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Rate of hydrogen–iron redox exchange in silicate melts and glasses
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Abstract—A kinetic model for the rate of iron–hydrogen redox exchange in silicate glasses and melts has
been derived from time-series experiments performed on natural rhyolitic obsidians. Cylinders of the starting
glasses were exposed to reducing mixtures composed of H2-Ar-CO2-CO in 1-atm furnaces and H2-Ar in a cold
seal pressure vessel. Overall, runs covered the temperature range 300 to 1000°C. The progression of a front
of ferric iron reduction within the quenched melt was observed optically through a change of color. For all run
conditions, the advancement of the front (�) was proportional to the square root of time, revealing the reaction
as a diffusion-limited process. Iso-f O2 runs performed in CO2-CO, H2-Ar, and H2-CO2 gases have shown that
f H2 rather thanf O2 is the dominant parameter controlling the reaction rate. Thef H2 dependence of the rate
constant was characterized in the range 0.02 to 70 bar. The growth of the reduced layer, which is accompanied
by an increase in reaction-derived OH-group content, was fitted considering that the reaction rate is controlled
by the migration of a free mobile species (H2) immobilized in the form of OH subsequent to reaction with
ferric iron. The reaction rate is thus a function of both solubility and diffusivity of H2 weighted by the
concentration of its sink (ferric iron). We extracted a single law for both solubility and diffusivity of H2 in
amorphous silicates that applies over a range of temperatures below and above the glass transition temper-
ature. Melt/glass structure (degree of polymerization) does not seem to significantly affect both solubility and
diffusivity of H2. We therefore provide a model that allows the prediction of oxidation–reduction rates in the
presence of hydrogen for a wide range of compositions of amorphous glasses and melts. Comparisons with
previous work elucidating rate of redox exchange in dry systems allow us to anticipate thef H2-T domains
where different redox mechanisms may apply. We conclude that equilibration of redox potential in nature
should be dominated by H2 transfer at a rate controlled by both H2 solubility and diffusion. Numerical
applications of the model illustrate redox exchanges in natural magmas and in glasses exposed to weathering
under near surface conditions. We show that crustal events such as magmas mixing should not modify the iron
redox state of magmas. In the case of nuclear-waste-bearing glasses, thef H2 conditions in the host terrain are
clearly a parameter that must be taken into account to predict glass durability.Copyright © 2003 Elsevier
Science Ltd

1. INTRODUCTION

The redox ratio of multivalent elements in amorphous sili-
cates is known to affect properties such as color, viscosity,
structure, and crystal–liquid equilibria (Osborn, 1959; Mysen et
al., 1985; Dingwell, 1994; Martel et al., 1999). For example,
many studies have focused on the redox state of iron in silicate
melts because iron is the most abundant multivalent element in
natural glasses (Kress and Carmichael, 1991; Gaillard et al.,
2001). Nevertheless, the question of the mechanisms of redox
potential communication in amorphous silicates has only re-
cently been evaluated (Cooper et al., 1996; Cook and Cooper,
2000). Cooper and coworkers have articulated an elegant ki-
netic model clarifying the rate and mechanisms of iron oxida-
tion and reduction in anhydrous silicate glasses and melts.
However, the applicability of this model to processes operating
on and within the Earth may be questionable because water is
ubiquitous from the surface to several hundreds of kilometers
of depth (Johnson et al., 1994; Ingrin and Skogby, 2000;
Bolfan-Casanova et al., 2002; Pichavant et al., 2002). Gaillard
and coworkers (see Gaillard et al., 2002, 2003) have recently
demonstrated that under both water-rich and water-poor con-
ditions the kinetic model of Cooper and coworkers does not

operate; instead, the couple H2/H2O dominates the redox be-
havior of melts and imposes reaction rates much faster than
under anhydrous conditions. It follows that the current models
do not allow the rate of redox exchange between amorphous
silicates and their surroundings to be properly predicted. For
example, although the terrestrial magma redox state is very
heterogeneous (Carmichael, 1991), the mechanisms of acqui-
sition of this redox signature, and therefore its origin, remain
unconstrained. With respect to processes close to the Earth’s
surface, mechanisms of redox alteration of glasses under wet
conditions are unclear, although the durability of waste-bearing
glasses may depend on it. This article provides a kinetic model
for the rate of iron–hydrogen redox exchange in silicate glass–
melt that has been derived from time-series experiments per-
formed on natural rhyolitic obsidians. Applications relevant to
natural redox alterations of magmas and waste-bearing glasses
are proposed. In particular, we show that redox alteration of
glasses under low-temperature conditions may lead to irrevers-
ible hydration of the glass at a rate much greater than water
diffusion, which should have crucial implications in terms of
durability of waste-bearing glasses.

2. BACKGROUND AND STARTING HYPOTHESES

The redox state of a melt or glass, described here by the
ferric/ferrous ratio is commonly related to the prevailing oxy-
gen fugacity,f O2:
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FeO � 1⁄4O2N FeO1.5 (1)

Natural magmas in the Earth’ s interior display an f O2 gen-
erally much lower than 10�6 bar, and therefore they do not
contain significant amounts of molecular O2. Oxygen fugacity
therefore has thermodynamic implications relating the ferric–
ferrous ratio of a melt to a value of f O2 (see Kress and
Carmichael, 1991). However, it is fundamental to understand
that Eqn. 1 describes an equilibrium and not a reaction. It
follows that Eqn. 1 does not account for the actual reaction path
operating during changes of iron redox state in the melt. The
reaction path involves the most abundant species having the
greatest ability to dissipate the redox disequilibria. According
to Cooper and coworkers (Cooper et al., 1996; Cook and
Cooper, 2000), iron oxidation–reduction in dry silicate melts is
rate controlled by migration of divalent cations (Ca2�, Mg2�,
Fe2�). In such dry melts, O2�/O2 and Fe2�/Fe3� are the
dominant redox couples. However, because of the sluggish
mobility of both O2� and O2 in the investigated liquids, oxi-
dation occurs by outward removal of cations rather than inward
incorporation of O2� or O2. The result, in the case of oxidation,
is an increased ratio of the oxygen anions over cations. In
water-bearing melts, H2/H2O and Fe2�/Fe3� are the dominant
redox couples. In such melts, Gaillard and coworkers (Gaillard
et al., 2002, 2003) have shown that migration of divalent
cations does not operate during oxidation and reduction of iron.
Rather, iron oxidation and reduction operate respectively
through extraction and incorporation of hydrogen under the
form H2 or H�. Gaillard and coworkers noticed a delay of
oxidation and reduction relative to H2 velocity in the melt. To
explain this delay, Gaillard et al. (2002) suggested that iron
oxidation reduction is a reaction-limited process in which H2

diffusion (DH2) is not rate limiting. More recently, this hypoth-
esis was partly dismissed because coupled iron reduction and
hydrogen incorporation was established as a diffusion-limited
process (Gaillard et al., 2003). The suggested reaction was
written as (Hess’ notations; Hess, 1980)

H2 � 2 NaFe3�O2 � 2 SiOSiN 2 NaOH � 4 (Fe2�)0.5OSi

(2)

At 800°C, molecular H2 was revealed to be a very mobile
species (DH2�10�8 m2 · s�1) in comparison to the relatively
slow progression rate of reaction 2 (�10�11 m2 · s�1). The
authors proposed that coupled electron–proton mobilities
within the melt may control the reaction rate and/or the latter
may be slowed down by a low supply of molecular H2 at the
reaction front. The problem can be described as diffusion of a
free component (H2) reacting with the melt. The reaction prod-
ucts therefore may or may not be mobile species (e� and H�).

In the scenario where molecular H2 is the only mobile
species (and is therefore rate controlling), the delay between
DH2 and the rate of iron oxidation–reduction could be ex-
plained by a very low H2 solubility (SH2

) in the melt in
comparison with the amount of ferric iron (XFe

3�) (i.e., the
ratio SH2

/XFe
3� � 1). As the H2 solubility in the melt is a

function of f H2, the reduction rate of iron should be, in part,
controlled by the f H2. The temperature dependence of the
redox reaction should correspond to the activation energy of H2

diffusion. We present experiments on the effect of H2 fugacity
and temperature on the rate of iron oxidation–reduction with
the aim of elucidating the involved mechanisms. We demon-
strate that the reaction rate and the associated mechanisms can
be interpreted in terms of dissolution � diffusion � immobi-
lization (i.e., reaction) of the H2 species in the melt, where the
diffusion step is rate limiting.

3. STRATEGY AND TECHNICAL DETAILS

A natural metaluminous obsidian containing less than 3%
volume of crystalline material was used as a starting material
for all experiments. This obsidian is bubble-free. A few grains
of magnetite (�1 to 10 �m) were observed and characterized
by scanning electron microscopy but were so sparse that their
contribution to the bulk ferric–ferrous ratio of the sample was
negligible. The chemical composition (major elements), water
content, and relative proportion of ferric and ferrous iron are
given in Table 1. We estimated the glass transition temperature
of this obsidian to be �850°C (see below).

Experiments consisted of exposing cylinders of the starting
obsidian to reduced gas mixtures with which it was not in
equilibrium. Cylinders sizes were always 4 mm in diameter. By
performing time-series runs, the reaction advancement was
monitored as a function of time. Experiments were performed
in a 1-atm furnace and in a cold seal pressure vessel (CSPV).
Experiments at 1 atm were conducted in gas mixtures contain-
ing H2-Ar-CO2-CO-H2O. The diameter of the inner tube used
was 4 cm. Oxygen fugacity was constantly monitored with a
solid zirconia electrolyte probe flushed with air. Cylinders were
suspended with platinum wire. Because of the high viscosity at
experimental conditions, the sample did not deform signifi-
cantly during the runs. Gas mixtures of H2-CO2 were used
primarily, but specific runs were conducted with CO2-CO and
H2-Ar combinations. Samples were loaded at temperature and
the gas mixtures were introduced into the furnace within a few
seconds. Depending on temperature, 3 to 10 min were required
for the electromotive force (EMF) of the zirconia probe to
reach a steady value. After the desired run duration, rapid drop
quenches were performed without interrupting the gas flow.

Table 1. Composition of the starting obsidian.a

SiO2 TiO2 Al2O3 MgO FeO CaO Na2O K2O OHb Fe3�/Fetot c

74.51 0.10 13.25 0.08 1.60 0.75 4.15 5.64 0.125 0.2
0.55 0.06 0.12 0.05 0.08 0.04 0.06 0.10 0.004 0.05

a Number in weight % except Fe3�/Fetot, expressed in atoms. First row is composition and second is standard deviation or uncertainty.
b Obtained from FTIR; see part 3.
c Obtained from Mossbauer spectroscopy.
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The temperature range of the experiments was 300 to 800°C.
Fast vesiculation of the obsidian due to gas (water) overpres-
sure was observed near 870 to 890°C, which forced restriction
of the temperature to below 800°C (given the long run dura-
tions). Within this low-temperature range, there is the possibil-
ity that one of two problems may arise: first, the zirconia probe
may read an anomalous f O2 value as a result of the high
impedance of the probe at these conditions; and second, H2-
CO2 mixtures are expected to undergo disequilibria because the
reaction H2 � CO2 3 H2O � CO may not reach equilibrium
(Beckett and Mendybaev, 1997). It follows that the experimen-
tal fH2 may be higher than that expected for a given H2/CO2

ratio as temperature changes. This was tested by monitoring the
f O2 output of the zirconia probe for a constant gas composition
(H2/CO2 � 0.6 � IW � 0.2 at 1000°C) at different tempera-
tures (1000 to 500°C). By using the tables of Deines et al.
(1974), we calculated the theoretical T-f O2 path and compared
it with the f O2 measured by the zirconia probe. From 1000 to
750°C, the deviation did not exceed 10 mV corresponding to
less than 0.2 log unit of f O2. Between 750 to 600°C, the f O2

values measured were consistently lower than those expected,
with a discrepancy of 0.6 to 1 log unit of f O2, and below
600°C, the measured f O2 values were in reasonable agreement

or slightly overestimated. The high resistance of the zircon
probe is almost certainly the main reason for this discrepancy,
and therefore, we decided to rely on the gas ratio. However, gas
disequilibria must also affect the measurements. As will be
shown in the Results, f H2 rather than f O2 is the driving
parameter that must be correctly determined. We decided to
conduct our measurements at different temperatures with gas
mixture compositions theoretically corresponding to the de-
sired equilibrium f H2. To limit the extent of gas disequilibria,
we conducted experiments at a low total flow rate (170 mL ·
min�1). We then considered that the f H2 during the runs was
between the percentage of H2 initially introduced into the
furnace and the equilibrium f H2 (Table 2, runs 12 to 24).

In the CSPV, experiments were performed in the temperature
range 700 to 1000°C, in TZM alloy bombs (molybdenum rich)
with Ar used as standard pressure medium. The internal tem-
perature had been calibrated against the temperature of the
furnace. For all experiments, the temperature accuracy is esti-
mated to be within �15°C. Obsidian cylinders were placed in
Au capsules that were open to the atmosphere within the vessel.
The vessels were filled with the desired f H2, and pressure was
then completed to 200 bar with argon (Table 3, runs 26 to 38).
With samples in the cold zone, the vessels were heated to the

Table 2. Description of the experimental conditions and results for the 1 atm experiments.

No. Gas mixtures f H2
a log f O2

b f O2 �IWb
Duration

(min)
Front position

(�m)c

1 atm furnace, 800°C
1 CO2/CO 0 �19.15 �0.36 4320 0
2 CO2/CO 0 �19.15 �0.36 10080 0
3 Ar/H2 0.02 �19.15 �0.36 1920 85
4 Ar/H2 0.02 �19.15 �0.36 3288 110
5 CO2/H2 0.25 �18.20 �0.6 2886 240
6 CO2/H2 0.25 �18.20 �0.6 6060 320
7 CO2/H2 0.5 �19.15 �0.36 180 125
8 CO2/H2 0.5 �19.15 �0.36 390 205
9 CO2/H2 0.5 �19.15 �0.36 2340 450

10 CO2/H2 0.5 �19.15 �0.36 4020 605
11 CO2/H2 0.5 �19.15 �0.36 7020 800

1 atm furnace, 700°C
12 CO2/H2 0.7/0.5 �22.10 �0.70 180 105
13 CO2/H2 0.7/0.5 �22.10 �0.70 360 170
14 CO2/H2 0.7/0.5 �22.07 �0.67 1320 310
15 CO2/H2 0.7/0.5 �22.07 �0.67 4444 560
16 CO2/H2 0.7/0.5 �21.17 �0.77 7295 730

1 atm furnace, 600°C
17 CO2/H2 0.67/0.5 �24.85 �0.25 360 140
18 CO2/H2 0.67/0.5 �24.85 �0.25 1350 240
19 CO2/H2 0.67/0.5 �24.60 0 4020 440
20 CO2/H2 0.67/0.5 �24.60 0 5778 530

1 atm furnace, 550°C
21 CO2/H2 0.67/0.5 �26.4 �0.1 1200 170
22 CO2/H2 0.67/0.5 �26.4 �0.1 2610 265

1 atm furnace, 500°C
23 CO2/H2 0.65/0.5 �28.5 �0.14 2400 185
24 CO2/H2 0.65/0.5 �28.5 �0.14 4800 280

1 atm furnace, 300°C
25 H2 1 ? ? 4320 60

a The higher value is the fH2 introduced into the furnace and the lower value is the fH2 in the case where equilibrium between H2-CO2 mixtures
is attained.

b At temperatures below 700°C, the f O2 is probably uncertain and the f H2 value are bracketed.
c The front position was optically defined as the first change in color noticeable within the glass. At low f H2, the color change is progressive,

whereas as f H2 becomes higher than 0.5 bar, the color change becomes more and more abrupt. Error in the definition of this front was of �10 �m
at f H2 � 0.5 bar and 5 �m at f H2 � 0.5 bar.
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dwell temperature within less than 90 min, and the sample was
then directly placed into the hot spot of the vessel with a
magnet and support rod. We estimated that the sample was
heated within a few seconds. By using the magnet, experiments
were quenched by moving the sample to the cold part of the
vessel. The temperature of the sample dropped to 25°C within
a few seconds. On the whole, run duration including the heating
step was less than 2 h and 30 min, with a maximum of 60 min
at dwell temperature. It was therefore assumed that H2 loss in
the wall of the vessel occurred to only a small degree (Schmidt
et al., 1995). In addition, it must be stressed that most of the
runs lasted less than 20 min (Table 3, runs 26 to 38).

After experiments, glass cylinders were cut into wafers and
underwent double polishing for optical observation, Fourier-
transform infrared (FTIR) spectroscopy, electron microprobe
analyses (EMPA), and Mössbauer spectroscopy. Changes in
the color of the glass were identified as changes in the iron
redox ratio, as observed by Gaillard et al. (2002, 2003). There-
fore, the inward progression of a change of color within the run
products was optically monitored and used to monitor the
reaction rate. FTIR spectroscopy was conducted to identify
volatile content and diffusion profiles in the glasses. Spectra
were measured with a Bruker IFS 120 HR high-resolution
FTIR spectrometer coupled with a Bruker infrared microscope
containing all-reflecting Cassegrainian optics and with a tung-
sten light source, CaF2 beam splitter, and a high-sensitivity,
narrow-band MCT/A detector. A beam diameter at the focus
plane of 60 �m was used, and 200 scans were performed over
the frequency range 7500 to 2000 cm�1. Water-derived species
were measured from the heights of the 3500- and 4500-cm�1

bands by means of the extinction coefficients of Newman et al.
(1986). The 4500- and 5200-cm�1 bands were used to quali-
tatively specify the nature (OH or H2O) of these species.
Molecular H2 bands were observed in some cases in the run
products at 4150 cm�1 and were used qualitatively (Schmidt et
al., 1998). EMPA was used to identify the possible chemical
migration of major elements associated with the ongoing reac-

tions. The operating conditions were 15 KeV, 6 nA, 10 s of
counting on the elements peaks, and 5 s on the background with
a defocused beam (25 �m). Analyses that used the Mössbauer
milliprobe (McCammon et al., 1991; McCammon 1994) were
performed on selected samples with a spot size of �300 �m to
determine Fe3�/Fetot in the two regions of sample with differ-
ent colors.

4. RESULTS

Tables 2 and 3 summarize the conditions and results of
experiments conducted in a 1-atm furnace and a CSPV, respec-
tively. Gas mixtures, f H2, f O2, T, durations, and the advance-
ment of the reaction are specified. From examination of run
products with a polarizing microscope, it appears that whatever
the run duration, no increase in the crystal content was ob-
served. EMPA revealed that no major changes of chemical
composition were observed apart from a slight decrease of �3
to 8% relative to Na content as a result of volatilization of Na2

in the gas phase. The migration of Na was previously reported
by Gaillard et al. (2003) for experiments of this nature (for Na
volatilization under dry conditions, see Georges et al., 2000).
Except for the runs 1, 2, and 26, which showed no reaction, the
reduction of iron was systematically visible through an abrupt
color change between the reduced (translucent) and the pristine
zone (dark) (Fig. 1). By use of micro-Mössbauer spectrometry,
we were able to demonstrate that the reduced zone contained no
detectable ferric iron, whereas the dark region showed the same
ferric iron content as the starting product. The migration rates
of boundaries between the two redox regions, called hereafter
the redox front, were therefore used as an indicator of the
reaction rate.

Experiments performed with different gas mixtures but at
constant f O2 are presented in Table 2 (nos. 1–4, 7–11). The
f O2 in question is 0.36 log units below the f O2 imposed by the
redox buffer iron–wüstite (IW). Such a reducing environment is
not in equilibrium with the studied obsidian. However, in

Table 3. Description of the experimental conditions and results for the high-pressure experiments.

No.
PH2/PAr

(bar)a T°C Ptot (bar)b

Total
Durations

(min)c
Durations at

T (min)d
Front position

(�m)e

26 10/200 800 240 90 0 0
27 2/200 800 220 98 8 70
28 5/200 800 230 105 11 125
29 8/200 800 230 97 11 211
30 12/210 800 250 107 7 250
31 12/210 800 250 107 11 310
32 22/210 800 265 96 6 310
33 27/200 800 225 97 4 255
34 35/200 800 240 93 5.5 440
35 52/200 800 265 96 5 560
36 20/200 800 230 150 60 �2000
37 5/200 700 220 98 12 108
38 5/200 1000 250 96 7 140

a Pressure of H2 and argon initially loaded in the vessel. For run 26, 10 bar of H2 was first introduced, and then the pressure was completed with
argon to 200 bar.

b Total pressure measured at dwell temperature.
c Duration of the exposure of the sample to pressure (including heating time).
d Duration of the exposure of the sample to both pressure and temperature.
e See Table 2.
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CO2-CO mixtures, no changes of iron redox state and no
chemical migration were observed within the samples, even
after 1 week of run duration. In Ar-H2 mixtures containing 2%
of H2 (f H2 � 0.02 bar, nos. 3, 4), a narrow zone of reduced
glass, �100 �m, was observed at the sample rim after 2 days.
In contrast, for H2-CO2 mixtures adjusted for the same f O2, the
f H2 equals 0.5 bar and the reduction front had already ad-
vanced over more than 100 �m in less than 3 h. Experiments
performed in H2/CO2 but at lower f H2 (0.25 bar) showed a
slower reaction rate (compare no. 5-6 with no. 7-11 in Table 2).
Results from experiments in the CSPV (Table 3) showed that
increasing f H2 strongly increases the reaction rate, as seen for
run 35. For this experiment, 52 bar of H2 was loaded into the
vessel, and the reaction progressed over a distance of 560 �m
within 5 min. These results indicate that the partial pressure of
H2 in the gas is apparently one of the chief parameters driving
the reaction rate.

Along the reduced region, FTIR profiles (Fig. 2) revealed an
increase in OH content, and for experiments performed at high
f H2, molecular H2 was also detected (Schmidt et al., 1998). For
experiments performed in the 1-atm furnaces, no H2 was de-
tected, and the increase in OH content was lower. Figure 3
shows an OH profile across the entire sample synthesized at 1
atm. The hydroxyl content is very low at the sample rim,

reaching a maximum near the redox front, whereas the inner
zone displays the same water content as the starting product.
For experiments performed under pressure, the chemical pro-
files are obviously different (Fig. 4): The OH content reaches a
maximum at the sample rim, lying between 0.17 to 0.19 wt%,
independent of the applied f H2,and decreases as it approaches
the reduction front, which was observed optically, the shape of
the hydroxyl profile being downwardly concave in nature. For
runs with f H2 � 10 bar, an infrared peak was observed at 4150
cm�1 as a result of molecular H2 vibrations. An H2-profile is
shown in Figure 4. The penetration of H2 into the sample was
always less than that of the reduction front and the OH front.

5. INTERPRETATION

5.1. Rate Law

The linear relationships obtained from Figure 5, where the
square of the reduction front progression is plotted against run
duration, indicate that the reduction of ferric iron is diffusion
limited in the temperature range 500 to 800°C. The slopes of
the curves in Figure 5 give the rate constant (K) of the overall
process of reduction calculated as

Fig. 1. Color changes due to reduction of ferric iron on the sample rims. The translucent external layer of �500 �m
corresponds to the reduced zone. The inner brown zone is pristine. Diameter of the sample is 4 mm. Sample 34. The black
points are crystals entrapped in the glass matrix.
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� � R0 � (Kt)
1⁄2 (3)

where � is the front position as measured from the sample rim,
R0 is the cylinder radius, and t is time. Additional details
concerning the meaning of the constant K are given below in
the text. It is clear that adsorption–diffusion at the surface or
even reaction within the melt are not rate limiting. Because
diffusion processes have, in general, lower activation energies
than reaction processes (Cussler, 1997), we expect that diffu-
sion will rate-limit even at higher temperatures.

The effect of f H2 on the reduction rate of ferric iron is shown
in Figure 6. The experimental data of Gaillard et al. (2003) is
also shown and will be further discussed below. The rate
constant increases abruptly from 0 to 10 bars f H2, whereas
above 10 bars, it increases slowly. The shape of the curve
indicates that the reduction rate is in fact limited by the rate of
H2 supply. This supply is related to both H2 diffusion and
solubility in the melt, with the latter being a function of f H2.

Mössbauer and FTIR data revealed that the amount of ferric
iron that has been reduced is equal to the difference in OH
content in the reduced, compared with the pristine volume
(more precisely, the amount of OH at the sample rim minus the
OH content in the center: On Fig. 4, 0.18 to 0.13 wt%. This
quantity, although slightly higher, corresponds to the amount of
Fe3� that has to be reduced).

5.2. Modeling

The redox reactions that take place can be then written as
follows:

H2f 2 H� � 2 e� (4a)

2 Fe3� � 2e�f 2 Fe2� (4b)

Crank (1975, p. 305) gives a mathematical solution describing
the velocity of a reaction front when a mobile species diffuses
and reacts instantaneously with a medium yielding a nonmobile
species. The time-dependent front position (�) is therefore a
function of both solubility and diffusivity of the mobile species:

� � 2�(DH2t)
1⁄2 (5)

with �, in our case, defined as

SH2/(1⁄2 COH �) � 	
1⁄2 � exp(�2) erf(�) (6)

SH2
defines the H2 solubility and COH, the part of the H2

molecule that has reacted to form immobilized OH groups, the
latter being equal to the concentration of ferric iron that has
been reduced to ferrous iron. � is the density of the melt
required if solubility is expressed as mass per unit volume. The
front velocity � can be calculated by solving � from Eqn. 6 and
introducing it into Eqn. 5. Basically, a given SH2

/COH ratio
corresponds to a unique value of �. However, we cannot
directly calculate � because no solubility law is available for
calculating SH2

in a rhyolitic system under these experimental
conditions. However, data in Tables 2 and 3 provide constraints
on �, t, and f H2. From FTIR data, COH is known, so we can
extract, through simultaneous mathematical manipulation of
Eqns. 5 and 6 for each run, values for �, diffusion, and
solubility of H2. A minimization routine was operated on Eqns.

Fig. 2. Infrared spectra of sample 34. Upper spectra correspond to the sample rims and lower spectra were collected in
the sample inner part. Note the absence of molecular H2O bands at 5200 cm�1 and the progressive vanishing of the H2 bands
going from rim to center.
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5 and 6 to reproduce the experimental observation (�, for a
given t, T, f H2), taking both solubility and diffusion of molec-
ular H2 as unknowns. To estimate SH2

for each run, we impose
a solubility law of the form SH2

� af H2
b, where a and b are

constants estimated from the model. The diffusion rate of
molecular H2 in the glass/melt is considered to be constant for
a given temperature. In our procedure, the f H2 of experiments
shown in Table 3 was allowed to vary within the calculated
uncertainty. Calculations were performed considering that f H2

is higher than the amount of H2 initially introduced into the
vessel (Table 3), this being due to a temperature and pressure
increase. The final f H2 should be equal to f H2 � f H2

initial

Ptot
final/Ptot

initial, �20%. This accounts for the fact that an f H2

increase should occur proportionally to the increase in pressure
that was measured during heating (Table 3, column Ptot). The
uncertainty, �20%, could account for possible heterogeneities
in the molecular H2/Ar ratio within the vessel. Thermal and/or
gravitational segregations may affect the f H2, and we estimated
that a maximum 20% fluctuation of f H2 around the mean value,
as described above, was possible. Molecular H2 diffusion
through the wall of the vessel may decrease the f H2 value
during the runs, but as a result of the short run duration, we
consider that this exchange should not exceed 5% of the H2

initially introduced into the vessel (see Schmidt et al., 1995).
The fugacity coefficient for H2 was set equal to 1, given the low
pressure of the experiments. In Table 4 and Figure 6, we
present results of the calculation including f H2, SH2

, calculated
and measured K values (see footnote of Table 4), and the
corresponding value for �. The best fit was obtained when a
solubility law for H2 of the form SH2

� a f H2
b was used with

b � 1.2 (compare sixth column with the last one in Table 4).
The data of Gaillard et al. (2003) obtained on a strongly
peralkaline silicate melt, Eburru (Eb), was also included in
Table 4 and Figure 6. Despite the difference in melt composi-
tion and Fe3� content between our metaluminous rhyolite and
the peralkaline melt of Gaillard et al. (2003), the kinetic model

Fig. 3. Typical “ low H2 pressure” hydroxyl profiles obtained from infrared spectra of run product 11. Note the decrease
of OH on the sample rims and the position of the OH front in front of the redox front. See text for discussion.

Fig. 4. Typical “high H2 pressure” profiles of H2 and OH in the glass
obtained from infrared spectra of sample 33. Note the difference
between the positions of the H2, OH, and redox fronts. See text for
discussion.
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is able to predict the experimental points, with similar solubility
and diffusivity laws for H2 in the melt/glass. It must be stressed
that the viscosity of the Eburru melt is similar to the viscosity
of basalt under the same conditions (P, T, H2O content, NBO/T
� 0.4). This implies that both solubility and diffusivity of H2 in
silicate melts are not significantly affected by the composition
or the structure of the melt.

5.3. Temperature Effect

From the slope of the curves in Figure 5 and the results of
runs 28, 37, and 38, the temperature dependence of the
reaction rate, which hereafter is called the activation energy
because this is a diffusion-limited process, can be extracted.
Figure 7 shows the rate constant plotted as a function of
inverse temperature for f H2 � 0.5 and 5 bar. The activation
energy extracted from the two sets of data, 40 � 6 kJ/mol,
is very small when compared with diffusion of other vola-
tiles in melts. Lee and Fry (1966) and Lou et al. (2003)
estimated activation energies for H2 diffusion in fused silica
as �43 kJ/mol, this being in good agreement with our
findings. Helium diffusion in rhyolites has a comparable
activation energy, �38 kJ/mol (see review of Watson,
1994). Our value for this activation energy is consistent with
the general trend for diffusion of neutral species (H2O, CO2,
Ar, Ne, He) whose activation energies positively correlate
with the radius of the diffusing species (Watson, 1994).

These points therefore give credence to the starting hypoth-
esis that neutral molecular H2 diffusion in the melt indeed
controls the reaction rate. However, our findings are very
different from those of Chekmir et al. (1986) who calculated
an activation energy of 113 kJ/mol for H2 diffusion in
molten albite, this being slightly higher than 103 kJ/mol, the
value obtained for H2O diffusion in natural rhyolites by
Zhang et al. (1991). We think it unlikely that H2 and H2O
diffusion could have similar activation energies given their
difference in molecular size and we therefore consider the
high activation energy found by Chekhmir et al. (1985) to be
flawed. It should be noted that the temperature dependence
of H2 solubility was not taken into account in either this
study or the study carried out Chekmir et al. The low
activation energy calculated might be the consequence of a
negative temperature dependence of SH2

, as suggested by the
findings of Schmidt et al. (1998) in SiO2 glass. From our
data, it is not possible to discriminate between the effect of
temperature on H2 solubility and the effect on diffusion. We
maintain that we have predicted correctly the temperature
dependence of the rate of H2 supply at the reaction front.

It is worth noting that the activation energy calculated is
constant over a temperature range spanning the glass transition
temperature (�850°C). The data points for both the melt and
glass regions can be modeled by the same parameters (Fig. 7).
The reduction rate of the Eburru sample (Table 4, Fig. 6; see

Fig. 5. Characterization of the rate laws governing the reduction rate of ferric iron from 800 to 500°C. The square of the
reduction advancement is linearly dependent on run durations: there is evidence for a diffusion-limited process. The reaction
advancement, �, is calculated as � � R0 � (k · t)1⁄2 (see Eqn. 3).
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Fig. 6. Characterization of the fH2 dependence of the reduction rate of ferric iron at 800°C. The shape of the curves
indicates that the reduction rate is controlled by the solubility of H2 in the glass (at 800°C, the obsidian is still in the glassy
state). Black diamonds � points obtained in this study; open diamonds � data of Gaillard et al. (2003) on the Eburru sample
(Table 3, sample Eb). The solid line is the calculated H2 diffusion at 800°C. The solid lines fitting the data points correspond
to Eqns. 5 and 6.

Table 4. Extraction of the reaction constants at T � 800°C and parameters of the model including, diffusivity and solubility law for molecular
H2.

No. fH2 SH2 (gr.m�3) SH2 (ppm-wt)
log K

measureda
log K

calculatedb �
log K

calculatedc

3–4 0.02 0.002 0.001 �13.21 �13.56 0.0005 �12.89
5–6 0.25 0.058 0.025 �12.54 �12.15 0.0026 �11.80
7–11 0.50 0.14 0.06 �11.83 �11.76 0.0040 �11.49
27 2 0.8 0.4 �11.01 �10.98 0.0099 �10.89
28 5 2.6 1.1 �10.63 �10.47 0.0179 �10.49
29 8 4.8 2.1 �10.18 �10.21 0.0242 �10.29
30–31 15 10.8 4.7 �9.84 �9.85 0.0364 �10.02
32 25 20.7 9.9 �9.57 �9.57 0.0505 �9.80
33 30 26.1 11.3 �9.33 �9.47 0.0568 �9.72
34 40 37.6 16.3 �9.23 �9.30 0.0684 �9.59
35 70 76.9 33.4 �8.98 �8.99 0.0980 �9.35
Eb 50 50.0 21.7 �10.52 �10.53 0.0215 �11.17
SH2 � 0.34 f H2

1.28 (g/m3)
log DH2 � �7.8 m2 · s�1 at 800°C, and DH2 � 1.40 10�6 exp[�40000/(RT)] � (m2 · s�1)

a K is the reaction constant deduced from experiments as K � �2/t (see Eqns. 3 and 5).
b Reaction constant calculated with K � 4 �2 DH2 (see Eqns. 5 and 6) and a solubility law for molecular H2 as SH2 � 0.34 fH2

1.28.
c Reaction constant calculated with linear f H2 dependence for solubility: SH2 � 6.58 10�4 fH2.
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also Gaillard et al., 2003), which is a melt at 800°C, is perfectly
predicted by the set of parameters also applied to the glass.
Such diffusion properties, being similar in both glass and melt
regions, have already been mentioned for diffusion of neutral
species in amorphous silicates (see Watson, 1994). We there-
fore suggest that our model can be used for magmatic processes
affecting melt redox state as well as weathering processes
affecting glasses containing industrial and nuclear wastes
where the redox couple H2/H2O dominates the fluid compo-
nent.

5.4. H2 Solubility in Melts

The solubility law obtained has the form SH2
� a fH2

b, where
a is Henry’ s constant and b is an empirical parameter account-
ing for the nonlinearity of the relationship. Persikov et al.
(1990) gave a solubility law for H2 in iron-free molten albite
glass. The form of their solubility law is similar to ours but the
b exponent they gave is equal to �0.5, whereas ours is equal to
1.28 (Table 4, Fig. 8). The reason for this difference is probably
because of the f H2 range, 100 to 8650 bar, where their rela-
tionship was calibrated, in contrast with our range, 0.02 to 70
bar. The Persikov et al. (1990) solubility law was obtained by
fitting the total H content in quenched glasses against the f H2.
It is well known that hydrogen can be incorporated into a melt
in the form of both proton and molecular H2. It is therefore
probable that their law calculates both H� and H2 concentration
in melts for a given f H2. This might explain why Persikov et al.

overestimate the solubility of H2 at low f H2 (Fig. 8). Never-
theless, there is reasonable agreement when both models are
used at f H2�70 bar. For example, H2 solubility calculated
from both models at f H2 � 70 bar yields values differing by a
factor of �2, 68 ppm for Persikov et al. vs. 33 ppm for this
study, and at f H2 � 100 bar, 81 ppm for Persikov et al. vs. 53
ppm for this study. However, because f H2 in natural magmas is
more in the range 0.02 to 70 bar than 100 to 8650 bar, the use
of our solubility law to simulate natural processes taking place
in magmas is more relevant.

Fig. 7. Temperature dependence of the reduction rate determined at two different f H2. The two fits to the data points are
performed with the same activation energy (40 kJ/mol). Other lines correspond to the diffusion rate of molecular H2O
(Zhang et al., 1991) and molecular H2.

Fig. 8. Solubility laws for H2 in silicate glasses and melts at 800°C.
Different solubility relationships corresponding to different studies and
different glass compositions are plotted. Sold lines � calibration do-
main of each study; dashed lines � extrapolations.
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Molecular H2 solubility was investigated in fused silica by
Lee and Fry (1966) and recently by Lou et al. (2003). Their
solubility data were fitted to show a linear f H2 dependence and
a slightly negative temperature dependence (the latter being
almost negligible). Between 0 and 1 bar f H2, which is within
the range of investigation of their study, the calculated H2

solubilities that used both models show remarkable agreement
(Fig. 8). When extrapolated to higher f H2, the predicted H2

solubilities begin to diverge but remain in reasonable accord.
The solubility law determined in this study applies to both

fully polymerized (SiO2), as well as to high NBO/T liquids
(Eburru composition; see Gaillard et al., 2003). These findings
show good agreement with the observation that the solubility of
neutral species becomes less dependent on the ionic porosity
(�NBO/T) as the size of the neutral molecule or atom de-
creases. For example, Helium solubility varies by a factor of
less than two between rhyolite and komatiite, whereas Argon
solubility varies by a factor of 100 under conditions that are
otherwise the same (Carroll and Webster, 1994). In the case of
H2 we have shown that solubilities in SiO2 glass, metaluminous
obsidian, molten albite and strongly peralkaline obsidian com-
pare fairly well. We therefore expect that our solubility law for
H2 applies to most composition ranges covered by natural
magmas.

5.5. Diffusion Profiles

In this section, diffusion profiles are only qualitatively dis-
cussed. The OH profiles shown in Figure 3 and 4 differ because
the latter hydroxyl groups produced by the reaction are mea-
sured only in the reduced part of the sample, whereas for the
former, reaction-derived OH bands are also observed in ad-
vance of the reduction front. Because of the slow reaction rate
at f H2 � 0.5 bar, the sample, whose profile is shown in Figure
3, was exposed to high temperature for a long time at room
pressure. Under these conditions, the velocity of the reduction
front and the rate of OH production were slower than the
diffusion of molecular H2O, as can be seen on the Arrhenius
diagram (Fig. 7). It follows that the reaction-derived OH mi-
grates in the form of H2O (Zhang et al., 1991) in response to the
chemical potential gradient. Diffusion toward the rim before de-
gassing occurs but diffusion in front of the redox front also occurs
as a result of COH in this front being higher than in the sample
core. At higher f H2 the reaction rate is much faster than the
migration rate of H2O molecules so the reaction-derived OH can
be considered as immobile (Fig. 4). As the reaction products at
these conditions are not immobile with respect to the velocity of
the redox front, the kinetic model used (Eqns. 5 and 6) should not
apply anymore. It is apparent from Table 3 that the reaction
constants are not as well calculated for low f H2 as for high f H2

conditions (see Table 3, compare f H2�1 and �1). However, the
extreme sensitivity of the reaction rate to the f H2 in the low f H2

region is difficult to reproduce exactly and we therefore consider
the agreement between calculated and measured values accept-
able. For this reason, we assume that the migration of reaction
products during the ongoing reaction does not significantly affect
the overall reaction rate and its kinetic law.

The apparent lag of the H2 front with respect to the OH and
redox fronts, as shown in Figure 4, may suggest that H2

diffusion is slower so meaning that the velocity of the redox

front is controlled by the OH front. However, the extremely
reducing conditions imposed by the presence of several bar of
H2 in a melt having a very low water activity, created a strong
displacement toward the right hand side of the following equi-
libria:

H2 � 2 Fe3�N 2 Fe2� � 2 H� or

H2 � 2 FeO1.5N 2 FeO � H2O (7)

It follows that H2 and Fe3� are very reactive and cannot
coexist (which may not be the case when significant amounts
of water are dissolved in the melt). Therefore, the extent of
H2 penetration, observed in Figure 4, in fact reflects the
stability of H2, where nearly all ferric iron has been reduced
to satisfy the equilibrium 7. Subsequently, the hydroxyl
front is evidence of the reacted H2 course, and therefore, the
OH profile is a mirror image of the ferric iron profile.
According to Crank (1975 see chapter concerning diffusion
and chemical reactions), the unusual shape of the OH profile
(downward and concave in nature, classically interpreted as
a composition dependent diffusion coefficient) is interpreted
here as a diffusion � reaction (immobilization) process: The
OH representing the immobilized molecules. The ambiguity
comes from the fact that whatever the f H2 was, the redox
front marked on the Figure 4 by a vertical line is positioned
systematically in front of the OH profile. This means that
ferric iron should still exist behind the redox front and the
latter is in fact evidence of the beginning, rather than the
completion, of Fe3� reduction.

5.6. Diffusion vs. Reaction Limited

In a previous article, Gaillard et al. (2002) concluded that
oxidation–reduction of iron was a reaction limited process
because they observed a delay between DH2 and the rate of
iron redox changes and because they observed no color
changes across the run products. From Gaillard et al. (2003)
and this study, it appears that the redox reaction operating at
the redox front does not limit the overall reduction rate
independent of the f H2 and T. However, the two half-redox
reactions written in (Eqn. 4) indicate that one H2 must react
with two Fe3� ions. It follows that this reaction should be
limited by the ability of two Fe3� ions to assemble before
reacting with a H2 molecule. However, this scenario may be
ruled out as under our experimental conditions (mainly
�800°C), Fe3� diffusion must be � 10�18m2 · s�1, and
therefore, this process should require a significant amount of time,
given the distance between two ferric iron atoms in the melt/glass
(�35 Å, compiling molten oxide partial volumes from Lange and
Carmichael, 1990; Holtz et al., 1995 and Knoche et al., 1995, and
assuming a random distribution of ferric iron). It is therefore
likely that an intermediate species between H2 and H� operates
the electronic transfer between two ferric iron atoms. This
intermediate step could be written as;

H2 � Fe3�3 Fe2� � H2
� followed by H2

�3 2 H� � 1 e�

(8)

and a coupled jump of 1 H� and 1 e� toward the next ferric
iron neighbor. Iron, in this scenario, is an immobile species, but
does not affect reaction rate. Therefore, proton motion should
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occur, although Behrens and Nowak (1997) showed it to be a
nonmobile species relative to H2O mobility. A short jump is
probably the best description of this phenomenon.

5.7. Oxidation Rate

According to Gaillard et al. (2002), the rates of oxidation
and reduction of iron in water-bearing melts are similar. We
therefore interpret the rate and mechanisms of oxidation as
a mirror image of the reduction process we identify in this
study: It will be controlled by the rate of H2 extraction from
the melt, this being a function of DH2 and SH2

. In the case of
reduction, SH2

is a function of the externally imposed f H2. In
the case of oxidation, the melt f H2 is internally buffered by
the equilibrium 7, and therefore, the outward H2 flux will be
controlled by this internally buffered f H2. The equilibrium 7
shows that the buffered f H2 is proportional to f H2O and the
ratio of the activities of FeO/FeO1.5. In Figure 6, the hori-
zontal axis (f H2) can be replaced by f H2O/K(7) · aFeO/aFeO1.5

to give the rate of oxidation, K(7) being the equilibrium
constant 7. An exception to this is thought to occur when the
water content of the melt is very low. Reaction 8, when

reversed to consider oxidation, imply that 2 protons have to
assemble to react and give rise to H2

� or H2. At very low
OH content, the distance between two H� may be large
enough for this step to rate limit the overall oxidation rate.
In that case, the oxidation process will be reaction limited,
and therefore, growth of an oxidized layer should be linear
with exposure time.

6. REDOX EXCHANGES IN NATURE

In dry systems, oxidation and reduction of iron in melts and
glasses are rate limited by divalent cation mobilities. In hydro-
gen-bearing systems, redox exchanges between H2 and iron
dominate the mechanisms because these have the fastest reac-
tion path. However, we saw that the latter mechanisms display
reaction rates that are strongly dependent on f H2 and whose
temperature dependence is minimal. Therefore, it is likely that
for low f H2 and high-temperature conditions, the oxidation–
reduction processes that are rate limited by divalent cation
migration, may be faster than redox exchanges with H2, thus
implying a change in the mechanism of redox potential equil-
ibration with variation of temperature or f H2. In Figure 9, we

Fig. 9. Map of redox exchanges in glasses and melts as a function of temperature and f H2. Rates of reduction or creation
(by oxidation) of 3.5 wt% of ferric iron due to redox exchanges with H2 are shown for hydrogen fugacity ranging from 0.1
to 100 bar. The line labeled DM2� corresponds to the rate of a similar change of iron redox state controlled by diffusion
of divalent cations as it operates in anhydrous systems (after Cooper et al., 1996, and considering a basaltic composition).
The square corresponds to the f H2-T domain of actual terrestrial magmas. It appears that in most of the f H2-T conditions,
the mechanisms of redox exchanges between iron and H2 hydrogen is faster than the rate of redox exchanges rate limited
by divalent cations migration.
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show a map of the rate of reduction or creation (oxidation) of
3.5 wt% ferric iron in a melt, as a function of temperature. We
consider that this rate may be governed by either divalent
cation migration (full line labeled DM2� calculated after Coo-
per et al., 1996) or flux of H2 through the melt operating at
different f H2. To read this map, one should consider that at a
given temperature and f H2, the faster mechanisms dominate.
For example, at f H2 equal to 0.1 bar and at low temperature, H2

flow through the melt is rate limiting, whereas at temperatures
around 1150°C and higher, redox exchanges are rate limited by
divalent cation migration. Therefore, even in the presence of
hydrogen, the redox mechanisms applying in dry systems are
likely to operate. Figure 9 also shows the f H2-T domain of
actual terrestrial magmas and one can see that the H2 flux
through the melt should operate in most conditions encountered
in natural magmas. Only under extremely low f H2 and high-
temperature conditions should the presence, or absence, of
hydrogen in the system have no effect on the rate of redox
exchange in magmas.

Communication of redox potentialin natural magmas will,
according to these latest results, mainly involve H2 transfer. At
this point, we must emphasize that redox transfer can operate
even when the f O2’s of two reacting bodies are similar, pro-
vided that there is an f H2 gradient. As an example, consider

two juxtaposed magmas (A and B) at 1000°C having a H2-H2O
volatile component, which buffers a f O2 equal to10�10 bar
(NNO�0.34). Two magmas having the same f O2 is unlikely
but this should not affect the geological implications we draw
hereafter. Furthermore, this choice was made to illustrate that
redox exchange can occur even when no f O2 gradient exists. If
the water fugacities of the two magmas are dissimilar, A being
equal to 1580 and B, 860 bar (�6 and 3 wt% H2O) they will
buffer an f H2 equal to �9 and 5 bar, respectively. It follows
that H2 transfer will operate affecting the Fe3�/Fe2� and there-
fore f O2 of both magmas, whereas the chemical potential of O2

was initially the same. However, in terms of rate of redox
exchange between the two magmas, calculations performed by
Eqns. 5 and 6 revealed that after an exposure time of 5 yr, the
transfer operates only across 23 cm within magma B when a
rhyolitic composition is considered (the composition of the
Pinatubo glass matrix given in Gaillard et al. (2002), with FeO
� 1 wt% as total iron). The implication is therefore that crustal
events, such as magma mixing, or in general, interactions with
surroundings, do not lead to significant modifications of the
magma redox state, thus confirming the suggestions of Car-
michael (1991) and Feldstein et al. (1996). This conclusion is
the result of the shape under which magmas are stored in the
crust (large volumes in magma chambers). Diffusion, even as

Fig. 10. The full lines illustrate the penetration of a front of 0.25 wt% of reduction-derived H2O in a glass undergoing
an exposure to different f H2 conditions at 200°C under water-saturated conditions. The glass initially contains 2.2 wt%
Fe2 O3. For comparison, a front of hydration rate controlled by H2O mobility is also shown (calculated after Zhang et al.,
1991).
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fast as H2 diffusion, only affects the outermost zones of mag-
mas, whereas the bulk volume remains unchanged.

Another interesting case for which our model applies is
weathering of glasses used as containers for radioactive
waste. Consider a glass at 200°C stored within a geological
layer at a depth of 150 m in a system where free water exists
(f H2O � 30 bar). We illustrate two cases for which the
redox conditions of the fluid differ: (1) the redox conditions
are close to NNO � 1 so that f H2 nearly equals 1 bar; and
(2) the redox conditions affected by the presence of organic
matter are slightly below the Fayalite-Magnetite-Quartz
(FMQ) buffer, which is equivalent to �10 bar of H2. For
both scenarios, H2 will diffuse in the glass and react with the
redox traps to produce OH groups at a rate controlled by
both diffusion and solubility of H2. In addition, the penetra-
tion of the redox front and the amount of reduction-derived
OH are both a function of the concentration of redox traps in
the glass. We symbolize the redox trap density by the Fe2O3

content, but other multivalent cations (manganese, uranium,
sulfur…) would be equivalent, taking into account that the
stoichiometry of the reaction may differ. In Figure 10, we
show the rate of reduction of a glass containing 2.2 wt% of
Fe2O3, which by interaction with H2 will create reaction-
derived OH, expressed here as equivalent H2O (0.25 wt%).
The rate of reduction is four times faster if f H2 � 10 bar
compared with the case where f H2 � 1 bar. Compared with
hydration due to molecular H2O diffusion within the glass,
the rate of OH incorporation by H2 diffusion � reaction is
13 and 50 times faster at 1 and 10 bar f H2, respectively. The
implication is that if one ignores the possibility of H2-iron
interactions, the rate of glass hydration may be severely
underestimated. For example, at f H2 � 1 bar, reaction-
derived OH are incorporated over 1 mm within less than 30
yr and for f H2 � 10 bar, after 100 yr, 1 cm of glass becomes
wet. The timescale we calculate here contrasts critically with
previous estimations of rate of glass weathering, which
considered that hydration of a glass is rate controlled by H2O
mobility within the glass (Grambow and Müller, 2001). As
water is incorporated into a glass, its reactivity (Tg, relax-
ation time, leaching rates?) may be changed by several
orders of magnitude (Dingwell, 1994), and it follows that the
durability of the glass exposed to surroundings that contain
H2 is then questionable. Given that natural environments,
where nuclear-waste-bearing glasses are stored, contain H2

at a content controlled by the f O2 conditions, we strongly
suggest that the redox conditions in the host terrain must be
one of the main parameters to be considered.
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