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Chapter 3: Periodicity and chemistry of the s and p blocks 

 

Solution 3.1 

 

Figure S3.1 

 

 
 

From the plot of ionisation enthalpies, it is possible to see that there is an overall 

increase in ionisation enthalpy as we move across the period from left to right. 

This is caused by the increase in nuclear charge across the period, which is not 

fully compensated for by the increased number of electrons. However, the 

increase does not follow a straight line. There are clear anomalies going from Mg 

to Al, and going from P to S. The electronic configuration of aluminium is 

[Ne] 3s
2 

3p
1
. The 3p

1
 electron is shielded quite strongly by the filled, penetrating 

3s
2
 orbital and is thus easier to remove than might be predicted if the graph in the 

plot were to follow a straight line. Likewise it is also somewhat easier than 

expected (on the basis of a straight line plot) to remove one electron from sulfur. 

The electronic configuration of sulfur is [Ne] 3s
2 
3p

4
 and hence one of the p 

orbitals contains a pair of electrons. This electron pairing results in increased 

electron-electron repulsion, and hence removal of one of these electrons is less 

energetically expensive than might otherwise be expected. Exchange energy also 

favours the ionization of S over that of P. 

 

 

Solution 3.2 
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(a) 

(i) Rubidium is in group 1 with the electronic configuration [Kr] 5s
1
 and 

strontium is in group 2 with the electronic configuration [Kr] 5s
2
.  The 

nuclear charge is larger for Sr, which is not fully compensated for by 

the additional electron in the 5s orbital, so it requires more energy to 

ionise a Sr atom than it does to ionize a Rb atom. 

 

(ii) Barium is in group 2 ([Xe] 6s
2
) while thallium is in group 13. 

Thallium has the electronic configuration ([Xe] 4f
14 

5d
10

 6s
2
 6p

1
). It is 

harder to remove the electron from the group 13 atom because of the 

increased nuclear charge (atomic number of Ba = 56; Tl = 81) and 

relatively poor shielding by the 4f and 5d orbitals.  

 

 

(iii) Strontium is higher in group 2 ([Kr] 5s
2
) than barium ([Xe] 6s

2
). As 

one descends a group, the atoms become easier to ionise even though 

the nuclear charge increases. This is because the valence electrons 

occupy higher energy orbitals and are thus further from the nucleus 

even though Zeff (the effective nuclear charge) will increase down the 

group.  

(b)  

(i) The ionisation enthalpy increases on moving from bromine to krypton as 

one moves from a group 17 to a group 18 atom in the same period, and 

hence the nuclear charge increases. 

 

(ii) On moving from antimony to bismuth one is descending group 15 so, 

although the nuclear charge increases, there is also increased shielding so 

the ionisation enthalpy decreases. 

 

 

(iii) On moving from arsenic to selenium, one moves from a group 15 

element with the configuration [Ar] 3d
10 

4s
2 

4p
3
 to a group 16 element 

with the configuration [Ar] 3d
10 

4s
2 

4p
4
. So although the nuclear charge 

increases from arsenic to selenium it is easier to remove one of the paired 

p electrons in selenium due to the increased electron-electron repulsion 

experienced by the pair of electrons sharing an orbital and as a result of 

exchange energy. 
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Solution 3.3 

This is best answered using a Hess cycle and by considering the enthalpy changes 

associated with the reverse process to that shown in the equation i.e. the standard 

oxidation potentials of the metals. In order to produce an aqueous cation from a 

metal we would first convert the solid metal to gaseous cations, followed by 

hydration. The enthalpy of hydration decreases down the group, as do the 

enthalpies of atomisation and ionisation. The simultaneous reduction of these 

quantities as the group is descended means that these terms tend to “balance out”. 

Figure S3.2 

 

We know that the standard electrode potential is related to the standard Gibbs 

free energy: 

∆𝐺𝑜 =  −𝑛𝐹𝐸𝑜 

 

And that the standard Gibbs free energy is related to the enthalpy change for the 

process: 

∆𝐺 =  ∆𝐻 − 𝑇∆𝑆 

 

And so it can be seen that this “balancing out” of the decreasing energetic cost 

associated with forming the gaseous cations and decreasing energetic gain 

associated with hydrating those gaseous ions will result in the relatively stable 

values of the standard electrode potentials as we go down the group. 

 

 

Solution 3.4 

 

The metals are highly reducing as a result of the large negative values for the 

standard reduction potentials (see table in question 3.3). Thus it is difficult to 

reduce the M
+
 cation to M (where M = an alkali metal).  

 

For example, the reduction potential for the Na
+

(aq)
 
cation according to the 

process  
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Na(aq)
+ + e− ⟶ Na(s) 

 

Is given as E
o
 = -2.71 V. 

 

Whereas the reduction potential for water, according to the half-reaction: 

 

2H2O + 2e− ⟶ H2(g) + 2OH− 

 

has E
o
 = -0.8277. It can be seen that this value is less negative than the standard 

reduction potential of Na(aq)
+  and is indeed less negative than all of the alkali 

metal standard electrode potentials listed in question 3.3. A less negative standard 

electrode potential means a less positive (i.e. more favourable) standard Gibbs 

free energy change from the equation: 

 

∆𝐺𝑜 =  −𝑛𝐹𝐸𝑜 

 

As a result, it is not possible to electrolytically reduce M
+
 to M in aqueous 

solution (as water will be preferentially reduced). Instead, molten salts must be 

used. 

 

 

Solution 3.5 

 

The relevant chemical equations are: 

(i) MSO4(s)

∆
→ MO(s) + SO3(g) 

(ii) M(OH)2(s)

∆
→ MO(s) + H2O(g) 

The important point here is to consider the change in lattice enthalpy of both the 

starting salt (MSO4 or M(OH)2) and of the oxide product (MO) as the group is 

descended. Both of these will become less exothermic as the group is descended, 

because the metal cations get larger. 

 

If we consider only the lattice enthalpy of the starting salt, then we would predict 

that as the lattice enthalpy of the starting salts decreases down the group, the 

temperature of thermal decomposition would also decrease down the group. 

However, we must also consider the lattice enthalpy of the product, as the 

energetic cost associated with breaking the lattice of the starting salt is offset to 

some degree by forming the metal oxide lattice. 

 

∆𝑈 =  −
𝑘𝜈|𝑧+||𝑧−|

𝑟+ + 𝑟−
 

This can be predicted using the 

Kapustinskii equation, which is 

described in Chapter 4. The 

denominator of this fraction is 

the sum of the ionic radii. 

We can predict that the 

magnitude of the lattice 

enthalpy will change more as 

we descend the group when we 

have a small anion than when 

we have a large anion. This is 

because the percentage change 

in the value of the denominator 

is more significant with a 

smaller anion than a larger one. 
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As the group is descended, the small size of the O
2-

 ion in the metal oxide 

product means the magnitude of the lattice enthalpy of the metal oxide decreases 

more than that of the sulfates or hydroxides. An alternative way to think about 

this is that as the cations become bigger the sulfate and hydroxide salts become 

more stable with respect to the oxide.  

 

As such, whilst the energy required to break apart the ionic lattice of the starting 

salts decreases as we go down the group, the energy released when forming metal 

oxide decreases more, and hence overall, the reaction becomes less favourable as 

the group is descended. Therefore, the temperature of decomposition increases 

down the group.  

 

 

Solution 3.6 

This question is about the polarising power of cations with a high charge-to-size 

ratio. The group 2 cations have a 2+ charge and as such the charge-to-size ratio is 

high and as a consequence they are quite highly polarising. Two consequences of 

this are that they give a stable nitride (see the answer to worked example 3.1A) 

and they also polarise the O-O bond within the peroxide (O2
2-

) ion, facilitating its 

dissociation. Group 2 metals react with oxygen to form metal oxides only which 

contain the O
2-

 ion with no O-O bond. 

 

 

Solution 3.7 

 

(i) From the list of ligands given it is clear that Me3N should readily 

displace Et2O to form a 1:1 adduct whose structure is shown below. 

 

Figure S3.3 

 
 

(ii) In the question the ligand Et2PCH2CH2PEt2 is not listed so we have to 

make an assumption that this donor ligand would form a 1:1 adduct 

with BH3 of a similar strength to that formed with Me3P. Thus we 

It may be noted that in each 

reaction there is also a gaseous 

product – SO3 or H2O. The 

formation of a gaseous product 

makes the overall reaction 

more favourable as the entropy 

change of the reaction is 

favourable (positive value for 

ΔS
o
). However, this 

observation cannot account for 

any changes in reactivity as the 

group is descended because the 

gaseous product is the same 

irrespective of the nature of the 

metal cation. 
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would expect this ligand to displace Et2O. As there are two P atoms in 

the ligand Et2PCH2CH2PEt2, both of which can act as Lewis base 

donors, it is also possible to form an adduct with a 1:2 stoichiometry 

between the Lewis base and the BH3 Lewis acid.  

 

Figure S3.4 - The structure of (i) Et2PCH2CH2P(Et2)-BH3 and (ii) H3B-

(Et2)PCH2CH2P(Et2)-BH3 

 

 

Solution 3.8 

 

The general structures of Ga2H6 and Ga2Cl6 are shown in Figure S3.8. However, 

consideration of the number of electrons available for bonding shows that the 

bonding in each of these molecules must be rather different. In Ga2H6 there are 

insufficient electrons to form normal 2-centre, 2-electron covalent bonds between 

each of the atoms. Instead the Ga-H-Ga bridges consist of electron deficient 3-

centre, 2-electron (3c2e) bonds. By contrast in Ga2Cl6 each Cl atom has lone 

pairs of electrons. These can be donated to the adjacent Ga atom to form a dative 

bond. As such, the bonding is electron precise with 2 electrons per chemical 

bond. Each bridging Cl atom is bonded to one Ga atom by a “normal” 2 electron 

covalent bond where the electrons are shared and to one Ga atom by a dative 

bond where both electrons are donated for the Cl atom.  

 

Figure S3.8  - The structures of (i) Ga2H6 and (ii) Ga2Cl6  

 
 

 

This is a good representation of 

the bonding in Ga2Cl6. However, 

structural studies show that all of 

the bridging Ga-Cl bonds are of 

approximately the same length 

(ca. 237 pm). This demonstrates 

that delocalisation of electrons 

occurs and it is not possible to 

assign which of these bridging 

bonds are normal covalent or 

dative covalent bonds. The 

terminal Ga-Cl bonds are of a 

different length (ca. 216 pm) to 

the bridging bonds, as these 

bonds are clearly normal 2-

electron covalent bonds with 

electrons shared between the Ga 

and Cl atoms. 
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Solution 3.9 

 

The “inert pair effect” is a result of the penetrating 6s
2
 pair of electrons being 

held tightly to the nucleus, which means they are not readily ionised or shared. 

For the heavier elements in groups 13, 14, 15 and 16, the inert pair effect 

therefore favours oxidation states and valencies two less than the group valency. 

With reference to group 14, this is apparent with the relative stabilities of the 

covalent dihalides versus tetrahalides (tetrahalides represent the group valency of 

4) as the group is descended.   The positive electrode potential for the reduction 

of Pb
4+

 to Pb
2+

 shows that Pb
4+

 is an oxidant as the positive standard electrode 

potential corresponds to a negative (favourable) standard Gibbs free energy 

change from the equation:  

 

∆𝐺𝑜 =  −𝑛𝐹𝐸𝑜 

 

The reduction of Pb
4+

 to Pb
2+

 is favourable because of the “inert pair effect” 

where the 6s
2
 pair of electrons is held tightly to the nucleus. 

 

Solution 3.10 

 

SnCl4 is a covalent molecule with a tetrahedral structure. VSEPR considerations 

(explained in chapter 2) show that this molecule should have a tetrahedral 

structure as there are no lone pairs of electrons.  

 

 

SnCl4 Number of electrons 

Valence electrons on Sn 4 

Electrons from Cl 1 × 4 

0 charge 0 

0 n
th

 order bonds 0 

Total number of electrons 8 

 

 

The 8 electrons in total mean there are 4 pairs of electrons to be distributed 

around the molecule. In AXE notation, this is an AX4E0 configuration, which 

takes a tetrahedral shape. 

 

SnCl2 in its standard state is a polymeric solid, with chains of non-linear SnCl2 

units. The non-linear structure of the units is because of the lone pair of electrons 
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on the tin atom. These units are held together by Cl-atom bridges (with dative 

bonds). In the vapour phase the dative bonds are broken and SnCl2 consists of 

non-linear molecules with a lone pair of electrons.  

 

 

Again, using VSEPR, we can predict the non-linear nature of SnCl2 in the gas 

phase.  

 

 

SnCl2 Number of electrons 

Valence electrons on Sn 4 

Electrons from Cl 1 × 2 

0 charge 0 

0 n
th

 order bonds 0 

Total number of electrons 6 

  

 

There are 3 pairs of electrons, so the shape is based on a trigonal planar 

arrangement of electron pairs. Clearly, we have two bonding pairs and so one 

lone pair (AX2E1) and hence we observe a non-linear molecule. 

 

The relevant structures are shown in Figure S3.10. 

 

Figure S3.10  - (a) The structure of SnCl4, which is a liquid under standard 

conditions. (b) (i) The structure of SnCl2, which is a polymeric solid under 

standard conditions. (ii) In the gas phase, SnCl2 is composed of non-linear SnCl2 

molecules. 

 

 



Almond, Spillman & Page: Workbooks in Chemitry: Inorganic Chemistry 
Solutions to questions in the text 

 

  

© Oxford University Press, 2017.9 

 

(b) (i) 3SiH3Cl + NH3 ⟶ N(SiH3)3 + 3HCl 

 

(iii) 2SiH3Cl + H2O ⟶ (H3Si)2O + 2HCl 

 

(iv) 2SiH3Cl + 2Na ⟶ Si2H6 + 2NaCl 

 

 

N(SiH3)3 has a planar structure around the N atom; (H3Si)2O is non-linear (with a 

Si-O-Si bond angle around 144
o
); Si2H6 has an electron precise structure 

analogous to that of ethane. 

 

Figure S3.5  - The structures of (i) N(SiH3)3, (ii) (H3Si)2O and (iii) Si2H6 

 

 
 

It is perhaps surprising to see that N(SiH3)3 has a planar structure when simple 

VSEPR theory would predict a pyramidal structure. Research has shown that this 

can be explained by considering the delocalisation of the nitrogen lone pair of 

electrons into the Si-H σ* orbitals, as well as 𝑝𝜋 → 𝑑𝜋 donation into the vacant d 

orbitals on silicon. It is also worth noting that N-Si bonds are much more polar 

than N-C bonds due to the low electronegativity of Si. This polarity results in 

increased electrostatic repulsion between neighbouring groups. Therefore, 

because the nitrogen lone pair can be effectively delocalised, the planar geometry 

is preferred, as the angle between neighbouring groups is greater in the trigonal 

planar structure (ca. 120°) than the trigonal pyramidal structure (ca. 109°).  

 

Similar considerations help to explain the unusually wide bond angle seen for 

(H3Si)2O (ca. 144°).  

 

Si2H6 has an electron-precise structure entirely analogous to that of ethane. There 

is a total of 14 valence electrons in Si2H6 (4 from each Si atom and 1 from each H 

atom). As such, there are sufficient electrons for 2 each per chemical bond (6 Si-

H bonds and 1 Si-Si bond). So the structure is electron precise. 

 

Solution 3.11 
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(a) VSEPR rules (see chapter 2) were used to complete the table below.  

NH3  Number of electrons 

Valence electrons on N 5 

Electrons from H 1 × 3 

0 charge 0 

0 n
th

 order bonds 0 

Total number of electrons 8 

 

 

The 8 electrons in total means there are four pairs of electrons, and hence the 

shape is based on a tetrahedron. Clearly, with 3 bonded H atoms, we have an 

AX3E1 configuration that therefore predicts a pyramidal structure. The central 

nitrogen atom can be considered as being sp
3
 hybridised and there is one lone 

pair of electrons.  

 

Figure S3.6 

 
 

(b) It is the relatively strong intermolecular hydrogen bonds in NH3 that give rise 

to the high melting and boiling points. Hydrogen bonding is not observed in PH3, 

so despite the higher relative molecular mass, phosphine has a lower melting and 

boiling point than ammonia. 

 

(c) (i) SbH3, like NH3, should be pyramidal as it has a lone pair. There could be 

some confusion here as Sb lies towards the bottom of group 15 so the 5s
2
 pair of 

electrons may be considered as “inert”. However, this does not affect the 

pyramidal structure of the molecule. If the lone pair of electrons occupies a 

largely s-type orbital (rather than an sp
3
 hybrid as in NH3) then the bonding pairs 

of electrons will reside in largely p-type orbitals and the bond angles will be close 

to 90° but the molecule will still adopt a pyramidal shape.  

 

(ii) SbH3 has a higher boiling point than PH3 as its molecular mass is higher and 

so intermolecular forces are stronger. However, neither PH3 nor SbH3 show 

appreciable hydrogen bonding as the central group 15 atoms are not sufficiently 

electronegative. Thus the boiling points of both PH3 and SbH3 are lower than that 

of NH3.  
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(d) (i) NH3 is the strongest Lewis base because its lone pair of electrons is the 

most readily available. They occupy an sp
3
 hybrid. Lower down the group the s-p 

separation increases and so the lone pairs occupy largely s-type orbitals and are 

not so available for bonding.  

 

(ii) NH3 is the most stable because the covalent E-H (E = N, P or Sb) bond is the 

strongest so the enthalpy of formation is the most exothermic. The strength of the 

bonds comes from the better overlap between the small 1s orbital on hydrogen 

and the relatively small atomic orbitals on nitrogen. Lower down the group the 

atomic orbitals on P and Sb are larger and do not overlap so well with the 

hydrogen 1s orbital.  

 

 

Solution 3.12 

 

(a) Both are based on the P4 tetrahedron. In P4O6 the 6 O atoms each bridge 

an edge of the tetrahedron. In P4O10 the additional four O atoms are 

terminally bonded to each P atom. 

 

Figure S3.7 - The structures of (i) P4O6 and (ii) P4O10 

 
 

(b) There is a clear structural similarity to white phosphorus in that all of 

these compounds are based on the P4 tetrahedron. 

 

(c) Nitrogen would not be expected to form compounds based around the N4 

tetrahedron. The N-N σ-bonding is weak, while N2 exists as a very 

strongly π-bonded molecule. Nitrogen oxides also exist as π-bonded 

gases. Arsenic, by contrast could in principle form oxides with structure 

analogous to those of the arsenic oxides.  In fact arsenic vapour contains 

Note that it is very important 

to note the distinction between 

the strengths of the 

intermolecular bonds such as 

hydrogen bonds which affect 

properties such as boiling and 

melting points and the strength 

of the intramolecular covalent 

bonds which affect the stability 

of the molecule. 
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As4 molecules and As2O3 vapour contains As4O6 molecules which are 

akin to P4O6. However, these are not the most stable forms of these 

compounds. In the solid, the most stable form of As2O3 exists as a glassy 

substance with a covalently-bonded layered structure.  

 

 

(d) H3PO4 has a tetrahedral structure with three OH groups and one O atom 

around the central P atom. In H3PO3 there is again a tetrahedral structure 

with two OH groups, one O atom and one P-H bond; H2PO2 has one OH 

group, one O atom and two P-H bonds. 

 

Figure S3.8 - The structures of (i) H3PO4,(ii) H3PO3 and (iii) H3PO2  

 

 
 

(e) The oxidation states are +5, +3 and +1 respectively. These can be 

calculated by considering the atoms bonded to the central P atom. In 

H3PO4 there is one O atom (formally with a 2- charge) and 3 OH groups 

(each formally with a -1 charge).  In H3PO3 there are 2 OH groups and 

one O atom but also 1 H atom (formally with a +1 charge). Overall this 

gives a 3- charge and hence a +3 oxidation state for the central P atom. In 

H3PO2 there is one OH group and one O atom together with one H atom 

(formally +1 charge). As such the central P atom has a formal +1 

oxidation state.   

 

(f) The point here is that the O-H groups may be hydrolysed to release a 

proton (although in H3PO4 it is not easy to release the third proton – the 

pKa value being 12.67) while the P-H bonds cannot be hydrolysed. Thus 

H3PO4 can lose 3 protons, H3PO3 can lose two and H3PO2 can lose only 

one proton. 

Solution 3.13 

 

(a) The O=O bond is stronger because there is stronger bonding between the 

2p orbitals of O than between the larger and more diffuse 3p orbitals of S. 

 

Note that oxidation states in 

main group compounds 

typically vary in increments 

of 2. This may be contrasted 

to the situation in transition 

metal chemistry where 

variation of oxidation states 

in increments of 1 is well 

known. 
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(b) SO2 has a bent structure. This can be determined by simple consideration 

of VSEPR rules.  

SO2  Number of electrons 

Valence electrons on S 6 

Electrons from O 2 × 2 

0 charge 0 

2 2
nd

 order bonds -2 × 2 

Total number of electrons 6 

 

There are therefore 3 pairs of electrons, so the shape is based on a trigonal 

planar molecule. Given that we have two bonded oxygen atoms, clearly 

we have an AX2E1 configuration, which predicts a bent molecule. This is 

easy to rationalise - sulfur has six valence electrons and it must use four 

of these to form the two double bonds to the O atoms. This leaves a lone 

pair of electrons and hence gives a non-linear (i.e. bent) structure: 

 

Figure S3.9 

 
 

(c) Thiosulfuric acid H2S2O3  is unknown as the free acid, but its salts – the 

thiosulfates containing the S2O3
2-

 ion are very well known. <start 

comment> you may well have come across sodium thiosulfate 

(Na2S2O3) as a reagent in analytical chemistry where it is used in 

iodimetric titrations to determine the amount of iodine present in a 

sample or released in the course of a chemical reaction. <end 

comment> 

 

(d) In O2 the highest occupied molecular orbital (HOMO) is a partly-filled π-

antibonding orbital (Figure S3.13; also see Chapter 2). When 1 or 2 

electrons are added to O2 they enter this antibonding orbital and, as such, 

weaken the O=O bond. Thus the bond in O2
2-

 is longer.   
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Figure S3.13 - Molecular orbital energy level diagram for O2 

 
 

(e) Yes, this can occur. The energy required to oxidise O2 to O2
+
 is overcome 

by the lattice enthalpy of the salt O2
+
[PtF6]

-
 which is formed. 

 

 

Solution 3.14 

 

(a) Here the H2O2 dissociates to form H2O and O2. The O-O peroxide bond in 

H2O2 is broken. 

2H2O2(l) ⟶ 2H2O(l) + O2(g) 

 

(b) In this example H2O2 acts as an oxidant. The relevant half equation is: 

 

H2O2(l) + 2H(aq)
+ + 2e− ⟶ 2H2O(l) 

 

While Fe
2+

 is oxidised: 

 

Fe(aq)
2+ ⟶ Fe(aq)

3+ + e−  

 

Combining the half equations leads us to the full equation for the reaction: 

This salt was pivotal in Neil 

Bartlett’s discovery of the first 

xenon compound Xe
+
[PtF6]

-
. 

Bartlett was working with PtF6 

in a vacuum line when a leak 

occurred and the salt O2
+
[PtF6]

-
 

was formed from the presence 

of oxygen in the air which had 

leaked into the vacuum line. 

Bartlett realised that the 

ionisation enthalpy of Xe (1170 

kJ mol
-1

) was very similar to 

that of the O2 molecule (1165 kJ 

mol
-1

). Assuming a similar 

lattice enthalpy it should 

therefore be possible to 

synthesise Xe
+
[PtF6]

-
 by the 

reaction of Xe gas with PtF6. 

Bartlett then successfully 

carried out the reaction of Xe 

with PtF6. 
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2Fe(aq)
2+ + H2O2(l) + 2H(aq)

+ ⟶ 2Fe(aq)
3+ + 2H2O(l) 

 

(c) In this example H2O2 acts as a reductant. It should be noted that this is in 

basic solution so no H
+
 ions are present and as such no H

+
 ions should be 

included in the relevant half equations. The relevant half equations are: 

H2O2(l) + 2OH(aq)
− ⟶ O2(g) + 2H2O(l) + 2e− 

 

MnO4(aq)
− + 2H2O(l) + 3e− ⟶ MnO2(s) + 4OH(aq)

−  

 

This leads to the final full reaction equation: 

 

2MnO4(aq)
− + 3H2O2(l) ⟶ 2MnO2(s) + 2OH(aq)

− + 2H2O(l) + 3O2(g) 

 

(d) In this case, H2O2 again acts as an oxidant. The overall reaction may be 

written as: 

PhSMe(l) + H2O2(l) ⟶ PhS(O)Me(s) + H2O(l) 

 

The mechanism for this reaction is as follows:  

 

 

 

(e) Once again H2O2 is acting as a reducing agent in basic solution so the half 

equation is: 

H2O2(l) + 2OH(aq)
− ⟶ O2(g) + 2H2O(l) + 2e− 

 

Hypochlorite is reduced by the half equation: 

 

OCl(aq)
− + H2O(l) + 2e− ⟶ Cl(aq)

− + 2OH(aq)
−

 

 

This leads to the full equation for the reaction: 

 

OCl(aq)
− + H2O2(l) ⟶ Cl(aq)

− + H2O(l) + O2(g) 
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Solution 3.15 

 

(a) The standard reduction potential for F2:, which has the half equation: 

 

F2(g) +  2e− ⟶ 2F(aq)
−

 

 

has a very large positive value of E
o
 = +2.87 V. This reduction is 

therefore strongly favoured with a large positive value for the standard 

Gibbs free energy change from the equation: 

 

∆𝐺𝑜 =  −𝑛𝐹𝐸𝑜 

 

This demonstrates that it is very difficult to oxidise F
-
 to F2 as this reverse 

process would have a correspondingly large negative value for the 

standard Gibbs free energy change. 

 

(b) In order to explain this effect we need to consider the molecular orbital 

energy level diagram for the I2 molecule, as shown in Figure S3.15. 

 

Figure S3.15 - Partial molecular orbital energy level diagram for a charge 

transfer complex formed between I2 and a lone pair of electrons donated 

from the oxygen atom of a THF solvent molecule. 
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The lowest unoccupied molecular orbital (LUMO) in I2 is the σ* 

antibonding orbital. The colour of I2 is caused by the promotion of 

electrons from the highest occupied molecular orbital (HOMO) which is a 

π* antibonding molecular orbital. When I2 is added to a solvent such as 

THF which can donate an electron pair (coordinating solvent), the 

electrons are donated to the vacant σ* LUMO. This creates a new pair of 

molecular orbitals: a filled orbital in which there is a bonding interaction 

between the σ* LUMO on I2 and the donor atom, and a vacant orbital in 

which there is an antibonding interaction between the σ* LUMO and the 

donor atom.  

 

The colour of the adduct formed between I2 and the coordinating solvent 

is now caused by promotion of an electron between these two new energy 

levels. In a non-coordinating solvent the colour is simply that of the I2 

molecule. 

 

Figure S3.16 - Partial molecular orbital energy level diagram for a charge 

transfer complex formed between I2 and a lone pair of electrons donated 

from the oxygen atom of a THF solvent molecule. 
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(c) This is a question about ionic and covalent bonding. The first factor to 

consider in determining the iconicity of a chemical bond is the 

electronegativity difference between the two atoms which form the bond. 

A large electronegativity difference gives a more ionic bond. It is clear 

that when a halogen atom bonds to a non-metal the electronegativity 

difference is small and the bond will be more covalent. By contrast when 

a halogen atom bonds to a metal the electronegativity difference is larger 

and the bond will be more ionic. Secondly we should consider Fajan’s 

rules which were formulated by Kazimierz Fajan in 1923 and are used to 

predict whether a bond will be covalent or ionic based on the charge on 

the cation and the relative sizes of the cation and anion. They are 

summarised in the table below. 

 

Ionic Covalent 

Low positive charge on cation High positive charge on cation 

Large cation Small cation 

Small anion Large anion 

 

Clearly this relates to the polarising power of the cation (i.e. that cations 

which have a high charge-to-size ratio are more polarising and hence lead 

to more electron sharing), and the polarisibility of the anion (i.e. large 

diffuse anions may have their electron clouds distorted more readily than 

small compact anions). It is clear from this discussion that metals in high 
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oxidation states will be both smaller and more highly charged and will 

therefore give more covalent halides. 

 

(d) As more oxygen atoms are added to the structure, there is the possibility 

to delocalise the negative charge formed when the acid dissociates across 

more O atoms. As such the anion is stabilised so the formation of the 

anion becomes more favourable and the acid therefore more readily loses 

a proton. As such the acid becomes stronger.  

 

Figure S3.12 

 

 

 

 

Solution 3.16 

 

(a) The relevant equations needed to answer this part of the question are listed 

below: 

2Cu(aq)
2+ + 4I(aq)

− → 2CuI(s) + I2(aq) 

 

I2(aq) +  2S2O3(aq)
2− → 2I(aq)

− + S4O6(aq)
2−  

 

As can be seen, two moles of Cu
2+

 liberate one mole of I2, which then reacts with 

2 moles of thiosulfate. Therefore, there is a 1:1 ratio between the number of 

moles of Cu
2+

 and the number of moles of thiosulfate. We then use this 

information to calculate the number of moles of copper. This can then be used to 

determine the mass of copper in the sample, and hence the percentage of copper 

in the sample. 

 

Moles(Cu2+) = Moles(S2O3
2−) =

32.50 cm3

1000 cm3/dm3
× 0.0120 mol dm−3

= 0.000390 mol 

 

Mass(Cu) =  0.000390 mol × 63.546 g mol−1 = 0.0248 g 
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% (Cu) in sample = 100 × (
0.0248 g

0.10000 g
) = 24.8 % 

(b) Hydrated copper(II) sulfate exists as the pentahydrate and therefore has the 

formula: 

CuSO4.5H2O 

 

From this formula, it is straightforward to calculate the expected percentage of 

copper in the sample: 

 

Element 

Number in 

formula Element RAM / g mol
-1

 

Total / g 

mol
-1

 

% by 

mass 

Cu 1 63.546 63.546 25.45 

S 1 32.065 32.065 12.84 

O 9 15.999 143.99 57.67 

H 10 1.008 10.08 4.04 

  

RMM (CuSO4.5H2O ) 

/ g mol
-1

 249.681 

  

As can be seen from the table, we expect the sample to contain (by mass) 25.45% 

copper. This suggests that our sample from part (a) was not 100% pure. 

 

Purity = 100 ×
24.8

25.45
= 97.4 % 

This answer assumes that the data obtained from the experiments are free from 

instrumental and operator error. 

 

 

Solution 3.17 

 

(i) In this case it is clearly impossible that XeF6 could oxidise Cs
+
 as Cs 

is a group 1 metal. Rather we have transfer of an F
-
 ion from CsF to 

XeF6 and the product is Cs
+
[XeF7]

-
. 

(ii) Again it is impossible for XeF6 to oxidise SbF5 because the antimony 

(Sb) atom is already in the group oxidation state of +5. Again a 

fluoride ion is transferred but in this case it is transferred from XeF6 

and the product is [XeF5]
+
[SbF6]

-
. 

(iii) In this case oxidation of water can and does occur as KrF2 is a strong 

oxidant. The relevant half equations are:- 
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2H2O(l) ⟶ O2(g) + 4H(aq)
+ + 4e− 

 

KrF2(s) + 2e− ⟶ Kr(g) + 2F(aq)
−  

 

Thus the overall ionic equation is: 

 

2KrF2(s) + 2H2O(l) ⟶ 2Kr(g) + O2(g) + 4H(aq)
+ + 4F(aq)

−  

 

(iv) In this case oxidation can again clearly occur. XeF2 is a strong oxidant 

and is capable of oxidising iridium. The most common oxidation 

states of Ir are +3 or +4, however, upon oxidation by XeF2 the +5 

oxidation state fluoride IrF5 is formed. 

(v) Once again this is an oxidation reaction. XeF2 is a sufficiently strong 

oxidant that the group oxidation state of +6 is achieved by sulfur and 

the product is the hexafluoride SF6.  

 

 

Solution 3.18 

 

(i) Xe-F bonds are stronger than Xe-Cl bonds so xenon chlorides are 

inherently less stable. This is a feature seen throughout the periodic 

table i.e. that bonds to fluorine are typically very strong. The only 

known xenon chloride is XeCl2 which is formed by the high 

frequency irradiation of mixtures of xenon, fluorine and either silicon 

or carbon tetrachloride. It is reported to be a colourless crystalline 

compound that decomposes into its elements at 80 °C. However, some 

doubt has been raised as to whether XeCl2 is a “real” compound or a 

van der Waals complex consisting of weakly-bound Xe atoms and Cl2 

molecules. Theoretical calculations have suggested that the van der 

Waals complex is more stable than a linear XeCl2 covalently-bonded 

molecule. 

 

(ii) It is much harder to oxidise Kr than it is to oxidise Xe so fewer Kr 

compounds have been synthesised.  This results from the decreased 

effective nuclear charge experienced by the valence electrons in the 

larger Xe atom, which has shielding from an additional “shell” of 

electrons compared to Kr. Krypton was thought to be entirely 

unreactive until the early 1960s when KrF2 (a colourless crystalline, 

Note that in reactions (iii), 

(iv) and (v) a by-product is 

gaseous Kr or Xe. This 

property makes group 18 

halides quite clean oxidants, 

as the by-product is an inert 

gas. 



Almond, Spillman & Page: Workbooks in Chemitry: Inorganic Chemistry 
Solutions to questions in the text 

 

  

© Oxford University Press, 2017.22 

 

highly volatile, solid) was produced by reaction of Kr and F2 either in 

a discharge tube or by UV irradiation. KrF2 is a powerful oxidative 

fluorinating agent. 

 

 

(iii) Although in principle it would be easier thermodynamically to 

synthesise compounds from radon, radon is highly radioactive (α-

emitter) so whilst some research has been carried out to synthesise 

radon compounds, the task is difficult because of the high 

radioactivity of radon. The most well-known compound of radon is 

the difluoride RnF2 but even this remains essentially a laboratory 

curiosity. 

 

 


