SACE Stage 1 Chemistry 2019

Electron accountancy

Topic: Redox and Electrochemistry | chemical reactions

Work Electrochemistry Practical Investigation provides the observations and
Book 1 experimental data necessary to make better sense of Redox concepts and applications.
Applying prior knowledge Part | Displacement reactions = Page 4
Structure i a - . g 2
of the Developing one new concept o Activity series £ 2 o 5
5 (77}
Observed | Developing multiple concepts Part ® Measuring external e~ flow § § £ 6
. 3 [13) (4]
Learning Relating concepts together Part ® Electrochemical reactions kS § % 12
Outcomes o u £
Extending into new situations Part © Alkaline conditions 15
Work Redox Chemistry Notes present ideas that need combining to make sense of Redox
Book 2 concepts and applications. Working through Questions 1-to-26 enhances this learning.
Introduction to explain why atoms shift electrons around to form chemical bonds Pg 2,3
llustrating bond graphs with Bohr | R1 Identifying chemical bond types 4
Review | model to describe chemical bonds | R2 Determining bondes with bond direction 6
using electronegativity differences | g3 glectronegativity to define bond types 9,10
Part 1 | Oxidation States (+n) defined as | Q1 Assigning Bond Direction 12
a mathematical product (+) x (n): | Q2 Summing (£) OS Bond Orders 13
o &% | Bonddirection (1) Q3 Averaging Oxidation States 14
% % §|° and Valency number (n) Q4 Using Structural Formulae 15
b —(‘: § Three Rules Arising from the Oxidation State Definition 16
5 £ | Arithmetic Link to lonic Charge | Q5 The Arithmetic Link 17
c O
w =5 Q6 & 7 OS for Molecules & Lattice networks 18,19
i <_°f_ s dentifying Oxidation States Q8 & 9 OS for Carbon & Organic Reactions 20
5 3 % Differing from Group Numbers Q10 Determining Variable Oxidation States 21
n
® | Transition Elements Q11 Determining Transition Oxidation States 22
Part 2 | Assigning oxidation states in Reaction Equations to identify Redox changes 23
= ,, | ldentifying a Redox Reaction Q12 Electron loss and gain 24
X S8 : Q13 Identifying Redox Reactions 25
s | W Val ; .
'§ § § eird Values Q14 Counting electrons during Redox 26
& S £ | Making Sense of Organics Q15 Redox reagent pairs 27
o >
» E Organic and Biological Reactions | Q16 Electron shift & Q17 Addition reactions 28,29
Part 3 | Writing Redox Reactions Q18 Redox reactions with Manganese 30
> OILRIG and Redox Grammar Q19 Conjugate pairs & Q20 Get it right! 31,32
v éé It Works | €hromium Q21 Redox involving Chromium 34
E 8 & | For ‘Silly’ | Activity Series Q22 Reduction potential series 35
8 ®
25 Numbers | pisproportionation Q23 Balancing Redox Half-Equations 36
8 % é Electrochemical Reactions Q24 Balancing Electrochemical reactions 37
'E % g Chlorine Q25 Identifying halogen based redox 38
% § % | Past Exam questions Q26 Vanadium based reactions 39,40
Science as Human Endeavour (SHE) for Lower Lakes Acidification 41

© Conceptual Redox & Electrochemistry by John Drew Page 1 of 41




Why do atoms bond to each other?

In nature, all systems of matter strike up a balance between achieving the least amount of order

while in a condition of having the least amount of energy.

Bohr model
The arrangement of protons, neutrons and electrons in atoms is a good P, \
example of how this balance works. Zero charged neutrons bind with - Protonsin
positively charged protons @ together in the nucleus by releasing huge / nucleus ‘
amounts of energy by nuclear fusion using E = mc?. This achieves the f
least amount of energy for those protons, but with lots of order as they are /
packed together neatly in the nucleus. The arrangement of a negatively Cloud of
charged cloud © of dynamically mobile electrons around the nucleus . Electrons—*"

~~~~~~

produces minimised energy levels with electromagnetic interactions, but
with less order in comparison to the nucleus. This is represented as the Bohr model of the atom.

Balance between the least amount of order and the least amount of energy is further enhanced
when atoms form chemical bonds together. Electrons moving in the electron cloud lose much
energy by being shared in an orderly arrangement between the compactly placed protons and
neutrons of the nuclei. This process is represented in the following correlation diagram.

Atoms must get close together in order to form bonds. The following ‘correlation’ diagram
represents the energy changes of this bonding in the three stages of association between
atoms. The horizontal axis represents distance between the nuclei of the atoms as they get
close enough to form bonds. The vertical axis represents the overall energy of the system of
atoms, which includes the nuclei and electron clouds of both atoms.

. Activation Coulombic Initial
Bonding energy for interaction f )
energy . energy to ground state

| d electromagnetic y
release alignment attract atoms energy

o)

magnetic moments
aligned for attraction

Stage 3

O ©
fod

Stage 2

Overall energy of the atoms

Stage 1

Distance between nuclei
of bonding atoms

Correlation Diagram showing relation between Energy and Order for bonds

System Energy + Amount of Order =  Energy State

Stage 1 medium medium Ground State
3 Stage 2 higher lower Activated State
3
%C« Stage 3 very much lower higher Bonded State
2

The minimum energy value at Stage 3 in the correlation diagram represents the bonded
condition found in molecules. When bonded, the energy balance of the system of electrons and
nuclei as atoms is at its lowest. The atoms are said to be in a bonded state.

(Atoms have more energy when electrons and nuclei are in a disorderly unbonded state)
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Bohr Model with Bond Graphs' to describe Primary Bond Formation?

The Bohr
model

Proton:in
nucleus

Stage 1 Coulombic forces of attraction =>©@® < between the positively charged nucleus ®
of atoms with the negatively charged electron cloud © of other atoms

drives the atoms to move towards each other.
This is the first stage of bond formation.

Proton-in
nucleus

become closer due to
the first step.

E| Stage 1 to —23—'

Coulombic
Coulombic forces of I Repulsion I
repulsion @&=0 e t0e
occur between the Q 6 magnetic moments
negatively charged as spin-paired
electron cloud of each i Possible electron l electrons:
atom as the atoms magnetic © & moments o Attract §¢ 843 or

/1 ;:; % %\
- Coulombic repulsion between electrons *\_
increases energy levels which can form _23_

Stage 2 more magnetic moment ¢+ ¢ combinations

Bond Graph Electron energy levels can also be represented Initial
Electron Energy as horizontal lines for each atom occupied with ‘ground state’
Level, E likely bonding electrons £3 on a Bond graph. energy level
Stage 2 Higher energy

electrons from each
atom can re-align

e Repel I;’ﬁﬁ‘g

Stage 3

Forces of attraction
can occur between
opposite magnetic

moments § 0 &3 of
negatively charged
spinning electrons.

N

E Stage 2 to

Stage 3

Overlapping atomic

A orbitals form a new
Q( energy region for the
llt. shared electron spin-pair.

The shared space is
called a bonding
Molecular Orbital (MO)
because it bonds two
atoms together as a

. 23 molecule.

\ tftordyd [/

\ . . 7
', Possible magnetic
\ moment
. . U
combinations

Opposite spin electrons I‘Slﬁ @-§ attract ,
electromagnetically to form a lower
energy orbital than the ground state.

The Bonding Orbital forms bond

allegiance with both nuclei to keep the
atoms bonded together as a molecule.

s

Bonding
Orbital
84 or &1

1 Rock, P; Gerhold, G (1974) Chemistry Principles and Applications pg 94 for detailed explanation of the 3-Stage process for bond formation.
2 International Union of Pure and Applied Chemistry (IUPAC) 2016 recommendation when determining chemical/primary bond oxidation
states with Molecular Orbital approximation using Linear Combination of Atomic Orbitals (MO-LCAQ).
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The following diagrams represent the number of protons in each atom with a subscript, ex gF ,
as a reminder of the balance between the number of protons and electrons in neutrally charged
atoms. Use this representation when answering Bond graph questions with the Bohr model3.

R1 Complete the Bond graphs with Bohr models for the following bond forming situations.
e Bond formation is complete when unpaired (single) electrons form shared orbital pairs (% x).
e Structural diagrams represent shared electron pairs as a solid line joining atoms (F —F).

Example: Bond formation for elemental Fluorine, F2 | Bond Graph summary of bonding
Stage 1 / ‘Stwge E>Stage o S Stag%j Stage
Coulombic attraction
between valence -
electrons and nuclei ABond ™.
iyt . pexay
Stage 2 X‘X Stage 3 Shared -  Bondig / %L
Magnetic \ e~ spin-pair bond \ Onbial
moment 1 L F F x23
ahgnment
Structural Energy level for
x.x formula for F, bonding electrons
a) Bond formation for Hydrofluoric acid, HF Bond Graph summary of bonding
Stage 1
A
X
1H
T STTs
Stage 2 Stage 3 X . F
H AN /!
 § Cum— '
Energy level for
Structural bonding electrons
formula for HF
b) Bond formation for ionic salt Lithium Fluoride, LiF | Bond Graph summary of bonding
Stage 1
A
"B
’II \,I_‘\
o A
Stage 2 Stage 3 x 7N
Structural Energy level for
|:> formula for LiF bonding electrons

3 The Bohr model represents electron energy levels as circles where all electrons on the circle have similar energy levels. The four compass
points on the circle represent electron energy sub-levels of identical energy known as orbitals, with a maximum of two electrons per orbital.
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Bond Type and Bond Direction using Electronegativity Differences, Ay

Bond graphs on the previous page describe the three-stage process for bond formation:
Stage 1: Coulombic (+) forces attract electrons e~ to protons p* in different atoms.
Stage 2: Valence electrons e~ in different atoms repel each other as atoms become closer.
Stage 3: Electromagnetic spin combinations with the lowest energy levels produce a bonding
orbital between atoms (which join as a molecule) as an allegiance of lowest [energy + order].

Electronegativity y is the ability for an atom pq| H X Electronegativity Allen Values
to attract electrons into its own valence shell. “ 230/ for Short Form Periodic Table
The short-form Periodic Table of Elements % p2| Li |Be B|C|N|O|F .
opposite includes electronegativity strengths for z  |291/1.58 2.0512.5413.07/3.61}14.19 =
‘ : ¢ pg|Na|Mg Al|Si|P | S |CI 2
each element expressed as ‘Allen’ values. There § P3|, 471 59 1.6111.02]2.25| 250 2.87 o
is zero expectation for students to know these ,; pa| K |Ca| , |Ga|Ge|As|Se|Br 2
values. However, students are required to know g  [&/3/108) £ |1.76/199/221 2.42|2.67
y . Eps/RD|Sr| s [In|Sn|Sb|Te| I
the two electronegativity trends for these values: > 0710006| & |166|1.82|1.98|2.162.36
e y tends to increase left-to-right horizontally 2 pe/Cs|Ba| £ | Tl [Pb|Bi |Po|At
. = 0.66/0.88| F |1.79|1.85[2.01]/2.19(2.39
e y tends to decrease top-to-bottom vertically ¢ Fr IRa| E :
: , g p7| T IRA) = Metals Metalloids S &
e y differences between atoms is labelled Ay 2 0.670.89 > =
o G1 G2 G3 G4 G5 G6 G7

* Distance apart on Periodic Table affects AX Group value is Number of valence electrons

Bond Type is predicted by Absolute value of Ay (Highy, Mediumy, Lowy) between two atoms.
¢ High electronegativity attracts electrons towards the valence shell of an atom.

e Low electronegativity loses electrons from an atom to the valence shell of other atoms.
Bond Direction is determined by relative (+) sign for Ay between two atoms.

e Electron shift towards high y atoms is defined as having a (—) bond direction (+e= -» —)
e Electron shift away from low y atoms is defined as having a (+) bond direction (—e™ — +)
e There is zero overall bond direction when two atoms have the same y value  (,x— ,x = 9)
Table 1: Comparing electronegativity values to determine bond type and bond direction
Bond i T“E et Net Bond ¢ Shits ~ shift
- = t —
Electronegativity T e s Direct: () Xtowadsa () e shi
. € represents a irection A X ej shifts B —
Difference A yp prese . A bondi
X A—B ch;cr;lgal (=) « (+) High y, awayfromB Low y ef‘}’)a‘ir;g
‘lgerylvll‘“fl; (=) eg transfers from B to A (+) total
Large A ontleta L Highest ' X 7 Lowest —~
ge Ax AX > X ionic [NonMetal | TR A < B transfer | Q
Ak~ x>0 Very Low e; remains with A A- B
Metal () =) ' %
. (]
Elghﬁrt | (=) eg partial shift from B to A (+) parial | =
i onMeta : - " +
Medium Ay, S polar [NonMetal Higher A’ ¢ B " | shared | 3
—1>0 A% 7 BX Icovalent [NomMetal | el s =
aX ~ gX Lower e, partial shift towards B 5 st | o
NonMetal (=)« () A —B 8
High (=) eg equal shiftfromBto A (=) equal T
Both NonMetals NonMetal High K < > ﬁ High Shqal'ed 8
X~ o covalent [NonMetal x < | fﬁtf AtoB —
Sma” AX A B (_)@(_) e, equal sniit rrom (0] A—B
X — X =0 Low (+) e equal drift from A and B (+) .
AloB Both yfetals . Low 2 o % = Low | Delocalised
metallic [Metal A x B
X = gX Metal X s equal driftromBand A~ © | (around all AB)
A B (2)0(=) eg equal drift from B a
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R2 Indicate bond direction and identify which bond types for the following bonded atoms*

Example: H,O water

Oxygen Hydrogen - <hi
X=X RHS Periodic Table > LHS Periodic Table (- )S(G__S_hit (+)
— 5+
/X~X 3610 > 530H ) (+) A 0 IHl
T (50 )¢ 0] H 0 H €1 | Polar
X ) ) Oxygen + Hydrogen o | Covalent
~.'Bond Direction =~ XNonMetal > XNonMetal 1
- NonMetal L Bonds
) +) ~ A NonMetal >0 (+)
- & 8+
O «<H () .. Polar Hl
H H cCovalent
w Focus on the bonding valence electrons Bonds
a) H,S Hydrogen Sulphide (rotten egg gas) |b) NH; Ammonia
XK
N
H
H

Unbonded valence electron pairs (xx) in structural diagrams are a reminder of the v-shaped (H:S, F20 & H20)
and triangular pyramid (NHs & PHs) 3D structures and are not part of the chemical bonds within the molecule.

pairs can be omitted from
structural diagrams if they do
not contribute to the 3D shape.

c) F,O0 Fluorine Oxide d) PHj3 Phosphine
xx
¥ +
¥ P
0 +
H
F H
e) LiOH Lithium Hydroxide X-X
%X
Unbonded valence electron ﬁ@ @ $ Y L

Table 2 illustrates how each bond type forms a stable configuration of valence electron orbitals.

4 a) Two polar covalent bonds S5~ —

d) Three covalent bonds P— H (, ix —, %%

H®*; b) Three polar covalent bonds N8~—
Py =0.05 = (Z)); e) One polar covalent bond 0%~ —

H%*; ¢) Two polar covalent bonds 03+ — F3-;
H3* and one ionic bond Li'*. OH'~
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Coulombic forces of attraction attraction
e~ to p* between atoms activates bonding

& _
(+) - (_d) 091X > €F

end e

4.19%

Molecular Orbital MO formed by shared
pair of e~ before separation as ions

o | Stage 1: Negative electrons | Stage 2: Activated electrons align | Stage 3: Extent of spin-pair shift
% e~ (&) attracted to positve electromagnetic forces of (1T) determines where the shared spin
& protons p* in nucleus (;A) attraction to form spin-pair orbitals | pair of electrons are re-distributed
Nontetel] ionic bond NetBond + €, > - ||onic lattice, LiF
i Direction Li ——> F | Lj* . F1- forms an extended
AX large: metgix << nonmetaPiX ot

network of alternating cations and
anions in 3D XX

Large Ay causes total e~ pair transfer to
form separate ions with Atomic Orbitals AO

NonMetal

NonMetall POlar covalent bond

i . H F
Ax medium: Group 1X < Group 7X

Net Bond + eyq — <

Direction H ——> F
- —_ -

(+) - (_) 230X > €F 219X

end end

Polar covalent molecule, HF

H8+ — F9~ forms discrete
molecules of single bonded atoms

Shared e~ pair:
Molecular orbital

NonMetal

NonMetal covalent bond
. 0. _ 0

Ay small: G @l = ool

NetBond # 2xe;—> ¢
Direction O «—> 0
. H - u
iszero,@ ., x < 2Xeg ,ax

Covalent molecule, O,

O = O forms discrete molecules
of double bonded atoms

++
Two shared e~ pairs | Double bond

Metall metallic bond

. Li, — Li
Ay small: Group 1X = Group 1X

Net Bond 4 e~ [
Direction Li —> <— [»:41

. b -
iszero,@ ot < €L oo1X

()

]

Metallic lattice, Lig)

Li(sy forms a 3D network of Li**
cations embedded in a swarm of

delocalised electrons e
Y Y

Delocalised e~

All bonding atoms have low y causing e~

pair to become delocalised with no MO.

Combining Bond Direction () with Number of Bonds (n) formed produces a very useful
property associated with bonded atoms known as Oxidation State, 0S = () X (n) = +n.

This forms the foundation of the next Topic: Redox and Electrochemistry.
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Determining Chemical Bond Types [Revision plus some extension]

The number of bonds formed by an atom is determined by its Group
number and Period number. A stable, or expanded, octet is achieved
by the loss or gain of the least number of e~ for the valence shell to

Maximum electrons
per shell number n

e per __ 2
produce the most spin-pair orbitals per shell n according to 2n?. max- g, = 21
n Examples from the Periodic Table
Shells | Group Il Period 2 Berylium loses two e~ for a valence shell doublet (rather than gain six e~ for an octet);
n < 3 | Group V Period 2 Nitrogen gains three e~ for a valence shell octet (rather than lose five e~ for a doublet).
Shells | Group VI Period 3 Sulphur can share six e~ to form six spin-pairs with 12e~ < 2 x 32 ( to achieve an expanded octet);
n > 3 | Transition Group VIIB Period 4 Manganese can share 7e~ to form 7 spin-pair bonds with 14e~ < 2 x 42,

Electronegativity Matrix for Bond Types®

Bond Type intersections in Electronegativity  Matrix

Bond types between two atoms, A and B,
can be determined by considering the
range of electronegativity values possible

(Low, Medium or High) for each atom as
the columns and rows of a matrix.

e Electronegativity increases left-to-right
and decreases top-to-bottom in the grid
(ust like in the Periodic Table).

e Assign Lowy, Mediumy or Highy value
for each atom (see Periodic Table).

e Locate the intersection between the
column for atom A and the row for
atom B to determine Bond Type name.

Least y atom; ;A
A <,B
Lowy Mediumy Highy
. Polar
. lonic Covalent
Highy Covalent
S Bond Bond Bond
(4]
=
S | Mediumy
'-;Q;
Metallic
Lowy Bond

Example of using the Electronegativity Matrix for NaHCO3 bond types on page 12
Least electronegative: ;Na H< .0 Least electronegative: ;H & ,C
Na < ,0 ot
Lowy & <50 Medy
: Polar
S i lonic s i Covalent
% X Bond
Q 0,
o <}
-% Low electronegativity % I : i — A
> of ,Na intersects with > Medium glectronegatlylty qf +H
S High electronegativity s and ,C intersects with High
3 of ,O, forming an 3 electronegativity of ,O, forming
- lonic Bond - Polar Covalent Bonds
= =
® The two bond types are not part of the SACE Chemistry curriculum. These are shown for completeness of electronegativity

differences in chemical bonds. Mg atoms in chlorophyll is an example of metals forming

Nickel metal Hydride (NiMH) batteries are examples of

covalent bonds with non-metals.
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R3 Determine and identify the chemical bond types present in the following compounds, as described above.
Use solid lines for all covalent bonds and dots between ions for ionic bonds

EX: Sodium hydrogen carbonate

NaHCOs; 0 \ a) Sodium hypochlorite b) Sodium peroxide

3.61X > O.S;X NaClO NaZOZ N
(=) ionic (+) o o a
O Na Ci Na Na o

(o) C
3615 = 254X
8— polar covalent 8+

0o --C
O H lonic charge represents the surplus, or deficiet, of electrons transferred
0 H completely between atoms or molecules when forming ionic bonds.
361X = 230X

§— polar covalent 5+| C) Sodium thiosulphate d) Ethylene Carbonate
Replace the bond line for the tonic Na,S,0; C,H,4CO; H
bond with o non-directional dot. Na o
ILonic bond S (o] c H
o - Na ' C
§— © -|/
o—cC S Na o C
N,S— o8+ o o
polar O—H (o) H
covalent bonds H
e) Sodium sulphite f) Potassium permanganate | g) Potassium dichromate
Na,SO0; KMnO, with My K,Cr,0; with | STy
Na XX o K
8 o
Na --O i K o
o o Cr--O0--Cr
o o
Unbonded e~ pairs % x affecting the shape - o (o)
of the molecule are included in structural Tran3|t|on slement metals expanq the octet
formula diagrams. in many compounds due to d-orbitals. K
h) Lithium Chlorate i) Sodium silicate j) Potassium carbonate
LiCl0, o Na,Si0, o Na K,CO5
o K
cl Na Si Na o c
o o o o o K
o o Na
k) Hydrogen peroxide ) Difluoro sulphur dioxide m) Methanol H
H,0, SO,F, F CH;0H
H H
H S H (o) N
o--0 F o F H
H S H
o H

Secondary forces of attraction represented as prominent dashed lines between molecules
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n) Lead (V) silicate 0) Calcium ethanoate p) Scandium (lll) disilicate
PbSiO, Ca(HCO,), Sc,Si, 0, (Thortveitite)

09 o Pb C H Sc
o si--0 -si O
0 0 o
Si o o
H ¢ Sc
Pb o o° o
g) Lithium Fluoride r) Lithium Hydride s) Lithium aluminium hydride
LiF LiH LiAlH, as an ionic lattice
nH H Li
Li---F--Li Li---H--Li Al y
F--Li--F H--Li--H H
i 3 Al
Li--F --Li Li-- H--Li
Li H yH
An extended network of alternating (+) with (-) ions forms a 3D ionic lattice
t) Haemoglobin All atoms and bonds shown Skeletal structural formula
C34H3,0,N, Fe (including co-ordinate e~ pairs % x) (co-ordinate e~ pairs shown as with
with lgg dashed lines in skeletal structure)
Z
\ L
TN
- N\ \N / N
N\ e = Emphasise N
/ Fe \ molecular Fe
\\ \ /) structure in
\N++ _— < skeletal form N N
_ \ / —
N I~ //
I \
— ~
/ \
_— <
0~ o o (o]

Skeletal structures are often used to represent large organic molecules.
Removal of most carbon and hydrogen atoms draws attention to ‘active’ reaction sites.
(i) each vertex is a tetra-valent carbon atom, unless otherwise indicated for O, N, Fe.
(ii) terminal groups identified with functional groups —CH,,, —OH and O.
(lii) carbon atoms showing less than four bonds include bonded hydrogen atoms.
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Part 1 Defining Oxidation States
Knowledge of the bond direction and the number of chemical bonds between atoms (valency) in
a molecule or extended network lattice enables us to determine oxidation states for atoms.

Bond Direction due to electronegativity y | Valency is the number (n) of chemical
forces of attraction shifting e~ between atoms: | bonds formed by shifting e~ to form stable
e Increasing e~ control makes an atom more | valence spin-pair orbitals:

negatively charged: - +e~ — (—) direction. | ® Stable doublet for LHS Period 1 and 2.
e Decreasing e~ control makes an atom less | ® Stable octet for RHS Period 2 and higher.

negatively charged: .. —e~ — (+) direction. | « Expanded octet for Period 3 and higher.

Bond direction (+) WITH Valency number (n) is Oxidation State (+n) [aka

e Reduction is shifting e~ towards a reactant: Gain (+) e~ X n = (—n) decreased OS
e Oxidation is shifting e~ away from a reactant: Lose (—) e~ X n = (+n) increased OS.
Reduction and Oxidation occur simultaneously during chemical reactions as Redox.

Oxidation State (+n) is the product between bond direction (+) with the number (n)
of bonding-electrons shifting between atoms for chemical bond formation, (+n) = (+) X (n):
¢ (+) The direction of electrons shifting between atoms due to differences in electronegativity Ay;
¢ (n) The number of chemical bonds an atom makes with different elements.

e Non-zero Oxidation State may be Electronegativity y _
. . y . Bond Type e~ Shift
assigned when there is a chemical Ay Type
bond between two, or more, atoms. Zero Both metallic [Met] delocalised
. D|fference_s in % (Ay) between atoms | to low Both covalent [NenMew@l | shared | o
produce different bond types. 5 ediom | ot [Non Meta o 3
.. . medaium i i olar covalent artia ©
e Zero electronegativity difference with High | P [Neh wetsi| P g
produces a zero-oxidation state. high | One iigh ionic [ Nohveta] COMplete | —

What directional sign for Oxidation State, in Compounds? (—) or (+) or (zero)
e Structural formulae represent shared valence e~ pairs as a line between two bonded atoms.
e High y atoms have e~ shift towards them, producing a (—) 0S sign for atoms with high y.

e Low y atoms have e~ shift away from them, producing a (+) OS sign for atoms with low y.

e Equal y atoms have e~ shift equally between them, giving a (zero) OS sign for each atom.

Example: Use the ‘short form’ Periodic Table to A | H | Short Form Periodic Table p1
consider which atoms in a H,0 molecule have the §= T8 TN = P2
highest and which the lowest electronegativity to 8 N; MZ %3’@,}3 P ?o o P3
q q q 0 ,’2) |
determlne Oxidation Statesfor each atom "i K figa | ¢ | Ga|Ge @k -
e /0‘\6 |:> |:> | [ Ro 5@%@%5 sn | sb [Aey| - | es
+1 / \5\+1 A | Cs | Ba| 2 Pb | Bi | Po [ At Pé
(+) / \ col\il ¥ :

|.| 7 FrRa| " P7

G1 G2 G3 G4 G5 G6 G7

e~ shift X numberof: OX|dat|on 1 *2 3 *t4 3 2 1

direction (+) bonds n states (+n) @ O 41 2
fote) ~

H* or 02~ ions in the H,0 molecules e Valency H=1,0=2

No ionic bonds show that there are r> e Electronegativity H < 0 ~H,0
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Assigning Bond Direction (1) Using Periodic Table Electronegativity Trends
Oxidation States represent electron movement between bonding atoms along chemical bonds.
Distribution of bonding electrons between atoms is caused by electronegativity differences, Ay.
e Equal sharing of electrons between atoms produces covalent bonds for two atoms
both with high electronegativity, or metallic bonds for atoms all having low electronegativity.
Partial sharing of electrons between atoms produces polar-covalent bonds.

Complete transfer of electrons atom-to-atom produces separate ions were each ionic charge
represents one ionic bond. Ex: Li'* forms one ionic bond; P3~ forms three ionic bonds.

Q1 Write oxidation state (+n) above each atom in these structural and molecular formulae.

e Derive bond direction (+) using electronegativity differences from Short Form Table;
e Obtain valency (n) by counting the number of bonds shown in the structural formulae.

= Phosphorous trichloride PCI; is a non-metal / non-metal polar covalent molecule.
o © Pisslightly left of Cl on the Periodic Table in same Period; electronegativity P < Cl
g- o P is in Group 5 with valency 3; Cl is in Group 7 with valency 1 +3
® (+)
x -
i E> / \ E> E> L%, cﬁm
/ / Cl /=% CI
CI () CI 1 cl
c' trlgonal Cl.- bond Cl number of oxidation 43 -1
pyramid direction (+) X bondsn — state (+n) PCl3
XX
N C) COZ e
a) NH3 H/ \\H b) Br, Br—Br Carbon 0—C=0
Ammonia H Bromine Dioxide
F ca2+ 02— Nal+ 2—
| z 2+ | ) Naz0; /10}
i _ eyCa0 O Ca , () Na
d) SlF4_ s. . 2— 2+ SOd'um 1+
. ~\ ~F Calcium (0] Ca : (6 Na
Silicon F~ \ Oxide P 4 Peroxide | PP
Fluoride F Ca o Na 9) -
+ H _ F
N | ) CFy |
RN C Tetra Cc
g) HC1O0 Cl H ncH, H \\H Fluoro [~ \\F
Hypochlorous Acid Methane H Methane F

Lithium phosphide is a metal / non-metal ionic lattice of 3xLi'* + P> — LisP.
e Liis very much to the left of P on the Periodic Table; electronegativity Li LK P

ﬂ e Liisin Group 1 with valency 1; P is in Group 5 with initial valency 3 L-1+

o Li'"* Li'* Li" /(+_)1+ 1_1+ 3_ -

E‘ P3— Li1+ P3 )(6 (+) 3§I_- 1_1+ P LI1+

E |:> =L O PR O

& Li' P* L™ o

AR .(+) Li

Li'* Li' Li L it oxidation  +1 —3]
Lattice of Li'" and P* ions [ e~ bond direction (+) X number of bonds n = state (+n) Li;P

© Conceptual Redox & Electrochemistry by John Drew Page 12 of 41



Summing Up (X) Oxidation State Bond Orders
Oxidation state values within each type of chemical species are the arithmetic sum (%) of the
overall ionic (electrical charge) value of the species when considered as structural formula. This
outcome is the result of accounting for the distribution of electrically charged bonding electrons.
e The generalised name for any type of chemical is ‘species’; this includes combinations of
structural type (molecule/lattice) with formula (element/compound) and charge (neutral/ion):

o Solid ammonium nitrate is an ionic lattice of molecular ions: NH,NO; —

(NHp '™ + (NO3)'~

. . . . . . (aq)
o Aqueous sodium bicarbonate contains dissociated ions: NaHCO; ) = Na%a*q) +(HCO3)%a‘q)

(aq)

o Glucose is a discontinuous lattice of polar molecules: CgH;,04 (s) — C¢H1206 (aq)

Q2 Write oxidation state (+n) above each atom in these structural and molecular formulae.
e Oxidation state values add up to the overall ionic charge for molecules (including zero)

Sodium bicarbonate NaHCO5

ionic charge of that species.

dissociates into bicarbonate anion

The arithmetic sum X of all oxidation
state values for each atom must equal

Bl

The only situation when oxidation state value is equivalent to ionic bond charge is for monatomic ions Na -

/O_H

+1+4 -2

3C0|) 205

+1+4 —6

aqueous

1=

/O_H

HCO3~ when dissolved in waterag: Q= _dissociation, @ —@ ~“Na'
(aq) 14 1- lonic sodium\ 1— Molecular \ Monatomlc
NaHCO3; —— Na"" + HCO3™ picarbonate (0) [N]@ bicarbonate ion sodium ion
[32]
o .
S | Electronegativity Na < H < C < 0 Na « 0 ¢ HKOstrongly €<O ) mildly
= metal ;nonmetal ¢ polar ;nonmetal { polar
Z Valency Na=1;H=1;,C=4;0 =2 1on metal non metal / covalent non metal/ covalent
(]
© e
c | -
o 7
= 2xe” ‘f/(—) (ﬁ) 1 2 4l
] e }/o PoIar /0 H
2 ) ) _ b % Covalent Bond 2 H
— —ﬂ-
£ 0=C <--¢_ .. [> O_E. ; | 0=C Overall
S \ TR °°";“\ - Bond pl_1+ \'2 JIPCllc
3 V0 Bond[N] 0 . Na 0 Chargel
= e~ bond direction (+ number of bonds n oxidation +144-2 1-
- [ &) X state (+n) | HCO3
<
(i)

D+ XM +(Bx2)=1"

+1

a) Lithium 1+ o 1- b) Calcium - 0
carbonate Lil' bond o\ sulphate ca” ionc |
aq) 1 sites CcC=0 (aq) 2&22 01/ /s\o
a - a
Li,CO3 — 2Li'* + CO%~ o CaS0, —> Ca’* + SO%~ o
c) Sodium d) Copper (I) - )
1*  ionic . 1+ fonic 4 o
chlorate Na |, - thiocyanate Cu! tond S—C=N
(aq) site O~ C{\§° - site
a a
NaClO; —=> Na'* + CIO}~ o CuSCN — Cul* + SCN1-
9) Pﬁtasﬂu:n o K" 2 h) ﬁoctljiunjd Nl T
osphate . ioni roxide a  bond
P P K1 Loonnlg P 1- y solpe 0\ H

sites

(aq)
K;PO, — 3K'* + PO}"

(aq)
NaOH —Y, Nal* + OH1~
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Averaging Oxidation States

Individual atoms can gain and lose electrons when surrounded by atoms with different

electronegativity values. The resultant competing bond directions requires structural analysis.

e Organic molecules often have the same carbon atom taking electrons from hydrogen while
losing electrons to oxygen (or halogens) within the same structure.

e Carbon-to-carbon bonds contribute a zero-oxidation state (atoms of the same element).

e The competing bond directions can be averaged for each element in a species.

Q3 Write oxidation state (+n) above each atom in these structural and molecular formulae.
e Average the oxidation state for elements with competing bond directions.
e Assign fractional oxidation states as a value averaged over a molecule as appropriate.

Electrons move _%_X_(i_ Bond direction? (::) (r:\) (24 72)

‘_g from the central ONE ' cC<oO0 42 =) )\ Average =m

< | Carbon atom c= How many bonds z 2 |:> c=o

% towards Oxygen between atoms? C:0

S +2 -2

o H\ Oxidation State ) Carbon has \ 0 2

T C=0 < competing bond >—> =0

© — e ; directions +1/

& / P Bond direction? (:;) (;) H +t2 and 2

ﬁ H H * ond direction? <@ H )

S | Electrons move \(_) Howmanybonds L 2 |:> $ 0+1 -2

% from Hydrogen between atoms? H:C C _J) CH2z0 denotes zero net

W | towards the same ( )/4 S T R +1 / electron movement for
Carbon atom H:C H bonded Carbon

a) CH;F H H c) CHF; H
Fluoro (|: b) CH, F, (JJ Tri-fluoro |
methane H \\F Di-fluoro H \\F methane F/C\F

(Compare to CH4 Q1 h) H methane F (Compare to CF4 Q1 i) \F

O0—H 0 H

d) CH,03 o—¢” ) CH0, 7 f) CH,0 _&
Carbonic \O—H Methanoic \O Methanal \H
acid acid —H (reprise Q3 example #1)

o
/|-| I /H h) CZH_SOZN H £\ /H
c H Glycine H , N

g) C3HeO | NN 112w/ \g

Propanone H H H—O/ H ** Ethane
H H (o | x x xx
1 —

j) C;H30; I bond | K) C2H3Cl  €=C H™ O\ \
Ethanoate \ site Vinyl H/ \H ) CH4ON, Ho H
anion 0 chloride Urea

N Bond direction +) .. Number of bonds H

= first &2 H O i Iil 2 Wwith 4 | -2

S (+) |( -) ® 01 Zc 0 different +1 3/ _26 +3//°

§8 C W7 © <05 B ¢ C/ elements H=¢—~ /~~C \2

oS + N,

g g (+)| (+) \(0)—Itl 1I \O_H +| H =2 0—
g 2 % (0) 5 O @ Oxidation c ﬁ _6

w = €t=C 0O>H C atoms averaged as:ﬁ—_2 State (2 %6 ,4)_0
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Using Structural Formulae p1| H | X Electronegativity Alle_n Values
Oxidation states (0S) can be determined using 230 for Short Form Periodic Table
the definition® in Part 1 with structural formulae. pa| Li |Be B|C|N|O|F "
0.91(1.58 2.05(254(3.0713.61|4.19 ©
Sulphur can orlly have three types of valency: 03| Na 1o Alsilelslel 5
e n = 2 to achieve a ‘stable octet’ for Group 6; 0.87]1.29 1.61]1.92|2.25|2.59|2.87 <
e n = 4 or 6 as Period 3 can ‘expand the octet’. pa| K |Ca Ga|Ge|As|Se | Br =
. . 0.7311.03| o |1.76]1.99]2.21)|2.42|2.67
Each valency type can then combine with many ps|Rb|Sr| & |In|SnfSh|Te| I
different elements to produce a large range of OC-71 08-96 5 1f|6 1#8t)2 1-89_8 2F-)16 2/-36
i ; . s|Ba| & I o]
electrone_gatlwty differences as +n OS: . P8 0 66]088| & |179]185|2.01|219]239 P
e Zero cilffere_nce .between two sulphur atoms; prl Fr [Ra| = | yetals Metalloids & &
e 0S = "2 or 1 with elements having lower EReAlErs =z =
electronegativity values than Sulphur; s1<:sz:¢|aa LN
e 0S="1,%2,%4 or "6 with higher values.
Q4 Write oxidation state (+n) above each atom in these structural and molecular formulae.
e Obtain valency (n) by counting the number of bonds shown in the structural formulae;
e Derive bond direction (+) using electronegativity differences from Short Form Table’.
x_ X CT — _ t1 -2 +1 -2
% Sk e Valency: H = 1., S=2 TS written as H,S x’?zxx
£ / \ o Electronegativity: H<SJ &' = S
& H,S H H No H'* or $%~ ions in the H,S molecule, Jilll/ \‘ﬁ
W Hydrogen sulphide although H,S(.q) 2 HiY) + HS (o).
(o)
a) SO3 S b) Sg S s/
. —
Sulphur trioxide o/ \o Elemental sulphur S \§
S cl =N
0 SO, o o 4 S,Cl, AN §/ \c|
Sulphur dioxide Disulphur dichloride *x«®y*
(o)
| s
H
o~ \\o/ ° \ o .
1-
e) H,S0, _—H f NaHSO; O Na
Sulphuric acid o Sodium bisulphite
$' Na' hFeS, 2= =2
Iron (II) /@‘ @
persulphide \ 2+ 2+
/§\ is known as @Fe Fe
- + . .
0) Na,S,05 o/ \\ 01 Nal iron pyrites | =) S
Sodium thiosulphate @ (SHE Task p33)

6 JUPAC is currently reviewing the use of pre-determined rules to be the definition for Oxidation States due to the inherent circularity.
TIUPAC preferred electronegativity scale; see https://www.degruyter.com/view/j/pac.2016.88.issue-8/pac-2015-1204/pac-2015-1204.xml
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Three Rules arising from the Oxidation State Definition

Non-zero Oxidation states (+n # 0) represent the number of chemical bonds an atom makes with
different types of atoms (elements) in a chemical compound (two, or more, different elements).

element is zero, regardless of n

O Elements as neutrally charged atoms have oxidation state of zero
e |dentical atoms have Ay = 0, and therefore zero overall bond direction.

e Hence, oxidation state of any

OS=4tn=0xn=0

Solid, liquid or gas; monatomic, molecule or 3D lattice; elemental atoms have an OS of zero

Gaseous oxygen O, is a
diatomic molecular element

Liquid mercury Hg is a
monatomic element

Solid iron Fe is a 3D
crystalline lattice element

Amorphous sulphur Sg is
a cyclic molecular element

95  ©

@ 8
g%?\d@ga

0576

elements

the otherx <

® Oxygen forms compounds with oxidation state 2 (but not with itself or Fluorine)
e The very rare element Fluorine has the highest Allen’s electronegativity value of 4.2
e The very common element oxygen has the second highest Allen’s electronegativity value of 3.6

 Oxygen is the most electronegative common element; Al
Group VI oxygen has a Valency of 2 to achieve a stable octet and a very high electronegativity for 0S ~2.

Oxygen
36

Electronegativity H < O
Valency O =2;H=1

v
S
/go Oyajer®

+1 +1
H 5+ H

Paradigm example for oxygen (~2)

Water Moleculet H,0

b

Two variations (*2 and ~1) on oxidation state for oxygen (~2).

Oxygen Di-fluoride F,0

& =2 | Electronegativity O < F} 21

=
O F
o
X1 X2

X{O3

Valency O = 2;F =1

“
X2

+2
- 6+%

e 0
-1 °°va|et\‘° -1
.

Hydrogen Peroxide H,0,

Electronegativity H < O| +1 -1

0=0 0O

Valency O = 22H=1 X\i&XZ
+1 % o

—
6%
o+ %& o

l5_
~ QO\Z‘@I
N

Lavoisier suggested that Oxidation State® was the measure of how much oxygen had combined with an element.

© Hydrogen forms compounds with oxidation state "1 (but not with metals)

Methane CH,

Electronegativity H < C
ValencyH =1;C =4

Hydrogen OS *1 with Non-Metals as "Iy <

There are no hydrogen cations
H'* in the methane molecule.

vevony | Hydrogen OS ~1 with Metals as 5y > ietals andy
+ Sodium Hydride NaH +1 -1
1+ 1-
+1 -4 H ValencyH =1;Na=1 -1 Na | H
"M M 3 —_
} H C ,‘s\’“i Electronegativity Na < H H1 Nal*
%4 X1 { & _c4 1 -1 lonic Bonds
Ho S +1 | There are hydride 2
K Na H
H +17"”ka anions H'~inthe L7 =
H 3D lattice.

. - o (aq)
& Only 1in 10 million (107) water molecules self-ionise H,0 =2 Hg;q) + OH%a‘q)

9 https://www.chemheritage.org/historical-profile/antoine-laurent-lavoisier
© Conceptual Redox & Electrochemistry by John Drew Page 16 of 41
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The Arithmetic Link Between Oxidation State and overall lonic Charge

lonic charge is the surplus, or deficiet, of electrons in an atom or molecule due to complete
electron transfer between atoms or molecules with high electronegativity differences.

Single atoms that gain, or lose, electrons become monatomic ~ _, +2

ions with ionic charges equivalent to their oxidation state values. ¢ 2- Hg inyhmonatomic
. . ions have
Molecules that gain, or lose, electrons become polyatomic ions +3

with an algebraic connection between the total sum of oxidation a3+
states within the molecule and its overall ionic charge. €

;2 0S _ ionic
S 2~ value ~ charge

Sodium sulphate Na, S0, is an ionic salt that contains a variety of non-ionic primary bond types:

aqueous dissociation The polar-covalent bonds between oxygen and sulphur
Na;504s) ZNa(aq) + S04(aq) remain within the sulphate anion SO;:
Aqueous ion-to-dipole forces Na“‘ )] Valency: Na=1; S=6; 0 =2 t6 -2
separate ionic bonds sPectator (0] Electronegativity: Na <S <O } Na; S 0
o ,, = Na*i Na < 0
oos‘ﬂ%' £ 3 @ 5 5 soz_ | —\ 0xid+a;io|; States o
Y o |Dissociatiol olar covalen - AL
%s g’ 1_-9 0/7/ \01— 4 :onded T [s o ]2‘ lonic
0™ «0.Na'* A Sulphate | _ 0 o A wrge
01: N a1+ o anion )
(Ix*6)+(@4x"2)=2—

Multiply the subscrlpted proportlonahty value (S1 and O4) for each element with its matching oxidation state;
—2

e S, for sulphur with S toobtain 1 x *6 = *6 0, for oxygen with O toobtain4 x ~2 = 8
e These arithmetic products are then summed together to obtain the overall ionic charge as *6 + 8 = 27;
46 -2 2= Overall
Y805 =|S;+04] =@ x*6)+ (@4 x72)=("6)+ ("8)=2" Ionic }
Charge

The correct oxidation state value for all elements can be calculated by applying the ‘three rules’ every time:
@ OS between elements is zero; @ OS for oxygen is usually ~2; ©O0S for hydrogen is *1 with non-metals

O All other elements need to adjust their oxidation state arithmetically to correspond with these three rules.
Alternatively, structural diagrams do reveal the number of bonds being made, but they can become very complex.

Q5 Assign oxidation state values to the underlined elements in the following compounds.

(a) Elements in Period 3, and higher, can ‘Expand the Octet’ (b) Transition elements and Metalloids
Phosphorous Chlorine Sulphur Transition Metalloids
PH; HCI SF¢ Vo PoBr,
PF; NaClO H,50, Vo, Po0;
P .00 Clo; H,S0; V.03 SbH;
Na,P,07 NaClO; SO,F; V.0s TeO,
H,PO}" €10} $,0%" H,VO}~ H,Te0Z"
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Q6 Write oxidation states above the atoms in the following formulae and structural diagrams as in these examples.

Example — . olar Covalen
£Xxample “172"1 The Na'* cations o Zotar Soval ;_
Sodium Hydroxide NaOH (3D ionic lattice)  and OH ™ anions are =2 Na +1 (0 lonlc
ValencyNa=1;H=1;0 =2 arranged in a 3D repeating [ Nal+ Bond
Electronegativity Na << H «< 0 gattetrn extending in all [0 HJI_ Na'*
irections. _—
Na«ko0O). . H«KO strongly 1— lonic
metal } Lo metalloid} polar covalent ~ There are no 0~ or H'* Nal+ Eo T HJ Bond
non metal non metal bond ions in the extended lattice. Covalent Bond
Non-symmetric distribution of the x% o
. Electronegativity three polar covalent bonds cause YN %
< =
a) Ammonia NHz H<N ) polar NH; to be a polar molecule. ¥ }\H
: U
Valency N=3;H =1 metalloid freovalent  rpore ore distinct 5— and 5+ H H
ends for the overall molecule.
Elect tivit Symmetric distribution of the four H
b) Methane CH 4 eHc<rogega 'Vlsll’ightly polar covalent bonds cause CH, ‘-”45"/0(,
~ o
ValencyC=4;H=1 metalloid] polar covalent to be a non-polar molecule. /“{/ c }3\
non metal bond There are no - or 5+ ends for H “oq” ~H
the overall molecule. H
Electronegativity Symmetric distribution of the two 20%,
¢) Carbon Dioxide COZ C<O0 mildly sets of polar covalent bonds O—l cJ_
non metal ¢ polar covalent oo CO, to be a non-polar Pt
Valency C =4;0 =2  non metal bond molecule.
Each Si has four O as its
d) Silica SiOZ Electronegativity nearest niegbours. /
. . . ghouz
(3D continuous Lattice) 51 <0 | polar Each O has two Siasits " \ g :\\ b
_ metallOIdl Col:’alznt nearest niegbours. %/S| 1.8
Valency Si = 4;0 =2 nonmeta o These lattice coordination O °“a'en‘°\ /
values average to SiO,. 0
— 1—
e) Peridot M g2 Si0 4 (gem-stone quality olivine) A*e%d' g 1- -
Orthosilicates contain independant SiO3 ~ anions. -y Mg“" ¢
s Si SOl 7
Valency Mg = 2;Si =4;0 =2 /er boy\Ol_ e bot-

.. . 1 lonic 1— fonic
Electronegativity Mg < Si < O (9] S Bonds . /Bonds
Mg«O0). .= Si<0) polar M

metal } ; metalloid { covalent 1- 1—
non metal non metal bond y A 1
o\ N€lg H\N€/g,
The cubic framework for the 3D lattices in Part d) Silica Jei’ e o
and Part e) Peridot show four oxygen atoms at 5;,, & - % T~
diagonally opposite corners of the cubes, with one 1— bo fonic 1 bo? {onic
silicon atom at the centre. This arrangement 4 Bonds 5, Bonds

represents the tetrahedral SiO, structural unit usually
found in silicates. Sometimes the tetrahedra are
independent anions, sometimes interlocking crystals.
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Identifying Oxidation S

tates with Carbon

Carbon has a range of oxidation states from ~4 in methane CH4 to *4 in carbon dioxide CO,.
e The oxidation state of carbon will be either negative (—) or positive (+) depending on the

electronegativity differenc

e with the other element with which it is bonding.

o When carbon bonds with hydrogen, carbon contributes a negative oxidation state value.
o When carbon bonds with oxygen, carbon contributes a positive oxidation state value.

e When carbon bonds with

itself, there is zero electronegativity difference between the bonding

atoms. Therefore, each carbon-to-carbon bond contributes zero oxidation state value.

The overall oxidation state for carbon is an arithmetic average of these contributions.

Diamond consists C - In diamond there are nobonds =i eota of
of carbon atoms **--C between different types of atoms. o
, N/ Carbon in diamond
§ | covalently bonded in - C e Valency C = 4 (tetravalent);
-CEU a three-dimensional %,,st\c o Electronegativity difference 0; co
O | 3D tetrahedral C h'°0 Oxidation state +n = 0 x 4 = 0
5 | lattice. \c 3
ha g
& | The lattice extends c/a onqﬁ' All'atoms in their elemental form have oxidation state zero
g— in all directions. i due to this type of zero-value electronegativity difference.
G
1 | Galcium carbide —cl Fo N2
® | consists of: [ \o\.‘;\—l] 2-)
O S i 2+ (v —
£ | CaC, » Ca®" +C3~ ‘%2 ZPB:’::; Ca” [c—c Czicz
1 a _ r ™
Z | Each carbon atom é 2- <L +2 5, -1, N0
2 |n_ carbide C;~ is [é % ] Oxidation States > [ca ¢ cz
< | triple bonded to 2 5 lohic -1 -
) . 6a2+ +2 1 —179
another. One site Bonds ca2+ cEc + -
remains available JOx"2)+(@2x"1)=0
for an ionic bond.
Ethanal CH3CHO 1 +] The average Ethanal CH3CH0
o | has two tetravalent . | Oxidation state for x 41 -2
— X Electronegativity: H < C H ¥ carbon in ethanal C,H,O
§ car_bon atom_s Wlth a three Hydrogen bonds —3 \_3// C,H,0 is "1 J J "1
< | variety of oxidation one Carbon bond 0 (1 1 = iz xz(x) X .
Lo (-3)+(*1) vera
% state contributions: Electronegativity: € < 0 \ _ _ C,H, 0, Charge
2 |w ) H<C + I e
@ ~ : L™ ith + X - =
S | € Sygens C Cabons | poomsenionssz |y B .
©) (;) with one Carbon bond 0 C,H,0, » C,H,0as CH3CHO
C Hydrogen t; \J

that represent the reaction equation (E OOH)

Q7 Determine and write oxidation states in the following formulae and structural diagrams

~ change into ~

+H,0,————2C0,+2H,0
2

a) Oxalic Acid (in Rhubarb)

H_o\c—c y.
¢

1 x (COOH), - C, H,0,

o_

b) Hydrogen Peroxide c¢) Carbon Dioxide d) Water
. o
H\ Re-arrange 0=c=0 H/ \H
and 0—O0 and o
1x H, 0, 2% CO, 2%xH,0
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Many organic and biological reactions are redox as indicated by the changing oxidation states
of carbon as electrons are shifted within molecules for the process of Reactant — Product.

Q8 Determine and write oxidation states above the atoms in the following formulae and structural diagrams
a) Methanol CH;0H b) Methanal HCHO c) Methanoic Acid HCOOH
35— -
H. orcH,0 or CH,0 /H or CH,0, oO—H*
_ |Bacteriological Bacteriological /
H— cC—O0 oxidation H —c8+ H—C

\\ oxidation
8

H H o \o
Application of the three rules of Redox provide a reasonable approximation for determining the
extent to which oxidation states change during more complex organic reactions. Much more
detailed calculations using molecular orbital combinations would be needed for more precise

oxidation state values than the fractions suggested in the next question.

Q9 Determine oxidation states for the reactants products
carbon atoms in this reaction joining two ! N .
smaller molecules into one larger molecule. C;HsOH + HCOOH 2 C,H;00CH + H,0
a) Ethanol + b) Methanoic Acid = c) Ethyl Methanoate (an Ester)
CZHSOH - C2H6O HCOOH - CH202 C2H500CH g C3H602 o
& (o) H N
000/)0 SN _H H \ /H C—H

=% H
o H %5 \g~°
H— % 0 o\
/c bC\os_ /)éo/) 0/%( Re-arrange H 8
%, % i
H \H \H8+?Q/<9% and turn into H/ \

d) State valency of each| e) State oxidation state | f) State oxidation state for | g) State the changes in
carbon atom in the of each carbon atom in Carbon as an element in oxidation state for
organic molecules. the organic molecules. each organic molecule. Carbon as an element:
Reactants Product | Reactants Product Ethyl - N N
.C .C aC aC Methanoate C3HeO, | € (Ethanol) — C (Ester)
+C /C vC »C Methanoic Acid  C; H,0,

C C C C - C (Acid) - C (Ester)
Ethanol C,HO0

e Ethanol — Ester increases OS for two carbon atoms
-2 L 3wh|ch isa +1 X 2 = +2 oxidation.

e Acid — Ester decreases OS for one carbon atom

downto —2 . . 2 .
22— ?whlch isa 2 3 X 1 reduction.

+

Why do these redox changes suggest that electrons
can become partially delocalised!® from their
covalent bonds and have movement across the
central atoms of the molecule!'?

10 Moore, Physical Chemistry 5t Edition; Non-localised Molecular Orbitals pp 718 — 722; Longman 1972
1" Rock & Gerhold, Chemistry Principles and Applications; (Extended) Molecular-Orbital Methods pp 122 — 126; W.B. Saunders Co., 1974
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When Oxidation States Differ from Group Numbers

The Periodic Table of Elements shown below is a ‘Short Form’ version. It does not show the
Transition Elements or the Rare Earths. This highlights the diagonal trends in the Period Table.

e The metals with low electronegativity values form positive (+) oxidation states with fixed (n).

e The metalloids (and Transition Elements) with intermediate electronegativity values form
(+) oxidations states with multiple possible values (n) for elements in Period 3 and greater.

e The non-metals with high electronegativity values form negative (—) oxidation states. They
also form multiple values (n) for Period 3 and greater, known as ‘Expanding the Octet’.

‘Short Form’ Periodic Table of the Elements Oxidation State Summary

P1 ] Hydrogen has chemical properties Most Oxidation State is
H | of both Group 1 and Group 7 Electronegative applied for bonds.
S o pp 1 ) *3 t4 |73,75| 72 "1 The +n values
o| 3 LI | Be B C N O F shown are for
g § iy L '3 T4 | #3,%5) £2,54] 1 the formation of
@ o Na | Mg Al Si P S Cl the four possible
=3 12 g '3 T4 | '35 "2 1 bond types:
© (5 P4 S o, :
> K Ca | 5| Ga Ge As Se Br .
g 1 | 2 | S&[ 3 | 24|35 | 2 -1 * lonic
2 = ps i 1 ' ' e Polar Covalent
» o Rb Sr | g | In Sn Sb Te I
-5 8- Pe +1 +2 © &U +3 +2,+4_ +3 +2 +1 2 L COV&|ent
53 Cs | Ba |~ TI | Pb | Bi | Po | At & o Metallic
— +1 +2 0
S8er| o | & Metals Metalloids Non = 17 0nlyequals
r a ionic charge for
Least @1 G2 =2 G3 G4 G5 G6 G7 mono-atomic
Electro o se B e oo gan g gan ons in salts.
Negatwe = orgain orlose orlose orlose
Q10 Refer to the Short Form Q  Arsenic Acid ox 2 Overall
Periodic Table above to &  As < H « o 134804 » H3As 04 - Hy As O, Charge
determine the oxidation state d e L g e e =l
of the underlined elements. W If (*3) + x + (78) = 0 then x = *5 for the single As
a) Metalloids As ;04 Sb ,S, PoCl, Si 0%
Group lll and IV 2
b) metals T1,S Ga,03 SnCl, PbSO;
¢) Nirogen and its NH N,0, 2 2NO N,0 NOL-
many variations =3 —2ra T A= =2 =3
Chlorine _
== Cl,O0
4 Variations =2 clo, HCIO, ¢lo,
Group V _
=" . AIPO Ga(NO 2
€) multiple choices —* As(OH)s a(N 2)3 Na$bO;
o . If 2x + ("14) = 4~
o x =2 7 Overall
Pyro Phosphate _ e Then 2x = *10 for P, atoms
& peo  R20F POyl ~ B0y Charge .
u>j X2 X7 2x ~14 = 4~ " . -
~ x = 75 for each single P atom
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Oxidation State for Transition Elements
e There is zero expectation to recall the Allen electronegativity values y shown in the Periodic Table below.
e The values are the experiment-based evidence for the electronegativity trends you do need to learn.

H % Allen Electronegativity values (with Pauling units) Non- | He
2.30 Metals | nia
sLi | sBe o . . sB 6C N 0 oF | 1Ne
0.91 | 158 Electronegativity increases left-to-right across each Period. | 2.05 | 2.55 | 3.07 | 3.61 | 419 | n/a
#Na |1Mg However, .some tfansmon elements va.ry with _shght decreases | Al | uSi | P | S | #Cl | wAr
087 | 129 | as well: nickel Ni » copper Cu — zinc Znis a y decrease. | 161 | 1.92 (225 | 259 | 287 | n/a
19K |20Ca | 2S¢ | 2Ti | 2V | 24Cr |2Mn | xFe | 2C0 | 2Ni | 2Cu | :Zn | :1Ga | :2Ge | :3As | :4Se | ssBr | Kr
0.73 {1.03 | 119 | 138 | 153 | 165 | 1.75 | 180 | 184 |1.88 | 185|159 | 1.76 | 1.99 | 221 | 242 | 2.69 | nla
wRb | 3Sr Transition Elements | ;Ag | 4Cd | «In | %Sn = =89
0.71 | 0.96 | Electronegativity usually decreases copper Cu 187 | 1.52 | 166 | 182 | a3
5y 3
55CS |ssBa dOWH'(?aCh Group. Howev‘?“ So_me 79AU sng a1l | e2Pb 9_’ % 2
066 | 088 | transition elements vary with slight silver Ag | 1:92 | 176 | 179 | 1.5 o g9
. . -— S5 3
wFr |=Ra y ISR Sk Metals 7=

067 |0.89 Transtt;c;n element y v:tar'la’][c[ﬁlns arfe gold Au

caused by non-symmetric filling o , .
. is a y increase
Metals ygypshell e~ orbitals. X
Q11 Use the Allen Electronegativity Periodic Table above along with the Three OS Rules

to determine the oxidation state of the underlined transition elements:

Examples using Iron Fe: Oxygen remains ~2 even when the other element, iron Fe, is being weird

Ferrous Oxide FeO
Electronegativity Fe < O
Overall

Charge
=0

- Fe

A
X

“{&} =
X{O} s

9
=2

fx+(2)=0
Then x = *2 for the
single Fe atom as:

A =4

Fe O Iron (Il) Oxide

Ferric Oxide Fe ;03
Electronegativity Fe < O

Z ;2 Overall
Fe, 0; » Fe; O3 Charge

——
X2 X3 2x 6 =10

If2x+("6)=0
Then 2x = *6 for the two Fe
+6 4

5 =3 for
each single Fe atom as:

+3 -2
Fe, 0 Iron (lll) Oxide

atoms, with x =

Magnetite Fe ;0,
Electronegativity Fe < O
N Overall
Fe; 0, - Fe3 0, Charge
X3 x4 3x 8 =0
If3x+("8)=0
Then 3x = *8 for the three
+£ = t2 2
3

Fe atoms, with x = 3

2
~ M
for each Fe atom as: Fe; 0,

Magnetite is a crystalline combination
of Iron (1) and Iron (II1)

) varons Mncl, Mn 0, Mn 0, Mo}
b) VQ:I‘LI‘;)trInOIrL:;n Cro, CrCl Cr,(S04)3 Cr,07"
O e Fesi0, Sc,Siz0; CasFe,Siz0;; | CaCr,(Si04)5
) i UF, vo, U0, uo3-
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Part 2 Redox Reactions: Assigning Oxidation States in Reactions

Assigning oxidation states for reagents (reactants — products) in a chemical reaction will let you
know if the reaction is Redox, or not. Oxidation states need to change if a reaction is Redox.

Consider the dissolving of solid sodium carbonate Na2COs3s) in water.

Balanced
eaction (aq) 1+ 2—
:qua:ion Naz CO3 (s) EE— ZNa(aq) + CO3 (aq)

e Use the Periodic Table for valency and relative electronegativity to determine the chemical bond types.

2. +1

o Electronegativity: Na < C < O
o \Write oxidation states directly above each atom in a chemical species, such as Carbonate etc.

Chemical Bond ol— N 1+ Dissociated ol_
Types? P ° _a N 14+ lonic Charges P Lonic
5 lonic aqueous a _A_Y_c Bonde
o“'!;: c& lB°“d5 dissociation N 1+ o—‘!,; \ 1
b - b -
on o - Na1+ a on. o
Polyatomic Two mono-atomic Polyatomic
Sodium Carbonate Sodium cations Carbonate
salt Na;CO3 2Nal* anion CO3~
Assigning oxidation states for | e Valency:Na=1;C=4;0 = 2 | Oxidation *1 +% -2
sodium carbonate Na,CO4 states Na;C;0

-2

f+1 +4 2 6
[Nazc 03]

\

x")+(x"4)+Bx72)=0

balancing
charges

[Na]»\

2x {(1x*1) =1"}

W 2x {17} = 2% overall

I—pgal+ 1-
. +1 (o)
-2 .|.4/o Na Nal"' -2 +4/
o— c dissociated oz c
L\ 2] +1 jons +1 4 \—21_
Oxidation olea1+ Nal* Fo)
States
+1 +4 -2 h Oxidat +4 -2 h
2XNa|+|1XC J+]|3X = CHaree xiaation 1xC |+([3x0|=°"aree
ne 2 — 0 states = — —
e The arithmetic sum X of oxidation states must equal the overall ionic charge of that species,
2— _ _
Na, (05 2 x Na'* 0%~ = [CO5]?

(

Ve

2—

N

X*t4)+ (3 x72)=2"

<o,

e |s this a Redox reaction?

o Therefore, it is not a Redox reaction.

o None of the elements (Na, C, O) have changed oxidation state as reactant or product.
o There has been no flow of electrons between any reagents.

e Redox reactions need one element to lose electrons and another to gain electrons.

o e gain has a decrease in oxidation state (Reduction); more negative with extra e".
o e loss has an increase in oxidation state (Oxidation); more positive with less e™.

o There is an overall balanced flow of electrons between reagents in Redox reactions.
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Identifying a Redox Reaction using Oxidation States
Now consider the apparent dissolving of sodium metal Nas) in dilute Hydrochloric acid HClag).

Balam_:ed metal dissolves
Reaction  7Na +  2HCl,q > H, + 2Nacl
Equation
o Use the Periodic Table for relative electronegativity and valency to determine the chemical bond types.
1-
»Na Na N Nal* ClI
N ot % L 1— 1+
bongs as.~ H o000 CI CI Na lonic
eom Chemical

T Bonds
H+-H
(1]

\ocali :
dejocdlised Sloy, reaction
%

Covallent

)
o 1 __Dissociated 1 +
aqueous

c'(aQ) ions (aq)

o \Write oxidation states directly above each atom in a chemical species, such as Sodium metal etc.

ar?a r(l)a 1y, 214
Q' -

0 +1 -1
- 1+ gl
S 0
"'ebo,, H(aq) 5 2 c'(aq) o - o Na CI
ds ap- 0 (g Chemical H 2 E H lonic Bonds
selocalised ¢, 29 reaction > 2
aea Jhy E by, wea CINa'*
) CI(aq) ® H(aq) Elemental
Elemental Hydrogen H:

Sodium Nag,

e The arithmetic sum X of oxidation states must equal ionic charge of that species, NaCl = [Na'*C1*~]°

2 X Na 2 X HCI o 2 X NaCl
Na 1"\ H.cl) H)?  [Nagcl)f

2x{(sx0)}=0 2x{(Ux" D)+ x1D}=0 2x0)=0 2x{(Ix "D+ x"1}=0

Chemical
reaction

. . . oxidation . . oxidation
Oxidationisan , “gae 11 Reductionisa state 0
increase in N‘a increase l"\'I"a 1+ + e decrease in 2 ﬁ 1+ + 2e” decrease ﬁz

oxidation state oxidation state

oxidation = e~ loss reduction = e~ gain

(Y

c

lg

e

0

®

o

= e~ loss

X |* An equal number of electrons flow from 2Na to H,: 2 X {Na —— Na't + e‘}
° . : : " . o

&’ e Electrons ‘cancel out’ each side of the %-reactions. ZH%;q) 4 ope- S 840 H,

® : :

P A full-redox reaction (two halves added together): 2Na + ZHEfaq) - H, + 2Nazfaq)
£

W | 2 unchanged The oxidation state of Chlorine remains unchanged,;

CI'"" ————Cl'~ These spectator ions can be omitted from the reaction equation.

Q12 Use H3P03 + H,S0, — H3P0, + H,S03 | Ca3(PO,); + 3H,S0, - 2H3P0, + 3CaS0,
oxidation states

to identify reactions| ca. (PO, ),F + 7H;P0, — HF + 5Ca(H,P0,), super phosphate fertiliser
as Redox

(or not Redox) 6NaOH + Al,0; 4+ 12HF — 9H,0 + 2Na;AlF, cryolite for reduction to Al

© Conceptual Redox & Electrochemistry by John Drew Page 24 of 41




When the Arithmetic Link Appears to Give Weird Values
The presence of same-element to same-element bonds in a compound produces oxidation state values that do not
correspond with the expected valency values from the Periodic Table of Elements.

Sodium thiosulphate Na,S,0; molecules include a single covalent bond between two sulphur atoms

Na,S, 03 contains a variety of primary bonds: sl-Nal+
e A single covalent bond between two sulphur atoms, cWi’lent TR
contributing an oxidation state of zero for each sulphur;

e Polar-covalent bonds between the oxygen atoms and o%},s\i 1=
the central sulphur atom. Those bonds contribute an /‘-‘ 0 N

oxidation state value of *5 to the central sulphur atom;

e There are ionic bonds between the ionically charged ‘D‘.q““‘.‘s.
. . . issociation
oxygen and sulphur atoms with the two sodium ions.

Arithmetic oxidation states in the thiosulphate anion are:

x -2\ 2~ as the Thiosulohat
2—- <. 0 iosulphate
5205 — <§.3 93) - < §3 93) overall anion Oxidation States
X2 x3 2x —6/ charge polar covalent 2 2
_ _ s 02' bonded sulphur O 2-
f2x + (76) =2 +2 2VY3 and oxygen with sz 3
Then 2x = *4 for S, atoms ;05" covalent sulphur
~ x = *2 overall for Sulphur T4 (2x*2)+@x2)=2"

The structural diagram shows one sulphur atom with oxidation state ~1 and the other with oxidation state *5.
f (C1+%s5) _ (F9) _
2 2

The arithmetic average o *+2 for sulphur does not apply to any individual sulphur atom.

Identify the following balanced reaction equations as being Redox, or not, by assigning oxidation state

Qi3 values to the underlined elements. Determine how many electrons are being transferred in a reaction.
(a) 2H;0; — 0, + 2H,;0 g
colourless effervescence g
(b) K,Cr;07 + 2KOH - 2K,Cr0, + H,0 =
orange alkaline yellow §
© Cu + 4HNO; - Cu(NO;), + 2NO, + 2H,0
copper  concentrated blue brown fumes 3
(d) Na,S,05 + 2HCI - SO, + S + H,0 + 2NaCl g
colourless acidified yellow ppt §
(e) H,S,07 + H,0 — 2H,S50, g
oleum sulphuric acid =
V,05 Catalyst =
(f) 250, + 0, 25 03 =
sulphur dioxide sulphur trioxide §
@ | Cr,0%~ + 8HCl + 3H,0, — 2CrCl; + 30, + 7H,0 + 2CI*~ g

orange acidified green effervescence

© Conceptual Redox & Electrochemistry by John Drew Page 25 of 41



Q14 These reactions are redox. The two examples at the start and finish demonstrate how the number of electrons
being transferred during Reduction equals the number of electrons shifted during Oxidation.

¢ Reduction and oxidation is also represented as separate [reactant| product] Redox conjugate pairs.
o [reactant| product] retains the same left-to-right [reactant — product] representation as the reaction equation.
0

e Oxidation states are written above Cu and below Zn individual redox species for visual clarity of electron transfer.

0

Your task is to demonstrate how many electrons are being transferred in the remaining Redox reactions.

(reduction)

Redox reagent patr:

+2 +3
lose 5x1e~ (oxidation)

gain 1x2e™
+2 ——— >0 e copper (1) Cu®* | Cu copper metal and
~ ~
ex# CuSO, +Zn — Cu+ZnS0, o Zine Zn| Zn?* zine (1)
0 ose 1xze- T2 two electrons tra WS{CWCD(
(oxidation)
Redox reagent pair:
o cilver (1) Ag't |Ag stlver metal and
(a) 2AgCl + Zn - 2Ag + ZnCl, o Zine Zn| Zn?* zine (1)
Redox reagent pair:
blast furnace e ron (1) Fe3* | Fe tron metal and
(b) 2Fe,0; + 3C ———— 4Fe 4 3C0, o carbon C| CO, carbon dioxide
Redox reagent pair:
e dichromate Cry0%~ | cr3* and
() Cr,0%~ + 8H'* + 3H,0, - 2Cr®** + 7H,0 + 30, o hydrogen peroxide Hy 0,10, oxygen
Redox reagent pair:
o nitrate NO3™INO, nitrogen dioxide
(d) Cu,0 + 2HNO; + AH'™ - 2Cu** + 2NO, + 3H,0 o copper (1) Cu'*|cu?* copper (1)
Redox reagent pair:
e chromate CrO;~ | cr3+ chromivon (1)
e) 2Cr0;~ + 16H'" 4 3Zn - 2Cr** + 8H,0 + 3Zn*" ., zn|Zn®* 2ine (1)
Redox reagent patr:
o Lo (1) Fe3* | Fe?* ton (1)
(f) Fe2(504)3 + Mg - 2FeSO4 + MgSO4 ° VVLQ@VL@SLLAV\/L Mg| Mg2+
. - ; Redox reagent patr:
gain 1x5e~ (reduction)
+7 +2 * permanganate MnO;~ | Mn2* ad
ex#2 | MnOl~ +5Fe2* +8H' - Mn?* +5Fe3 +4H,0 | 2+ | ped*
4 S a7 2 e iron (1) Fe |Fe3* trom D)

five electrons transferved
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Making Sense of Organic Reactions with Redox

Yeast contains an enzyme that converts simple sugars C4H;,0 into
ethanol (CZH OH Eduivalent C2H60) and carbon dioxide CO,.

Bacteria in the system can then convert the ethanol into ethanoic acid
(CH3COOH = C,H,0,) if oxygen is present (aerobic conditions).

Q15 Write the redox reagent pairs as in Q14 for these reactions.

Apply the three oxidation state rules:
¢ Elements have zero value OS.

e Oxygenis 2

e Hydrogenis "1

All other elements adjust to these rules.

gain 2(2x"2) = 8e~ Redox reaction pairs:
0 -2
Yeast C ra . Reduction
fermentation CeHi206 — 2C;Hs0 + 2CO0; vl
0 +4 . Oxidation
lose 2x74 =8e™
lose 2Xx72=4e” Redox reaction pairs:
- 0
Bacterial ~ ~ . Reduction
oxidation C2HO + 0, - CH,0, + H0 o
0 s —2 . Oxidation
gain 2X72 =4e”

Carbon having an oxidation state of *4 in carbon dioxide CO, makes sense because carbon is in Group 4 of the
Periodic Table of elements, so that it can move four electrons depending on the relative electronegativity of the other
reactant. But how can carbon have an oxidation state of ~2 in ethanol or 0 in simple sugar and ethanoic acid?

Comparing the correct, but overly complicated, molecular bond analysis with the much simpler arithmetic link rule.

e |dentify bond types

o Electronegativity:
O>»C>H

o Oxygen ~2

o Hydrogen *1

e |nitial oxidation states:

Ethanol oxidised by bacteria becomes Ethanoic acid as product of oxidation

Consider the oxidation
state contribution made
by each bond made by
each Carbon:

e Carbon-to-Carbon 0

e Carbon-to-Hydrogen
~1 per bond

e Carbon-to-Oxygen
*1 per bond

Take arithmetic average
on all Carbons in the
molecule for the final
Carbon oxidation state

Molecular bond analysis (bond-by-bond within the molecule)

L
41 5"\ § e H +1 \<’ 5 ;?/
Q S ® o R ®
““’%\Hﬁgc wH oy Redier
Y, . H S, - -25-85 tls,
+1 S Poja,. covaR'l'l +1 %)ndg \%;(_\
H Yeng po®
The average oxidation state The average oxidation state for
for Carbon in ethanol is ~2 Carbon in ethanoic acid is 0
(73)+(1) — (73)+("3)
2 B - 2 -
He L o™ w¥ H . _J__ o
NG 7y \3 2/
7z~ H
H—¢—¢ —Cc—
230  0+41-3~~ H /—3 0 0 +3 & S+
H ¢t 2T¢ H® ¢z 2z ~0—H
= O o <
s8 88658 8= =3
25 s58% s§ 53
g€ 299 e £5
S8 S8Sx¢g SES Sx
3 2 2 o 35 = @ o O
TS sE2F s S 58
i ° o @ <=
£ 2 £ =

Arithmetic link between:

¢ Oxidation states

e Molecular formulae

e Overall ionic charge
provides easier OS solutions

C2H50H [—2 + -2
ethanol C:H:0

JO |:>(=H;»,(:OOH
\ ethan0|c acid
—

2x72)+(6xT1)+(1x%x72)

[ zﬂj%z]

(2x0)+(4x+1)+(2x 2)=0

The change in OS for carbon identifies this as a redox reaction, with carbon being oxidised (—2

0OS increase
——0)
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Organic and biological reactions can be quite complicated because of the complex nature of the
molecules involved. The following redox analysis of the fermentation of glucose C¢H;,04 shows how these complex
reactions follow the same fundamental redox rules to explain how electron transfer is driving the reaction forward.

Fermentation of
glucose C4H1,0¢
using the enzyme

gain4x 2 =8e”

-2
C
o6
0

Hi,0 » 2T, He0 + 2C 0,

Zymase in yeast lose 2x*4 = 8e~

+4

Different carbon atoms in the glucose molecule
become oxidised and reduced simultaneously:

e Four carbons gain 2 electrons each: Reduction
e Two carbons lose 4 electrons each: Oxidation

This type of redox is known as disproportionation

Reactant has carbon in fixed and
definite proportions in C4H;,04

Products each have different proportions for carbon in C,HsOH and CO,:
the carbon is now in disproportionation within the products

+1 -2 t1 -2 -2
Ce Hiz O = Co Hy, Og C2H60_)EZ,E§9_, C02—>S02
¥ iz 12 x 6 -2 x -1
ﬁ g= 0 % =72 % = *g4
Co H1206 = Cg Hy 204 &(H;Ol €, HsOH @02 - Co,
0 4 t4
+1 & . | Contribution to oxidation state
o H ) 4 2 Q | for each C¢H1206 carbon atom
- +— I
H \ 0—H -3 ]
Qo = =
11 =) +l\c/ 82| 2 g
H—0 H =¥ 52| 5 % 5 |
oo | 2 5 = £
H c o €8 ¢ | 2| ¢ |B3
\ TN s5| 8| 8| § |28
2 8°| 5| 58| 3 |3&
lucose 0
ﬁ 62/dc\ J / 2C 0171 1] -1
‘C—C bC | 0 0 1 1 0
i ) \2 4 cde€G| 0 O 1 1 0
-II-.I_O 1 o H G 0 111 i |
- +
H H Average (1x 1)+(4>;0)+(1>< 1) _ 0

Each carbon atom is labelled with subscripts 2C.

The labels help identify which carbon atom is experiencing
a variety of chemical bonds for (the purpose of) assigning

oxidation states in the table shown opposite.

CeH120¢ overall molecular charge zero:

24 01,
Sy

6x0)+(12x*t"1)+(6%x72)=0

Q16 Identify the electron shift and redox reagent pairs for these organic reactions:

. hl hyll
Photosynthesis 6CO, + 6H,0 Ry, CcH,,04 + 60,
| o
Combustion 2CgHyq + 250, —— 16C0, + 18H,0
Breathalyser 2K,Cr,0, + 16HCl + 3C,H50H — 4CrCl; + 3CH;COOH + 11H,0 + 4KCl
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Addition reactions can involve the insertion of Group VII Halogens across multiple carbon-to-carbon bonds.

Addition of Bromine water Br; (,q) to cyclo hexene C¢Hyo shown to be Redox using changed oxidation states

+1 cyclo bromine 1,2 dibromo
C ﬁ CcH cyclo hexene water cyclo hexane
6 10 = Lg 1o h
N ALY exene - -
x T10 ) lose 6x §=2e )
10 _-5 2 13 13
% -3-"13 - «
- CeHip + Efz - C6H10§_1:2
E_qu—)CsHm — L
-10 gain 2x71 =2e

1 -1
"M
Ce¢ HqioBr, — C¢ Hyg Br,
e e
x t10 -2

-~
Ce HioBry = Cg HygBr,
et 1,2 dibromo cyclo hexane

'ﬁ 'H 8 £ Contribution to oxidation state
\ / 2 & | for each CeH carbon atom
4]
% ®
\ C—C 58| _ B
C [ o
/ cyclo \ 29 3 &
o O = (=) =
hexene > o 8 £ e
\ £ = S = i
/ \+1 | § I -
£ 5 p= = s £
sg| B8 2 = 8
° T s S S5
oo &) O 7R
+1 €| 000 -1 1
c.defC 00 171 2
Average G Drex ) 10) 42
6 3
S o Contribution to oxidation state CsH1o overall molecular charge zero:
ICHES for each CeH10Br2 carbon atom
22 o 134 o
s Ed - CeH1o
Qo o 2 = o
_cgs % ) 183 8 _§ / /
QS| 2| 8| @ c (6x-12)+@ox*1)=0
o § 28 £ = e
£ £ x © > o ©
£c® o S s | &8 1 -
£ 8 = T | £ |88 -1 -
85 § | §| § |8 Br Br
@O 5 S | 5 |25 11 +1
(&} (&) (&} wv a H
aC| 00| "1 *1| 0 \ / \ /
caefC| 00| 2 -2 \ c—C /H
0 “2) 8| _ / \
Average 2O _ ?8 1% 1,2 dibromo

CeH10Br2 overall molecular charge zero:

1541 -1 J
c6H1oBr2

— 7 X

(6x—1§)+(10x+1)+(2x—1)=0

i / \ cyclo hexane / \+1

MH\

Q17 Identify the electron transfer and redox reagent pairs for these organic addltlon reactions:

Preparation of
vinyl chloride

FeCls catalyst

ethylene C,H, + Cl, ———  C,H,Cl, vinyl chloride

Preparation of
vinyl acetate

Pd catalyst

acetic acid 2C,H,0, + 2C,H, + 0, —— > 2H,0 + 2C,H0, vinyl acetate

© Conceptual Redox & Electrochemistry by John Drew Page 29 of 41




Part 3 Electrochemistry: Writing Redox Equations
Redox reactions are best balanced using the five step ¥%2-equation method described below.
© Identify the redox species changing oxidation states as redox conjugate pairs [reactantl product].
e Balance the number of atoms changing oxidation state on each side of [reactant — product].
® Account for missing Oxygen atoms between Reactants and Products.
o Convert unaccounted Oxygen atoms to H20 with the addition of H'* ions (aka acidic conditions).

© Determine the arithmetic value of total ionic charge on each side of [reactant — product] the reaction.
o Add électrons to the side with the lowest negative charge until both sides have equal total ionic charge.

Steps @ to © will produce two redox Yz-equations, with one showing Reduction while the other shows Oxidation.

O Determine the Lowest Common Multiple (LCM) for both ¥2-equations with respect to the électrons.
e Use LCM to generate equal numbers of €lectrons on each side of [reactant — product] for elimination.

© Algebraically cancel excess H* and H20 from each side of [reactant — product] the reaction equation.
o Add remaining reagents from each %z-equation to obtain a balanced Redox reaction equation.

Example: Acidified violet permanganate reacts with hydrogen peroxide to form colourless Manganese (Il) with
oxygen effervescence. The presence of oxygen has been confirmed with a positive glowing splint test.

Reduction conjugate pair +7 +2

0 i gaining 1 X 5e~ Mn 0%~ | Mn 2+

Oxidation conjugate pair PR
is losing 2 X 1e™ H, 0,10,

MnO}~ - Mn?*
(2] MnO}~ - Mn?* + (4H,0)
MnOL~ + (4 x 2H'*) - Mn2* + 4H,0

H,0;, - 0,
H,0, - 0, + 2H*

Ax"D+(8x*1)=7+ #* (1x*2)=2+

MnO}~ + 8H'* — Mn?* + 4H,0

o #* (2xT1)=2+
H,0, » 0, + 2H*

reaction equation with observations.

© MnO}~ + 8H!* + 5e~ —» Mn?* + 4H,0 H,0, » 0, + 2H* + 2e~
(CD)+(+8)+(5x~1)=2+ (+2)=2+ 0 (+2)+(2x~1)=0
Two redox Y2-equations, one showing Reduction while the other shows Oxidation, are now ready for balancing
o [MnO}~ 4+ 8H'* + 5~ —» Mn?* + 4H,0] x2 2MnOL™ + BeH!* +Hfe= - 2Mn?* + 8H,0
[H,0, - 0, + 2H™ + 2e7] x5 5H,0, — 50, + MAH* + THe
6 The mass and charge balanced full Redox 2MnO%~ + 6H* + 5H,0, - 2Mn?* + 50, + 8H,0

acidified colourless  effervescence

Q18 Balance the following Redox reactions with manganese.

Potassium Permanganate

MnOz~ - Mn?2* KMnO, 4?00 Permanganate
» -
a) Fe2+ N Fe3+ @ anion 1-
%Mﬂé’ -1 MI104
B 07/ «0"K" [ig3
MnO3}~ - MnoO, 5 oa?
5 lonic S a 9
b) H202 d 02 g bond ‘g g g
0 - ~
- g -2 Spectator § %
2+ 5 ? fon 1+ ?
Mn,03 - Mn /,", |\\ K o
Cc 1+ 24+ K "
- R -2,//'Mn<\_2 2 Y1
R 05/>o0- (Mno,

(OX*D+@x2)=1-
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Q19 Complete the Redox reactions using the redox conjugate pairs provided.

Conjugate pairs Using Y2-equation method to balance full redox reaction equation
Ca| ca?* Ca - Ca?t + 2e~
—_ 1_
a) with _H,0 + 2> H, + 20H
H,0 | H, N
PbO | Pb PbO - Pb
1_
b) with Bra - _Br0;
Br, | Bro~ N
Cr,0%" | cr3+ Cr, 07" - o
2 7. Fe2+ N Fe3+
c) with
Fe2+ | Fe3+ N
MnO, | Mn,0, —MnO, L, MmO,
d) with Fe™ - Fe
Fe2+ | Fe3+ N
C,HsOH | CH;COOH C,H-OH - CH;COOH
e) with MnO;~ - Mn?*
MnOL~ | Mn2*
%

The reactions show that Redox can be identified from the following three possible criteria:

e Electron loss or gain
e Hydrogen loss or gain

}—’ Often summarised together as Oxidation Is Loss / Reduction Is Gain = OILRIG

¢ Oxygen loss or gain (This was the original definition for Redox reactions).

Reduction can be: Redox Oxidation can be:
électron Cu2* +28 — Cu wn S T électron Ca— Ca*+28
gain Clo+28 > 2CI 2 g E, loss Fe?* > Fedt+é
2H,0+28 > Hy+20H" | 2 2 & 2H,0 —> O+ 4H* + 48
c & >
g CoHz + H2 — CaHa 25 5 rogey | 2N8HO— 2NaOH + H
3 9
ygair? Si+4He+48 > SiHy 53¢z Y e 102 > 0p+2H +28
P+3H*+38 —> PH; o C2HsOH— CH3CHO + 2H* + 28
Oxygen 2Fe203+3C — 4Fe +3CO; § ° Sz Oxygen 2Mg + 02 - 2MgO
loss PbO + 2H*+2é —» Pb+H,0 S = :E g gain Bro + 6H,0 — 2BrOs;~ + 12H* + 106
HoO; + 2H* + 28 —»> 2H,0 53 §o C2Hs0H + H,0 — CH3COOH + 4H* + 4&

Oxidation State +7n behaves as a vector quantity describing the electromotive chemical force
caused by the transfer of e~ during reactions and the voltage effect produced by that transfer.
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Redox Grammar

Verb

Noun

transitive

intransitive

Proper

Conjugate

To OXIDIZE is to unite with
oxygen, resulting in &

OXIDATION is the loss of &
for a reactant; often due

An OXIDANT is that
reactant which is being

An OXIDIZING AGENT
causes oxidation by itself

loss for a reactant. to gaining oxygen. oxidized. being Reduced.

To REDUCE is to disunite | REDUCTION is the gain of | A REDUCTANT is that A REDUCING AGENT

with oxygen, resulting in | & for a reactant; often reactant which is being causes reduction by itself
€ gain for a reactant. due to losing oxygen. reduced. being Oxidized.

¢ Oxidation is € loss for one reactant so that the other reactant can gain those & for their own Reduction.

. Reduced Oxidised
Reductant A + Oxidant B product + product
is being reduced is being oxidised — A B

to cause oxidation to cause reduction

o The reductant is causing the other reactant to be Oxidized. The reductant is an Oxidising Agent.
e The oxidant is causing reduction the other reactant to be Reduced. The oxidant is a Reducing Agent.

Reduction Cu?t  +2e” - Cu
- (@) (Zsi ~ Copper (Il) cations can | The reductant Cugzy,
Oxidation Ing) = Ingg) + 2e only be reduced while | is an oxidising agent
ot 21 zinc metal can only be | because it makes
Redox Z_n(s) + CQuiag) = Z0Gag) +CUs)  oxdised during Redox Zn,4, oxidise
oxidant reductant
Reducton  H,0, + 2H'* + 2e™ - 2H,0 Hydrogen peroxide can | The reductant H,0,
Oxidation [Fe** > Fe3* + e~ ] x 2 Dbeanoxidantora is an oxidising agent
reductant depending on b it mak
Redox  H,0, + 2H'* + 2Fe?* — 2H,0 + 2Fe3*  the reduction potential e(;e}ruse.l makes
—— —— Fe“™ oxidise

reductant oxidant of its redox pairing

Oxidation [H20; > O, + 2H'* +2e” ] X 5 Permanganate
Reduction [ MnO}~ + 8H'* + 5e~ — Mn?* + 4H,0 ] x 2 can only be an

oxidising agent
Redox 5H,0, + 6H* + 2MnOi~ - 50, + 8H,0 + 2Mn?* by itself being
N—— N e’
oxidant

reduced

The oxidant H, 0, is
an reducing agent
because it makes
MnO3%~ reduce

reductant

Q20 Complete these redox reactions and identify the oxidant/reductant and the oxidising agent/reducing agent.

Oxidant | Reductant Redox conjugate pairs ofg:;:? | nguec,:? |
Chromate, CrO%~ | Cr(OH); with Zinc, Zn | Zn?*
CrOy~ — Cr(OH);
a)
Zn — Zn%*t
_)
Copper (I) oxide, Cu,0 | Cu?* with Nitric acid, HNO, | NO,

_)

b)
_)
_)
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The Method Works, Even for ‘Silly’ Numbers

Alcohol breathalyser units used by the Police to test car drivers once used a very brightly coloured Redox reaction:

o A redox reaction happens when alcohol (as ethanol C,H,OH) vapours from the lungs of a driver are blown
through an aqueous solution containing dichromate (Crzoi‘(aq)) anions.

e The Crzoi‘(aq) anion is reduced from bright orange dichromate to dark green chromium (lll) cations Cr(33+q).

e The C,H,O0H ethanol is oxidised to become ethanoic acid CH; COOH.

Dichromate anion reduced to Chromium (lIl) cation Ethanol oxidised to ethanoic acid
x
Cr.0/* 0 0 3l | *1 - + C:HsOH
- 2 1 215
Dichromate \\ - // 01_K1+ & H 06' H8+ ethanol
anion Q 22}
1 - OP==02-Cr—" 0 | = "4 \3 -~/ n
K07 g oMp woma |2 | H—¢ ¢
ioni g¢ Aqueous '\o 3 A | *t1
SEE Dissociation E H I H N
—5 J ofionic Lo = )+ _ —2t1 72 ]0
0 0 2 — 2 C:H:O
\\+6 _2 +é/ _61_ g Oxidised (2 X _2) + (6 X +1) + ( X _2) =0
2i_Cr—0—Cr— §| 110 - CH:COOH
0 // \\ +11+ ] H 08_ Ethanoic
2 2 K|z Y acid
+6 _2 2— o 0 Spectator g H _3 +3 /
cr2°7 lons +1 % N — c - c .
Reduced I+ 2 1 / \_28— 15,
2x*t6)+(7%x72)=2" — K S H 0 H
S = +
cr* Mono-atomic Chromium (Ill) 43 3 S G 0+1 ~2 Jo
Chromium  cation solvated in water with @ (; §| 2 < C-H, 0,
. _ ) q) -
(1) cation  jon-to-dipole 2° forces 2x0)+@x*"1)+(2x72)=0

Example: Acidified potassium dichromate K2Cr.07 reacts with ethanol C2HsOH to produce a solution containing

green Chromium (Ill) cations Cr3* and ethanoic acid CH;COOH. (K%;q) have been omitted as spectator ions)
P Reduction conjugate pair 6 +3 Oxidation conjugate pair 2 0
is gaining 2 X 3e” Crp 027| Cr3* is losing 2 X 2e~ C,Hs0| C,H,0,
Cr,02~ - 2Cr3* Ethanol C,H;OH — CH3COOH ethanoic acid
P Cr,0%~ - 2Cr3* + (7H,0) C;He0 — C;H40,
Cr,02~ + (7 x 2H'*) - 2Cr3* + 7H,0 C2HeO + H,0 — C;H,0,
C,H¢O0 + H,0 - C,H40, + 4H'*
(1x72)+(14x*1)=12+ # (2x*3)=6+ 0 *+ (4x*1)=4+
o Cr,0% + 14H'* - 2Cr3+* + 7H,0 C,H¢0 + H,0 - C,H,0, + 4H*
Cr,0%~ + 14H'" + 6e~ - 2Cr3* + 7H,0 C,Hs0 + H,0 - C,H,0, + 4H* + 4e~
(~2)+(+14)+(6x~1)=6+ (+6)=6+ 0 (+4)+(4x~1)=0
Two redox Y2-equations, one showing Reduction while the other shows Oxidation, are now ready for balancing
16 11
O | [Cr,02~ + 14H'* + 6e~ — 2Cr®* + 7H,0] x 2 2Cr,04" + 28H' + 1225 4Cr’" +44H,0
[C,HsO + H,0 — C,H,0, + 4H'" + 4e7| x 3 3C,Hs0 + 3H;0 - 3C,H,0, + T2H + T2e_
e The mass and charge balanced full Redox ~ 2Cr,05™ + 16H'* + 3C,H;OH — 4Cr®** + 11H,0 + 3CH;COOH
reaction equation with observations. orange acidified ethanol green ethanoic acid
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Chromium has a variable oxidation state because the valence shell configuration of Transition elements
includes the five d-subshell orbitals along with a single s-subshell orbital. This subshell arrangement provides a
large variety of closely spaced energy levels for electrons to move between during chemical reactions.

Chromium (I11) forms bright
green monatomic cations when
dissolved in aqueous solutions.

lonic salts such as €rcCls form
ionic lattice with 3:1 coordination.

Electronegativity differences are:
+3 -1

Cr < Cl= (Cr, Cl3)°
(1x*3)+(Bx"1)=0

Cci' e v

@[F 3+

Chromium (IV) Oxide forms
a dark blue polar covalent lattice.

Each €rO; structural unit has

6:3 coordination (6 oxygen atoms

per chromium with 3 chromium

atoms per oxygen).

Electronegativity differences are:
+4 -2

Cr<0 = (Cr, 0,)°

(OxX*™)+(2x2)=0

Polar Covalent bonds

Potassium Dichromate (VI) forms
orange [Cr,0-,]%~ anions which contain
twelve polar covalent bonds. Each anion
forms two ionic bonds with K** cations to
have repeating structural unit K, Cr, 0.
Electronegativity differences are:
+1 +6 -2

K,Cr < 0= (K, Cry 0,)°

x4+ @2x*'6)+(7x72)=0

Polar || Covalent
Obonds

Redox Reaction Equations Involving Chromium
Q21 Complete the Redox reactions using the redox conjugate pairs provided as shown in Q18 and Q19.

Conjugate pairs Using "2-equation method to balance full redox reaction equation
Cr,02" | cr3+* -
a) with -
H,0, | 0, -
Cr,02% | cro, -
b) with -
Cu1+ | Cu2+ -
Cro, | cr3+
c) with -
H,0, | 0, -
HCroi~ | cr3+
d) with -
clo, | c10i- -
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AcCTIVITY is the term used to describe how metals can displace other metal cations
from aqueous solution. The metal cations are gaining electrons from the solid metals.

e A metal high on the list is oxidised by losing electrons: ex Zn — Zn?* + 2e~

Most Active

Calcium Ca
Magnesium Mg

o A metal cation low on the list is reduced by gaining electrons: ex Cu®** + 2e~ — Cu Aluminium Al

o The examples above show that copper metal will be ‘displaced’ from solution: Zinc Zn
Blue copper (II) solution Cu) + Znsy — Cu(s) + Zng,\,) Brown copper precipitate Iron Fe

o Water is included because the metals above it will react and form hydrogen gas: Water H.0
o Calcium will react vigorously once the calcium oxide layer is dissolved Tin Sn
o lIron will react with water extremely slowly, and only if oxygen is also present. Lead Pb

e The further away reactants are on the list, the more vigorous their reaction. Copper Cu

The practical investigation into displacement reactions produced the experimental 2'2{? ﬁg

evidence needed to support much of the Activity list for metals shown opposite.

A solid metal on the list will displace any metal cation below it on the list Least Active

REDUCTION POTENTIAL is the term used to describe how non-metals can gain electrons in comparison to
any other reactant during a redox reaction. These reagents are being reduced. They are called Reductants.

A reductant is a reagent with a reaction equation showing a gaining of electrons.

A reductant will redox with any reagent lower on the list, but the other reagent must become an Oxidant.

An oxidant is when a reagent loses electrons. This achieved by reversing the reaction equation for a Reductant.
Reductants lower on the list will not react with other reductants higher on the list.

Here is a list of the more commonly encountered Reduction Potential reagents.

Highest Reduction Potential
Dichromate ~ Cr,0%~ + 14H'* + 6e~ 2 2Cr3* + 7H,0  Chromium (Ill)
Permanganate ~ MnOj}~ + 8H* + 5~ 2 Mn?* + 4H,0  Manganese (ll)

Nitric Acid HNO; + H* + e~ 2 NO, + H,0 Nitrogen Dioxide
_ H,0, + 2H!* + 2e~ 2 2H,0 Water
Hydrogen Peroxide
H,0, 2 0, + 2H* + 2e” Oxygen
ron (Il Fe3t + e~ 2 Fe?*t Iron (I1)
Water 2H,0 + 2e~ 2 H, + 20H'" Hydrogen

Lowest Reduction Potential

Q22 The Reduction Potential Series above will predict if the following combinations can produce a Redox reaction.
Complete these reaction equations using the “2-equation method. Not all combinations result in Redox.

a) | Permanganate with Iron (II)

b) | Dichromate with Iron (Ill)

Bubbling Hydrogen gas through
Hydrogen Peroxide

d) | Hydrogen Peroxide with Iron (Ill)
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Q23 Write these observed changes as balanced redox Half-Equations.

Redox description Mnemonic Half-Equation

Permanganate
a) | is reduced to MnO},‘|MnO2 MnOy~ - MnO;,
Manganese Dioxide

Sulphur dioxide
b) | is oxidised to S0, | H,S0, SO, - H,S0,
sulphuric acid

Dichromate
c) | is reduced to Cr,02 | cr3+* Cr,0%" - Cr3t
Chromium (I1l)
Ethanol

d) | is oxidised C,HsOH | CH;CHO C,HsOH —  CH3CHO
to ethanal

Carbon monoxide
e) | is oxidised to co|co, COo - CO,
carbon dioxide

Elemental iodine
f) | is oxidised to I, | HIO, I, -  HIO;
jodic acid

Aluminate anion
g) | is reduced to Al(OH)}~| Al Al(OH)3~ - Al
aluminium metal

Dichromate
h) | is reduced to Cr,02" | cro, Cr,02~ - Cro,
Chromium (V) oxide

Disproportionation happens when the same reagent both oxidises and reduces with itself simultaneously.
Certain reagents can both oxidise and reduce readily, depending on the other chemical with which they are having a
redox reaction. The following pairs of reactions show reagents that can react with themselves (disproportionate).

- é Hydrogen peroxide reduced to water H,0, - H,0
i) £ L% Hydrogen peroxide oxidised to oxygen H,0, - 0,
Redox full equation for H, O, disproportionation -
- é’ Thiosulphate reduced to sulphur S,0%~ - S
i) £ L% Thiosulphate oxidised to sulphur dioxide S,0%~ - SO,
Redox full equation for S, 03~ disproportionation —
- é Chlorine reduced to hydrochloric acid Cl, - HCI
K) - L% Chlorine oxidised to hypochlorous acid Cl, - HCIO
Redox full equation for Cl,, disproportionation —
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Electrochemical Reactions are chemical reactions that produce an electrical current.

¢ Electrochemistry examines how to physically arrange chemical reagents to produce an electrical current
that is external to the reagents. This external flow of electricity is known as an electro-motive-force ( emf).
¢ Electrolytic reactions are those chemical reactions that require an input of electricity to drive the reaction.

Q24 Balance these Electrochemical reactions using the following 7% cells, salt bridge and inert graphite electrodes.
Note: Electrical Current I is defined as going from (+) to (—). Electrons e~ themselves really move (—) to (+).

e Assume acidic conditions. That means add as many H - ions as you need to balance the %z-equations.

(aq)

e Complete the mnemonic cell reactions for overall red"|| oxid under each diagram.

¢ Identify and label each electrode, including electron flow arrows, on the diagrams.

(a) Ferrous sulphate FeSO, with concentrated nitric acid HNO;:
e The Fe?* will oxidise to Fe* rather than convert to Fe);
The SO;™ remains unreacted as a spectator ion.
e The concentrated HNO5 can now be reduced.

HNO, — NO, EJ, = 10.80V
0 _ -
Fe?™ -  Fe’' Ey, =077V Reduction Oxidation
0 ~ .
g Ecell = HNO3 NO2 Fe2t | Fe3t Zﬂqnuear{'ilgglc
(b) Acidified potassium permanganate KMnO, with hydrogen |:|
peroxide H,0,. Acidification ensures Mn?* as the product.
o What does acidifying the solution do for the Redox Y2-reactions? @\5,
e K1I | cations do not reduce to K in aqueous solutions f
(aq) ORLLY : ® — 9]
The K%:q) remains unreacted as a spectator ion.
MnO3}~ —  Mn?* E), = *1.51V
H,0 - 0 EJ), = ~0.68V
22 2 * - ||H0. 1 o,
0
- Ecell ~
(c) Acidified potassium dichromate K, Cr,0- with oxalic acid (COOH), @\5/
e lose K%;q) as spectator ions now! ® = o]
e The Cr,0%™ reduces while the (COOH), oxidises readily.
Cr,0%~ —  Cr3t E), = t1.33V
(COOH), —  CO, EJ, = 10.49V
| || ccoony, | co,
E, ~
- cell

(d) Insoluble copper (I) oxide Cu,O converts to aqueous copper (Il)
cations Cu%;q) in the presence of nitric acid.

Cu,0 —  Cu?t E), = ~0.15V

HNO, — NO, EJ, = 10.80V

(VN
- Ecell ~

5
@:
W

® &
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CHLORINE has a high electronegativity and can expand its octet to form a variety of oxidation states.
e Chlorine is from Group VII Period 3 of the Periodic Table with seven valence electrons.
e The high electronegativity of Chlorine allows all seven valence electrons to form a maximum of seven bonds.
e Seven bonds represent fourteen valence electrons for Chlorine.
e Maximum electrons in a valence shell n is 2n?2: Period 3 has max,- = 2 X (3)% = 18e™ maximum.
e Forming a stable valence shell with more than eight electrons is known as ‘Expanding the Octet'.

The structural diagrams below represent valence shell electrons for Chlorine. Inner shell electrons are not shown.

Hydrochloric
acid HCl forms a
linear polar covalent
molecule with
respect to the ClI
atom.
Relative electronegativity
H < Cl

Oxidation states
+1 1 &

i d ,;0

0

ionisation 4

H1+

X 1_
3Cls (aq)

** (aq)
ionised bonds

Hypochlorous
acid HCIO forms a
v-shaped polar
covalent molecule
with respect to the O
atom.
Relative electronegativity
H<(Cl«O

Oxidation states
+1+1-2

HCO

CI
=\ 08— H8+

aqueous

i ———
2 © ionisation

(aq)
ionised bonds

\
() ( X
%:ovﬂ\

ionised bonds

Chlorous acid
HCIO. forms a
v-shaped polar
covalent molecule
with respect to both
the Cl and O atoms.
Relative electronegativity
H<Cl«KO

Oxidation states
+1+3 -2

HCO,

=
[eZ]
+

ionisation

1)
5Cl I

(aq)
(aq)

Chloric acid
HCIO3 forms a
trigonal pyramid
polar covalent
molecule with
respect to Cl atom.
Relative electronegativity
H<Cl«O

Oxidation states
+1+5 -2

HClO,

XX

o/// "\ 0= K"

+5

4= aqueous
onisation

H(aq)

T
o/#e“ 0l-
(aq)

ionised bonds

Perchloric acid
HCIO4 forms a
tetrahedral polar
covalent molecule
with respect to the
Cl atom.

Relative electronegativity
H<Cl«KO

Oxidation states
0 +1+7 -2

944 HaO,

0/"# \o H>*

aqueous
jonisation

0
oeH
: +7

o/‘ﬁww
(aq)

|onised bonds

1+
(aq)

Oxidation states for Oxygen (~2) and for Hydrogen (1) remain constant, as per the ‘three’ oxidation rules.

Q25 Assign oxidation states to the various halogens (F,, Cl,, Br,) and chromium (Cr) atoms in the following
reactions to determine which reactions are redox and which are acid/base (not redox):

aqueous

C12 + H2 - ZHCl(g) then HCl(g) _— Cl(aq)

CL,0 + H,0 — 2HCIO

chlorine gas hydrogen chloride hydrochloric acid dichlorine monoxide hypochlorous acid
a) 2Cl0, + H,0 — HCIO, + HCIO; Cl,0, + H,0 = 2HCIO,
chlorine dioxide chlorous acid  chloric acid dichlorine heptoxide perchloric acid
F,0 + H,0 — 2HFO 2BrO, + 2H,0 - HBrO + HBrO; + H,
oxygen difluoride hypofluorous acid bromine dioxide  hypobromous acid  bromic acid
2Na,Cr0O,4 + 2HCI - Na,Cr,0, + H,0 + 2Na(Cl K,Cr,0; + 2KOH — 2K,Cr0,
yellow pH <7 orange orange pH>7 yellow
b) K,Cr,0, + 7H,S0O, + 6FeS0O, — Cr,(S0,); + 7H,0 + 3Fe,(S0,); + K,S0O,

orange

pale green

dark green

rust red

3MHCO3 + 2H3PO4 - Mn3(P04)2 + 3C02 + 3H20

purple

pH<7

effervescence
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The following question is taken from a second semester SACE Stage 1 Chemistry exam.

Q26 Copper (Cu), palladium (Pd) and vanadium (V) are metals used in making alloys.

Three displacement tests were carried out on these three metals M) and their

corresponding salts M?;q) in solution. The results are summarised below:

(1 V(S) + Cu%;q) - V2+ + CU(S)

(aq)
2+ 2+
e Vi t+ Py > Vag t+ Pdg
2+ -
© Pdsy + Cupy —  noreation
(@) (i) Complete the displacement reaction equation the following combination:
2+
(4] Cuey + Pd(aq) - [1 mark]
(i) Arrange the three metals in order of increasing reactivity: [2 marks]
Least < < Most
Active Active

(i) Provide a brief explanation for your answer in part (a) (ii) above. [3 marks]

(b) Two half cells for V|V2* and Pd|Pd?* are connected Multi meter set
. . . . . . +21V to 5V DCV

with a salt bridge soaked in potassium nitrate solution and a 5y

multimeter set to record DC voltages as shown opposite. @DC

(i) Indicate the direction of the external electron flow
with an arrow on the diagram opposite. [1 mark]

(i) Complete the table below by referring to the

(+) and (—) electrodes shown in the diagram.

[4 marks] VINOs)2 g Pd(NOs)z ag
solution solution
Electrode Va-cell Redox Process Name Electrode Name
Sian M|M™* at Electrode Half Equations (Reduction or (Cathode or
g electrode oxidation) Anode?)
=
1
©
=
S (=)
Write full redox Which displacement reaction, @, @,
(iii) equation for these © or 9, is represented by connecting
Ys-reactions these two half-cells? [2 marks]
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(c) (i) The V|V2* half-cell has a solution containing V(aq) and NOL~ y ions. Which one of

3(aq
these ions becomes in excess in the solution as the redox reaction proceeds? [1 mark]

(i) The Pd|Pd?* half-cell has a solution containing Pd(aq) and NO3(aq
these ions becomes in excess in the solution as the redox reaction proceeds? [1 mark]

) ions. Which one of

(iii) The salt bridge contains mobile K(aq) and NO%~ ) ions. State which half-cell each of

3(aq
these mobile ions move to as the redox reaction proceeds. [2 marks]

K(aq) moves to and NOé(_aq) moves to

(d) The vanadium redox battery (VRB) uses vanadium salt solutions separated by a
permeable plastic membrane (|| ) to allow aqueous ions to move between each half cell.

(i) State the four oxidation states of vanadium

fota) fta) fota) fota)

in the VRB: [3 marks] VO%"' VO2* ||V 2+ |V 3t
(i) The VRB converts chemical energy to electrical energy and can also use electrical

energy to produce a chemical reaction. Refer to the two diagrams below and identify

which process is occurring in each. [2 marks]

(iii) Indicate the direction
of external electron flow

+1.4V 5x100V

i 2
on each diagram. @gg Volt ; 3 @
[2 marks] meter

® Q)

VO3 ag) | V020 || Vao | Vaa 0%a | V02 (ag) || Véo | Ve
(iv) Use the half equation method to write the full redox reaction equation for the
electrolytic VRB shown above. [3 marks]
% equation -
% equation —
full equation -
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Science as Human Endeavour (SHE) related Electrochemistry in SA

The 2,500 km Murray River flows from the Victorian alps to the South Australian Lower Lakes.

e Water run-off from arid land into the river causes many minerals, salts, soil, clay and organic
materials to be transported downstream and deposited as sediments in the Lower lakes.
o Sediments containing iron (lll) oxide Fe203 have accumulated over thousands of years?.
o Water logged bacteria naturally convert the Fe20s into iron (ll) persulphide, pyrites, FeSz.

e Weirs along the Murray river reduce fresh water inflow to the lakes during drought (see @).
The fresh water is retained along the river for agricultural irrigation and town water supplies?®3.

e Barrages at the seawater entrance artificially stop seawater inflow to the lakes (see @).
o FeS:2 in sediments exposed to the air react with oxygen to form sulphuric acid H2SOa.
o The H2S04 can be neutralised with aerial spraying of limestone powder CaCOs.

Alternatively, H2SO4 production can be prevented by covering the lake sediments with seawater
by opening the sea barrages. The extra salt is less harmful to the environment during drought.

Murray river levels artificially
controlled by ten sets of weirs

}Neif t°t"mit Natural Conditions for tidal lakes Artificial Conditions for agriculture
resn water
Barrages stop  Winter rain: Fresh ~ Weirs limit

leaving the river Wi T
inter rain: High fresh wat
< Fresh-water fide outflow] . seawater water maintains local resh water
tesh-water fide outt fresh water inflow inflow inflow

Iake agnculture

oF. ..
Barrages artificially  Lake Alexandrina
stop tidal seawater -~  Transect
.gntering the-lakes-- - ;

Lo Sediments remain covered under Sulphuric acid released by sediments
~ Late water for anaerobic conditions during | exposed to air during droughts.
all seasons and tidal variations.
M;:\rlz); Albert . Barrages stop oummer drought: Weirs
Entrance Summer drought: Low seawater FeSyin sediments  withhold

"Sea water tide nflow.

foopen | leawsrlideinfiow fresh water inflow inflow  react with oxygen freshwaterl
seawater  Encounter in air to form H2S04 /’Murray
Bay  |iwater) S—mM——=—r = RV | wate Dg— — River
iR ssNR N
Complete the following redox half-equations and their resulting fully balanced reaction equations.
Step 1: Water-logged anaerobic conditions favour bacterial growth feeding from Fe2O3 sedimentary minerals.
Precipitated sediments: Fe,05 + + - Fe?* + Three prchesdske):s
. , . ” _ are combined by
Slaltls in s§d|ments. S0;~ + + - S5 + bacteria for
Fe,0; + SO~ + 0, + + - Fe?* + S5~ + H,0 Reduction
The two ¢ half-equations # for overall Redox -
Methanone from bacteria: CH,0 + - HCO3™ + + Oxidation e
o
— — _ >
CH,0+ Fe,0; + SOi”+ O3+ ——— HCOY~ + Fe?*+ S3~+ H,0
processes
The products accumulate in the soil as insoluble iron (Il) persulphide, pyrites, Fe?* + S3~ — FeS,. (See Q4 h)
Step 2: Drought conditions lower water levels and expose FeS; sediments to aerobic atmospheric conditions.
Exposure to air: 0, + + - H,O0 Reduction
In sediments: FeS, + - Fe(OH); + SO; + + Oxidation
FeS, + O, + m) Fe(OH)3 + SO;™ + Redox
oxygenation

The products then associate to form sulphuric acid 2H'* + SO%~ — H,S0, and damage the environment.

12 South Australian DEWNR Report: Lower Lakes Acid Sulphate Soils Conceptual Models 2012-2013
13 http://www.lakesneedwater.org/barrages/locks-and-weirs-of-the-river-murray
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