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Interfacial chemistry of powdered barium ferrites

immersed in aqueous solutions: leaching

in acidic chloride media
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The kinetics of leaching and dissolution of barium mono- and hexa-ferrite in acidic chloride
media are presented and discussed. The monoferrite is appreciably more reactive, and
dissolves in a nearly congruent way in low pH media. In the case of barium hexaferrite, iron
and barium dissolution are independent processes. Initially, fast barium leaching is
observed, which is followed by a slower process controlled by diffusion through a growing
iron oxide layer. Iron dissolves at nearly constant rates that are a function of pH; the
apparent kinetic order on H+ is 0.66, typical of acid dissolution mechanisms. The differing
reactivities of the mono- and the hexa-ferrite relates to their crystal chemistry.
C© 2002 Kluwer Academic Publishers

1. Introduction
The search for soft synthetic procedures to prepare
oxidic materials is the subject of much current work
[1, 2]. Among other advantages, milder procedures,
based on the synthesis of intimately mixed, or even
homogeneous, precursors, require lower temperatures,
and provide a better way to control both particle size
and morphology [3, 4]. Even nanosized materials may
be prepared by this route.

In this context, the interaction of the oxide particles
with aqueous media acquires special importance. Al-
though much work has been devoted to explore the in-
terfacial chemistry of simple oxides immersed in water,
much less is known about the nature of the interface in
the case of mixed metal oxides [5].

It is well known that barium hexaferrite can be pre-
pared by wet methods, the resulting particles exhibiting
very good magnetic properties [6–9]. These procedures
work better when some barium excess is used in the
synthesis of the precursors to prevent the preferential
loss of barium. The excess of barium may result in the
formation of detrimental thin surface layers of barium
monoferrite, which can be removed by subsequent rins-
ing with concentrated hydrochloric acid [10, 11]. The
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evolution of the acid attack, however, is less known.
Also, the information related to the possible forma-
tion of leached layers and the relative reactivities of
BaFe12O19 and BaFe2O4 is scarce. To contribute to the
latter subjects, in this paper we explore the mechanism
and kinetics of the attack of hydrochloric acid on both
barium hexaferrite and barium monoferrite.

2. Experimental
2.1. Sample preparation
Barium hexaferrite was synthesized using the wet pro-
cedure described by Ross [7]. The precursor was pre-
cipitated upon addition of base to an aqueous solution
of Fe3+ and Ba2+ in a nearly stoichiometric ratio. Af-
ter drying, the intermediate precipitate was converted
into BaFe12O19 by heating at 1173 K for 1 h. The XRD
pattern of the sample showed only peaks correspond-
ing to the hexaferrite phase. SEM examination showed
that the sample was composed of agglomerated micro-
crystals of different shapes and that most particles were
smaller than 5 µm. The specific BET surface area was
5.7 ± 0.6 m2 g−1.

Barium monoferrite was prepared by the ceramic
method, reacting hematite and barium carbonate at
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1273 K for 6 h. XRD showed that the sample was
composed of the orthorombic variety, mainly; small
amounts of the hexagonal phase were also detected [9].
The specific BET surface area was 2.3 ± 0.6 m2 g−1.

2.2. Kinetic tests
Dissolution experiments were carried out in a magneti-
cally stirred cylindrical glass cell provided with a jacket
through which thermostated water (298 ± 0.1 K) was
circulated; preliminary experiments showed that rota-
tion speed and type of stirring have no significant ef-
fect on dissolution rates. The reaction was started by
adding a measured amount of BaFe12O19, or BaFe2O4,
to 0.1 dm3 of a 0.1 mol dm−3 KCl solution of fixed
pH; the initial surface area concentration was typi-
cally 1.7 m2 dm−3. Throughout the experiments, the
pH was kept constant by addition of HCl from a Titrino
DMS 716 automatic titrator set in the pH-stat mode.
Samples of the suspension were periodically with-
drawn, filtered through 0.2 µm cellulose acetate mem-
branes, and stored for analyses. The dissolved iron
concentration was determined by measuring the ab-
sorbance of the 2,4,6-tripyridil-s-triazineiron(II) com-
plex (ε593 = 23,000 mol−1 dm3 cm−1) in a Shimadzu
UV-210A spectrophotometer. Barium was determined
by inductively coupled plasma spectrometry (ICP); the
detection limit was 0.1 ppm.

3. Results
3.1. Barium hexaferrite
Figs 1 and 2 show the evolution of dissolved barium
and iron during the dissolution of barium hexaferrite
at different pH values; note that the data are presented
as dissolved fractions, e.g., fBa = CBa/CT

Ba, where CT
Ba

is the concentration of barium at total dissolution. The
most obvious feature of Fig. 1 is the large value of ‘in-
stantaneously’ dissolved barium. This fast initial leach-
ing process is followed by a much slower one, and more
than 12 h are required to double the concentration of
barium measured at 1 h. On the contrary, the concen-
tration of dissolved iron increases linearly with time
(Fig. 2).

These markedly different leaching behaviors indicate
that dissolution of BaFe12O19 is incongruent. The de-

Figure 1 Evolution of barium during the dissolution of barium hexafer-
rite at pH 2.4 (•), 4.0 (�) and 5.0 (�); T = 298 K. The open symbols
correspond to separate runs.

Figure 2 Evolution of iron during the dissolution of barium hexaferrite
at pH 2.4 (•), 3.0 (�) and 4.0 (�); T = 298 K.

Figure 3 Evolution of the mole ratio of dissolved metals, nFe/nBa, dur-
ing the dissolution of barium hexaferrite at pH 2.4 (•) and 4.0 ( ❡);
T = 298 K.

viations from stoichiometric dissolution are best exem-
plified by Fig. 3, which compares the evolution of the
dissolved iron to dissolved barium mole ratio at pH 2.4
and 4.0. For congruent dissolution, nFe/nBa = 12, thus
it is concluded that an iron (hydrous)oxide surface layer
is left behind by the preferential leaching of barium. In
related systems, such layers form even in undersatu-
rated media [12]; note that for pH < 3.4 the dissolution
of iron is not limited by the solubility of am-Fe(OH)3,
i.e., S > CT

Fe.
Thermodynamically, the concentration of dissolved

iron should be limited by the solubility of the most
stable crystalline phases. However, reacting solutions
are supersaturated with respect to either α-, β- or
γ -FeOOH, but undersaturated with respect to am-
Fe(OH)3 (Fig. 4), a fact that may denote the amorphous
nature of the leached surface layer. Attempts to char-
acterize the surface layer by XRD showed hexaferrite
only; although these results are inconclusive, they also
suggest that the leached layer is amorphous.

The degree of incongruency of the dissolution reac-
tion decreases at the lower pH (Fig. 3). This is a conse-
quence of the different pH dependencies of barium and
iron leaching rates. Whereas the pH dependence of the
rate of barium dissolution is only modest (Fig. 1), the
rate of iron dissolution depends strongly on pH (Fig. 2).
From Fig. 5, which shows RFe,0 as a function of pH, a
kinetic order on protons of 0.66 is derived.
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Figure 4 pH dependence of dissolved iron at 44 h (•) Solubilities
of ferrihydrite (a), lepidocrocite (b), goethite (c), akaganeite (d) and
hematite (e) are also included; they were calculated using the program
MINEQL+ c© ver. 4.0. The horizontal dash line shows CT

Fe.

Figure 5 pH dependence of the initial rate of iron dissolution from bar-
ium hexaferrite.

Figure 6 pH dependence of dissolved barium at two fixed times:
( ❡) 20 h; (•) 44 h.

As expected from the solubility of iron (hydrous)
oxides, the release of iron above pH 4 is negligible and
nFe/nBa becomes zero. Under these conditions, the rate
of the slower step of barium leaching becomes indepen-
dent of pH (Fig. 6).

3.2. Barium monoferrite
In the hope to find conditions for congruent behavior,
the acid dissolution of barium monoferrite was studied

Figure 7 Evolution of iron during the dissolution of barium monoferrite
at pH 1.0 (•) and 2.4 (�); T = 298 K. The open symbols correspond to
barium hexaferrite.

Figure 8 Variation of the degree of incongruency during the dissolution
of barium monoferrite (closed symbols) and barium hexaferrite (open
symbols) at pH 1.0 (•) and 4.0 (�); T = 298 K.

only at pH 2.4 and 1.0. Fig. 7 shows the time profiles
of dissolved iron, and Fig. 8 depicts the degree of in-
congruency, expressed as [1 − ( fFe/ fBa)]; for congru-
ent dissolution, [1 − ( fFe/ fBa)] = 0, whereas for barium
leaching only, [1 − ( fFe/ fBa)] = 1. The data indicate
that, except for the early stages, the amounts of iron
and barium put in solution correspond to a congruent
process. For ease of comparison, Figs 7 and 8 include
the corresponding data for barium hexaferrite.

Large differences in behavior are apparent: (i) the
dissolution of BaFe2O4 is roughly congruent, whereas
BaFe12O19 dissolution is largely incongruent. (ii) the
amounts of dissolved metals are appreciably larger for
the monoferrite; for BaFe2O4, RFe,0 is about six times
larger. (iii) for the monoferrite, and also for the hexa-
ferrite at pH 1.0, the fFe vs. t profiles are not linear, a
likely consequence of a complex evolution of particle
size and morphology [5].

4. Discussion
The interaction of mixed oxides formed from a spar-
ingly soluble one (α-Fe2O3) and a largely soluble one
(BaO) with aqueous solutions can be described as [13],

BaFe12O19(s) + 38H+ →Ba2+ + 6Fe3+ + 19H2O (1)
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BaFe12O19(s) + 2H+ →Ba2+ + 6Fe2O3(s) + H2O (2)

Similar reactions can be written for BaFe2O4. Whether
stoichiometric dissolution (Equation 1) or phase trans-
formation (Equation 2) takes place, depends on the pH
dependent solubility of the iron oxide. Of course, the
overall behavior is determined by the actual stability
of the ferrite. The available thermodynamic informa-
tion on barium hexaferrite refers to temperatures above
860 K [14–16]. Furthermore, the data sets are apprecia-
bly different; extrapolation to 298 K using the simple
proposed �G0

3(T ) expression leads to �G0
3(298) val-

ues that range from 80 to 340 kJ mol−1.

BaFe12O19(s) = BaO(s) + 6Fe2O3(s) (3)

These figures do not permit the estimation of the
equilibrium constants for reactions (1) and (2); for
reaction (2), �G0

2(298) values range from −200 to
+75 kJ mol−1. Our data, however, demonstrate that the
behavior of barium hexaferrite is similar to that of other
related mixed oxides [12, 13]; i.e., leaching of barium
is spontaneous. Similar considerations apply to barium
monoferrite, for which �G0

2′(298) ≈ −190 kJ mol−1

[14–16].
Phase transformation does not necessarily takes

place as depicted by Equation 2, which represents the
most stringent thermodynamic constraint for both iron
and barium dissolution, and other less stable iron (hy-
drous)oxides may form, as seems to be the present case
(Fig. 4). Formation of am-Ti(OH)4 on the surface of dis-
solving titanates is well documented [12, 17]. The op-
erating overall dissolution-reprecipitation mechanism
should therefore determine the nature of the leached
surface layer.

The general mechanism describing the acid attack of
the barium ferrites must involve the following stages
[5, 17]:

(i) Proton adsorption and ionic exchange, as repre-
sented by Equations 4 and 5:

≡Fe-OH + H+ → ≡Fe-OH+
2 (4)

≡Ba2+ + 2H+ → 2 ≡ H+ + Ba2+ (5)

Equation 4 describes a well-known property of oxide
materials immersed in water; the symbol ≡ represents
the bonds linking the given surface species to the
solid framework. Surface protonation is a common pre-
requisite for acid dissolution [5, 18, 19]. The ionic ex-
change reaction (5) accounts for the fast release of bar-
ium in the time span within which iron dissolution is
comparatively negligible (cf., Figs 1 and 2). The net
result in this early step is the creation of an iron-rich
layer that participates in the following stages of the dis-
solution reaction; on the basis of the amount of barium
released ‘instantaneously’ (within 1 h), the thickness of
the iron rich layer is calculated to be ca. 15 nm.

(ii) Iron dissolution from the outer surface of the
external layer, coupled with barium diffusion across
this layer and dissolution:

≡Fe3+ → Fe3+; RFe (6)

≡Ba2+ → Ba2+; RBa (7)

At low (constant) pH values, the rate of iron disso-
lution RFe is constant (see Fig. 2), as expected for a
constant surface area in a medium of constant aggres-
sivity; the low pH value suffices to define this latter
condition. As opposed to well known cases in which
the dissolved ions influence the rate of dissolution [5],
released Fe(III) and Ba2+ do not alter the constant rate
of iron dissolution. Note that the fraction of dissolved
iron does not exceed 7%, thus the assumption of con-
stant surface area is valid. At pH 1.0, the evolution of
the attack front is more complex (Fig. 7).

The lack of congruency determines that 12 RBa >

RFe. Consequently, the thickness of the iron oxide layer
grows during dissolution. This should lead to parabolic
fBa vs. t profiles. The fact that barium concentration
grows almost linearly with the square root of time,
albeit with a non-zero ordinate (Fig. 9B), indicates
that the leaching of barium is controlled by diffusion
through a growing insoluble layer. A more adequate
treatment, however, must take into account the amount
of barium dissolved during the first stage (Equation 5).
Assuming that the barium dissolved in the first stage,
which accounts for that dissolved in the first hour,
follows first order kinetics on exchangeable barium
[20], the time dependence of fBa can be written as,

fBa = N0[1 − exp(−k0t)] + kDt0.5 (8)

Figure 9 Evolution of barium during the dissolution of barium hexa-
ferrite as predicted by Equation 8; symbols are the actual data points
collected at pH 2.4 ( ❡) and 4.0 (� ). The following rate parameters define
the solid lines: N0 = 0.055; k0 = 5 h−1; kD = 0.019 h−0.5 (for pH 2.4)
and kD = 0.012 h−0.5 (for pH 4.0).
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where N0 is the total fraction of exchangeable barium,
and k0 and kD are the rate constants for the first and sec-
ond stages, respectively. The goodness of the fittings is
shown in Fig. 9. The compliance of the second stage to
a parabolic law (Fig. 9B) is, however, at variance with
the non-negligible dissolution of the iron oxide layer
(Fig. 2), especially for pH 2.4 where the degree of
congruency is larger (Fig. 3). It must be concluded that
the effect of the decreased thickness of the iron oxide
layer at pH 2.4 is roughly compensated by changes,
possibly crystallization, that make it less permeable.

The low barium content of BaFe12O19 is probably
associated with a very modest enhancement in the dis-
solution rate of iron from the hexaferrite, as compared
with pure iron oxides. The leaching of barium creates
vicinal sites of increased reactivity [5, 21], but the block
structure of the hexaferrite probably defines that the
rates of iron dissolution are determined by the reactiv-
ity of the barium-free blocks that are similar in struc-
ture to hematite; note that the fractional kinetic order
on protons (Fig. 5) is typical of iron oxides [5]. By
contrast, barium monoferrite has a Ba : Fe mole ratio
of 0.5, and does not present iron-only blocks. Its reac-
tivity is therefore higher, and furthermore it dissolves
in a more congruent fashion (Fig. 8). This increased
reactivity is put to use in the acid-rinsing of industrial
batches of barium hexaferrite, to improve the magnetic
properties.
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16. J . L I , T . M. G Ü R , M. S I N C L A I R , S . S . R O S E N B L U M and

H. H A Y A S H I , J. Mater. Res. 9 (1994) 1499.
17. P . S . T U R N E R , C . F . J O N E S , S . M Y H R A , F . B . N E A L L ,

D . K. P H A M and R. S T . C . S M A R T , in “Surfaces and Inter-
faces of Ceramic Materials,” edited by L.-C. Dufour, C. Monty and
G. Petot-Ervas (Kluwer, Dordrecht, 1989) p. 663.

18. E . W I E L A N D , B . W E H R L I and W. S T U M M , Geochim. Cos-
mochim. Acta 52 (1988) 1969.

19. M. A. B L E S A , A . D. W E I S Z , P . J . M O R A N D O , J . A .
S A L F I T Y , G . E . M A G A Z and A. E . R E G A Z Z O N I , Coord.
Chem. Rev. 196 (2000) 31.

20. J . A . S A L F I T Y , A . E . R E G A Z Z O N I and M. A. B L E S A ,
unpublished.

21. C . A . F I G U E R O A , E . E . S I L E O , P . J . M O R A N D O and
M. A. B L E S A , J. Colloid Interface Sci. 225 (2000) 403.

Received 12 January 2001
and accepted 9 April 2002

3057


