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A review of “pyrite disease” for paleontologists,
with potential focused interventions
R. Chris Tacker
ABSTRACT
A literature review of the chemical reactions involved in pyrite oxidation/hydration
(“pyrite disease”) in geological or fossil collections gives direction to a suite of focused
interventions. Reactions on the pyrite surface lie at the heart of the chemical process,
accompanied by the movement of electrons on and through the pyrite semiconductor.
Control of these electrons ultimately may be futile, but examination of the reactions at
the atomic level leads to new possibilities for treatment, and identifies why some treatments are ineffective. This review also identifies gaps in our understanding of the oxidation and hydration reactions.
Fossil biomaterials–bone or shell–often contain or are partially replaced by pyrite.
Acidity produced by pyrite decay destroys these materials. Older treatments focus on
acid neutralization, and humidity control as solutions for megascopic problems.
Focused interventions target specific steps in the chemical reactions at the atomic
scale. Interventions are informed by identification of all the minerals participating in the
process, and accurate characterization of the bone, pyrite and sedimentary matrix.
Bone minerals and pyrite are structurally and chemically heterogeneous, so each intervention requires bench testing, complimented by analytical measurements. Chemically
passivating the unreacted pyrite surface shows the greatest promise.
Anticipation of a new specimen’s susceptibility to decay is key. Decay may be
accelerated using techniques of humidity buffering with saturated salt solutions. Conductivity of pyrite (which varies over four orders of magnitude) may be measured. A
database of pyrite conductivity is highly desirable.
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TACKER: PYRITE DISEASE

INTRODUCTION
The late twentieth century, and early twentyfirst century, saw a burst of research geared
towards the understanding of the mechanisms of
pyrite oxidation/hydration, which leads to acid mine
drainage (AMD) through production of sulfuric acid,
or its aqueous equivalent, dissolved hydrogen and
sulfate ions. It was primarily driven by advances in
surface science. Research was aided by the
spreading availability of instrumentation such as
laser Raman and Fourier Transform Infrared
(FTIR) spectroscopies, as well as Secondary Electron Microscopy (SEM) and associated Energy Dispersive Spectroscopy (EDS). Further afield, the
discovery of hydrous sulfate minerals on Mars led
to detailed study of hydrous iron and magnesium
sulfate minerals and their stability with respect to
temperature and humidity.
The scientific literature on pyrite oxidation/
hydration, what the curatorial community calls
“pyrite disease,” is vast. The literature has never
been pulled together to address the problems specific to minerals, or more properly, fossils. Pyrite
adsorbs water and oxygen and grows efflorescent
minerals that eventually make their own acidic puddle. Efflorescent minerals are generally hydrous
ferric and ferrous iron sulfates (Howie, 1992a), but
may also include alkali-bearing jarosite or aluminum-bearing alunogen or halotrichite. The higher
molar volume of these minerals, compared to
pyrite, mechanically wedges specimens apart as
they grow (Table 1). The minerals eventually produce strong acid that is immediately destructive to
fossil biomaterials, calcite, and to bone apatite.
Curators and collections staff have long
noticed the problems of pyrite decaying within collections, raising concerns about protection and
preservation of specimens. Many of these questions have long since been answered, but not in
the curatorial literature. This paper reviews and
summarizes scientific research for those who do
not frequent the literature of mineralogy, of surface
science, of geochemistry and environmental geochemistry, and of the Martian hydrosphere. This
paper is written for the non-specialist, whether that
person is an academic paleontologist, a graduate
student, or an amateur. This paper is for anyone
wishing to understand the problems with long-term
storage of the discoveries they have made. What is
required is a very basic understanding of chemistry.
The overall reaction of pyrite oxidation, hydrolysis, and dissolution is often presented as an
aqueous reaction (Jambor et al., 2000):
2

Sulfuric acid is a strong acid that dissociates nearly
completely in water and is usually cited as the culprit in specimen destruction. Low pH generates
Fe3+ (Jambor et al., 2000):

This reaction proceeds spontaneously and is exothermic enough to significantly heat experiments
(Acero et al., 2007) and mine waters (Nordstrom et
al., 2000).
Overall reactions are valid chemical descriptions, but they can also pass over details in reaction mechanism, for example, speciation of the iron
in solution. It describes the dissolution of pyrite in
water and the production of sulfuric acid and further acidity. Slightly different reactions may be written for production of other oxidized iron minerals.
The reaction, as written above, pertains to an
aqueous solution with dissolved oxygen. Storage
problems relate to an oxygen atmosphere with
water vapor (Howie, 1977a, 1977b). The two situations are fundamentally different. There is a great
deal of story between reactants (“once upon a
time”) and products (“the end”).
This review paper focuses solely on the abiotic reactions between pyrite, water, and oxygen.
Some studies have proposed that “pyrite disease”
may indeed have a bacterial component. Bacterial
attack (e.g., Acidithiobacillus ferrooxidans, A. thiooxidans) on pyrite is widely studied for environmental reasons, as a significant contributor to AMD
and metals release (Nordstrom et al., 2015; Blackmore et al., 2018). Bioleaching of metal sulfides
has become an important process in mining (Vera
et al., 2013). The scientific literature on the beneficial and detrimental effects of these bacteria is
huge.
However, the importance of bacteria under dry
museum storage conditions was questioned as
early as 1977 (Howie, 1977a; 1977b) and has
largely been discarded as a hypothesis (Newman,
1999; Fenlon and Petrera, 2019). Fenlon and
Petrera (2019) cite a cutoff of 95% RH, below
which the bacteria are not viable. Although temperature ranges of Acidithiobacillus species vary,
they commonly have optimal pH ranges <3.5 (Falagan et al., 2019). Survival of the biofilms in collections at higher pH and drier relative humidity
conditions is open to question. The present under-
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TABLE 1. Mineral names and chemical formulae referenced in this work. Molar volume is given per formula unit. Deliquescent minerals are marked “del.”
Vol pfu (Å3)

Formula

Aluminum Sulfates
Halotrichite

Fe2+Al2(SO4)4 • 22H2O

del

791.3

Alunogen

Al2(SO4)3 • 17H2O

del

595.5

Ferrous sulfates
Szomolnokite

Fe2+SO4 • H2O

90.9

Rozenite

Fe2+SO4 • 4H2O

785.5

Melanterite

Fe2+SO4

del

• 7H2O

243.9

Ferric sulfates
Kornelite

Fe23+(SO4)3 • 7H2O

Coquimbite

Fe23+(SO4)3 • 9H2O (idealized)

del

440.6

Coquimbite

Fe2-x3+Alx(SO4)3 • 9H2O (actual)

del

440.6

Quenstedtite

Fe23+(SO4)3 • 10H2O

462.2

Fibroferrite

Fe3+(SO4)(OH) • 5H2O

206.6

Rhomboclase

HFe3+(SO4)2 • 4H2O

241.7

Römerite

Fe2+Fe23+(SO4)4 • 14H2O

611.7

Jarosite

(H3O),K,NaFe23+(SO4)2(OH)6

264.9

Copiapite

Fe2+Fe23+(SO4)6(OH)2 • 20H2O

1175.1

387.5

Mixed iron sulfates

Sulfides
Pyrite

Fe2+S2 (isometric)

39.8

Marcasite

Fe2+S2 (orthorhombic)

40.7

Pyrrhotite

Fe(1-x)2+S (x = 0 to 0.2)

varies

Gypsum

CaSO4 • 2H2O

123.8

Bassanite

CaSO4 • 0.5 H2O

88.0

Anhydrite

CaSO4

76.4

Hematite

Fe2O3

50.5

Magnetite

Fe3O4

74.0

Calcium sulfates

Iron oxides

standing of pyrite oxidation and hydration in humid
air is therefore the focus of this paper, not the wet
or intermittently wet conditions where these bacteria are viable.
Present treatments for pyrite degradation
involve brute force tactics (Newman, 1999). Efflorescent minerals are mechanically removed (often
without identification), and chemicals are added for
neutralization of the acid. A coating is added to
block water and oxygen. Treatments described by
Birker and Kaylor (1985) involved manual cleaning,

and acid neutralization in ammonia gas produced
by mixing polyethylene glycol and ammonium
hydroxide and suspending the specimen in the
fumes. Friable specimens were then consolidated
in polyvinyl acetate in toluene. Treatments
described in 2019 (Hellemond, 2019) differ little
from those of 34 years earlier. Hellemonde (2019)
describes use of an ethanol-based solution of 25% ethanolamine thioglyconate, which neutralizes
the acids and chelates the iron from the pyrite surface. The coating in the second case is polyvinyl
3
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acetate and acrylate, “cutting off the influence of
oxygen and water.”
The shortcomings of this approach are readily
apparent. There are obvious size limitations to the
specimen under treatment. Birker and Kaylor
(1985) make clear that the toxicity of the ethanolamine thioglyconate treatment prohibits its use
under some workplace safety regulations. Baars
(2019) provides anecdotal evidence that coatings
are not effective to protect pyrite-bearing specimens. Howie (1992b; 1992c) observes that none of
the coatings commonly in use have been demonstrated to be impermeable to oxygen or water.
Relative humidity (expressed as %RH) is the
variable most amenable to control, so storage
options most often turn to excluding water vapor.
However, recent experiments have shown that
some efflorescent minerals persist to very low
humidity, along with the film of water coating the
grains (Wang et al., 2013; Liu and Wang, 2015)
and the pyrite grains (Jerz and Rimstidt, 2004).
Low humidity does not control contributions of
electrons or of water from other hydrous minerals
such as clays. Finally, low humidity storage does
nothing to control oxygen, the primary culprit in oxidation.
A different approach is needed. The problem
can be reduced to four chemical reactions. First is
the oxidation of the pyrite to ferric or ferrous sulfates. The second is growth and hydration of efflorescent minerals. Third is the production of acid
from the efflorescent minerals. The final reaction is
that of fossil material with strong acid. Examination
of these four reactions leads to possible interventions focused on inhibiting or exploiting specific
processes.
Each stage has been studied, but in separate
branches of the physical sciences. Pyrite is a semiconductor of electrons, a candidate for solar
energy material, and an abundant ore of iron. Efflorescent minerals, hydrous iron- and iron-aluminum
sulfates, transition from subaerial to subaqueous
environment and release metals into the environment as well as sulfuric acid (Jerz and Rimstidt,
2003), a process widely known as acid mine drainage (AMD). Additional interest in the hydrated sulfates grew from discoveries in the Martian soils
(Farrand et al., 2009). Finally, the reaction between
fossil bone—an apatite-like mineral variably altered
through diagenensis—and acid has been studied
as a model for bacterial decay in teeth, where acid
destroys the hydroxylapatite-like enamel. Mining of
phosphatic ore is followed by beneficiation with sulfuric acid to produce superphosphates and phos4

phoric acid. Examination of each stage in turn
helps build a holistic view of the process, and
points to interventions can be that most helpful.
CHEMISTRY OF THE FOUR STAGES OF
PYRITE DEGRADATION
Oxidation and Hydration of Pyrite
Oxidation is an electrochemical reaction
involving loss of an electron (e-). The oxidation of
iron can be written as Fe2+- e- = Fe3+. The oxidizer
can be any electron acceptor, another Fe3+, O2
gas, bicarbonate of soda, a co-existing mineral, or
organic chemical fumes from a storage case
degassing. The effects of oxygen and water are
presented here, to limit the scope of the review,
although the oxidizing effects of Fe3+ (Rimstidt and
Vaughan, 2003) also come into play. This section
benefits from the study of pyrite oxidation in surface science, environmental geochemistry, and
mineralogy.
The oxidation of pyrite is reviewed in several
articles (Jerz and Rimstidt, 2003; Abraitis et al.,
2004; Murphy and Strongin, 2009) and excellent
review volumes (Alpers et al., 2000; Vaughan,
2006). These are recommended, but pertinent
parts are presented here. The literature must be
treated judiciously, because most articles address
conditions with dissolved oxygen in water, while
our environment of interest involves subaerial conditions of abundant oxygen with variable water
vapor (Howie, 1977a; 1977b). Jerz and Rimstidt
(2004) demonstrated that pyrite oxidation rates are
higher in air than in water, over short time scales.
The structure of pyrite (Fe2+S2-) is shown in
Figure 1, with S2 “dumbbells” alternating with iron.
Oxidation is the loss of electrons, in this case the
loss of an electron from Fe2+ to produce Fe3+, and
the loss of seven electrons to produce S6+ from S-.
Rimstidt and Vaughan (2003) note that electrons
may be exchanged only in ones or twos, so that the
full oxidation of the sulfur atom is likely the rate-limiting step. As a general rule in sulfides, the metal
atoms provide a pathway for electron mobility,
rather than the sulfur atoms (Rimstidt and
Vaughan, 2003; Pearce et al., 2006).
Studies in ultrahigh vacuum on fresh or
cleaned pyrite surfaces show similar results though
different spectroscopic techniques are used (X-ray
photoelectron spectroscopy, XPS; scanning tunneling microscopy and spectroscopy, STM; ultraviolet
photoelectron spectroscopy, UPS). The iron atom
is attacked first by either O2 or H2O separately,
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FIGURE 1. Unit cell of pyrite, FeS2, drawn with VESTA. Data from (Rieder et al., 2007). Bonds are drawn to emphasize the pairs of sulfur atoms. The unit cell is outlined. Iron atoms (Fe) form a network for movement of electrons
through the structure.

producing Fe3+ (Guevremont et al., 1998a; 1998b;
1998c; Rosso et al., 1999; Rosso and Vaughan,
2006a; 2006b), but the effect of O2 or H2O alone is
far less than both together. Rosso et al. (1999)
observed that water would dissociate on the surface iron sites only if there was dissociated O2
attached at a nearby Fe3+. Rosso and Vaughan
(2006) summarize the data as competitive adsorption of O2 or H2O: Oxidation of Fe2+ is accomplished by O2, which facilitates the dissociation of
water on the surface. Reduced sulfur is then oxidized by charge redistribution from the oxidized
iron. This scheme is supported by ab initio calculations (Stirling et al., 2003) and later work (Chandra
and Gerson, 2011). Use of 18O as a tracer confirms
that most sulfate oxygen or OH- radicals originate
with water (Reedy et al., 1991), following the attack
of oxygen on the iron.

Spectroscopic studies with synchrotron radiation using XPS in air show rapid reaction of surficial
sulfur to sulfate within minutes to seconds (Schaufuss et al., 1998a; 1998b). Humidity and temperature were not controlled in these experiments.
Schaufuss et al. (1998a; 1998b) showed that initial
electrons are donated to the sulfur atom from iron,
leading to surficial Fe3+. The proximity effect
involves the surface electrons (Becker et al., 2001;
Rosso and Becker, 2003), such that oxidation of
Fe2+ will affect atoms nearby, explaining the patchy
nature of oxidation observed. Yet the most important observation made by Schaufuss and colleagues was that the process was not simply
surficial, but involved electron transfer from atoms
below the surface as well. The reactions measured
by Jerz and Rimstidt (2004) also indicated that
subsurface atoms participate in the surficial oxidation.
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The preceding research yields several important points, in summary. Iron atoms are important in
initiating the oxidative reaction with O2 or H2O, and
initiate oxidation of the sulfur atom by donating an
electron or an OH. Iron atoms in the body and surface of the pyrite are not isolated from surface
reactions, but provide electrons to participate in the
reactions, as well as providing a path for diffusion
of the electrons through the bulk pyrite. “Pyrite disease” does not simply proceed from the outside to
the inside of the pyrite, eroding the surface to
expose fresh and unaffected material. Rather, the
entire body of the pyrite is involved. An external
rind of oxidation on pyrite does not protect the
inside from oxidation, the loss of electrons.
The factors that influence the rate of electron
conduction, or charge conduction, must be examined, given the central role of electron transfer in
this problem. Museum curators are well aware that
all pyrites are not created equal. Some will persist
for years in a pristine state, while others decay rapidly (Howie, 1992b). The answers to those questions come from Materials Science.
Pyrite is a semiconductor. The band gap in
pyrite, the energy difference between electrons
held in valence bands and those mobile in conduction, is small, only 0.9 eV (Abraitis et al., 2004).
Conduction of charge is significantly enhanced by
the presence of trace elements, leading to n-type
(higher valence state, excess electrons) or p-type
(lower valence state, or electron hole, or fewer
electrons) semiconduction (Abraitis et al., 2004;
Pearce et al., 2006). The n-type semiconductors
have electrons as a majority carrier of charge. The
majority carriers in p-type semiconduction are the
electron holes, which essentially behave as a positively charged particle. The minority carriers in
each type are electron holes in n-type and electrons in p-type. A single pyrite crystal may contain
both n-type and p-type semiconductors (Rimstidt
and Vaughan, 2003). Reviews of pyrite conductivity
(Abraitis et al., 2004) show that it varies over four
orders of magnitude, with a lengthy list of trace and
minor element substitutions. Concentrations of
these substitutions also cover four or more orders
of magnitude (Abraitis et al., 2004). Structural and
surficial defects play an additional role in the diffusion of electrons (Guevremont et al., 1998a,
1998d, 1998c; Rosso et al., 2000). Surficial sulfur
deficiencies accelerate oxidation by allowing an
oxygen atom to substitute directly in the sulfur
vacancy (Birkholz et al., 1991; Belzile et al., 2004).
The intrinsic variability of charge conduction in
pyrite provides an explanation for greatly varying
6

rates of oxidation and hydration for multisource
pyrite specimens in a collection (Savage et al.,
2008). General factors affecting the reaction rate
are surface area of the reactants, concentration of
reactants, and temperature of the reaction
(Lasaga, 1981). A small grain of pyrite will have a
larger surface area, and therefore more surficial
electrons that are mobile. Specific factors demonstrated to affect the reaction rate of pyrite are grain
size (Lowson, 1982; Howie, 1992b), and illumination (Schoonen et al., 2000; Borda et al., 2003).
The preceding review makes it clear that oxygen is
an essential reactant. Atmospheric water, or relative humidity, is the other variable. Illumination,
oxygen content, humidity, and temperature are
amenable to control, although grain size and conductivity are not.
A megascopic view of “pyrite disease” is that
humidity and acids must be controlled, to varying
degrees of success. By contrast, an atomic scale
perspective shows that oxygen needs control as
well. If possible, surficial iron must be passivated,
and likely sulfur as well. Electrons within the pyrite
bulk are active participants in the oxidation process
(Rimstidt and Vaughan, 2003), as are surficial electrons (Becker et al., 2001; Rosso and Becker,
2003). Realistic control of “pyrite disease” requires
control of bulk and surficial electrons, which may
ultimately be futile once oxidation has begun.
Growth of Efflorescent Minerals
A short list of efflorescent sulfate minerals is
given in Table 1, where a clear progression in oxidation and hydration states is possible for simple
ferrous and ferric sulfates. Under subaerial conditions, efflorescent mineral assemblages evolve
with time, in the mine tailings pile (Jerz and Rimstidt, 2003), in collections (Blount, 1993), and in
experiment (Xu et al., 2009). Yet Blount (1993)
showed that the changes in hydration and mineral
assemblage were sluggish and incomplete. Moreover, Xu et al. (2009) showed experimentally that
the ferric sulfate minerals that form during hydration/dehydration at a given humidity depended on
those initially present. When humidity is changed,
the precursor minerals influence the mineral
assemblage that grows. Data of Xu et al. (2009)
strongly suggest that the reaction path - reaction
kinetics - is a greater influence than equilibrium.
Surface science and environmental sciences provide the descriptions of these reaction paths.
Ferrous sulfates (Fe2+SO4 • nH2O) appear to
be the first to develop on the pyrite surface, mirroring the oxidation reaction. Some clues garnered

PALAEO-ELECTRONICA.ORG

FIGURE 2. Hygroscopic halotrichite. Water is gathered at the tip of the growing crystal and diffuses to the pyrite surface. Field of view is 3 mm.

from FTIR (Dunn et al., 1992; 1993) and from natural environments (Jambor et al., 2000) suggest that
melanterite is the first mineral to form. It is difficult
to picture melanterite (• 7H2O) forming without precursors of lower hydration states, szmolnokite
(•4H2O) and rozenite (• 1H2O), even with evidence
to the contrary. Indeed, Jerz and Rimstidt (2004)
showed that at humidity lower than 95%, either
melanterite or szmolnokite could precipitate from
the damp surfaces of pyrite. These hydrous minerals may nucleate directly on the pyrite surface or
precipitate from a film of solution on the pyrite surface (Jerz and Rimstidt, 2004). The thin film of
water observed by Jerz and Rimstidt (2004) was
confirmed by Raman spectroscopy (Wang et al.,
2012). This film is a common feature of sulfate minerals as well (Wang et al., 2013). Mineral transformations taking place in that film, or in association
with that film of water, represent one of the gaps in
our understanding of the process.
In addition to the film of water forming on the
pyrite, and the film of water on sulfate minerals,
almost all of the sulfates listed in Table 1 are
hydrous and hygroscopic, and a few are deliquescent, absorbing water until they dissolve in a solution of their own making. Hygroscopic minerals

thus function as “getters” for water to contribute to
the pyrite reactions. Water is gathered at the distal
end of the growing crystal. The base of the crystal
is rooted on the pyrite, so that a gradient of chemical potential exists, and water will diffuse to the oxidizing surface. Figure 2 shows a drop of water on
the tip of a halotrichite crystal as illustration.
Once the oxidation process has begun, it is
largely self-sustaining. A positive feedback is
established where the efflorescent minerals provide water to the pyrite surface. Further oxidation
of iron in the efflorescent minerals provides an
additional Fe3+ oxidizer for the pyrite (Rimstidt and
Vaughan, 2003). Oxidation is further sustained by
movement of electrons from the bulk of the pyrite
crystal (Rimstidt and Vaughan, 2003) and from the
nearby surface (Becker et al., 2001; Rosso and
Becker, 2003).
Production of Acidity from Efflorescent
Minerals
The release of metals and acidity from the
efflorescent minerals is conveniently studied in
aqueous environments, but less so in the drier
environment of the tailings pile or storage cabinet.
The film of water on the hydrous sulfate minerals,
7
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and on the pyrite, is very concentrated in terms of
dissolved solids. Commonly used predictive models are not applicable at high ionic strengths (Plummer et al., 1988; Sippola, 2012). FREZCHEM
(Marion et al., 2008; Marion et al., 2010) shows
promise as an equilibrium thermodynamic model
describing these reactions, but the reactions tend
to be dependent on the mineral precursors (Xu et
al., 2009), suggesting kinetic control.
Research reviewed above brings us to the
point that melanterite has been produced from the
pyrite surface, along with a film of water on the
pyrite and the sulfates. Melanterite deliquesces at
an activity of water equal to 0.958, 95.8% RH
(Apelblat, 1993). Melanterite dissolves in water,
rapidly lowering the pH (Hurowitz et al., 2009), by
producing acidity through hydrolysis of iron (Frau,
2000; Hurowitz et al., 2009; Frau, 2011):

and jarosite. Pyrite, melanterite, schwertmannite,
and jarosite dissolve in turn, in the Li et al. (2014)
model, to yield Fe(OH)3, dissolved sulfate and
acidity.
Research is scarce regarding the reactions
taking place in the thin film of water on the surface
of the pyrite or the sulfate minerals, so extrapolation of the Nordstrom et al. (2000) and Li et al.
(2014) conclusions should be done judiciously. The
important result from the reactions reviewed above
is that the production of acidity is not simple production of sulfuric acid, or its dissolved equivalent,
except for the case of outright dissolution of pyrite
in water. It is safe to assume that oxygen will continue to oxidize Fe2+ in this film of water. Precipitation of oxidized iron minerals produces acidity, as
does conversion of reduced iron minerals to oxidized minerals. The presence of Fe3+ provides
feedback to further oxidize the pyrite surface.
Reaction Between Bone Apatite and Acid

However, this reaction alone was insufficient to
reproduce the pH drop observed. A much stronger
acid was produced by a small amount of Fe3+ contaminant, through the reaction (Hurowitz et al.,
2009; Frau, 2011):

Frau (2011) verified by experiment and calculation
that 0.16-0.20 wt% Fe3+ was sufficient to produce
the acidity observed, that is, it was not produced by
sulfuric acid.
Inferences on acidity production may be garnered through examining aqueous studies at very
low pH (Nordstrom et al., 2000), and from environmental studies for predicting acidity from acid mine
drainage (Li et al., 2014). At very low pH, crystallization of melanterite and coquimbite from solution
have no effect on acidity production (Nordstrom et
al., 2000), while rhomboclase crystallization consumes and stores hydrogen ions. Oxidized ironbearing phases copiapite and jarosite produce 2H+
and 6H+, respectively, for each molecule of mineral
precipitated (Nordstrom et al., 2000). Li et al.
(2014) modelled the chemical reactions as a
means of predicting acid production. Reaction of
Fe3+ with water (and/or sulfate) reliably produced
acidity during precipitation of amorphous Fe(OH)3,
ferrihydrite, goethite, hematite, schwertmannite,
8

Sedimentary rocks that contain fossils may
also contain pyrite. The fossils themselves may be
partially replaced by pyrite, or contain pyrite in Haversian canals, for example. Acidity produced by
pyrite oxidation and hydrolysis immediately attacks
bone apatite, and immediately destroys calcite.
Examination of the reaction between bone apatite
and acid is the first step towards targeted interference in this reaction. The mineral apatite serves as
a geochemical proxy for bone.
Valsami-Jones et al. (1998) give the following
reaction for the aqueous dissolution of hydroxylapatite and fluorapatite at pH 2-7:

Again, the problem is that the microenvironment of
interest in collections is not a solution with abundant water, but an atmosphere with humidity and a
high ionic strength liquid on the surface of the
pyrite or efflorescent minerals. It isn’t clear if other
calcium phosphate minerals are produced from the
phosphoric acid and the calcium ions, such as
Ca(H2PO4)2 or CaHPO4 • H2O.
Phosphate ore is typically reacted with sulfuric
acid to form gypsum and phosphoric acid (Cekinski
et al., 1993b) with the overall reaction.
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Cekinski et al. (1993b) characterized the reaction
products from sulfuric acid and apatite with a variety of methods, including X-ray diffraction (XRD),
X-ray photoelectron spectroscopy, and secondary
electron microscopy with energy dispersive analysis (SEM-EDA). Apatite concentrates from Abraxas
and Catalao, Brazil, were added to sulfuric acid
and maintained at 80°C, forming a calcium sulfate
(both anhydrite and minor bassanite) and a phosphate gel that coated the apatite grains. Durango
fluorapatite (Young et al., 1969) reacted with sulfuric acid to form calcium sulfates and monocalcium
phosphate monohydrate, Ca(H2PO4)2 • H2O. Further reaction of Ca(H2PO4)2 • H2O yielded, with
time, insoluble CaHPO4 and H3PO4. If iron were
added in the form Fe2O3, an additional crystalline
phase was added to the previous assemblage,
Fe3(H3O)H(PO4)6 • 6H2O. The addition of Fe2O3
and Al2O3 resulted in a gel-like phase mantling the
apatite grains.
Further experiments elucidated the nature of
the gels, using soluble iron and aluminum phosphate starting materials (Cekinski et al., 1993a)
and a single Durango fluorapatite crystal rather
than ore concentrates. The iron- and aluminumfree experiment gives rise to calcium sulfate and
monocalcium
phosphate
monohydrate
[Ca(H2PO4)2 • H2O]. With further hydration, calcium diphosphate (CaHPO4) forms from the monocalcium phosphate, accompanied by phosphoric
acid. A gel had formed by the end of the experiment, with a composition suggested by EDA as
H2SO4 • 0.5 H3PO4 • xH2O. Iron-bearing solutions
of sulfuric acid produced a gel identified by XRD
and EDA as Fe3(H3O)H8(PO4)6 • 6H2O. In the
presence of iron, the calcium sulfates and monocalcium phosphate monohydrate were both produced much more rapidly. The experiments with
both iron and aluminum produced the usual calcium sulfates and calcium phosphate, but also produced the H2SO4 • 0.5 H3PO4 • xH2O gel as well
as Fe-Al-Si gels, where composition varied according to the initial amounts of the starting materials.
The production of calcium sulfate was much less,
due to the rapid development of the gels over the
apatite.
The conclusions from this experiment are that
several phosphate-bearing products are possible,
including crystalline phosphates, a phosphatic gel,
and phosphoric acid. The presence of iron, aluminum, and silicon likewise produces gels of a variable composition. Iron, aluminum, and silicon
reactants in the experiments may be tentatively

extrapolated to include iron-bearing sediments with
varying amounts of aluminous clays, or quartz.
Calcium sulfate minerals will reliably be a product.
In my own lab, I have observed gypsum growth in
the reaction between my own laboratory-grown
efflorescent minerals and fossil bone. Growth of
gypsum on fossils is also described by Odin et al.
(2018).
On the basis of the studies presented above,
one can proceed with a hypothesis for the oxidation and hydration of the pyrite and acid attack on
bone apatite. The pyrite surface is rapidly attacked
by oxygen and water to oxidize iron atoms, and the
electrons, water and oxidants rearrange to oxidize
the sulfur next. Mobile electrons on the surface and
in the body of the pyrite move through networks of
iron atoms and available n-type and p-type semiconductors to sustain these reactions, depending
on the conductivity of the pyrite. Reduced iron sulfate minerals (Fe2+SO4 • xH2O) are released from
the surface and continue to scavenge water, transferring part of it to the pyrite surface and creating a
damp micro-environment. Eventually melanterite
(Fe2+SO4 • 7H2O) forms, which is deliquescent
(Waller, 1992). Once melanterite forms, a positive
feedback loop is possible: water is further available
to the pyrite surface, and oxidation of Fe2+ in
melanterite to Fe3+ produces another electron
acceptor. I posit the hypothesis that at this point,
acidity begins to be generated in the high ionic
strength liquid through oxidation and dissolution of
the ferrous sulfate minerals. Bone quickly neutralizes the acids, forming gypsum or anhydrite from
sulfate, along with phosphoric acid, Ca(H2PO4)2 •
H2O, and amorphous phosphate minerals that
have not yet been fully identified.
DISCUSSION
Each step discussed above-surface reactions,
growth of efflorescent minerals, production of acidity, and attack of acid on bone-can inform a direct
chemical intervention. Interventions should radically slow, if not stop, the oxidation and hydrolysis
reactions. One may imagine an ideal intervention:
Safety in the laboratory and collections space is
paramount. The ideal intervention treatment is
inexpensive, and uses readily available chemicals
that may be purchased locally. Perhaps the safest
chemicals are those that are approved as food
additives. Application should be simple, with topical
application to be preferred to immersion, but treatments should be scalable. These restrictions guide
the following treatments.
9
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The treatments described below may be
described as simple chemistry, informed by experiences in the geochemical laboratory. A common
thread in the curatorial literature [e.g., Howie,
1992a, or see The Geological Curator, 2019, volume 11(1)] is that historical and contemporary
treatments may or may not work. This discussion
offers literature-based reasons that these do not
work, and suggests new interventions based on
the chemical reactions reviewed. The interventions
that are untried are noted as needing small-scale
bench testing, not in an attempt to foist unproven
remedies upon the audience, but in an attempt to
involve the greater community in their development.
Interventions I - The Unaltered Pyrite
The starting point in the process of oxidation
and hydration is ripe for intervention to stop, not
simply forestall, deterioration. The above studies
point to the central role of iron atoms in the onset
and continuation of oxidation/hydration. Passivation of the surficial iron atoms is a topic of great
interest in environmental geochemistry and engineering (e.g. Ouyang et al., 2015). Strategies for
control of acid mine drainage are evaluated by
Park et al. (2019), with advantages and disadvantages given.
Requirements for a passivating coating are
that it be non-aqueous, low viscosity, and safe for
use in the laboratory or collections space. Of
utmost importance is its ability to bond with iron in
the pyrite surface, and, ideally, with ferric or ferrous
iron. The surface bonding can be demonstrated
with infrared spectroscopy (either transmission or
attenuated total reflectance, ATR, Li et al., 2019), a
robust methodology found in nearly all chemistry
departments. (Care must be taken with ATR, as
sulfuric acid is the only substance that can degrade
the diamond crystal.) More sophisticated spectroscopies are also available, such as confocal laser
Raman or XPS.
Application of passivating chemicals is an
attractive option, but more information is required
about the specimen itself for the treatment to be
successful, exactly as in remediation of a larger
environmental site. What is the nature of porosity
and cracking through the specimen (see Odin et
al., 2015a)? What coatings have been previously
applied? What is the percentage of pyrite throughout? These questions are answered through traditional petrography, or through high-definition CAT
scanning (Larkin, 2010).
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If the specimen itself is a candidate for passivation treatments, then choice of chemical is next. A
short list of currently studied passivating substances shows few that are safe for use in the laboratory or the collections range. In general, a
chemical that will chelate iron in nature will chelate
iron in the human body, quite possibly in the lungs
where heme molecules exchange oxygen. Triethylenetramine and diethylenetriamine (Chen et al.,
2006), Fe3+- catecholate (Li et al., 2019), 8hydroxyquinoline (Lan et al., 2002), and n-propyltrimethoxysilane (Diao et al., 2013) show promise for
chelating iron on the pyrite surface, but are not
appropriate for indoor use. Sodium acetate, various phosphate- and silicon-based chemicals
(Evangelou, 1998), and linoleic acid (Wang et al.,
2019) offer less toxic surface treatments for pyrite.
Long-term testing is still ongoing for many of these
(Camenzuli and Gore, 2013; Kang et al., 2016). No
testing of these passivating substances has been
conducted in the specialized context of pyrite in
fossil biomaterials.
The simplest passivating substance is phosphate, delivered via solution of soluble sodium,
potassium phosphate, phosphoric acid, or in bulk
as commercial fertilizers (Harris and Lottermoser,
2006). The PO43- molecule reacts with Fe3+ on the
pyrite surface (Evangelou, 1995; Evangelou and
Zhang, 1995; Elsetinow et al., 2001). This
appeared to be most successful if the surface is
first treated with an oxidizing agent (Evangelou,
1995; Evangelou and Zhang, 1995; Elsetinow et
al., 2001), such as hydrogen peroxide (H2O2).
Later work showed that mainly Fe2+ phosphates
formed, with lesser amounts of Fe3+ phosphate,
iron hydroxides, and iron oxyhydroxides (Kollias et
al., 2019). Kollias et al. (2019) used a solution of
pH 5.5 and found a reduction in sulfur oxidation of
60%. Limits to this technique are that it is only
effective at pH>3.5, and that illumination negates
the effects of the phosphate in solution, allowing
pyrite to react as if no phosphate were present
(Elsetinow et al., 2001). The pH dependence may
restrict the use in circumstances where oxidation/
hydrolysis is advanced, and the effects of illumination need further examination.
Note that the idea of passivating the pyrite
surface is distinct from applying various coatings
like Vinac, acrylic, polyvinyl acetate, shellac, Butvar, etc. to the surface of a specimen. The rationale
behind these coatings is simply to plug holes and
provide a barrier. None of these have actually been
demonstrated to be impervious to oxygen or water
(Howie, 1992b). Data are also lacking to demon-
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strate that the degassing of these products does
not produce oxidizers to further degrade the pyrite
surface. Data are lacking to show that the coatings
complex with iron or sulfur atoms on the pyrite surface. The utility of these coatings is often justified
by inspection, not by any quantitative means. The
long-term resistance of these coatings to microcracking is not clear. Pyrite and bone apatite expand
or contract with temperature changes at different
rates. Isometric pyrite expands isotropically, while
apatite, a hexagonal mineral, expands anisotropically. The response of various brittle coatings to
temperature changes may be cracking or crazing,
so that its utility would end the first time climate
control systems fail.
In the next step for protecting pyrite, minerals
in specimen and matrix must be identified. What
other reactions are possible? The reaction
between pyrite and clay minerals has been experimentally replicated (Tacker, 2008a; 2008b; and in
review), leading to abundant halotrichite and
jarosite, identified by Fourier Transform Infrared
Spectroscopy (FTIR) and SEM with Energy Dispersive Analysis (SEM-EDA) (Tacker, 2008a, b; and in
review). The clays may participate in the reaction
through electron acceptance, donation of an OHradical, or reaction with the alumina in the clay, or
as a hygroscopic mineral with adsorbed water. At
present it is not clear if one mechanism predominates. Clays have been measured to rapidly transfer electrons (Hovinga et al., 2017). Oxide minerals
may contain Fe3+, which is a powerful electron
acceptor and oxidant. Clays and other low-temperature minerals may contain Fe3+. Sample characterization with Mossbauer spectroscopy is ideal
for identifying carriers of ferric iron in a rock (Odin
et al., 2015a).
Foreknowledge of the susceptibility of pyrite to
oxidation is highly desirable. A glimpse of the
future may be garnered through acceleration of
oxidation. Humidity can be buffered at 75% with a
saturated solution of sodium chloride (Greenspan,
1977) for virtually indefinite times. Samples are
suspended above the solution within a sealed container. Measurement of relative humidity shows
that constant humidity is established very quickly
for buffers of 56% RH or higher, but less so for
lower humidity (Tacker, 2008a; 2008b). Oxidation
of a sample may then be examined to assist in
determining the best treatments.
Susceptibility of pyrite to decay and reaction
can be measured in advance. Conductivity is the
most widely varying property that will influence the
transmission of electrons. Conductivity is routinely

measured through the Hall effect, which gives
additional information about the nature of the conductor (Savage et al., 2008). There is a lower limit
to sample size at present, but interesting techniques exist to overcome this. A database of conductivity measurements of museum pyrites is
highly desirable and would provide a valuable predictive tool.
Finally, there is the option of actually slowing
electrons with cooling. Heating tends to increase
reaction rates, and cooling slows them. Data are
lacking on the contraction of bone apatite and
pyrite with cold, as are data for the water-bearing
sulfates. The hydrous coating of iron sulfate minerals is akin to a high ionic strength liquid, very rich in
solutes, which would freeze far below the usual
solidus of water. Wang et al. (2013) show that the
stability fields of hydrous ferric sulfates expand at
lower temperatures. Higher stability at low temperatures seems to be a general feature of hydrous
sulfate minerals (Wang et al., 2013). The water
from these minerals would still be available for
reaction with the pyrite surface, albeit at a slower
rate.
Interventions II - Pyrite and Efflorescent
Minerals
The most common tactic to control the growth
of efflorescent minerals is to store samples at low
humidity, preferably at or below 30% RH (Howie,
1992a). The goals are to limit changes in humidity
and resulting changes in molar volume of efflorescent minerals (Blount, 1993), to limit further oxidation of pyrite, and to reduce the amount of water
available to produce acidity. This presents a macroscopic solution to a microscopic problem. Once
hygroscopic minerals have initiated, they are capable of scavenging water and transferring it to the
pyrite surface, albeit at a lower rate than at elevated humidity. Humidity control does not reduce
oxygen availability. Control of relative humidity likewise does nothing to reduce the movement of electrons from the bulk of the pyrite to feed oxidative
reactions taking place at the surface. The equation
for this reaction, properly written, describes what is
happening at the atomic scale. The reaction would
be between pyrite and the efflorescent minerals,
which are providing water and Fe3+, not simply
between the pyrite and the humidity in the air.
Actual thermodynamic activity of water in the
microenvironment of efflorescent minerals is higher
than in the ambient atmosphere, for example,
95.8% RH in melanterite at deliquescence (Apelblat, 1993).
11
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Storage at low humidity is inadequate to dehydrate existing ferrous sulfate minerals. Blount’s
(1993) observation that hydration/dehydration
reactions are sluggish has been experimentally
verified. At 50°C, ambient pressure and 31.5% RH,
melanterite (Fe2+SO4 • 7H2O) only dehydrates to
szmolnokite (Fe2+SO4 • 1H2O) after 1000 hours
(Wang and Zhou, 2014). At Mars-based pressures
of 0.26-0.16 mbars and 50°C, melanterite loses
water to form rozenite (Fe2+SO4 • 4H2O) and an
amorphous, hydrous iron sulfate (Fe2+SO4 • xH2O)
(Wang and Zhou, 2014). The higher temperature of
these experiments should accelerate what would
be observed at ambient temperatures (a general
rule in chemical kinetics), so these reactions
should take place even more slowly at 20-25°C.
Storage at low humidity is even less effective
to dehydrate ferric iron sulfate minerals. Wang et
al. (2012) conducted controlled humidity experiments lasting nearly four years, at 50°, 21°, and
5°C. Mineral identification was done with XRD,
laser Raman, and gravimetry. The results at 31%,
11%, and 7%RH and 21°C are as follows. Ferrocopiapite [given as Fe4.67(SO4)6(OH)2 • 20H2O] persists at these low levels of humidity for up to four
years. After 30,000 hours, a compound the authors
called UK#9 formed, at 11% and 7% RH. UK#9 is a
hydrous ferric sulfate with unknown structure
(Wang et al., 2012) but with 14-19 structural waters
per formula unit (Wang et al., 2013). Rhomboclase
[Fe3+H(SO4)2 • 4H2O] persists unchanged at
humidity 31% and below, for four years at 21°C.
Experiments with kornelite [Fe2(SO4)3 • 7H2O] at
21°C show that nothing happens to reduce the
water in the formula. Wang et al. (2012) also synthesized a crystalline pentahydrated ferric sulfate
[Fe2(SO4)3 • 5H2O] and an amorphous ferric sulfate of the same composition. The crystalline pentahydrate was unchanged by four years at
temperatures of 50°, 21°, and 5°C and RH of 31%,
11%, and 7%. The amorphous pentahydrate persisted, but eventually crystallized rhomboclase and
either kornelite or paracoquimbite [Fe2(SO4)3 •
9H2O] at 21°C. The amorphous pentahydrate did
not crystallize any minerals at higher or lower temperatures.
These experiments show that low humidity
leaves water in the sulfate minerals, available to
the pyrite surface for further reaction. This underscores the difference between microscopic/ atomic
scale understanding of the problem, and the traditional megascopic view: actual thermodynamic
12

activity of water in reactions with pyrite is set by
water in the minerals present, not necessarily by
the ambient storage atmosphere. The ferric sulfate
minerals are also effective oxidizers. It is important
to note that at humidity of 59% and higher, all of
these minerals in the preceding paragraph (and
amorphous substances) hydrated and deliquesced (Wang et al., 2012). The speed of the
hydration differs in detail, but not in result.
The studies listed above support the view that
the dehydration steps occur slowly or not at all.
These data are at odds with research that
describes the hydrous iron sulfate minerals as
“metastable” (Hyde et al., 2011) and reacting rapidly. A readily testable hypothesis is that hydrous
iron-bearing sulfate minerals hydrate quickly but
dehydrate slowly. This hypothesis is consistent
with my own observations of efflorescent mineral
growth in the laboratory.
Interventions at this point often focus on the
presence of a strong acid. Remedies are tailored
towards neutralizing acid, but may have the unintended result of further damaging the pyrite surface. Older treatments are reviewed by Fenlon and
Petrera (2019). Given the surficial reactions
described above, it is clear that treatment with
water-based solutions is inadvisable. Even so, I
have encountered treatments with hydrogen peroxide based aqueous solutions. Hydrogen peroxide is
actually used in experiments to react with the pyrite
surface to accelerate oxidation (Schoonen et al.,
2010). Microabrasion with carbonate minerals is
sometime used for removal of efflorescent minerals, despite the fact that carbonate (Caldeira et al.,
2010) and bicarbonate (Evangelou and Seta, 1997;
Evangelou et al., 1998) will complex with the pyrite
surface and hasten oxidation. Ammonia gas will
react with sulfuric acid to form ammonium sulfate,
a solid that is highly soluble in water, but not in ethanol or acetone, so removal requires water. Simple
neutralization of the acid leaves the iron sulfates
free to react. Chelation treatments to remove soluble iron sulfate minerals (e.g., Hellemond, 2019)
leave the pyrite surface clean, but possibly pitted,
ready for the next round of oxidation and hydration.
Research shows that sulfur and iron atoms react
with oxygen within minutes to seconds (Schaufuss
et al., 1998a; 1998b) so the reactions begin anew.
A treatment that has not been bench tested is
dehydration of sulfate minerals with heat under
reducing atmosphere. The attraction of heating
specimens to drive off water is that there is little
limit to the size of specimen that can be treated in
this way. Lumber companies already utilize kilns
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FIGURE 3. Thermal expansion of the pyrite and hydroxylapatite unit cell volume, expressed as percent change in
molar volume, using data from Hovis et al. (2014), Fei (1995) and Chrystall (1965). Data for the thermal dehydration
and desulfidation of melanterite are overlaid (Swami and Prasad, 1980). Phase changes that occur at distinct temperatures are shown as a line. Changes that occur over a range of temperatures are shown as shaded areas with the
darkest part at the greatest amount of dehydration.

that dry wood at elevated temperatures and reducing environment. For example, the latest trend in
high-end custom acoustic guitar luthiery is the use
of “torrefied” tone woods, which closely reproduces
the sound of much older guitars. Torrefaction kilns
can attain 400°C, with controlled humidity and oxygen content. Smaller scale capabilities are already
available in most experimental petrology research
facilities.
Figure 3 shows the percentage of change in
molar volume of pyrite as a function of temperature
(Chrystall, 1965; Fei, 1995) versus that of hydroxylapatite (Hovis et al., 2014), a common mineralogical model for bone. The thermal expansion
coefficient α is given as a constant (25.7x10-6) by
Fei (1995) and as a linear function of temperature
(α = 8.87x10-6+ 5.82x10-9 T°C) by Chrystall
(1965). Chrystall (1965) measured changes in
molar volume to 400°C. Extrapolation to higher
temperatures is justified by density function theory
(DFT) calculations (Wen et al., 2017), which

showed α as a linear function of temperatures in
this range. Given that:

The percent change in molar volume is:

The changes in molar volume are less than 1.5%
below 400°C. The thermal expansion of hydroxylapatite is slightly greater than that of pyrite, so
there a possibility that heating will fracture the
pyrite further.
Overlaid on thermal expansion data in Figure
3 are the data of Swami and Prasad (1980) for the
dehydration of melanterite (FeSO4 • 7H2O) in air.
At 110°C, melanterite dehydrates to rozenite
13
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(FeSO4 • 4H2O), then rozenite to szmolnokite
(FeSO4 • H2O) at 120°C (Swami and Prasad,
1980). At higher temperatures, Fe3+(OH)SO4, then
Fe3+OSO4 are gradually formed, eventually yielding hematite (Fe3O4). Data for the dehydration of
different hydrous sulfates may be summarized as
dehydration below 400°C, but loss of SO2 or SO3
gas above 500°C (Frost et al., 2005; Frost et al.,
2006a; 2006b; Locke et al., 2007; Frost et al.,
2010). Removal of water is limited to moderate
temperatures below 400°C, but removal of all sulfate requires higher temperatures. What happens
to pyrite at 500°C and above?
The effects of heating pyrite in various atmospheres are given in Table 2. Pyrite itself will be
stable in argon atmosphere up until 500°C (Bhargava et al., 2009), at which time it breaks down into
pyrrhotite (commonly written Fe1-xS where x=00.17) as shown by high temperature x-ray diffraction. The change to pyrrhotite structure is
explained by the loss of S2 gas, leaving sulfur
vacancies (Bhargava et al., 2009). Heating in N2
and CO2 atmospheres yields pyrrhotite at 600°C,
with the reaction complete by 800°C (de Oliveira et
al., 2018). De Oliveira et al. (2018) recommend
heating in pyrite for the greatest production of pyrrhotite, excellent for their purposes but not for sample preservation. Heating in air results in evolution
of SO2 gas, and above 450°C, formation of hematite (Fe2O3). The peak of reaction in argon is measured at 635°C (Thomas et al., 2003) and 665°C in
nitrogen (Zhang et al., 2019). The reaction peak

does not seem to shift to lower temperatures with
lower pressures.
Conversion of pyrite to hematite may seem to
be an attractive option that does away with pyrite
entirely. In air or other atmospheres, pyrite can be
left more reactive than before heating, through the
presence of hematite as an oxidizer, or the presence of additional sulfur vacancies in pyrrhotite
(Belzile et al., 2004). However, pyrite combusts at
higher oxygen pressures. Hematite also has a
larger unit cell than pyrite or marcasite, leading to
potential cracking of the specimens through introduction of a larger mineral grain.
In summary, thermal dehydration is a possible
treatment, but it is important that temperatures be
limited to below 400°C, the thermal regime of sulfate mineral dehydration. Breakdown of the sulfate
portion of the efflorescent minerals begins above
500-600°C. Breakdown of pyrite to pyrrhotite
begins above 500°C. The molar volume of pyrite
increases by 3% at 400°C and hydroxylapatite by
about 1.5% (Figure 3). The formation of hematite is
very limited at 400°C or lower. Care must be taken
to dehydrate and recrystallize the sulfate minerals
slowly, as rapid dehydration leaves an amorphous
iron sulfate that deliquesces at lower %RH than the
equivalent crystal (Sklute et al., 2015; Sklute et al.,
2018).
Knowledge of the complete mineral assemblage is essential for application of thermal dehydration technique. For instance, halotrichite
dehydrates by about 95% at about 340°C, but is
not completely dehydrated until about 535°C (Frost
et al., 2010). Bench testing on the matrix is needed

TABLE 2. Stability of pyrite at elevated temperatures under a variety of atmospheres. DTA is differential thermal analysis, po is pyrrhotite, and py is pyrite. DTA peaks are the maxima of temperature for mineral transformation. Otherwise,
the upper and lower brackets for the reactions are given.
Reference
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Atmosphere

Results

De Oliviera et al. (2019)

N2

400°C py

600°C po appears

De Oliviera et al. (2019)

CO2

400°C py

600°C po appears

Thomas et al. (2003)

Argon

635°C py to po DTA

Zhang et al. (2019)

N2 in standard furnace

665°C DTA peak

Zhang et al. (2019)

N2 with microwave heating

Po appears at 500°C

Huang et al. (2015)

CO2

560°C DTA peak

Bhargava et al. (2009)

10-3 bar O2

400-850°C No po

Bhargava et al. (2009)

Air

400°C py

450°C hm, no py

Bhargava et al. (2009)

Argon

500°C no po

600°C po appears

Bhargava et al. (2009)

CO2

400°C no po

500°C po appears

Charpentier and Masset (2010)

Argon+O2, 10 -6 bar O2

Po above 550°C

DTA peak slightly above 600°C
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to explore the possibility of changes to those minerals. Any tests for organic matter in the fossils
must be conducted prior to heating.
An option that is possible for smaller specimens is dehydration of sulfate minerals under vacuum at elevated temperature. Experiments
conducted at lower pressures, cited in Table 2, do
not shift the loss of sulfur from pyrite to lower temperature than 500°C. The loss of water from
hydrous sulfate minerals during dehydration under
vacuum has not been studied, but could shift dehydration to lower temperatures.
Data reviewed above show that low-humidity
storage is ineffective at reducing water in sulfate
available to the pyrite surface. Given the effects of
oxygen and water combined, the magnitude of the
problem increases. Storage with desiccants may
simply illustrate competitive scavenging for water
between the efflorescent minerals and the desiccant. Data are lacking to support the hypothesis
that silica or calcium sulfate is more effective than
hydrous iron sulfates at attracting water.
Interventions III - Acidity
Section III, above, detailed how acidity was
not produced only by the evolution of sulfuric acid.
Dissolution of melanterite in its own deliquescent
film of water produces acidity, but a small amount
of Fe3+ greatly reduces pH (Frau, 2000; Hurowitz
et al., 2009; Frau, 2011). Oxidation of ferrous
hydrous sulfates produces further acidity (Nordstrom et al., 2000; Li et al., 2014). Both reactions
demonstrate that control of oxygen is essential to
controlling acid production.
Anoxic environments (Allington-Jones, 2019)
represent the most rational approach to long-term
storage of vulnerable specimens. Multilayer archival plastics are used to isolate specimens with oxygen scavengers in a low humidity environment.
Bags can be customized easily for different
shapes. The costs in time, money, and space are
significant (Allington-Jones, 2019).
Another approach to anoxic storage would
involve either vacuum storage or storage under
inert gas, dry argon, or nitrogen. Dry nitrogen is
used at NASA Johnson Space Center for storage
of the Antarctic Meteorite Collection (Dr. Kevin
Righter, curator, personal communication). Nitrogen gas (N2) will not dissociate to adsorb to the
pyrite surface (Liu et al., 2012). Archival plastics
mentioned above have similar order-of-magnitude
diffusivities for oxygen, nitrogen, and argon (McKeen, 2017), but N2 is almost always the lowest diffusivity molecule. Bags could be purged with

nitrogen gas, then inflated and sealed. The continued isolation of the specimen could be determined
by inspection to determine if the bag is still full.
Nitrogen generators are standard equipment in
many laboratories. Purchase of a dry nitrogen generator involves up-front costs, but these costs
should be compared to the long term costs of tank
rental, drayage and refill.
Interventions IV - Acid and Bone
The role of bone itself in contributing to pyrite
disease is probably the least studied. The surface
of bone is hygroscopic. Bone apatite can carry
structural OH and H2O (Yoder et al., 2012a; 2012b;
Goldenberg et al., 2015) to react with pyrite. Structural water may be removed by heating above
200°C, but complete removal requires heating
above 500°C (Yoder et al., 2012a). More sensitive
isotopic analysis shows heating above 1500°C is
required to completely remove OH (Nadeau et al.,
1999). Diagenesis of bone is a highly variable process yielding a variable product (Keenan, 2016;
Keenan and Engel, 2017; Kendall et al., 2018;
Kontopoulos et al., 2019). Review of this subject is
beyond the scope of this paper, apart from the fact
that the bone itself may contain structural or
adsorbed water or OH that may contribute to pyrite
oxidation and hydration.
Sulfuric acid attacks the bone to produce calcium sulfate. This process may be short-circuited
by flooding the specimen with a soluble calcium
solution. PubChem (Kim et al., 2019) lists calcium
nitrate (PubChem ID 24963) as one of the few calcium salts soluble in ethanol. Reactions of any calcium solution with sulfuric acid will liberate the two
hydrogen ions to form a weaker acid or water. The
simplest reaction with calcium nitrate and sulfuric
acid produces calcium sulfate and nitric acid. Calcium nitrate and nitric acid are both oxidizers, so
the reaction with pyrite must be considered and
monitored carefully. Benefits of this reaction are
that iron may be chelated with citric acid, and precipitation of calcium sulfate may serve to passivate
the pyrite surface. The reaction requires bench
testing and fine-tuning to explore the possibilities of
competing reactions, such as that of sulfuric acid
and ethanol, and the production of anhydrite or
bassanite versus gypsum. The final benefit is that
the molar volume of calcium sulfate is smaller than
that of iron sulfates.
The phosphate molecule also acts to passivate Fe3+ on the pyrite surface, as discussed above.
It is tempting to use calcium phosphate minerals or
solutions to attack oxidation and sulfate production
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simultaneously. Few calcium phosphate minerals
are water soluble, and none are alcohol soluble, so
a topical application of an alcohol-based slurry may
serve to address the presence of sulfate and protect the surface.
A counter-intuitive possibility is the use of
aqueous solutions to treat the affected specimens.
This would allow fine-tuning (concentration, pH,
etc.) of the calcium salts to react with sulfuric acid.
Calcium citrate tetrahydrate is sparingly soluble in
water, but reacts with both sulfate and with oxidized iron. Iron (Fe3+) citrate is removed in solution
and calcium sulfate precipitated. Calcium citrate is
insoluble in ethanol, so subsequent washing with
ethanol should remove water, and perhaps precipitate calcium citrate on pyrite as protection against
future oxidation and hydrolysis. The specimen
could then be dried under reducing atmosphere or
vacuum depending on size. The benefit is that
these reactants and products are also dietary supplements, in stark contrast to the toxicity of most
iron chelating agents. This method is untested, but
it gives an idea of the scope of possibilities for
treatment.
The possibility of treating bone apatite to
make it more resistant to acid attack is similar to
fluoridating dental apatite. The list of organic acids
involved in formation of dental caries includes lactic, acetic, formic, and propionic acids (Featherstone, 2008), none as strong as sulfuric acid. A
fluorine-rich apatite was used in experiments
(Cekinski et al., 1993b), demonstrating that simple
fluoridation is ineffective against sulfuric acid
attack. I have applied sulfuric acid to Durango fluorapatite to observe the reaction via FTIR microscopy, but the reaction proceeds to completion
before the specimen can be placed on the microscope stage. Cekinkski et al. (1993a) noted that
the development of gels during sulfuric acid attack
served to protect the apatite and limit calcium sulfate formation. These gels, also noted by Blount
(1993), deserve further study as a protective layer.
The possibility of treating the bone to make it resistant to strong acid attack is interesting, but totally
untested.
A Comment on Marcasite
Marcasite is sometimes invoked as an explanation for rapid decay of iron sulfide specimens,
although the mineral identification is often unsupported. Marcasite may be readily identified in
cross-polarized reflected light microscopy, as it
very anisotropic, where pyrite is isotropic. Orthorhombic FeS2, marcasite, is often portrayed as “less
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stable” than the cubic form, pyrite. The marcasite
structure is metastable with respect to the pyrite
structure at higher temperature (Gronvold and
Westrum, 1976; Lennie and Vaughan, 1992); this is
often misinterpreted as “unstable.” Pyrite that has
inverted from marcasite may be readily identified in
reflected light microscopy, an important datum as it
will include about two modal percent pore spaces
(Murrowchick, 1992).
Quantitative measures of stability in terms of
Gibbs Free Energy of Formation show small differences that nearly overlap within error (Rimstidt and
Vaughan, 2003); pyrite, -160.1 ±1.7 kJmol-1 and
marcasite, -158.4 ±2.1 kJmol-1 (Robie and Hemingway, 1995). The band gap for marcasite is
smaller than pyrite, 0.34 eV versus 0.95 eV indicating readier electron transport (Jagadeesh and
Seehra, 1980; Rimstidt and Vaughan, 2003) and
perhaps quicker reaction times. Blount (1993) does
not note any differences in pyrite and marcasite in
a detailed study of efflorescent minerals in the collections space.
The “instability” of marcasite can be traced to
the ready deterioration of “marcasite suns”, radial
growths of iron sulfides in sedimentary rock from a
single nucleus. This texture reflects rapid growth
from a supersaturated solution (Barrie et al., 2009;
Gao et al., 2016), consistent with the difficulty in
nucleating iron sulfides at low temperature (Schoonen and Barnes, 1991). The crystal habit resulting
from rapid growth, in turn, is rich in structural
vacancies, dislocations, and small crystal domains,
all of which will accelerate oxidative processes
(Atanassova, 2010; Dimitrova et al., 2020).
CONCLUSIONS
Atomic-scale consideration of the reactions
involved in pyrite degradation and production of
acidity explain or supplant earlier observations of
the problem as a megascopic scale, aqueous reaction. Electron conductivity is at the heart of the process, and may not be amenable to control. Other
factors in the chemical reactions may be managed,
such as oxygen availability and, classically, humidity. Passivation of the pyrite surface by stabilization
of surficial iron atoms, presents a clear path forward, but is dependent on the development of nontoxic chemical treatments. Removal of water contained in efflorescent minerals by thermal dehydration is an option, but requires reducing atmosphere
below 400°C. Successful treatment of specimens
for “pyrite disease” will require identification of all
the minerals present in the specimen. Bench testing of any treatment is essential.
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The review presented herein benefits from a
wide range of scientific inquiry. Advances in many
of the sciences benefit the conservation of geological and fossil specimens. Perusal of the journals
for conservation of art show how readily that community has embraced new microanalytical techniques. Yet the amount of targeted scientific and
mineralogical study geared towards geological/fossil conservation is lacking, save for a few (Blount,
1993; Thomas et al., 2003; Odin et al., 2014,
2015a, 2015b, 2016, 2018). There are few adequate studies on museum specimens, which in
themselves represent invaluable long-term experiments. Many publications simply describe the
growth of hydrous sulfate minerals as “efflorescent,” without regard to the actual minerals present. Less information is available on the nature of
the bone, once attacked by acid. This lack of data
is not due to the negligence of museum collections
professionals, but is the result of declining museum
budgets, and it is a void that must be addressed.
Scientific study is lacking on the surface of the
pyrite once oxidation proceeds to the point of efflorescent crystal growth. The generation of acid from
the efflorescent minerals, the pyrite surface, or a
film of water, is a subject ripe for examination. Passivation of the pyrite surface by chemical means
needs detailed research to show that it is effective.
Chemical defense of the apatite in bone with surfactants is completely unexplored, although we
may be confident that fluoride-based prophylaxis of

dental apatite is inadequate to protect against sulfuric acid attack.
None of these studies or interventions is inexpensive. They are costly in terms of analytical
instrumentation time, in terms of staff time, in terms
of space, and in terms of budget (Allington-Jones,
2019). While millions may be raised for the purchase of paleontological specimens, seldom is
money included for long-term conservation
research and storage. While museum budgets and
staff decline, so does our ability to archive irreplaceable geological and paleontological specimens in perpetuity. As our ability to store
specimens declines, so do the countless teaching
and research opportunities that these specimens
represent, now and in the future.
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