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Synoptic Questions 

 

Question 1 Chapter 1. 

(a) Li has the electronic configuration 1s
2
2s

1
. As such the outermost electron 

is shielded by the 1s
2
 pair of electrons. Thus the 2s orbital, which 

penetrates more closely to the nucleus, lies at a lower energy than the 2p 

orbital. Li
2+

 has only one electron, which means that it is an example of a 

hydrogenic ion. As such, there is no shielding so the energies of the 

atomic orbitals are determined solely by the value of the principal 

quantum number, n. Thus the 2s and 2p orbitals have the same energy. 

 

(b) Using the noble gas shorthand, and noticing that sodium and magnesium 

are the next two elements along the periodic table from neon, the 

electronic configurations are: 

Na: [Ne] 3s
1 

Mg: [Ne] 3s
2
 

 

(c) The formation of Na
2+

 would require removal of an inner shell (2p) 

electron. This would require a very large amount of energy (the first and 

second ionisation energies of Na are 496 and 4562 kJ mol
-1

 respectively). 

In Mg there is a 3s
2
 pair of electrons. The first and second ionisation 

energies of Mg are 738 and 1451 kJ mol
-1

. The first ionisation energy of 

Mg is higher than that of sodium as the nuclear charge and hence Zeff is 

higher. The second ionisation energy of magnesium is lower than that of 

sodium because in Mg there are two electrons in the outermost 3s
2
 orbital 

so no inner shell electrons are removed. 

 

(d) A generic Born-Haber cycle for a salt, MXn is given in Figure S1.1. 
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Figure S1.1    Generic Born-Haber cycle for salt MXn 

 

 

From this diagram, we can see that the enthalpy of formation of the salt, 

∆𝑓𝐻𝑜(𝑀𝑋) which is highlighted by the red arrow, can be calculated using the 

following sum: 

 

∆𝑓𝐻𝑜(𝑀𝑋𝑛) = ∆𝑎𝑡𝐻𝑜(𝑀) + {𝐼𝐸1(𝑀) + ⋯ + 𝐼𝐸𝑛(𝑀)} + {𝑛 × ∆𝑎𝑡𝐻𝑜(𝐶𝑙)}

+ {𝑛 × ∆𝐸𝐴𝐻𝑜(𝐶𝑙)} + ∆𝑙𝑎𝑡𝐻𝑜(𝑀𝐶𝑙𝑛) 
 
It is also clear from the diagram that for an exothermic enthalpy of formation for 

the salt, the lattice enthalpy term should be greater in magnitude than the sum of 

the enthalpy changes required to form the gaseous metal cations and chloride 

anions. 

 

Let us first address the proposed salt, NaCl2, which we are told to assume has the 

same lattice formation enthalpy as MgCl2 (-2493 kJ mol
-1

). This is far smaller in 

magnitude than the very high second ionisation energy for Na (+4562 kJ mol
-1

), 
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therefore an endothermic enthalpy of formation will be obtained for NaCl2.  

 

Applying the same process to examine MgCl, we actually obtain a slightly 

exothermic enthalpy of formation for this material – the first ionisation energy of 

Mg is 738 kJ mol
-1

, whilst the lattice enthalpy (assuming it is the same as NaCl) is 

771 kJ mol
-1

. However, this enthalpy of formation is significantly lower in 

magnitude than that of MgCl2. The added energetic cost of forming the Mg
2+

 

cation is offset by the much more exothermic lattice formation enthalpy for this 

salt relative to that of MgCl.  

 

The increase in lattice enthalpy can be explained in simple terms using the 

Kapustinskii equation: 

∆𝑈 =  −
𝜅𝜈|𝑧+||𝑧−|

𝑟+ + 𝑟−
 

 
We now apply the equation to both salts: 

 

∆𝑈(MgCl) =  −
𝜅 × 2 × |+1| × |−1|

𝑟Mg+ + 𝑟Cl−
= −

2𝜅

𝑟Mg+ +  𝑟Cl−
 

 

∆𝑈(MgCl2) =  −
𝜅 × 3 × |+2| × |−1|

𝑟Mg2+ +  𝑟Cl−
= −

6𝜅

𝑟Mg2+ +  𝑟Cl−
 

 
We can see from the above equations that for MgCl2 relative to MgCl, we 

simultaneously increase the value of the numerator (by a factor of 3) and decrease 

the value of the denominator (by knowing that the ionic radius of Mg
2+

 is smaller 

than that of Mg
+
), and hence we should see a much greater lattice enthalpy for 

MgCl2 than MgCl.  

 

Question 2 Chapter 1.  

(a) The bond enthalpy we are given in the question is a molar quantity. Before 

we can determine the frequency of the photons, we should convert this 

into the energy carried by a single photon. 

𝐸𝑝ℎ𝑜𝑡𝑜𝑛 =
242 kJ mol−1

𝑁𝐴
=

242×103 J mol−1

6.022×1023 mol−1 = 4.02 × 10−19J  
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We can now use the Planck relation to convert this energy into a frequency. 

𝐸 = ℎ𝜈 

 

𝜈 =
𝐸

ℎ
=

4.02 × 10−19 J

6.626 × 10−34 J s
= 6.07 × 1014 s−1 

 

(b) Now that we have a frequency, it is a simple matter to convert it into a 

wavelength. 

 

𝜆 =
𝑐

𝜈
=

2.998 × 108 m s−1

6.07 × 1014 m
= 4.94 × 10−7m 

 

(c) This wavelength occurs in the visible range of the electromagnetic 

spectrum, and corresponds to a green colour. 

 

(d) See Figure S2.1 

 

Figure S2.1   Molecular orbital energy level diagram for Cl2. 

 

(e) Inspection of the molecular orbital diagram shown in part (d) shows that 
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the HOMO ⟶ LUMO transition is from the π*(2pxy) antibonding 

molecular orbital to the σ*(2pz) antibonding molecular orbital. 

 

(f) The electron is transferred from one antibonding orbital to another 

antibonding orbital. As such there is still the same number of antibonding 

electrons. Thus the bond order will be unchanged and as such we would 

not expect to see dissociation of the Cl2 molecule. In this excited state, 

where an electron occupies the σ*(2pz) orbital we would expect to see 

formally a single bond as there is a net total of 2 bonding electrons. 

 

 

 

Question 3 Chapter 4 . 

 

(a) (i) On moving from oxygen to fluorine there is an increased nuclear charge 

which is not compensated by shielding. Thus Zeff increases. 

(ii) On moving from Na to K the nuclear charge increases as does Zeff. It may 

be thought that this would lead to a higher first ionisation energy for K than 

for Na. However, in K the outermost 4s
1
 electron is generally further from the 

nucleus than the outermost 3s
1
 electron of Na and it is this factor that leads to 

the lower ionisation energy of K. 

 

(iii) On moving from P to S there is an increased nuclear charge and hence an 

increase in Zeff . However, the first ionisation energy of S (1000 kJ mol
-1

) is 

lower than that of P (1012 kJ mol
-1

). This may be explained by the electronic 

configurations: P [Ne]3s
2
3p

3
; S[Ne]3s

2
3p

4
. Thus ionisation of S is favoured 

over that of P because of the pairing and exchange energies (see workbook 

Section 3.1). 

 

Fig S3.1     Born-Haber cycle for hypothetical salt CsNa 

 

Whilst this proposed ionic 

material does not exist, 

caesium, sodium and 

other group 1 metals 

readily form alloys with 

each other. A number of 

these alloys are liquids at 

room temperature. For 

example, an alloy with a 

molar composition of 41 

% caesium, 12 % sodium 

and 47 % potassium has 

the lowest known melting 

point (-78 °C, 195 K) of 

any metal alloy 
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You should refer to the Born-Haber cycle shown in Figure S3.1 for the 

hypothetical compound Cs
+
Na

-
 which would contain an Na

-
 anion. Cs

+
 has been 

chosen as the cation as it is readily ionised. Although the first electron affinity of 

Na is exothermic, the value is small. To form Cs
+
Na

-
  i.e. an ionic compound of 

Na
-
 would require the formation of the Cs

+
 cation and this would be an 

endothermic process which cannot be compensated for by the lattice enthalpy of 

the resulting hypothetical salt. 

 

Fig S3.2 Born-Haber cycle for M2+O2- 
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Fig S3.2 Born-Haber cycle for M2+O2-

 

 

You should compare the Born-Haber cycles for the ionic salts M
+
O

-
 and M

2+
O

2-
 

given in Figures S3.2 and S3.3. Although energy is required to form an M
2+

(g) ion 

from M
+

(g)  and to form the O
2-

(g) ion from O
-
(g) this additional energy is more than 

overcome by the much higher lattice enthalpy of M
2+

O
2-

 (which contains doubly-
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charged anions and cations) compared to that of the hypothetical salt M
+
O

-
. You 

may wish to consider the Kapustinskii equation in this context which shows very 

clearly the effect of doubly-charged ions in leading to high lattice enthalpies. The 

worked examples 4.5C and 4.5D in the Workbook illustrate this point very well 

where the lattice enthalpies of KCl and CaF2 are calculated. 

 

 

Question 4 Chapter 4/5.  

(a) MSO4(s)

∆
→ MO(s) + SO3(g) 

 

(b) The Kapustinskii equation is described in Chapter 4. 

 

∆𝑈 =  −
𝜅𝜈|𝑧+||𝑧−|

𝑟+ + 𝑟−
 

 
As can be deduced from the formulae given in the question, the numerator of this 

fraction will be constant – each of the compounds has two ions, which all carry +2 

and -2 charges. Therefore, the different values of the lattice energy that we 

calculate will result from the values of the denominator changing as the radius of 

the cation and/or anion changes. 

Table 4.4 of the workbook gives the ionic radii for Ca
2+

, Ba
2+

 and O
2-

. The ionic 

radius of SO4
2-

 is reported in the literature to be 258 pm
i
. These values are 

summarised in the table below: 

Ion Ionic radius / pm 

Ca
2+ 

114 

Ba
2+ 

149 

O
2- 

126 

SO4
2- 

258 

 

These values can be used with the Kapustinskii equation to calculate the lattice 

energies of CaO, BaO, CaSO4 and BaSO4. 

 

Remember that whilst the 

Kapustinskii equation 

formally calculates lattice 

energy, there is usually 

very little difference 

between the lattice energy 

and lattice enthalpy of a 

material, so given that the 

difference in lattice 

energy between the 

samples is quite large (> 

100 kJ mol
-1

), we are 

justified in extending our 

argument to lattice 

enthalpies here. 
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(i) ∆𝑈(CaSO4) =  −
107900×2×|2+|×|2−|

114+258
= −

863200

372
= −2320 kJ mol−1 

 

(ii) ∆𝑈(CaO) =  −
107900×2×|2+|×|2−|

114+126
= −

863200

240
= −3597 kJ mol−1 

 

(iii) ∆𝑈(BaSO4) =  −
107900×2×|2+|×|2−|

149+258
= −

863200

407
= −2121 kJ mol−1 

 

(iv) ∆𝑈(BaO) =  −
107900×2×|2+|×|2−|

149+126
= −

863200

275
= −3139 kJ mol−1 

 
This shows that CaO has the highest lattice enthalpy and BaSO4 the 

lowest. The order is CaO>BaO>CaSO4>BaSO4. 

 

 

(c) There is a bigger change in lattice energy on going from CaSO4 to CaO 

(difference = -1277 kJ mol
-1

) than BaSO4 to BaO (difference = -1018 kJ 

mol
-1

).  It is reasonable to assume that a similar difference occurs for the 

lattice enthalpies, so the reaction is more favourable at the top of the 

group. It is true that the lattice enthalpy of the metal sulfates (MSO4) 

decreases down the group and it may be thought that this effect would 

make the sulfates decompose more readily as the group is descended. 

However, the lattice enthalpy of the metal oxide (MO) product also 

decreases. 

 

Based on the observed trend  it must be the lattice enthalpy of the oxide 

product which dominates and which makes the sulfate more difficult to 

decompose as the group is descended. The reason for this can be deduced 

from the equations in part (b). The numerator of each fraction is the same, 

it is the denominator that changes. We can see that the percentage change 

in the value of the denominator for the sulfates going from Ca to Ba is: 

100 ×
407

372
= 109 % 

 

Whilst that for the oxides going from Ca to Ba is: 

The other product of 

this reaction is SO3. As 

this is a gas it will tend 

to make these reactions 

more favourable as its 

formation will be 

associated with a 

positive entropy 

change. However, this 

product is the same for 

both reactions so the 

formation of SO3 will 

not favour one reaction 

over the other. 
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100 ×
275

240
= 115 % 

 

We can see that there is a bigger percentage change in the value of the 

denominator of the Kapustinskii equation for the oxides than the sulfates. 

Therefore, we expect the magnitude of the lattice enthalpy of the oxide to 

decrease down the group more rapidly than that of the sulfate, and hence 

the lattice enthalpy of the oxide is the more important term to consider.  

 

 

Question 5 Chapter 3/4.  

(a) This structure is shown in Figure 4.19 of the Workbook. 

 

 

(b) The ionic radii of these cations are similar (K
+ 

152 pm; Tl
+
 150 pm). As 

such, the radius ratio rule (see Table 4.2 of the Workbook) suggests that 

TlCl would adopt the same structure as KCl. 

 

(c) This structure is the same as that adopted by NaCl and is shown in Figure 

4.13 of the Workbook. 
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(d) This structure is shown in Figure 3.7 of the Workbook 

 

 

 

(e) Thallium shows ionic chemistry of the +1 oxidation state; this is as a result 

of the inert pair effect in which the 6s
2
 pair of electrons in Tl (electronic 

configuration [Xe]4f
14

5d
10

6s
2
6p

1
)  behave as an inert pair as they penetrate 

close to the highly-charged nucleus and are not well-shielded by the 4f
14

 

and 5d
10

 electrons. Thus Tl behaves rather like a group 1 metal in some of 

its chemistry as in the example of TlCl given here. Beryllium, by contrast, 
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is small, highly-polarising and not easily ionised so it shows 

predominately covalent chemistry.
 
Thus BeCl2 shows covalent bonding 

with bridging Cl atoms (dative bonds). Although Li shows some degree of 

covalency in some of its compounds LiCl is a typical ionic salt with the 

rock salt structure. 

 

Question 6 Chapter 3 Solutins  

(a) Pb has a much higher nuclear charge than Si, and its electron configuration 

contains shells of relatively poorly shielding electrons in d and f orbitals, 

whilst Si does not. The electronic configuration of Pb is 

[Xe]4f
14

5d
10

6s
2
6p

2
. The 6s

2
 pair of electrons behave as an inert pair 

because they penetrate close to the highly-charged nucleus and are not 

well-shielded by the 4f
14

 and 5d
10

 electrons.  

 

(b) Pb
2+

 shows largely ionic chemistry. The outermost 6p
2
 electrons are 

relatively easily ionised as they are far from the nucleus and this is 

reflected in the values for the first and second ionisation energies for Pb of 

716 and 1451 kJ mol
-1

 respectively (these values are similar to the first and 

second ionisation energies of magnesium). Pb
2+

 is a relatively large ion 

(ionic radius = 119 pm) and thus can accommodate 9 Cl
-
 ions. To form a 

Pb
4+

 cation would require much more energy (the third and fourth 

ionisation energies of Pb are 3082 and 4083 kJ mol
-1

 respectively. 

Moreover Pb(IV) is also much more polarising than is Pb(II), due to its 

smaller size (ionic radius = 91.5 pm) and higher charge. As such Pb(IV) 

shows covalent chemistry. 

 

(c) We can tackle this question using VSEPR theory, which is described in 

chapter 2 of the workbook. 

 

If we assume from the formula PbCl4 that the central atom in this molecule 

is lead, then we can follow the AXE method of electron counting to predict 

the shape of this molecule. 
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PbCl4 Number of electrons 

Valence electrons on Pb 4 

Electrons from each Cl 1 × 4 

0 charge 0 

0 n
th

 order bonds 0 

Total number of electrons 8 

 

In PbCl4, there are 4 valence electrons on lead (we ignore the presence of the d 

and f orbitals, and assume that they essentially behave as core electrons). Each 

chlorine atom forms a single covalent bond to lead, and hence each contributes a 

single electron to the total number. There is no charge on this species, and there 

are no n
th 

order bonds. Therefore, we have a total of 8 electrons, or 4 pairs of 

electrons. There are 4 pairs of electrons, and 4 bonded atoms, and hence this 

molecule has the AX4E0 configuration. 

This molecule is therefore predicted to be tetrahedral. 

 

Figure S6.1 Structure of PbCl4 

 

(d) As with 6 (c), we can again tackle this question using VSEPR theory. 

 

Assuming that the central atom in PbCl2 is lead, then we can follow the AXE 

method of electron counting to predict the shape of this molecule. 

 

PbCl2 Number of electrons 

Valence electrons on Pb 4 

Electrons from each Cl 1 × 2 

0 charge 0 
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0 n
th

 order bonds 0 

Total number of electrons 6 

 

In PbCl2, there are 4 valence electrons on lead (we ignore the presence of the d 

and f orbitals, and assume that they essentially behave as core electrons). Each 

chlorine atom forms a single covalent bond to lead, and hence each contributes a 

single electron to the total number. There is no charge on this species, and there 

are no n
th 

order bonds. Therefore, we have a total of 6 electrons, or 3 pairs of 

electrons. There are 3 pairs of electrons, and 2 bonded atoms, so one of these 

electrons must be a lone pair of electrons. This molecule has the AX2E1 

configuration, which is a bent molecule. 

Figure S6.2    Structure of PbCl2 

 
 

 

 

Question 7 Chapter 2 Solutions 

(a) The molecular orbital diagram for the O2 molecule is given in the answer 

to Worked Example 2.3A in the Workbook. Thus it may be seen that there 

are two unpaired electrons occupying the 1πg
*
 molecular orbital. 
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(b) The shape of the π* orbital is given in Figure 2.3 of the Workbook. It may 

be seen that the symmetry of this orbital is correct to overlap in a side-on 

manner with the dxy, dxz  or dyz orbitals on a transition metal atom. 
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(c) If electrons are transferred from the metal to the coordinated O2 molecule 

then we have to consider what molecular orbital the electrons would be 

transferred into. This will be the partially filled 1πg
*
 molecular orbital and 

as this is an antibonding orbital the bond will weaken as the bond order 

will decrease. 

 

(d) We need to consider a hypothetical reaction in which 4 O2 molecules 

combine to form one O8 molecule. In four O2 molecules we must break 4 

O=O bonds. This requires 4 × 498 = 1992 kJ mol
-1

. One O8 molecule has 8 

O-O bonds. So in forming this molecule we would recover 8 x 144 = 1152 

kJ mol
-1

. So overall this would be an unfavourable (endothermic) reaction. 

 

Δ𝐻 = ∑ Bonds broken  − ∑ Bonds formed 

 

Δ𝐻 = 1992 − 1152 =  +840 kJ mol−1 

 

(e) There is poorer overlap of the larger 3p orbitals on the larger S atoms than 

of the smaller 2p orbitals on the smaller O atoms. Thus the pπ-pπ bond 

formed in O2 will be much stronger than that formed in S2. 

 

 

Question 8 Chapter 5 Solutions  

 

(a) We are asked to determine a structure for Me2S=O (dimethylsulfoxide, 

also known as DMSO). Here, we treat the sulfur atom as the central atom, 

and then follow the VSEPR rules as normal, taking care to account for the 

S=O double bond. We can treat the methyl groups very simply, knowing 

that they will form a single covalent bond to the sulfur atom. 

There are 6 valence electrons on sulfur, with two electrons coming from a 

double bond with oxygen, and two electrons coming from the two methyl 

groups. By subtracting 2 electrons to account for the 2
nd

 order S=O bond, 
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we obtain a total of 8 electrons. 

 

Me2S=O Number of electrons 

Valence electrons on S 6 

Electrons from O and Me 2 × 1 (O, double bond) 

1 × 2 (Me, single bond) 

0 charge 0 

One 2
nd

 order S=O bond -2 × 1 

Total number of electrons 8 

 
With 4 pairs of electrons around the sulfur atom, we should expect the 

shape to be based on a tetrahedron. There are three bonded constituents, 

and hence DMSO has the AX3E1 configuration, and therefore has a lone 

pair of electrons. It has a trigonal pyramidal shape. 

 

Fig 8.1    Structure of DMSO 

 

(b) Hard Lewis acids are those which are smaller, have higher oxidation 

states and are more polarising. These tend to react faster and form 

stronger bonds with hard Lewis bases i.e. those Lewis bases with 

electron-pair donor atoms which are less polarisable and more 

electronegative. Likewise soft Lewis acids i.e. those which are larger, 

have lower oxidation states and are less polarising tend to react faster and 

form stronger bonds with soft Lewis bases i.e. those Lewis bases which 

are highly polarisable and have low electronegativity.  

 

(c) In Me2S=O it is clear (on the basis of electronegativity) that O is the 

harder Lewis base and S the softer Lewis base. It may be noted that both 

the O and S atoms have lone pairs of electrons and so both may act as 

Lewis bases. From the discussion in part (b) it is clear that the S atom is 

more likely to coordinate to Cd
2+

 (the softer Lewis acid) and the O atom 
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to Fe
3+ 

(which is the harder Lewis acid). 

 

(d) We are asked to determine the structure of the thiocyanate ion, [SCN]
-
. 

This ion is another example of an ambidentate ligand, which can bind 

through the sulfur or nitrogen atoms. We can apply the VSEPR rules 

without regard for chemistry knowledge, or we can determine the shape 

of this material when the negative charge sits formally on the sulfur atom 

or on the nitrogen atom. VSEPR gives us the same answer in each case. 

 
[SCN]

-
      Negative charge on 

C 

Number of electrons 

Valence electrons on C 4 

Electrons from S and N 2 × 1 (S, double bond) 

3 × 1 (N, triple bond) 

-1 charge 1 

One 2
nd

 order C=S bond -2 × 1 

One 3
rd

 order C≡N bond -4 × 1 

Total number of electrons 4 

 

 

 
-
S-C≡N    Negative charge on 

S 

Number of electrons 

Valence electrons on C 4 

Electrons from S and N 1 × 1 (S, single bond) 

3 × 1 (N, triple bond) 

0 charge 0 

One 3
rd

 order C≡N bond -4 × 1 

Total number of electrons 4 

 

 

 

S=C=N
-
    Negative charge on 

N 

Number of electrons 

Valence electrons on C 4 

Electrons from S and N 2 × 1 (S, double bond) 

2 × 1 (N, double bond) 

0 charge 0 

One 2
nd

 order C=S bond -2 × 1 

One 2
nd

  order C=N bond -2 × 1 

Total number of electrons 4 
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As can be seen, we obtain 4 electrons around the carbon atom in each 

case, leading to two pairs of electrons. There are two bonded atoms, and 

hence we have the AX2E0 configuration, which corresponds to a linear 

ion. 

 

Figure S8.2   Structure of [SCN]- 

 
 

(e) N is a harder Lewis base atom than is S as it is more electronegative.  Fe
3+ 

is a hard acid so the N atom will coordinate preferentially.  

 

Question 9 Chapter 2/5 Solutions  

(a) You should consider the molecular orbital diagram for the molecule F2 

which is given in the answer to question 2.2 from the Workbook. 

The 

colour of F2 is caused by absorption of a photon that results in the 

promotion of an electron from the HOMO (π*) to LUMO (σ*). The 

equivalent energy gap between HOMO (π*) and LUMO(σ*) decreases as 

the group is descended  i.e. as we move from F2 through Cl2 and Br2 to I2, 

the difference in energy between the HOMO and LUMO decreases. Thus 

longer wavelength (lower energy) photons are absorbed and hence shorter 

wavelength light is transmitted as the group is descended. The 

transmission of this shorter wavelength light is shown by the change in 

The complex formed 

with Fe
3+

 and the 

thiocyanate anion has an 

intense blood-red colour, 

that can be used as an 

analytical test for the 

presence of, and 

quantification (by 

colourimetry) of Fe
3+

. 
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colour of the halogens as the group is descended. 

 

(b) Cu
2+

 has a d
9
 electronic configuration; Cu

+
 is d

10
. Thus d-d transitions are 

not possible for Cu
+
 because all of the d orbitals are filled. In Cu

2+
 d-d 

transitions are allowed and lead to the colour of Cu
2+

 complexes. 

 

(c) This is an example of colour caused by charge transfer. Mn(VII) and 

Re(VII) have d
0
 electronic configurations so these colours cannot be 

caused by d-d transitions.   Mn(VII) is more easily reduced that Re(VII) 

(Mn(VII) is a stronger oxidising agent) so electrons are more readily 

transferred from the O atom to an Mn(VII) atom than they are to a Re(VII) 

atom. Thus the transition for MnO4
-
 is at lower energy or longer 

wavelength than that of ReO4
-
 and occurs in the visible region. 

 

 

(d) This is another example of colour caused by charge transfer. Ag
+
 has a d

10
 

electronic configuration so these colours cannot be cannot be caused by d-

d transitions (cf. Cu
+
 in part (b) of this question). Electrons are more 

readily transferred from the more polarisable I atom to the Ag atom than 

they are from the less polarisable Cl atom. As such, the transition for AgI 

leads to absorption of longer wavelength (lower energy) visible photons. 

By contrast the equivalent transition for AgCl leads to absorption of UV 

photons, so AgCl is not coloured. A similar argument explains the 

difference in colour between SnI4 (absorbs in the visible region) and SnCl4 

(absorbs in the ultraviolet region). 

 

(e) [Mn(H2O)6]
2+

 is octahedral and has a d
5
 high spin electronic configuration. 

So d-d transitions are forbidden on all of the Laporte, parity and spin 

selection rules. [MnCl4]
-
 is d

4
 and tetrahedral.  As such the d-d transition is 

allowed by both the parity and spin selection rules, so the colour of 

[MnCl4]
-
 is more intense. 
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Question 10 Chapter 2/5 Solutions 

(a)  [Cu(H2O)6]
2+ 

 is paramagnetic; it has a d
9
  configuration and as it has an 

odd number of electrons it must be paramagnetic. 

 

(b) NO has an odd number of electrons odd number of valence electrons (11) 

and so it must be paramagnetic. The molecular orbital diagram for the NO 

molecule is given in the answer to question 2.6 in the Workbook. 

 

 

 

 

 

 

 

 

 

Fig S2.6  
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(c) [NiCl4]
2- 

is also paramagnetic. This ion has an even number of electrons 

(d
8
) but it has a tetrahedral structure. As such, Crystal Field Theory (see 

Figure 5.14 in the Workbook) shows that there are 2 unpaired electrons 
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(d) [Ni(CN)4]
2-

 is diamagnetic. This complex has, like [NiCl4]
2-

, an even 

number of electrons with a d
8
 configuration. However, in this case it has a 

square planar structure and as such all electrons are paired (see Figure 

5.20 in the Workbook). 

 

 

(e) [Pt(NH3)2Cl2]  is also diamagnetic as it is a square planar d
8
 complex. 

 

(f) The molecular orbital diagram for O2 is given in the solution to Worked 

Example 2.3A in the Workbook. 



Almond, Spillman & Page: Workbooks in Chemitry: Inorganic Chemistry 

Solutions to questions in the text 

 

© Oxford University Press, 2017.24 
 

 

 

Thus it may be seen that O2 is paramagnetic even though it has an even 

number of electrons. This is because two unpaired electrons occupy a 

degenerate pair of π* orbitals and from Hund’s rule of maximum 

multiplicity these must be unpaired with parallel spins. 

 

(g) The molecular orbital diagram for B2 is given in the answer to Worked 

example 2.4A in the Workbook. 
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This molecule is paramagnetic even though it has an even number of 

electrons. In this case two unpaired electrons occupy the degenerate pair 

of π orbitals. As in part (f) Hund’s rule of maximum multiplicity applies. 

The effect of σ-π crossover should be noted here. 

 

(h) The molecular orbital diagram for C2 is given in the answer to Worked 

Example 2.4A in the Workbook. 
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This molecule is diamagnetic; it has an even number of electrons. It 

should be noted that the HOMO in C2 is the σ(2pz) orbital because σ-π 

crossover occurs. This orbital contains a pair of electrons.  

 

 

Question 11  Chapter 5 Solutions 

a) We have six coordinating aqua ligands around our chromium ion, and hence 

we can expect this to form an octahedral complex. In this ion, chromium is the 

+3 oxidation state, meaning that it has the electronic configuration [Ar] d
3
. 

Therefore, we do not expect to see Jahn-Teller distortion, and hence we can 

draw the standard octahedral splitting diagram as shown below, then fill the 

t2g orbitals with 3 electrons, according to Hund’s rule of maximum 

multiplicity. 
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b) NH3 is a stronger field ligand than H2O so o increases. It displaces the aqua 

ligands, forming [Cr(NH3)6]
3+

 ions. The increase in o means an increase in 

the gap between HOMO and LUMO and hence absorption shifts to higher 

energies, and as a consequence shorter wavelengths. As such, the light 

transmitted will be of lower energy and longer wavelengths and so we will 

observe a change in colour. 

 

The observed colour changes from green to purple. At first sight, this might be 

a surprising result – purple photons have a higher energy than green photons! 

However, the explanation for this is revealed by studying the UV-Vis 

absorption spectrum for Cr(III) complexes. The spectrum shows two strong 

absorption bands, which for the [Cr(H2O)6]
3+

 complex leaves region of low 

absorption between these bands that corresponds to green light. When 

concentrated ammonia is added to the solution, [Cr(NH3)6]
3+

 is formed. The 

increased o value means that both of the absorption bands move to absorb at 

shorter wavelengths (i.e. higher energies). The band absorbing at the lower 

wavelength now absorbs strongly in the ultraviolet region of the 

electromagnetic spectrum, meaning that the region of low absorbance (i.e. 

high transmittance) between the two bands is now located around the region 

of the visible spectrum that corresponds to violet light. 

 

 

c) The [CrO4]
2-

 ion is d
0
 and so the colour observed cannot be due to a d-d 

transition, therefore charge transfer is the most likely explanation for the 

colour. The colour of [CrO4]
2-

 may be compared with that of [MnO4]
-
 (see 

The two absorption 

bands in Cr
3+

 complexes 

arise from two different 

levels of electron-

electron repulsion 

experienced by the ion in 

the exited state. These 

two possibilities depend 

on the d orbitals 

involved in the 

transition. This type of 

information is usually 

summed up by Orgel 

diagrams, which are 

outside the scope of this 

workbook. 
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Synoptic Question 9) which is also caused by Charge Transfer.  

 

d) An equilibrium is set up: 

2CrO4
2-

  +  2H
+
  ⇌  Cr2O7

-
  +  H2O. 

It may be noted that this is a pH sensitive equilibrium where adjusting the pH 

will move the position of the equilibrium and hence change the colour. 

[Cr2O7]
2-

 is bright orange in colour. It is not a redox equilibrium as Cr is 

present as Cr(VI) in both [CrO4]
2-

 and [Cr2O7]
2-

. 

 

e) Zn powder reduces chromium(VI) to aqueous Cr(III), which is green. The 

green colour of this complex is discussed in part (b). 

Cr2O7(aq)
2− + 14H(aq)

+ + 3Zn(s) ⟶ 2Cr(aq)
3+ +  7H2O(l) + 3Zn(aq)

2+   
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