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Hydration of cyclic oxocarbon dianions, such as c-C5O5
2−,

in the gas phase. Charge reduction of hydrates
by electron detachment or proton transfer
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Abstract

The cyclic oxocarbon dianions CnOn
2− are known to exist in aqueous solution, but have not been previously produced

in the gas phase. Using electrospray, then = 5 (croconate) andn = 6 (rodhizonate) dianions were easily observed in the
gas phase. Croconate was used for all further studies. The dianion was observed only when solvated by two or more H2O
molecules. The hydration equilibria (n − 1,n) for the croconate dianion: C5O5(H2O)n−1

2− + H2O = C5O5(H2O)n
2− were

determined forn = 3–9, with a reaction chamber attached to a triple quadrupole mass spectrometer, obtaining thus values
for �G◦, �H◦ and �S◦ of the above hydration reactions. At temperatures above 50◦C and low water partial pressures
that led to hydrates belown = 2, charge reduction by electron detachment was observed. Solvents with higher gas phase
acidity, such as methanol, led to charge reduction by proton transfer from methanol to the dianion. The C5O5(H2O)22− was
stable towards electron detachment even though the electron affinity of the monoanion EA(C5O5(H2O)2−) evaluated at the
B3LYP/6-311++G(d,p) level was negative. This result demonstrates that the electron detachment is impeded by the existence
of a Coulomb barrier for the reverse, electron attachment, reaction. Electron transfer from the dianions to neutral molecules
B that have positive electron affinities, such as nitrobenzene, is also impeded by a Coulomb barrier. This is indicated by the
formation of complexes (C5O5(H2O)nBm)2− at 50◦C and lower temperatures, in which the double charge has remained on
the C5O5 group. The bonding in (C5O5(H2O)nBm)2− is discussed. However, electron transfer to compound B with higher
electron affinities such as di-nitrobenzene is observed at 50◦C.
© 2003 Elsevier B.V. All rights reserved.
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1. Introduction

1.1. Oxocarbon dianions history

The cyclic oxocarbon dianions CnOn
2−: deltate1,

squarate2, croconate3 and rodhizonate4
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1018 T.B. Arthur et al. / International Journal of Mass Spectrometry 228 (2003) 1017–1034

were probably the first organic compounds produced
by synthesis. Gmelin in an attempt to obtain metal-
lic potassium by the reduction of potassium hydroxide
with carbon in 1825, obtained instead dipotassium cro-
conate from the black powdery residue. This synthesis
predates the classical synthesis of urea by Wohler in
1828[1]. The salts in the solid state as well as the di-
anions that form in aqueous solution are quite stable.
The electronic stabilization of the dianions has also
been examined[2].

These symmetric cyclic dianions are of interest to
gas phase ion chemistry involving multiply charged
ions. The field of multiply charged ion chemistry has
expanded rapidly[3–6] since the advent of electro-
spray ionization (ESI)[7]. The Refs.[3–6] include
only the earliest and some of the most recent work. In
the gas phase, the multiply charged ions are strongly
affected by the Coulombic repulsion between the
charges. This repulsion often can lead to charge reduc-
tion by dissociation to two charged products (charge
separation). This process is fostered by the proximity
of the charge in the original multiply charged ion and
for doubly charged systems two classes have been
studied.

1.2. Multiply charged metal ions

The double charge is on one relatively small unit
such as in Ca(H2O)22+. The addition of the first H2O
molecule to the Ca2+ ion leads to straightforward hy-
dration. However, when the second molecule is sup-
plied, the dihydrate undergoes charge separation:

Ca(H2O)2
2+ = CaOH+ + H3O+ (1)

in the absence of very rapid collisional stabilization by
third body gas collisions[8]. In experiments where one
starts with the higher hydrates Ca(H2O)n2+, as would
be the case for ions produced by ESI from aqueous

solution[4], gradual desolvation at higher temperature
or via collision-induced dissociation (CID), that ini-
tially leads to simple H2O loss, is replaced by charge
separation atn = 2, i.e., reaction (1). In both of these
cases, the charge separation is a consequence of the
dissociation kinetics as shown below.

Several theoretical computations of the energy
change and transition state of charge separation re-
actions likeEq. (1) are available[9–13]. Concerning
reaction (1) these show that the energy released on
formation of Ca(H2O)22+ from Ca2+ and H2O is
considerably higher than the energy of the transition
state for charge separation so that charge separation
dominates over back dissociation, in the absence of
rapid collisional quenching[11]. Of special interest
are also the findings that the transition state involves
a salt bridge structure in which M retains an approx-
imate double charge character, the hydroxy O atom,
a negative charge and the H of the H3O+ a positive
charge [11–13]. Photodissociation results in which
a large kinetic energy release was determined, as
expected for these Coulombic repulsion driven reac-
tions, has been reported for the charge separation of
the Co(H2O)42+ ion [14].

1.3. Two or more singly charged groups on the
same molecule

The diprotonated alkyl diamines such as (NH3

(CH2)nNH3)2+ are typical examples of systems with
two charged groups. The stability of these systems
increases as the length of the alkyl chain is increased.
It increases also with solvation by H2O [15]. How-
ever, the presence of solvent molecules can also
lead to loss of charge due to charge separation as
was the case for multiply charged metal ions. Ex-
perimental studies of (NH3(CH2)nNH3·B)2+, where
B = NH3, MeNH2 and other weaker and stronger
gas phase bases have been made[16] to examine the
conditions under which charge separation occurs. For
these systems when B leads to charge separation, the
gas phase basicity of B is equal or higher than the
apparent gas phase basicity GBapp of the deproto-
nated group of the diamine[16–19]. GBapp depends
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not only on the intrinsic basicity of the group that
holds the proton but also on the Coulombic repul-
sion due to the other charge(s) that is (are) present.
Relationships for GBapp and the distance between
the charged groups can be obtained from compari-
son of experiment with theory[16–19]. The resulting
equations can be applied also to multiply protonated
proteins produced by electrospray[16]. This approach
can be used to obtain important insights concerning
the origin of the observed charge states of proteins
[16,20].

Dianions, from deprotonated carboxylic acids,
such as (CO2(CH2)nCO2)2− and their solvation or
charge loss induced by proton transfer from the sol-
vent molecule, provide similar information for the
negative ion states, that also can be applied to charge
states of proteins observed in the negative ion mode
[20b].

Charge loss involving multiply charged negative
ions can occur also by electron loss. This may be di-
rect electron loss by thermal electron detachment[21]
or due to electron transfer to the solvent molecule,
when these molecules have a positive electron affin-
ity, which is not common. Charge loss by electron loss
is unique to negative ions in the gas phase. Anions
of great importance in the condensed phase such as
SO4

2− and PO4
3− are unstable in the gas phase due to

electron loss. Thus, naked SO4
2− cannot be observed.

At least two to three water molecules are required to
achieve stabilization[22].

1.4. Oxocarbon dianions in the gas phase

The cyclic oxocarbon dianions such as3 and4 ob-
viously fall in a special class, because the charge is
symmetrically distributed over a cyclic system. Thus,
their gas phase ion chemistry is worthy of study (vide
infra), even though these systems cannot be expected
to lead to as many applications as the other multi-
ply charged ions discussed above. The dianions3 and
4 are readily obtained in the gas phase by ESI from
methanol or methanol–water solutions of the sodium
salts. To our knowledge, this is the first production and
study of these ions in the gas phase.

2. Experimental conditions and theoretical
calculations

2.1. Experimental

The experiments were performed with an appa-
ratus that includes a reaction-equilibration chamber
whose temperature can be controlled[15]. A sam-
pling capillary, located about 1 cm away from the
electrospray tip, leads to a fore chamber and a re-
action chamber. Use of a counterflow of curtain gas
N2 at the entrance of the sampling capillary pre-
vents solvent vapor from entering the fore chamber.
The fore- and reaction-chambers are maintained at
10 Torr N2 (bath gas) pressure by a separate capil-
lary that enters the reaction chamber and carries N2

and known partial pressures of reagent gases in the
mTorr range. An electric field drifts the ions from the
fore- to the reaction-chamber. A weak electric field
drifts the ions in the reaction chamber to an exit leak
where the escaping gas and ions enter the vacuum
containing a QqQ mass spectrometer. The drift times
of the ions, through the reaction chamber that corre-
spond to the ion reaction times are in the 100–300�s
range depending on the value of the drift field used.
For more details about apparatus and conditions,
see[15].

The croconate3 and the rodhizonate4 ions were
obtained from a 10−4 M solution of the sodium salts
in methanol–water using ESI flow rates of 1�L/min.
The salts were obtained from Aldrich and used without
further purification.

Neat water or high water content methanol solutions
could not be used because of electric discharges. Even
with the methanol water solutions electric discharges
had to be suppressed by addition of low concentrations
of SF6 to the air.

2.2. Calculations

All calculations were performed using Gaussian94
[23]. The B3LYP density functional method was cho-
sen because it has yielded reliable hydration ener-
gies in the past for various ion–molecule systems with
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errors bars of 2–3 kcal/mol[10]. As a basis set, the
6-311++G(d,p) basis set was chosen. The triple zeta
basis set plus polarization and diffuse functions is nec-
essary for a reasonable description of the more diffuse
orbitals of anions. However, based on tests generally
DFT does not benefit significantly from larger basis
sets once a reasonable large one such as the one cho-
sen for these calculations is used.

3. Results and discussion

3.1. Solvation stabilizes the cyclo oxocarbon,
c-C5O5

2−, dianion. Activation of the weakly
solvated hydrate C5O5(H2O)22−,
leads to electron detachment

The mass spectra of the negative ions observed in
the presence of water vapor in the reaction chamber
at 22◦C are shown inFig. 1a and b. The C5O5

2−

hydrates, C5O5(H2O)n2−, are the dominant ions. The
only extraneous ion with significant intensity is at
m/z 93 and corresponds to CH3OCO2(H2O)−. This
is an ion that we practically always observe when-
ever methanol is sprayed in the negative ion mode.
At the lower H2O partial pressure of 2 mTorr, the hy-
drates, C5O5(H2O)n2− have a maximum intensity for
n = 4 while at the higher water pressure of 10 mTorr
(Fig. 1b), the maximum has shifted ton = 5, and hy-
drates of high intensity up ton = 6 and 7 (m/z = 142)
are also detected. At H2O pressures in the mTorr range,
the hydrates are at equilibrium. Equilibrium constants
obtained at different H2O pressures and different tem-
peratures will be presented inSection 3.3.

The spectra inFig. 2a and bwere obtained at the
same two water pressures as inFig. 1, but at a higher
temperature, 52◦C. The C5O5(H2O)n2− ions are
shifted to lowern, as expected. AtpH2O = 2 mTorr,
the lowest hydrate observed is C5O5(H2O)22−. This
is the lowest hydrate that could be observed at tem-
peratures higher than 55◦C and low water partial
pressures, which are conditions where the presence of
the monohydrate C5O5(H2O)2− would be expected
had it been stable.

Furthermore, CID experiments with the QqQ in-
volving C5O5(H2O)n2− precursor ions withn = 5, 4
and 3 led to a lowest visible product, C5O5(H2O)22−,
but not to C5O5(H2O)2−. The observed singly charged
CID products were C5O5(H2O)− and C5O5

−. The
product spectrum from CID of C5O5(H2O)42− is given
in Fig. 3. The results indicate that the monohydrate
C5O5(H2O)2− and the bare C5O5

2− ion are unstable
and that loss of charge occurs by thermal electron de-
tachment[21] in the experiments (Fig. 2) and CID ac-
tivated electron detachment (Fig. 3). The two modes
are related since in both cases internal (ro-vibrational)
excitation is involved.

C5O5(H2O)2− = C5O5(H2O)− + e− (2a)

C5O5
2− = C5O5

− + e− (2b)

In the CID experiments, only the C5O5
− and

C5O5(H2O)− products were observed, but inFig. 2a
and b, both C5O5

− and HC5O5
− are observed. The

formation of HC5O5
− might have been attributed to

proton transfer from one of the H2O molecules fol-
lowed by charge separation. However, a more detailed
investigation shows that this is not the case. Results
at 55◦C, obtained at several different H2O pressures,
are given inFig. 4. The decrease of the singly charged
C5O5

−, with increase of water pressure, is much more
pronounced than is the case for the HC5O5

− ion. The
absence of change for HC5O5

− indicates that this ion
is not a product of proton transfer from water.

The Na2C5O5 salt was sprayed in a methanol so-
lution, seeSection 2.1. Under these conditions, the
initial C5O5

2− ions obtained from the electrospray
will be solvated by methanol molecules. Therefore,
some protonation of the C5O5

2− by CH3OH could be
occurring after the C5O5(CH3OH)m2− ions enter the
heated fore chamber of the apparatus (seeSection 2.1).
Based on the gas phase acidities of H2O and CH3OH
[25,26], the free energy for protonation by CH3OH is
∼8.7 kcal/mol more favorable relative to protonation
by H2O. The spectrum shown inFig. 5 was obtained
with 5. 5 mTorr of CH3OH in the reaction chamber
at 25◦C. It exhibits high intensities of the singly
charged ions HC5O5

− and CH3O(CH3OH)n−. These
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Fig. 1. (a) Mass spectrum of hydrates C5O5(H2O)n2− observed at 22◦C and 2 mTorr of H2O vapor in reaction chamber. C5O5(H2O)52− is
the last hydrate of high intensity. (b) Mass spectrum of hydrates C5O5(H2O)n2− observed at 22◦C and 10 mTorr of H2O vapor in reaction
chamber. Intense hydrates observed up to C5O5(H2O)72− at this higher H2O pressure.

singly charged ions must be due to proton transfer
from CH3OH, followed by charge separation:

C5O5(CH3OH)m
2− =HC5O5(CH3OH)m−x

−

+CH3O(CH3OH)x−1
− (3)

These results support the assumption based onFig. 4,
that the observed HC5O5

−, of low intensity, is not
due to a protonation by H2O, but by protonation by
methanol involving C5O5(CH3OH)m2− ions origi-
nating from the solvent used for electrospray. This
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Fig. 2. (a) Ions observed at a higher temperature of 51◦C, relative toFig. 1. H2O pressure, 2 mTorr. Not only is the hydrates numbern lower
than inFig. 1a, but also charge loss has occurred at the higher temperature. The C5O5

− ion is due to thermal electron detachment probably
mostly from C5O5(H2O)22−. The smaller HC5O5

− peak is attributed to charge loss by proton transfer from methanol molecules, see text.
(b) Ions observed at 51◦C and higher H2O pressure of 8.2 mTorr. Not only is the hydration shifted to highern values of C5O5(H2O)n2−,
but also charge loss has been suppressed due to the stabilization by hydration. Note much lower C5O5

− and HC5O5
− relative to (a).
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Fig. 3. Results from CID of C5O5(H2O)42− ion. The lower hy-
drates down to C5O5(H2O)22− and charge reduced C5O5

− and
C5O5(H2O)−, were the only CID products observed. Absence of
C5O5(H2O)2− product indicates that this monohydrate is unstable
and detaches one electron.

Fig. 4. Plot of observed singly charged products from mass spectra, such as shown inFig. 2a and b, at 51◦C and several pressures of
H2O. Results show that C5O5

− decreases with H2O pressure, as expected, due to increasing stabilization in the highern, C5O5(H2O)n2−,
hydrates present at higher pressure. On the other hand, HC5O5

− is seen to remain constant with H2O pressure. This result indicates that
HC5O5

− is due to reactions occurring outside the reaction chamber.

conclusion also agrees with the lack of HC5O5
−

product from the CID of the C5O5(H2O)42− ion
(Fig. 3).

3.2. Comparison of experimental results for charge
reduction with theoretical predictions. Electron
detachment. Existence of energy barrier for
electron detachment from dianions

The experimental evidence for the occurrence of the
electron detachment reaction (Eq. (2)) can be com-
pared with the predictions of the DFT calculations.
The structures obtained are summarized inFig. 6. The
energies are given inTable 1. Reaction (1) (Table 1)
shows that electron detachment from C5O5

− is en-
dothermic by 98.5 kcal/mol, i.e., the electron affinity
EA(C5O5) = 98.5 kcal/mol. This is a very high value,
higher than the EA(F) = 78.4 kcal/mol, a case where
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Fig. 5. Ions observed with CH3OH at 5.5 mTorr in the reaction chamber at 25◦C. The doubly charged solvates, C5O5(CH3OH)n2−, are
observed. However, high intensities of singly charged products such as CH3O(CH3OH)n− and HC5O5

−, are also observed. Only very
small intensities of the methanol solvates of HC5O5

− were present. The singly charged ions must be due to the charge separation reaction:
C5O5(CH3OH)n

2− = HC5O5
− + CH3O(CH3OH)n−1

−. This reaction probably occurs from the lowestn C5O5(CH3OH)n2− species. The
amount of solvation by CH3OH observed in the spectrum is not indicative of the solvation in the original products of the charge separation
reaction, but is due to further solvation reactions of these products with methanol.

the most electronegative atom and a half filled bond-
ing orbital is involved.

On the other hand, the singly charged C5O5
−

ion has a negative electron affinity EA(C5O5
−) =

−26.0 kcal/mol (reaction (2),Table 1). Also negative
is the EA(C5O5 · H2O−) = −13.8 kcal/mol (reaction
(3), Table 1) in agreement with the noted absence of
the C5O5

2− and the C5O5(H2O)2− ion in the experi-
ments (Section 3.1).

The prediction EA(C5O5·2H2O−) = −2.3 kcal/mol
(reaction (4),Table 1) may appear to disagree with
the observation of stable C5O5(H2O)22− ions at tem-
peratures as high as 50◦C, seeFig. 2a. However,
when doubly charged negative ions are involved, an
exothermic electron detachment energy does not nec-
essarily indicate that thermal electron detachment will

occur, as is the case for singly charged ions[21]. A
considerable energy barrier will be present in the ther-
mal detachment from doubly charged negative ions.
This barrier is of Coulombic origin and is most eas-
ily perceived by examining the reverse process. The
approach of the electron from infinity to the singly
charged negative ion is impeded by the Coulombic
repulsion between the two charges. Thus, on detach-
ment of the electron from the doubly charged ion a
considerable kinetic energy will be released to the
leaving electron due to the Coulombic repulsion be-
tween it and the remaining one negative charge on the
anion. That kinetic energy is not taken into account by
the ab initio calculated energies of the separated reac-
tants C5O5(H2O)n2− and C5O5(H2O)n− in Table 1,
that are used to obtain the EA(C5O5·nH2O−) values.
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Fig. 6. Structures of C5O5(H2O)n2− and C5O5(H2O)n− for n = 0, 1, 2 obtained from DFT calculations at the B3LYP/6-311++G(d,p) level.

A schematic, qualitative representation of the bar-
rier for C5O5

2− is shown inFig. 7. The solid curve
represents the classical Coulomb potential energy
that would be approximately valid, once the electron
has left the HOMO of C5O5

2− and is at a distance
of several Å from it. The Coulomb energy curve
indicates that the barrier will be high, some several
tens of kcal/mol at small distances and also quite
broad. However, because the energy of the electron
in the HOMO is high, corresponding to 26 kcal/mol
in the diagram, the electron could be expected to
tunnel through the barrier, after an activation energy
of less than 10 kcal/mol has been provided by ther-
mal activation. The doubly charged, singly hydrated
C5O5(H2O)2− ion was also not observed in the exper-

iments at 50◦C, presumably because it had detached
an electron. The energy of the electron in the HOMO
in this case is 13.8 kcal/mol (Table 1) and adding an
assumed activation energy of some 15 kcal/mol at
50◦C, could be sufficient for the electron to tunnel
through the Coulomb barrier that is approximately
some 3–4 Å in width at that height.

The above discussion andFig. 7 provide only
a “ballpark view”. Certainly, more quantitative ap-
proaches are required. The disintegration of atomic
nuclei to two positively charged nuclear particles
represents an analogous case in the positive charge
domain. This seems to be the first case that was ex-
amined theoretically. For an illustration of the barrier
(see Fig. 10, Chapters 11 and 12, in Bohm[24]).
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Table 1
Theoretical electron detachment and hydration energies of
C5O5(H2O)n

m− (n = 0, 1, 2), (m = 1, 2)

Reaction �Ea (kcal/mol)

C5O5
−(Cs)b → C5O5(D5h) + e− 98.5

C5O5
2−(D5h) → C5O5

−(Cs)b + e− −26.0
C5O5(H2O)2− → C5O5

−(H2O)− + e− −13.8
C5O5(H2O)22− → C5O5

−(H2O)2− + e− −2.3

C5O5(H2O)− → C5O5
− + H2O 11.8

C5O5(H2O)2− → C5O5(H2O)− + H2O 10.5

C5O5(H2O)2− → C5O5
2− + H2O 24.0c

C5O5(H2O)2− → C5O5
2− + H2O 18.0d

C5O5(H2O)22− → C5O5(H2O)2− + H2O 22.0c

aEnergies are computed at the B3LYP/6-311++G(d,p) level
of theory and given in kcal/mol.

b C5O5
− is structurally very close to D5h symmetry but the

wave function cannot be expressed within that symmetrical con-
straint.

c H2O molecule is bonded by two H bonds (seeFig. 6).
d H2O molecule is bonded by one H bond.

Much more recently photodetachment experiments
from dianions, where the kinetic energy of the re-
leased electron is also determined, have been reported
by Wang and co-workers[25,26]. This work includes
also estimates of the energy barriers.

Fig. 7. Qualitative schematic representation of energy barrier for the detachment of an electron from C5O5
2−. The Coulomb barrier for

the reverse reaction, the electron attachment, was evaluated with the Coulomb equation and a charge distribution as shown in the inset.
The distance between the electron and the O atom, used as the horizontal coordinate is also shown in the inset. As the electron approaches
closely the singly occupied orbital, the energy decreases (dashed curve). Energy of 26 kcal/mol shown at very small distances corresponds
to electron being in the orbital, see theoretical result inTable 1. Combined curves indicate that tunneling of the electron through the barrier
could be expected at moderate temperatures.

3.3. Consecutive hydration energies of C5O5
2−,

from equilibrium determinations and theoretical
calculations

The ion hydrates, C5O5(H2O)n2− observed in the
mass spectra ofFigs. 1 and 2are in equilibrium. Tests
demonstrating the presence of equilibrium (n− 1,n)

C5O5(H2O)n−1
2− + H2O= C5O5(H2O)n

2−

(n− 1, n) (4a)

Kn−1,n = In

(In−1 · pH2O)
(4b)

�G◦T = −RTln Kn−1,n (4c)

where the ion intensity ratio is assumed to be equal to
the concentration ratio of the hydrates[15] andpH2O
is the known partial pressure of H2O in the reaction
chamber, are given inFig. 8 for (n − 1, n) = (6, 7)

and (7,8). The linear plots with intercepts at the ori-
gin, observed inFig. 8obey the equilibrium condition
expressed byEq. (4b)and the slope of the plots corre-
sponds toKn−1,n. Determinations of the equilibrium
constants,Kn−1,n, from such plots at different tem-
peratures, lead via van’t Hoff plots to the enthalpies
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Fig. 8. Determination of hydration equilibrium constants for(n − 1, n) = (6, 7) and (7,8). The linear plots with intercepts at the origin
obey the equilibrium condition expressed byEq. (4b)and the slope of the plots corresponds toKn−1,n.

�H◦n−1,n and�S◦n−1,n. These are obtained from the
slope and the intercept of the linear van’t Hoff plots.
Shown inFig. 9are two such plots that are for the (4,5)
and the (5,6) equilibrium. Unfortunately, the temper-
ature range that could be covered was very restricted,
because electron detachment, seeEq. (2)and associ-
ated discussion, set an upper limit of the temperature
at ∼50◦C. �H◦ and �S◦ values could be obtained
only for (3,4) and higher (n − 1,n) values. The data
obtained are summarized inTable 2. Energy values
for (0,1) and (1,2) that could not be measured exper-
imentally were obtained from DFT calculations and
are given inTable 1.

Table 2
Sequential hydration energiesa of croconate anion C5O5

2−

(n,n − 1)b �G◦n,n−1 (298 K) �H◦n,n−1 �S◦n,n−1

(3,2) 10.0 – –
(4,3) 8.5 17.2 30
(5,4) 7.1 14.0 23.2
(6,5) 5.6 12.1 21.8
(7,6) 5.1 12.6 25.2
(8,7) 4.6 10.6 20.1
(9,8) 3.9 – –

a Energy changes for�H◦n,n−1 and �G◦n,n−1 in kcal/mol,
�S◦n,n−1 in cal/mol K. Standard states, 1 atm.

b The (n,n − 1), rather than the (n − 1,n) values are quoted
because the (n,n−1) values are positive for�G, �H and�S and
thus facilitate the discussion.
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Fig. 9. van’t Hoff plots of the equilibrium constants for the (4,5) and (5,6) hydration reactions. Intercepts with vertical axis lead to�S◦n−1,n

while the slopes lead to�H◦n−1,n.

A plot of the most abundant data set, the�G◦n−1,n

at 298 K, vs.n, is shown inFig. 10. In Table 2and
Fig. 10, we use the energies for the reverse of reaction
(Eq. (2)), i.e., the (n,n − 1) reaction because the val-
ues of�G◦n,n−1, �H◦n,n−1 and�S◦n,n−1 are positive
and this facilitates the discussion of the results. For
comparison, also included in the figure are�G◦n,n−1

at 298 K values for the hydration of SO4
2− and the di-

carboxylate CO2(CH2)4CO2
2− that were obtained in

previous determinations[27].
The previous work[27] included hydration deter-

minations of several other oxoacid dianions (see Ta-
ble 3 and Fig. 7 in[27]). On the basis of those data

it was concluded that the magnitude of the energies,
�G◦n,n−1 at 298 K depend mainly on two factors. The
net negative charge on the oxygen atoms that are in-
volved as H bond acceptors and the proximity of these
atoms to each other[27]. The proximity rule is easily
checked with the CO2(CH2)pCO2

2− dianions, where
it was found that the�G◦n,n−1 value decreases with

increase ofp. The ion SO4
2− has by far the highest

�G◦n,n−1 value of all oxoacids that were determined
[27] and that result follows the proximity rule. How-
ever, one can expect also that the net negative charge
per O atom is higher in SO42− than is the case for
the dicarboxylic acids because of the higher electron
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Fig. 10. Plot of�G◦n,n−1 at 298 K, vs.n for reaction: C5O5(H2O)n
2− = C5O5(H2O)n−1

2− + H2O (�). Also shown for comparison are

results from earlier determinations of�G◦n,n−1 for the hydration of CO2(CH2)4CO2
2− (×) [27] and SO4

2− (�) [27].

donor ability of the S atom. The charge proximity rule
is also expected on the basis of the total hydration
energies of doubly charged ions. These are known to
increase in exothermicity as the ion radius decreases.
This increase can be viewed as a consequence of the
charge proximity rule.

The�G◦n,n−1 data inFig. 10show a decrease in the
order: SO4

2− 
 C5O5
2− > CO2(CH2)4CO2

2−. The
observation: C5O5

2− > CO2(CH2)4CO2
2−, can be

expected from the proximity rule. However, the double
charge in C5O5

2− is spread over five O atoms rather
than four as is the case for CO2(CH2)4CO2

2− and this
consideration could lead one to assume a lower charge
on the O atoms of C5O5

2−. But regardless of possible
small differences between the charge on individual
oxygen atoms of C5O5

2− and CO2(CH2)4CO2
2−, the

remaining charges are relatively close by in C5O5
2−

complexes, while for the CO2(CH2)4CO2
2− complex

one unit of charge is relatively far away with respect
to the ligand molecule.

The �G◦n,n−1 values depend also on�S◦n,n−1.
It was found in previous work[15] on the diproto-
nated diamines (NH3(CH2)NH3)2+, where the hy-
dration equilibrium could be determined over a wide
(n,n − 1) and a wide temperature range (so that re-
liable �S◦n,n−1 could be obtained), that significant

contributions to differences in successive�S◦n,n−1
values at lown were due to rotational symmetry num-
ber changes. A similar situation is expected also for
C5O5

2−, however, the changes will occur mainly in
the lowestn,n−1 cases. Therefore, the�G◦n,n−1 val-
ues present inFig. 10, that start at (3,2) are expected
to follow fairly closely the�H◦n,n−1 changes withn
and reflect H bonding differences as assumed in the
discussion above.

A transition from an inner to an outer hydration
“shell” is expected for the C5O5

2− hydrates after
C5O5(H2O)52−. The data inFig. 10 lead to two
approximately straight lines one including�G◦5,4
and the other starting with�G◦6,5 that exhibits a
slower “fall off” of the values. This indicates weaker
�H◦n,n−1 interactions forn > 5 as observed in
Table 2. Such weaker interactions could be due to a
doubling of the water molecules per O atom on the
C5O5

2− such that each H2O molecule forms a single
H bond to the oxygens.

Even though experimental�G◦ values for the 1,0
and 2,1 hydration reactions are not available, those
values can be estimated on the basis of the compu-
tational electronic binding energies given inTable 1.
The theoretical structures for the hydrates (seeFig. 6)
clearly show that each water ligand is bound to two
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oxygen atoms on the croconate anion. These tight
structures lead to loss of rotational freedom relative
to the singly H bonded case and this should lead to
a higher�S◦n,n−1 term. Using the relatively common
�S◦n,n−1 term of 28–30 cal/mol K for a tightly bound
ligand to obtain theT �S◦n,n−1 term, one obtains esti-
mated�G◦n,n−1 values that fall right in line with the
experimental values, as shown inFig. 10.

Notable for the monohydrate dianion are the in-
creased bond distances of the C–O bonds that interact
with the water molecule relative to the C–O bonds that
don’t interact and the shortening of the C–C bond be-
tween the interacting C–O groups. These differences
indicate that the H-bonding is strengthened by an in-
crease of charge density on the interacting O atoms and
a polarization of the� electron system of the C5O5

2−

leading to a higher C–C electron density on interact-
ing side. This electron density leads to a strengthening
of the H-bonds and also the C–C double bond. For
the monohydrate monoanion a similar observation is
made.

The tightly bound structure is not too surprising for
the dianion where the interaction of the water with
two oxygens rather than one would gain energetically
more than it would lose due to the less than optimal
dipole arrangement with respect to the closest oxygen.
For the monoanion the energetic gain is less, however,
for both there is an additional gain because the dipole
alignment although not optimal for the closest oxy-
gen atom is optimal for the total charge on croconate.
Some calculations were carried out with alternative
arrangement of water on the monoanion but have ul-
timately converged back to the double interaction that
is shown inFig. 6.

For the dihydrates of both, the monoanion and di-
anion, a minimum was found that places water on ad-
jacent O–C–C–O interaction sites. This arrangement
which places the two water molecules on the same side
appears counterintuitive. But, it is favored because it
allows for a larger polarization of the croconate an-
ions that stabilizes the bonding. That the polarization
has increased can be seen by the C–O bond length
of 1.2616 Å for the dianion compared to 1.2445 and
1.2300 Å for the monoanion compared to 1.2257 Å.

However, while the polarization has increased, there
is also now some repulsion from the partially oppos-
ing dipoles of the two water ligands. Evidence for
this comes from the difference in the hydrogen bond
lengths of the near and far interaction with respect to
the two ligands, 1.9151 Å vs. 1.9574 Å (seeFig. 6).

3.4. Formation of complexes C5O5(B)m(H2O)n2−

with compounds B, such as nitrobenzene, that have
positive electron affinities

As discussed inSections 3.1–3.3, charge reduction
for multiply charged negative ions can occur via two
different mechanisms: proton transfer from a ligand
like a methanol or water molecule or electron loss by
electron detachment. Electron detachment can be pro-
moted not only by thermal/CID activation and photons
(photodetachment) but also by electron transfer to a
molecule with positive electron affinity EA. (For deter-
minations of EA’s of molecules with positive EA, by
electron transfer equilibrium involving singly charged
negative ions, see[28].) The charge loss by electron
transfer involving multiply charged anions should be
distinctly different from charge loss by proton trans-
fer because the transition is not a gradual shift of
the proton, with a transition state, but corresponds to
electron tunneling through the Coulomb barrier, see
Section 3.2and Fig. 7. We thought that it would be
interesting to explore experimentally electron transfer
from the hydrates C5O5(H2O)n2− to molecules with
positive electron affinities.

One of the first molecules used was nitrobenzene
(NB) whose EA(NB) = 23 kcal/mol [28]. Instead
of electron transfer, adduct formation involving the
hydrates C5O5(H2O)n2− and NB was observed as
illustrated by the mass spectrum (Fig. 11). The hy-
drates, C5O5(H2O)n2− with a maximum atn = 4,
that dominated the spectrum in the absence of NB
(9 mTorr H2O pressure and 55◦C temperature, see
Fig. 2b) were reduced to less than one-tenth of
their intensity in the simultaneous presence of only
0.12 mTorr of NB in the reaction chamber. The result-
ing C5O5(H2O)n(NB)m2− are shown in the mass spec-
trum (Fig. 11), that includes only the higher intensity
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Fig. 11. Ions observed when 0.12 mTorr of nitrobenzene (NB) was added to the reagent gas mixture containing 8.7 mTorr water and
8.6 Torr of the bath gas N2 at 55◦C. Mixed cluster ions C5O5(H2O)n(NB)m2− dominate the mass spectrum. High intensities are observed
for species wherem+ n = 5.

ions of the group C5O5(H2O)n(NB)m2−. Maximum
intensity is observed for the C5O5(H2O)1(NB)32−

ion. The maximum intensity for a hydrate group with
a given (NB)m occurs atm + n = 4, seeFig. 11.
Furthermore, an abrupt decrease of intensity for each
m group occurs whenm+ n changes fromm+ n = 5
to m + n = 6, seeFig. 11. These results strongly
suggest that the NB molecules are replacing the H2O
molecules by bonding to the five oxygen atoms of the
C5O5

2− in the plane of the C5O5 molecule. The abil-
ity of NB to replace H2O when the partial pressure
ratio is: H2O/NB = 75, indicates that the interaction
with NB leads to a free energy that is in the average
some 2.8 kcal/mol more exoergic than that with H2O.
The abrupt decrease of intensity aboven+m = 5 in-
dicates that in the presence of NB the stability of the
solvated cluster decreases sharply above,n+m = 5,
i.e., when the inner “shell” is completed.

The nature of the bonding of NB to the partially
negative O atoms of C5O5

2− indicated by the above
results, could be largely of electrostatic nature and
similar to the H bonding of the H2O. Experiments

where benzene vapor was added instead of NB
showed no complex formation, indicating that the
presence of the nitro group is essential. Similarly,
no complex formation was observed in experiments
with cyano-perfluorobenzene, a compound that has a
positive electron affinity but no H atoms.

Therefore, for the NB containing complexes a struc-
ture involving the phenyl H atom in position 4 to the
nitro group that “hydrogen bonds” to an oxygen on the
C5O5

2− is indicated by the results inFig. 11. The nitro
group is known to have a strong electron withdrawing
field effect [29] and the phenyl group is quite polar-
izable. Preliminary results based on DFT calculations
of the monosolvate NB·C5O5

2− also support such a
structure. The binding energy predicted by the calcu-
lation is 28 kcal/mol, which is higher than the binding
energy for a water monosolvate, particularly when the
water is bonded by only one H bond. Calculations for
the one H bond structure lead to 18 kcal/mol, some
6 kcal/mol lower than the two H bond structure, see
Table 1. The stronger bonding to NB predicted by the
calculations is in qualitative agreement with the higher
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average�G◦n,n−1 = 2.8 kcal/mol, for NB relative to
H2O, obtained from the experimental results for the
polysolvates. Previous determinations of the bonding
of the chloride ion Cl− to substituted benzenes[30a]
and to H2O [30b] also show a stronger bond free en-
ergy by some 2.3 kcal/mol with NB. Furthermore, the-
oretical calculations[30a] also support the H bonded
structure for NB–Cl−.

Hiraoka and co-workers[31] observed the dimer
formation:

C6F6
− + C6F6 = (C6F6)2

− (5)

in a high pressure mass spectrometer. On the basis of
STO-3G ab initio calculations, they proposed a struc-
ture involving a stacking of the two perfluorobenzenes
due to an attractive interaction of the singly occupied
SOMO orbital of the C6F6

− with the LUMO of the
C6F6. These two orbitals are degenerate in the absence
of an electron. The distance between the two stacked
rings was 3.88 Å. Structures for where the C5O5 and
NB are stacked while the H2O molecules are at the pe-
riphery of the C5O5 molecule are not expected for the
C5O5(H2O)n(NB)m2− complexes, on the basis of the
experimental evidence based on the observation that
the ligand number tends towardsm+n = 5. They are
also not likely because the symmetry of the C6 and
C5O5 rings is different.

The C5O5
2− solvates inFig. 11 are connected by

rapid equilibrium reactions. Therefore, the participa-
tion of any the solvates in an electron transfer reaction
to NB, followed by formation of free NB− and the
solvated mono-anion C5O5

−, will lead to rapid disap-
pearance of all of the C5O5(H2O)n(NB)m2− solvates.
Clearly such a reaction is not occurring under the con-
ditions used for theFig. 11experiments. This means
that the lowest solvate C5O5(H2O)2(NB)12− that has
the weakest stabilization by solvation also does not
engage in electron transfer to NB. An energy profile
plot for the reactions involving desolvation and elec-
tron transfer:

C5O5(H2O)2
2− + NB← (C5O5(H2O)2(NB))2−

→ C5O5(H2O)2
− + NB− (6)

could be obtained by DFT calculations. Equations for
the energies of transition states of the desolvationEDS

and electron transferEET could then be obtained with
electrostatic equations, as was done for the somewhat
analogous case of desolvation or proton transfer in
doubly charged positive ions[16,19]. Charge separa-
tion by proton transfer in positive ions is an area that
has received much more attention[16,17,19,32]. The
electrostatic equations are particularly useful when
predictions for a series of reactions involving the
same doubly charged ion and different neutral reac-
tants (ligands) is involved. An important difference in
the electron transfer case is the presence of tunnel-
ing. Predictions of the tunneling rate would require
knowledge not only of the maximum (the “transition
state”) of the Coulomb barrier but also the actual
shape (width) of the barrier.

Clearly, additional experimental work on the com-
plexation of C5O5(H2O)22− with other ligands would
be very useful. Such work is in progress. We have
preliminary results that show that electron transfer to
1,3-dinitrobenzene, EA= 36.9 kcal/mol [28], is ob-
served at temperatures above 50◦C.

4. Conclusions

(a) The cyclic oxocarbon dianions, such as C5O5

(H2O)n2− or C5O5(CH3OH)n2− can be easily
produced in the gas phase by electrospray. They
represent interesting examples of moderate size
symmetric dianions whose solvation energies in
the gas phase can be determined.

(b) The �G◦n,n−1 values for the reactions: C5O5

(H2O)n
2− = C5O5(H2O)n−1

2− + H2O, exhibit
a change of slope, that signals weaker solvation
aboven = 5.

(c) Below n = 2, the hydrates become unstable and
exhibit charge separation by thermal electron de-
tachment. When methanol is used instead of water,
charge separation occurs not by electron loss but
by proton transfer from the methanol molecules.
This difference can be attributed to the higher gas
phase acidity of methanol relative to water.
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(d) C5O5(H2O)22− is observed to be stable towards
electron detachment even though theoretical DFT
calculations predict that electron detachment is
exothermic. This result demonstrates that an en-
ergy barrier exists for the detachment that is due to
the Coulomb repulsion between the C5O5(H2O)2−

and the detached electron.
(e) DFT calculated electron detachment energies pre-

dict exothermicities of 14 and 26 kcal/mol for
C5O5(H2O)2− and C5O5

2−. A qualitative exami-
nation of the expected Coulomb barrier indicates
that the electrons can readily tunnel through it
and lead to electron detachment, in agreement
with the experimental observations.

(f) Use of molecules with positive electron affin-
ity such as nitrobenzene (NB) (electron affinity
EA = 23 kcal/mol) does not lead to electron
transfer from C5O5(H2O)n2− even when the
transfer reaction is highly exothermic, as is the
case with C5O5(H2O)22− (EA C5O5(H2O)−2 =
−2.3 kcal/mol). This observation is also attributed
to the presence of a Coulomb energy barrier.
Instead of electron transfer, bonding of NB to
the dianion is observed. The H atom in position
4 of NB forms an H bond to one of the oxy-
gen atoms of the C5O5

2−. The bond is stronger
than the H bonds formed by H2O molecules.
However, electron transfer does occur when
molecules with higher electron affinities such as
1,3-dinitrobenzene (EA= 36.9 kcal/mol) are used
and the stabilization of the dianion by solvation
is weak, such as for C5O5(H2O)22−.

(g) Theoretical predictions whether electron transfer
to a ligand with a given electron affinity would be
possible, either on the basis of DFT calculations
or approximate electrostatic equations, but these
must also include consideration of the probability
for electron tunneling.
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