxides. Therefore, it should be expected in general that 
under non-stagnant conditions (where mass transfer is 
definitely not rate-controlling), the rate of dissolution 
will be governed by the amount of oxide surface area 
available, by the free energy of adsorption of the reagent 
anion, and also by the best compromise between the pH 
dependences of attacking anion concentration and ade- 
quate protonatioii of the oxide surface. In future 
publications we shall discuss other cases of practical 
importance. 

The influence of pH on the surface can also be seen 

-3 .8  L \ 

g t  - 4 . 2  

I I 1  1 1 1 1  I 

2.8 3.0 3.2 3.4 
lo3 T - ~ K - '  

FIGURE 10 Temperature dependence of the dissolution 
rate constant k of magnetite a t  pH 4.0; [HSCH,CO,Hl = 
0.524 mol dm-3 
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isolated from its effect on the deprotonation of the 
ligand in the reduction of iron(Ir1) oxide by VzI complexes, 
studied by Segal and Sellers.8 

The temperature dependence of the rate constant of 
dissolution of magnetite by thioglycolic acid is shown in 
Figure 10. The data shown there refer to pH 4.0 
(25 "C). From them, an apparent activation enthalpy 
of 15.5 kJ mot1 is calculated. 

I t  should be clear that in the present study we have 
combined in the slow step several possible (and perhaps 
necessary) phenomena taking place at the disintegrating 
interface.21 The only conclusion on this aspect from 
our data is that surface regeneration must be fast, com- 
pared with the tirne-scale of the dissolution measure- 
ments. 

The authors are grateful t o  Dr. H. Isaurralcle €or col- 
laborating during tlie early stages of this research and to N.  
de Titto for his contribution to tlie experimental work. 
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