Oxidizing
agent

+ post
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Cuk
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Zn(s)~znT(ag)+2e”  Cu”'(aq) +2e > Culs)
Anode oxidation Cathode  reduction



Chemistry: Form WS10.1.1A Name

REDOX AND ELECTROCHEMISTRY Date Period

F fiéﬂ.ﬁ?th 'Q'xldatwr} 313&{-, ¢

Study the rules for assigning oxidation numbers and examine the sample problem below. Then determine the unknown
oxidation state in each example.

RULES FOR ASSIGNING OXIDATION NUMBERS 1. Chlorine in KCIO, 1.

1. Oxidation numbers for atoms that are free elements are always zero
2. The oxidation numbers of ions are the same as the charge on the ion
3. Some elements have only one oxidation state . .
a. group 1 metals always form 1+ions and always have a +1 oxidation 2. Nitrogen in Ba(NO;), 2.
state
b. group 2 metals always form 2+ ions and always have a +2 oxidation
state
4. Some elements usttally have a particular oxidation state 3. Phosphorus in Ca,(PO,), 3.
a. oxygen has a -2 oxidation state except in peroxides where it is ~1
and in compounds with fluorine {OF ;) where it is +2
b. hydrogen has a +1 oxidation state except in hydrides with group 1
and group 2 metals 4. Manganese in LiMnO, 4.
5. the sum of the oxidation numbers
a. in acompound it is always zero
b. in a polyalomic fon it is equal to the charge on the fon

5. Sulfur in Na,S0, 5.

Sample Problem
Find the oxidation state of the elements in K,Cr,Q.. 6. Chromium in CaCrO, 6.

Element K Cr 6]

Subscript 2 2 7 TOTAL 7. Sulfur in MgS,0, 7.

Oxidation state +1 ? -2

Sum of oxidation +2 27 -14 0 8. Nitrogen in Zn(NO,), 2
states
[a] potassium is a group one metal; its oxidation state is

always -+1
[b] oxvgen usually has an oxidation state of -2 9.  Chlorine in HCIO, 9.
[c] the sum of oxidation states of each element is the product

of the subscript and the oxidation state
{d] find the sum of the oxidation states of chromium (??) by .

setting the sum of all the oxidation states to zero 10, Carbon in CaC,0, 10.

)+ 77+ (-14) = 0
7? =+12

find the oxidation state of chromium (?) by dividing the )

. sum (+12) by the subscript (2) 11, Sulfurin KHSO, 1.
+12 + 2 = 46

© Evan P. Silberstein, 2003



ASSIGNING OXIDATION NUMBERS Narmne

Assign oxidation numbers to all of the elements in each of the compounds or ions below.

1. HCI 11. H,SO,
2. KNO, 12. H,50,
3. OH 13, BaO,
4. MgN, 14. KMnO,
5. KCIO, 15. LH

6. AINOY, 16, MnO,
7. S, 17. OF,
8. H,0, 18. SO,
9. PbO, 19. NH,
10. NaHSO, 20. Na
Chemistry IF8766 a @lnstructionat Fair, Inc.



Chemigéry: Form Lsl0.1A

REDOX AND ELECTROCHEMISTRY

Name

Date Period

___—___—“____—_____—-

Ceotmpetitiors for Blectroris

Aiw
*  write equations for oxidation and reduction haif reactions

Netes
Atoms compete for each other's electrons
% When chemical bonds form, electrons are either lost, gained

or shared
*  Oxidation-Reduction reactions (Redox
reactions) Oxidation
e Metals
# lose electrons Is

{OXIDATION)NOTE: as
when metals combine with

oxygen]
% are oxidized

LOSS

#  are reducing agenis Reduction
vr Nonmetals
7 gain electrons reducing their IS
oxidation states
(REDUCTION) Gain

% are reduced

% are oxidizing agents
% Example I - 2Mg(s) + 0.(g) = 2MpgO(s)

Mg 0O,

*  loses electrons *  gains electrons

* gets oxidized to Mg** | * gets reduced to O*
% is the reducing agent * is the oxidizing agent

Oxidation number (Oxidation state) - number assigned to keep
track of electrons based on the arbitrary assumption that shared
electrons belong to the more electronegative element
*  Rules for assigning oxidation numbers
vc  Oxidation numbers for atoms that are free elements are
always zero
¥ The oxidation numbers of ions are the same as the charge on
theion
vr Some elements have only one oxidation state
% group 1 metals always form 1+ ions and always have a
+1 oxidafion state
*  group 2 metals always form 2+ ions and always have a
+2 oxidation state
vc  Some elements usually have a particular oxidation state
7 oXygen has a-2 oxidation state except in peroxides
where itis -1 and in compounds with flucrine (OF,) where
it is +2
*  hydrogen has a +1 oxidation state except in hydrides with
group 1 and group 2 metals
¥t the sum of the oxidation numbers
% in a compound it s always zero
¥ in a polyatomic ion it is equal to the charge on the ion
% Finding oxidation numbers
Y apply the rules
2t construct a kable if necessary

for O, for Mg
vr  Half reactions -— reaction showing either a gain or loss
of electrons
* Mg - Mg + de

* O+ de — 20%
¥r Net equation (REDOX REACTION)— combination of
the half reactions such that the number of electrons lost
cquals the number of electrons gained
2Mg(s) + Ox(g) = 2MgO(s)
% Example 2 - More active metals replace less active metals in
compounds by transferring electrons to them
Y¢r Sample Reaction:
Zn(s) + Cu(NO4),(aq) = Zn(NO,),(aq) + Cu(s)
¥ Half reactions — reaction showing either & gain or loss

of electrons
v Zn® = n** 4+ 2¢
* Cu* o+ 2 — Cu®

¥¢  Net equation — combination of the half reactions such
that the number of electrons lost equals the number of
electrons gained
Cu* + Zn®— Zn* + Cu®
¥r  Spectator ions — ions that are present during a reaction
but do not participate in the reaction;
2NOy

Sample Problem
Find the oxidation state of the elements in K:Cr:0.

Element K Cr 0 T
Subscript 2 2 7 OT
Oxidation state + ? -2 Af_
Sum of oxidation +2 7? -14 0
states

[a] potassium is a group one metal; its oxidation state is always +1
[b] oxygen usually has an oxidation state of -2
[c] the sum of oxidation states of each element is the product of
the subscript and the oxidation state
[d] find the ~sum of the oxidation states of chromium (??) by
setting the sum of all the oxidation states to zero
(#2} + 77 + (-14) = 0
s =+12
[f] find the oxidation state of chromium (?) by dividing the sum
{+12) by the subscript (2)
+12 + 2 = +§




Chemistry: Form Ls10.1A

REDOX AND ELECTROCHEMISTRY

%

Answer the questions below by circling the number of the correct response

1,

10.

.

12,

13.

14,

In this reaction, the oxidation number (oxidation state} of C
changes from: 2C0s— 2CO + Op

(1) Oto+d  (2) +2to+4 (3) +3100 (4) +410+2

. In the reaction:

2KMnOy4 +3H2504 +5HpS — 58 +2MnSO4 +KpS0y +8Hs0
the oxidation number of sulfur changes from
(1) +5t0-5 (2)-5t0+5 (3)0to-2 (4) 2100

What is the oxidation number of Cr in NapCr0O4?
(+1 (@ +2 @) +3 (@4 +6

What is the oxidation state of the chromium in KoCryQ7?
(1) +5 (2) +6 (3) +3 (4) +12

In the reaction Pb + 24g* — Pb*2+ 2Ag, the reducing agent is
(1) Ag (2) Ag* (3) Pb {4) Pb*2

Which is not an oxidation-reduction reaction?

(1} 4Na+ Op — 2Na0

(2) Fe+2HC| — FeClp + Ho

(3) CaCla(aq) + 2AgNO3(aq) — 2AgCi(s) + Ca{NOg)2(aq)
(4) 2Ha0 — 2Hy + 09

Given: 2A1+32Zn*2 — 2A1*3 + 37n. In this reaction, the
oxidizing agentfs (1) Al (2) AI+3 (3) Zn {4) Zn*‘2

Given: 2Al+3Zn" — 2A1° + 3Zn In this reaction, electrons are
transferred from (1) Alto A3 (2) Zn*2t0 Zn (3) Al to Zn*2
(4) Zn*2 1o Al

What is the oxidation number of nitrogen in NpO3? (1} +1
2 (3)+3 ({4) +6

In the reaction 3CO + FepO3 — 3CQ9 + 2Fe, the oxidation
number of the iron changes from (1) +2t0 0 (2) +2to +3
(3)+3to+2 (4)+3t0 0

(2

What is the oxidation number of Br in BrO3-2?
(1) +1 (2 +6 (3) +5 (4) +4

Which is the reducing agent in the following reaction?
Cla(aq) + 2KBr(ag) — 2KCl{aq) + Brofaq)
{11 Clp (2) HoO (3) K* {4} Br

What is the oxidation number of carbon in Co042 7
(1) +t {2} +2 (3) +3 (4) +4

Which is an oxidation-reduction reaction?
(1) CaCO3 — Cal+C0y

(2) KOH+HBr — KBr+Hp0

(3) AgNOg3 + NaCl — AgCl+ NaNQ3
4) Mg+ Clp — MgClo

15.

16.

17.

18,

19.

20,

21,

22,

23.

Competition for Electrons

Page 2

MnSOy4 is a product in a reaction that contained KMnQ4 as a
reactant. The oxidation number of the manganese changed from
{(1)-2t0+5 (2} +7to +2 (3) +5t0 -2 (4)-7 to+2

Given the balanced equation:
2HNOg + 3H9S — 4Ho0 + 2NO + 38
Whichisreduced? (1) S (2} 82 (3) N#2  (4) N+5
During the reaction Ca+Hy — CaHy, the oxidation number of
the hydrogen changes from

4 -1t 0

(1) Cto+1  (2) +1t00 (3) Oto-1

In the reaction Sn*4 + Ha(g) — Sn*2 + 2H, the reducing agent
1S
(1) sn*4 (2) Hy (3) Sn*2 (4) H*

Given: 3Ag +4HNO3 — NGO + 3AgNO3 + 2H0. The reducing
agentin this reaction is
(1) Ag (2) Ag*!

The reaction NaCl(s) — Na*(aq) + Cl(aq) is an example of
(1) an oxidation reaction, only

(2} a reduction reaction, only

{3) both an oxidation and a reduction reaction

{4) nelther an oxidation nor a reduction reaction

(3) H¥1  (4) N¥2

The oxidation number of manganese In KMnO4 is
(M @+ @+ (4 +4

In the reaction Sn*2 + 2Fe*3 — Sn+4 + 2Fe*2 the reducing
agentis
(1) Fe*2  (2) Fe*3 (3) 8n*2 (4 Sn
An oxidizing agent will always
(1) lose electrons

{2} increase in oxidation number

(3} be reduced
(4) increase in mass

© Evan P. Silberstein, 2003
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NAME: DATE: SECTION ACTIVITY

Hey Baby, Can I Get Your Number!

Background:

Because electrons are not shown in chemical equations, we must do some work to determine
whether a reaction involves oxidation and reduction. The concept of oxidation numbers was
devised as a simple way of keeping track of electrons in reactions. The oxidation number is a
hypothetical charge assigned to the atom using a set of rules.

Rules:

1) For an atom in its elemental form, the oxidation number is always zero.

2) For any monoatomic ion, the oxidation number equals the charge on the ion.

3) The oxidation number of oxygen is usually —2. An exception is a peroxide O, 2, where its
oxidation number is —1.

4) The oxidation number of hydrogen is +1 when bonded to nonmetals and —1 when bonded to
metals.

5) The oxidation number of {luorine is always —1.
6) The algebraic sum of the oxidation numbers in the formula of a compound is zero.

7) The algebraic sum of the oxidation numbers in the formula for a polyatomic ion is equal to
the charge on that ion.

8) All alkali metals (group 1) have an oxidation number of +1.
9) All alkaline earth metals (group 2) have an oxidation number of +2.
10) In any ionic compound (a metal and a nonmetal) the non metal has the negative charge.

11) The periodic table only shows the most common oxidation states for the elements, but an
atom can have others not listed.



Problems: Determine the oxidation number of each element present.

1) NaBr
2) KCIO

3) MgO
4y CsH

5) NyOs

6) Sg

7) LixCr,07
8) CoCly*-
9 C042-
10) AgNO;
11) Na

12) Zn**



13) H,S04

Use the following balanced equation to answer questions 14 through 16. The coefficients in
front of a species have no effect on the oxidation number.

Mg (s) + 2 HCl(aq) = MgCL (aq) + Hz (g)

b

14) In the boxes below the reaction place each species’ oxidation number.
15) Which atom was oxidized (had its oxidation number increase)?

16) Which species was reduced (had its oxidation number decrease)?

17) Which species if any was a spectator (no change in oxidation number)?
Reflection:

Describe your method to assign oxidation numbers to an atom. Describe how this is used to
show an oxidation and reduction reaction.



NAME: DATE: SECTION LAB

Background:

A redox reaction will have at least one type of atom releasing electrons and another type of atom
accepting electrons. How can you most easily tell if a reaction is redox? Label every atom on
both the reactant and product side of the equation with its oxidation number. If there is a change
in oxidation number from one side of the equation to the other of the same species of atom, it is a
redox reaction. Each complete equation must have at least one atom species losing electrons and
at least one atom species gaining electrons. The loss and gain of electrons will be reflected in the
changes of oxidation number.

~ Reduced Species.

. Oxiﬂizing agent - the reactant that gains electrons. _
« The oxidizing agent contains the element that is reduced (gains electrons).
+ Ifasubstance gains electrons easily, it is said to be a strong oxidizing agent.

Procedure:

In the reactions below determine the species that is:

1) Mg + HCI — MgCl, + H,

e Oxidized Species
e Reduced Species
e Oxidizing Agent
e Reducing Agent



2) Fe + V203 —> F6203 + VO

¢ Ogxidized Species
¢ Reduced Species
e Oxidizing Agent
e Reducing Agent

3 Na+Ag > Na'+Ag

* Ozxidized Species
¢ Reduced Species
o Oxidizing Agent
¢ Reducing Agent

4y KC10; - KCI1+ 0O,

e Oxidized Species
o Reduced Species
¢ Oxidizing Agent
e Reducing Agent

5y Ca+Zn*" > Ca** +Zn

o Oxidized Species
¢ Reduced Species
e  Oxidizing Agent
¢ Reducing Agent



6) F6203-+ CO 9 Fe + COz

e Oxidized Species
¢ Reduced Species
e Oxidizing Agent
e Reducing Agent

7) HC1 + KOH - H,0 + KCI

¢ Oxidized Species
o Reduced Species
e Oxidizing Agent
¢ Reducing Agent

Base your answer to questions 8 through 11 on the following redox reaction.

__Li+  A1™>  Lit+ Al

8) Determine which species is oxidized and reduced.

Oxidized Species: Reduced Species:

9) Describe the location of the two species in the above equation can never be the oxidized and
or reduced species.

10) Based on the charges of each species determine the total number of electrons transferred
between the oxidized and reduced species.

Number of Electrons:
11) Based on the law of conservation of charge balance the above equation. How does the
balanced equation relate to the number of electrons transferred?

Reflection; Describe how you can identify the oxidized and reduced species in a redox reaction.

I



Name

REDOX REACTIONS

For the equations below, identify the substance oxidized, the substance reduced, the
* oxidizing agent, the reducing agent, and.write the oxidation and reduction half reactions.

oxldized reduced

Example: Mg + Br, — MgBr,
reducing  oxidizing .
agent agent

oxidation half reaction: Mg° — Mg+ + 2e-
reduction half reaction: 2¢- + Br, — 2Br

1. 2H, + O, — 2HO

— Fe* + Zn

2, Fe + ZIn*

— 2A8

+ 3Fe

3. 2AI + 3Fe*

4. Cu + 2AgNO, — Cu(NO,

+ 2Ag

Chemistry 1F8766
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Chewmigsry: Form WS10.1.2A Name

REDOX AND ELECTROCHEMISTRY Date Pericd

Avsalyzirig Chxidatiori-Regductiort Regacthiorss

e nice thing
about being an
atom Is, ho
matter how many
- elections you
.gain, you keep o
e SEAUEING...

When chemical bonds form, electrons are either lost, gained or shared. Metals
lose electrons. This is what happens when iron rusts. When the iron, a metal,
combines with oxygen, a non metal, to form rust, it loses electrons. This
process is called oxidation even when the nonmetal is not oxygen. Nonmetals
gain electrons causing their oxidation states to go down. This is called
reduction. It is possible to tell what was oxidized and what was reduced in a
chemical reaction by checking the oxidation states of the elements before and
after the reaction. The element that has an increase in oxidation state was
oxidized while the one that has a decrease in oxidation state was reduced.

Example

2FeCl, + Cl, = 2FeCl,

Fe** = Fe'*  Iron was oxidized
CI®= CI"'!  Chlorine was reduced

‘For each of the examples below, determine the oxidation states of the elements on both sides of the equation.
‘Then determine which element was oxidized and which was reduced. Write your answer in the space
. provided.

| Reaction Element:

Oxidized Reduced

Example: Cu + 2AgNO, = Cu(NO;), + 2Ag

W45 2 42 45 -2 Cu Ag
Cu+ 2AgNO, = Cu(NOD,), + 2Ag

1. 2Mg + 0, = 2MgO

2. Zn+2HCl = ZnCl, + H,

3. Fe,0, +3CO — 2Fe + 3CO,

4. 2K,Cr,0, + 2H,0 + 38 = 4KOH + 2Cr,0; + 380,

{(pz>> Go on to the next page.)

VI



Chemistry: Form WS10.1.2A Analyzing Oxidation-Reduction Reactions

REDOX AND ELECTROCHEMISTRY Page 2

Reaction Element:

Oxidized Reduced

5. 2H,0 + 0, = 2H,0,

6. 2KCIO, = 2KCl1 + 30,

7. 4NaOH + Ca(OH), + C + 4C1O, = 4NaClO, + CaCO, + 3H,0

8. 3P + 5HNO, + 2H,0 — 5NO + 3H,PO,

9. 3Cu+ 8HNO, = 2NO + 3Cu(NOy), + 4H,0

10. 2PbSO, + 2,0 = PbO, + Pb + 2H,SO0,

11. 4HCl+ MnO, = MnCl, + 2H,0 + Cl,

12. 4NH, + 50, = 4NO + 6H,0

13. 16HCI + 2KMnO, = 8H,0 +2KCl + 2MnCl, + 5C,

14, Cu + 2H,S0, = CuSO, +S0, + H,0

15. 8HNO, + 6KI = 6KNO, + 31, + 2NO + 4H,0

16. I, + SHCIO + H,0 — 2HIO, + SHCI

17. K,Cr,0, +3SnCl, + 14HCI = 2CrCl, +3SnCl, +2KC! + 7H,0

18. SaCl, +2HgCl, = SnCl, + Hg,Cl,

© Evan P. Silberstein, 2003
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Chemiatry: Form WS10.1.3A Name

REDCX AND ELECTROCHEMISTRY Date Period

Writitig Half Rezactieris

During a redox reaction electrons are both lost and gained. The metal loses and the non " Which )
metal gains. An equation showing either the gain or the loss of electrons but not both is " half
called a half reaction. Consider the reaction below: S,
reaction
2Mg(s) + Oy(g) = 2MgO(s) are you,

: : : _ - oxidation
Magnesium loses electrons while oxygen gains. The reaction can be split into two half or
reactions showing each. The oxidation half reaction shows the loss of electrons. Electrons reduction?

are shown on the product side of the equation. The reduction half reaction shows the
electron gain. Electrons are shown on the reactant side of the equation.

Oxidation Half: 2[Mg® = Mg* + 2¢7]
Reduction Half: 2[0° + 27 = 0Y

The net cquatiqn, the redox reaction, is a combination of the half reactions such that the
number of electrons lost equals the number of electrons gained. The electrons are not shown
in the net equation because the electrons that were lost are the same ones that were gained.

Net Reaction: 2Mg(s) + Ox(g) — 2MgO(s)

To write the half reactions, it is first necessary to determine the oxidation states of the Jl§
elements on both sides of the equation so you know what was oxidized and what was
reduced. Then write the oxidation and reduction halves as shown above, making sure the
equation is balanced so the number of electrons lost equals the number gained.

Write the half reactions for each of the redox reactions below:

1. Zn+ HNO,; = Zn(NO,), + NO,+ H,0
2, CdS + I, + HCl = CdCl, + HI + S
3. NaClO + H,S — NaCl + H,S0,

1= Go on to the next page.

L



Chemistry: Form WS10.1.3A Writing Half Reactions

REDOX AND ELECTROCHEMISTRY _ _ Page 2

4. Sn + HNO, + H,0 = H,Sn0, + NO

5. KMnO,+ HCl = KCl+ MnCl, + H,0+ Cl,

6. Fe(OH),+ H,0, = Fe(OH),

7. Na+ H,0 = NaOH+ H,

8. Zn+ HNO, = Zn(NO,),+ NO,+ H,0

9. H,0, = HO+ O,

10. K,Cr,0,+ H,0+ S—= SO, + KOH+ Cr,0;

© Evan P. Silberstein, 2003



Name Class Date

Activity 8-3 |
Balancing Redox Equations by
Oxidation Numbers |

Redox equations of the types studied in Activity 8-2 can casily be balanced by inspection. |

Equations for more complicated redox reactions are often not easy to balance by inspection.
However, the total increase of oxidation numbers equals the total decrease of oxidation numbers
in a correctly balanced equation. This fact is the basis for a method of balancing redox
equations. ¢ '

Sample Problem 1 Balance the following equation for a redox reaction between nitric acid and.

iodine:
HN03 + Iz - H103 + NOz + Hzo

Solution There are five steps, a-¢ below, in the solution.
a. Assign oxidation numbers to each atom in the equation, and determine which atoms are

changing oxidation numbers.
1+ 5+ 2- 0 1+ 5+ 2— 4+ 2- 1+ 2-
\ L | N N\ _/ h /
HN03 -+ Iz — HIO; + Noz + 20 -
We see that the atoms changing oxidation numbers are nitrogen (N) and iodine (1).

b. Indicate the changes of oxidation number below the equation.

HITOs + ]|:z — B HI|03 + ]TO; + HZO

5+ 0 | 5+ 4+
l decrease of 1 ‘

increase of 5

c. Muitiply the increase and decrease by the subscripts of the atoms undergoing changes in
oxidation number. Only those subscripts—and, therefore, multipliers—that are greater than 1
need be written.

L

HI\‘IO;. + L, - HTOS + I\lIO; + H.0
. i
5+ 0 54 4+
decrease of 1

(increase of 5)x2=10

d. Pick coefficients that make the total increase and total decrease of oxidation number the
same. If 10 atoms of N decrease by 1, the total decrease will be 10, the same as the total increase
already determined for L. Therefore, we use 10 as the coefficient for both HNOs and NO,. And
we use 2 for HIO; since there are 2 atoms of I in I, that must be balanced.

10HNO; + I, — 2HIO; + 10NO; + H, O

I3

1



e. By inspection, adjust the coefficients for the rest of the substances, leaving oxygen for the
last. Here, we see that since we have 10 hydrogen atoms on the left side, we need 5H,O to make
10 hydrogen atoms on the right side. Finally, check the result by finding the total number of
oxygen atoms on each side of the equation. If the total on the left equals the total on the right,
the equation is correctly balanced. Thus, the count of oxygen atoms serves as a check on the

balancing of the equation.

10HNO; + I — 2HIO; + - I0NO, + 4H,0
oxygen 10x3=30 2x3=6 + 10x2=20 + 4
atoms e ———————T e
_ total=30

Use steps a-e as in Sample Problem 1 to balance the following equations. In the final balanced
equation, draw a circle around the formula of the oxidizing agent. '
H,0 — ___MnCL + __ H,CrO,

1. CrCl, + ___MnO; +

2. _H,S+ __ _HNO;—__NO,+___ S+ __HO

3. HNO; 4 _ _S—__NO+ _H,SO,

H.0 — MnO; + Na,Sn0; + ___KOH

4, ___KMU04 -+ ___NazsnOz +

5. ____Pb02 -t __,_HzMnOJ + ___HN03 - _____Pb(NO:i)?. + ____HMII04 + __Hzo
6. ___,__HNO:; + __P — ___H3P04 + ___NOz + __Hgo

Sample Problem 2 Balance the following equation for a redox reaction between copper and
nitric acid: . .

~

Cu + HNO; — Cu(NO,); + NO + H;0

Solution Carry out steps a-d as in Sample Problem 1. As the result of step d, we héve the fol-
lowing:
3Cu + 2HNO; — 3Cu(NQO;). + 2NO + H;O (not balanced yet}

")

RO e T SR N AT R

NS



Name Class____ . Date

Note that nitrogen (N) appears in fwo formulas on the right side of the equation. In one of these,
Cu(NO;)., the oxidation number of nitrogen remains unchanged. Therefore, we must increase by
6 the coefficient of HNO; on the left side of the equation in order to provide for the 6 atoms of
nitrogen in 3Cu(NOs), on the right.

3Cu + SHNO; — 3Cu(NOs), + 2NO + H.O

Now we carry out step e as in Sample Problem 1. Check the result by finding the total number
of oxygen atoms on each side of the equation.

3Cu + 8HNO; — 3Cu(NO;), +2NO + 4H,0
oxygen 8x3=24 3x3x2=18 +2 + 4

atoms
total = 24

Balance the following equations. Draw a circle around the oxidizing agent in each balanced
equation.

7- ____Fec13 + —— 1S - FeCh + _____S + ____HC].
3. PbS + HNO,; — ___ Pb(NO;), + NO + S+ H.0
9. Cu + _ H,SO. — CuSO, + ___ SO, + __H.0

10. ___Cu+ __ HNO; — Cu(NO;), + —_NO; + — HO
11. Zn + H,SO; — _ZnS0O, + S0, + __ _H0
12. Cu + —__HNO; ~ Cu(NO;), + —_NO + —_ HO

13, _-__HMHOA + _,___._HCI - MnC].z + Clz + Hzo

14, BiS, +__ HNO;~ __Bi(NO) + __ NO+ S+ ___HO0

¢



BALANCING REDOX EQUATIONS

Name

Balance the equations below using the half-reaction method.

1. Sn° + Agt — Sn®  + Ag°®

2. Cr° + Pb* — Cr+ + Pb°

3. Koo, — KCl + O,

5. PpS + HO, — PbsO, + HO

6. HS + HNO, — S + NO + HO

7. MnO, + HCO, + HS0, — MnSO,

+ CO, + HO

8. HS + HSO, —= S + H,O

9. KO, + HSO, — K+ HSO,

0. KCro, + HCl — Ko+ CCl +

Cl + HO

2 2

Chemistry IF8766
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Chzmistry: Form Ls10.2A Name

REDCX AND ELECTROCHEMISTRY Date Period

Acbivity Series

it
« compare the activity of metals to hydrogen

Notss

% Maore active metals can replace less active metals
* Metals that are more active than hydrogen can replace hydrogen
* Hydrogen is used as a standard for comparing the activity of metals
Lithium (MOST ACTIVE)
Rubidium
Potassium
Cesium
Barium
Strontium
Calcium
Sodium
Magnesium
Aluminum
Titanium
Manganese
Zinc
Chromium
Iron
Nickel
Tin
Lead
HYDROGEN
Copper
Mercury
Silver
Platinum
Gold (LEAST ACTIVE)
Acids release hydrogen when they react with active metals
Active metals corrode easily
%r Definition: CORROSION — loss of metallic properties due to action of air, water, and chemicals
Yr Examples
* Rust: 4Fe + 30, =~ 2Fe,0,
% Action of Acids: 2Fe + 6HCI = 2FeCl, + 3H,
* Spontaneous reactions - replacement of a less active metal by a more active metal occurs spontaneously

rrrerrererrresreRteerrree
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Chamistry: Form Lsl10.2A

REDOX AND ELECTROCHEMISTRY
e —— ——————— — ——— ———————————————

Answer the questions below by circling the number of the correct response

1.

~

Which element is used as a standard for comparing the activity of
metals? {1) gold (2)iron (3) francium (4} hydrogen

In which of the following pairs of metals is the more active metal
listed first? (1}iron/sodium (2} copperftin (3} lithium/platinum
{4) zinc/magnesium

Based on the activity series, which of the following reactions is
likely to occur? (1) 2Fe + BHCl — 2FeCl, + 3H,

(2) Mg80, + Zn ~ ZnSC, + Mg

(3) 3BaCl, + 2Al — 2AIC; + 3Ba (4) H, + 2LIOH = 2Li + 2H,0

Based on the activity series, which of the following metals could
NOT replace any of the others?
{1) Calcium (2) Sodium (3) Magnesium (4} Aluminum

The standard on which the activity serfes is based is (1) fluorine,
(2) lithium, (3) hydrogen, (4} oxygen.

Of the fotlowing, which is NOT a way to prevent corrosion?
(1} painting (2) galvanizing (3) electroplating (4) coating with
acid,

. During a single displacement reaction, which of the following is

trug? (1) The more active metal steals electrons from the less
active metal. (2) The more active metal is oxidized. (3) The more
active metal is reduced, (4} The less active metal loses electrons.

During the reaction

AgNO4{aq) + NaCl{aq) — NaNO(ag) + AgCl{s),
which fon was reduced? (1) Ag*' (2) Na*! (3) CI"' (4) none of
these

. Which metal will react with 1.0 M Pb+2(aq) but not with 1.0 M

Mg*2? 1.Ba 2 Al 3.Cu 4 Ag

. Ifthe reaction X + Zn*2 — X*2 + Zn is spontaneous, then X may

be . Mg 2Pb 3. Cu 4 &n

. Which metal can reduce Pb*2? (1) Cu {2} Hg (3)Fe (4) Ag

Which ion can be most easily reduced?
1. Cut2 2. Zn*2 3 Nit2 4, Ca*?

© Evan P. Silberstein, 2003
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Chegwistry: Form WS10.2.1A Name

REDOX AND ELECTROCHEMISTRY Date

Period
Applirsg the Jobivity Serigs
T e During a single replacement reaction, one element Table J
((Take my slegon.) i\\\'j-?nT#’Sﬁ‘J‘ff} takes the place of another in a compound. Many Activity Series**
“‘“-;’ e s compounds, such as the copper II sulfate, consist of AL o AL
S TNGAY two parts, a metal (copper) and a nonmetal (sulfate). o | Mctals || Nonmetals|Alost
When a metal such as zinc is dropped into a solution L ¥
containing copper Il sulfate, its natural tendency is to Bl l,
" combine with the sulfate by giving electrons to it. K Br,
The sulfate's outer shell is already full, however, Cs Iy
because it has already gained electrons from the copper. As a result, however, the Ba
copper has room for zinc's electrons. If zinc can force copper to take its electrons, 5r
zinc can become a cation and take copper's place in the compound. Whether or Ca
not the zinc can take the copper's place depends upon which metal has the greater Na
tendency to lose electrons. Scientists have determined by experimentation which Mg
metals can replace each other in aqueous solution. This resulted in the Al
development of the Activity Series as shown in Chart J to the right. The most -
active metals and nonmetals are shown toward the top of the chart. Elements at A
the top of the activity series can replace those below them. o
For each example below, if a reaction will occur based on the elements’ e
positions in the Activity Series, complete the equation and balance it. If there t‘“
is no reaction, write no reaction. [[NoTe: for metals, the format for single to
replacement reactions is AB + C = CB + A; for nonmetals the format is N
AB+D—= AD + B] Sn
Pl
1. Mg(s) + HCl(ag) — i,
T
2. Agls) + CuNOs)(ag) = Az
3. Zn(s) + Mn(CH,COO),(ag) = 1 Au ‘
Lenst Loast
4, AI(S) + HCl(aq) -3 Heaptvity Sk hased on bavdregen standand.
5. Cu(s) + HBr(ag) =
6. Cu(s) + AgCH,COO(aq) —
7. Sn(s) + H,SO,(ag) =
8. Mg(s) + Pb(NO;)y(ag) =
9. Pb(s) + AuCl(ag) —
10. Au(s) + LiCl(aq) =

© Evan P. Silberstein, 2003
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Chethissre: Form Lsl10.3A Name

REDOX AND ELECTROCHEMISTRY Date Period

Activite arid Electricity

(i
» describe an electrochemical cell
+ describe voltaic cells and electrolytic cells

Notes
Electrochemical cells
* Functioning of the electrochemical cell
¥r During a single replacement reaction, more active metals transfer electrons to less active metals
¥ the more active metal is oxidized
% the less active metal is reduced
¥ If the oxidation and reduction half reactions are physically separated and attached by a wire, electrons will flow through the
wire during the reaction
% Parts of an electrochemical cell
¥c electrodes The Electrode Zoo
¥ anode — place where oxidation occurs
#* cathode — place where reduction occurs AN OX — ANode = OXidation

ve half cells — separate containers in which oxidation and reduction - = i
holf reactions ot | RED CAT - CAThode = REDuction

44—V oltmeter
Wire

Salt bridge

Reduction half cell  Oxidation half celf

v U-tube or salt bridge — lets ions travel between half cells to complete the circuit
% Examples of electrochemical cells
¥r Voltaic Cells (Spontaneous Reactions)
% Definition — a system that uses a chemical reaction to produce electricity
#* Examples
® lead acid storage battery {automobile battery)
% dry cell (zinc container anode, carborn center post cathode)
tr  Electrolytic cells (Nonspontaneous Reactions)
# Definition — a system that uses electricity to cause a chemical reaction
7% Examples —O— [ e t| O
* recharging a car battery:
2PbSQ, + 2H,0 = PbO, -+ Pb + 2H,80,

# electrolysis of molten sodium chloride : &)
NaCl = 2Na® + CL,° © %)
% electroplating @ 3
Cathods Anode
15 e o
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Chemistry: Form Ls10.3A

REDOX AND ELECTROCHEMISTRY

Activity and Electricity

Page 2

e ___________________________________]

Answer the questions below by circling the number of the correct response

1.

Which reaction will take place in a 1.0 molar agueous selution?
1. Cu+Ag* — 3. Co+Znt2 —
2. Ag+Mn*2 — 4, Sn+Fet2 —~

Which reaction occurs at the positive electrode during the
electrolysis of molten sodium chloride?

1. chloride ions are reduced 3. chloride ions are oxidized
2. sodium ions are reduced 4. sodium ions are oxidized

Strips of zinc are placed in solutions of the salts listed below. In
which solution will a redox reaction take place?

1. Ca(NO3)2 3. Ni(NO3)2

2. Mg{NO3)» 4. Sr(NO3)o

When the reaction of a chemical cell reaches equilibrium, the
potential difference of the cell
1. decreases 2. increases 3. remains the same

When elecfroplating with silver, the mass of the positive electrode
{1) decreases {2) increases (3) remains the same

6.

7.

When electroplating with silver, the mass of the negative electrode
(1) decreases (2) increases (3} remains the same

Whlch of the followmg half cells is used as the standard?
%+ 2e" = 2F 3. 2H*+2e = Hy
Liv + e = Lis)

4, Agtee = Mg
Oxygen and copper are produced during the electrolysis of a CuS04
solution. Which reaction occurs at the negative electrode?
1. the copper atom is oxidized 3. the oxygen atom is oxidized
2. the copper ion is reduced 4. the oxygen ion is reduced

Oxidation will occur in the Ni, NiZ*{1 M) half-cell when it forms a
cell with

1. Al AIF3 {1M) 3. Sr,Sr*2 (1 M)
2. Au, Aut3 (1 M) 4. Zn, Znt2 (1 M)

. In the electralysis of fused CaCIQ, the s fecles that reacts at the
negative electrode is (1) Ca (2) Cat< (3}Clo (4)CI

© Evan P. Silberstein, 2003
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Chremistry: Form WS10.3.1A Name

REDOX AND ELECTROCHEMISTRY Date Period

o1 Salt arid Datbery

Portable electronic devices run on batteries. The electricity generated by a battery comes from a chemical reaction known as
an oxidation-reduction reaction. During an a single replacement, a type of oxidation-reduction reaction, more active metals
transfer electrons fo less active metals. As a result, the more active metal is oxidized, and the less active metal is reduced. If
the oxidation and reduction half reactions are physically separated and attached by a wire, electrons will flow through the wire
during the reaction and can be used to power our portable electronics. This is done by putting electrolytes, usually aqueous
acids, bases, or salts, into separate containers. The separate containers are called half cells because the half reactions are
isolated in them. They are connected by a salt bridge which lets fons travel between half cells. Electrodes are immersed into
the electrolytes. The electrodes are merely metals with differing activity. Completing the circuit by connecting the electrodes
enables electrons to flow from the more active metal to the less active metal, reducing it. The electrode where reduction occurs
is called the cathode. The electrode where oxidation occurs is called the anode. The device that produces electric current from
a chemical reaction is called a voltaic cell. Several voltaic cells attached together form a battery of cells. A battery, produces
a higher voltage than a single cell,

R e W O ICAGT

Wire . CATHODE
{(MnO; and graphite)
Salt bridge 'wuzwﬁkﬁg;ROLYTE
i q

... SALT BRIDGE

{porous material)

mmmmmmm -ANODE
{powdered Zn)

Cathode Anode

Electrolyle
Reduction half cell  Oxidation half cell

Answer the questions below based on your reading above and on your knowledge of chemistry.

Answer questionsl-4 by referving to the diagram to the right showing an

electrochemical cell, The metal at electrode A is silver. The metal at electrode Cis

lead. The electrolytes at locations B, D, and E are potassium nitrate, silver nitrate,

and lead nitrate respectively.

1. Inwhat direction do electrons flow in the electrochemical cell pictured to the

right (Ato C or Cto A)?

2. What type of chemical change is taking place in the half-cell contained in the

beaker at location E?

3. At which location are electrons being gained?

4. 'Which metal is being replaced during the reaction in this electrochemical cell?

Continue 55"



Chewmistry: Form WS10.3.1A A Salt and Battery

REDOX AND ELECTROCHEMISTRY Page 2
e — — —— — —  —  — — ——— — ————————

Answer questions 5-16 by referring to Table J. For each of the electrode pairs, which would be the anode in an
electrochemical cell?

5. CuwiZn........ 9. Au/Pb........ 13. Co/Ni ........

6. Pb/Sn ........ i0. Mn/Zn ....... 14, H/Ag ........

7. K/AL ..., .. 11. Fe/Zn ........ 15. CuMg .......

8 Bali ........ 12. Co/Ca........ 16. Zo/Al ........
Answer guestions17-19 by referring to t he setup shown to the right using a e Y OltMELEE
lemon and metal strips. It actually produces measurable electricity.
17. Explain how the lemon battery works?

S 1| )
e, LRITION
18. What parts ofa typical voltaic cell are missing in the lemon battery? What effect does this have on how well it functions?
Explain.
19. If the metal strip on the right is iron and the metal strip on the left is aluminum, in what direction will electricity flow?
— e

20. What happens at the anode of an electrochemical cell?
21, There are two voltaic cells pictured on the previous page. The one on the left is called a wet cell, while the one at the left

is called a dry cell. The one at the right is also called an alkaline cell, What is the difference between these cells that

accounts for the difference in the way they are named?

© Evan P, Silberstein, 2003
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STANDARD REDUCTION POTENTIALS IN AQUEOUS SOLUTION AT 25°C

Half-reaction E°(V)
Fy(g) +2¢” - 2F 2.87
Co*t e - Co*t 1.82
At 3em - Aup) 150 T
Cly{g)+ 2¢” - 20 1.36
Oy(g)+ 4H" + 4e - 2H,0() 1.23
B (O+2¢” - 2Br~ 1.07
2He® +2¢” -  Hg* 0.92
Hg? +2¢” - Hg® 0.85
Agt+e - Ag(s) - 0.80
Hg,%" + 26~ - 2Hg() 0.79
Fe?* 4+ ¢ - Fe** 0.77
I(s)+2¢” > 21 0.53
Cut+e - Cu(s) (.52
Cu™* +2¢” - Cus) 0.34
Cu® + ¢ - Cu* 0.15
Sn*t 4 2e” e 0.15
Ss)+ 2H" +2¢” - H,5(g) 0.14
2H  +2¢” - H,(g) 0.00
Pb2* 4 2¢” - Pb(s) -0.13
Sn?t+2¢” - Sn(s) —-0.14
Ni** 4 2¢~ —  Ni(s) ~0.25
Co?t+2¢” - Cofs) -0.28
Cd?* +2¢~ = Cd(s) —~0.40
Crt g™ - o* ~0.41
Fe?* 4+ 2¢~ - Fe(s) ~0.44
Crt 43¢ -3 Cr{s) -0.74
Zn’t 4 2¢” - Za(s) -0.76
2H,0()+ 2¢~ - Hy(e)+20H  -0.83
MnZ* & 2¢” — Mn(s) -1.18
AP +3¢” - Als) -1.66
Be** +2¢” - Be(y) -1.70
Mg™ +2e” - Mg -2.37
Nat4e™ - Na(s) -2.71
Ca’* +2¢” - Ca) -2.87
Sr2t ¢ 20" - Sr(s) ~2.89
Ba*t +2¢” - Ba(s) ~2.90
Rb* +e” — Rb(s) -2.92
Kt+e™ — K(s) -2.92
Cst+e™ - Cs(s) -2.92
Li*+e” ~  Li(s) ~3.05

1




Chemistry: Form WS10.3.2A Name

ELECTROCHEMISTRY ' Date Period

Beberhirtisig the Yeltage of Elgctrechethical Culls

Chemical reactions often involve the movement of electrons. The driving force that moves the electrons can be
measured. It is the voltage. The voltage of an electrochemical cell can be determined using the Standard Reduction
Table. ‘

Procedure
1. All half reactions on the Standard Reduction Potentials Table are compared to
hydrogen (£°= 0) L . T'm getting
2. All half reactions can be read in reverse as oxidations in which case the sign of the a real charge

voltage, £°, Is changed
3. The net voltage is the sum of the voltages of the oxidation half reactions and the
reduction half reactions (see chart)
Example
What voltage is associated with the reaction CuSO, + Zn — ZnS0, + Cu?

Zn® = 7n* o+ 2 E'=0.76v
Cu? + 2e — Cu’ E=0.34v

Existential discussions in voltaic cells

Cu*  + Zn° =+ Znt  + E’=1.10v

Write the half reactions for each of the following reactions, balance them, and determine the voltage (E°) associated
with the reaction by using the Standard Reduction Table.

1. Cu + AgNO, = Ag + Cu(NO;,),

2. K,Cr,0; + 8nCl, + HCI = CrCl, + SaCl, + KCI + H,0
3. SnCl, + HgCl, = SnCl, + Hg,CI,

4. Sn + HNO, + H,0 = H,8n0, + NO

5. KBr + Fey(80,); = Br, + K,SO, + FeSO,

6. Fe + CuSO, — Cu + Fe,(S0,),

7. KMnQO,+HCI = KCl+MnCl, +H,0+Cl,

8. Na+H,0 = NaOH+H,

9. HBr+ MnO, — MnBr, + H,0 +Br,

10, HCI+K,S0, = KCl + SO, + H,0 +Cl,

© Evan P. Silberstein, 2010

¥



THE ELECTROCHEMICAL CELL Nome

\Y%

Al° | /isalt bridgﬁ P
o E— F"—_—-—'—-
7 . < ™
L ™ L] ™~
- |+ N L
[ | 1.0M J [ ] 1.0M B

Answer the questions below referring to the above dlagrom and a Table of Sfandard
Elecirode Potentials.

1. Which is more easily oxidized, me’ral, aluminum or lead?

2. What is the balanced equation showing the spontaneous reaction that occurs?

What is the maximum voltage that the above cell can produce?

What is the direction of eleciron flow in the wire?

What is the direction of positive ion flow in the salt bridge?

Which electrode is decreasing in size?

Which electrode is increasing in size?

What is happening to the concentration of aluminum ions?

e L

What is happening to the concentration of lead ions?

10, What is the voltage in this cell when the reaction reaches equilibrium?
11, Which is the anode? '
12. Which is the cathode?

13. What is the positive electrode?

14, What is the negative slectrode?

Chernistry IF8766 : ?q ' . ®Instructional Falr, Inc.,



Class - Date

Name

Activity 8-6
Electrochemical Cells
Introduction-

The apparatus for a redox reaction can be designed so that the transfer of electrons from the

reducing agent to the oxidizing agent takes place through an external wire circuit rather than
by direct contact of the substances. Such an arrangement is called an electrochemical cell,

or simply a chemical cell. ,
1. What names applied to electrochemical cells recognize the contributions of two Italian

scientists? and _
2. What four substances are used to make a Daniell cell?

The following diagram shows a Daniell cell. On each numbered line, write the letter of the
appropriate label from the list below.

Labels
A. salt bridge D. Cu*, SO,
B. anode E. Zn*, SO
C. cathode
3 Cu

(anode/cathode)

8. Which electrode is made of zinc metal?

. Which electrode is made of copper metal? {(anode/cathode)
10. On the diagram, draw an arrow that shows the direction of etectron flow and label it e.
Draw an arrow that shows the direction of the negative ion movement and label it neg. ions.

11. Which kind of reaction occurs at the anode of an electrochemical cell?
(oxidation/reduction) i :

12. Which kind of reaction occurs at the cathode of an electrochémical cell?
(oxidation/reduction)

P!



The haif-cell

A half-cell {or electrode) consists of a metal strip immersed in a container of an electrolyte.
Provision is made for the ions of the electrolyte 10 move either through the walls of a porous
cup or through a salt bridge. .

A chemical cell consists of two half-cells connected by an external circuit with provision for
movement of ions between the haif-cells. The following diagram shows a cell in which a
standard hydrogen half-cell is connected to a standard silver half-cell, H, gives off e*'s more readily
than Ag’. Therefore, oxidation occurs at the H; electrode. On each numbered line of
the diagram. write the letter of the appropriate label from the list below,

Labels A. anode E. solution containing H*
: B. cathode F. solution containing Ag’, NO;~
C. salt bridge G. voltmeter

D. source of H,

13. 2
14, l : 18.
15. S 1 ® e
) ofy, « ] 4
PR i)
{ 19.
17. _ \ <=5 _
20. Which electrode is made of platinum? ' (anode/cathode)
21. Which electrode is made of silver? (anode/cathode)

22. On the diagram, draw an arrow that shows the direction of electron flow, and label _it e.
23. Why is platinum chosen as an electrode in this cell?

-



NAME: DATE: SECTION LAB

LT HAVE AN OX AND A RED CAT

Electrochemical Cells

An extremely important class of oxidation and reduction reactions are used to provide useful
electrical energy in batteries. A simple electrochemical cell can be made from copper and zinc
metals with solutions of their sulfates. In the process of the reaction, electrons can be transferred
from the zinc to the copper through an electrically conducting path as a useful electric current.

An electrochemical cell can be created by placing metallic electrodes into an electrolyte where a
chemical reaction either uses or generates an electric current. Electrochemical cells which
generate an electric current are called voltaic cells or galvanic cells, and common batteries
consist of one or more such cells. In other electrochemical cells an externally supplied electric
current is used to drive a chemical reaction which would not occur spontaneously. Such cells are
called electrolytic cells.

An electrochemical cell, which causes external electric current flow, can be created using any
two different metals since metals differ in their tendency to lose electrons. Zinc more readily
loses electrons than copper, so placing zinc and copper metal in solutions of their salts can cause
electrons to flow through an external wire which leads from the zinc to the copper.

27



The slesfrode at
which oxidation
ocours i called the
anode.

morne readily than
Lopper,

Zn(s)—-—Zn2+(aq) +2¢

Zing matal gives
up 2 slagtrons : Cnnp%r metal
and goes into i deposits on the
aqueous solution copper cathode
2 by the reaction

Parous barrler aflows

o.
SO, lons passage, but
hiocks Zn and Cu loms.

2 .
Cu +{aq) +2e » Cufs)

The ion transport
must be charge
wquivalent to the

wisctron flow,

As a zinc atom provides the electrons, it becomes a positive ion and goes into aqueous solution,
decreasing the mass of the zinc electrode. On the copper side, the two electrons received allow it
to convert a copper ion from solution into an uncharged copper atom which deposits on the
copper electrode, increasing its mass. The two reactions are typically written

Zn(s) > Zn (aq) + 26~

Cu(aq) +2¢” = Cu(s)

The letters in parentheses are just reminders that the zinc goes from a solid (s) into a water
solution (aq) and vice versa for the copper. It is typical in the language of electrochemistry to

refer to these two processes as "half-reactions” which occur at the two electrodes.

The zinc "half-reaction" is classified as oxidation since it loses electrons. The terminal at which
oxidation occurs is called the "anode". For a battery, this is the negative terminal.

The copper "half-reaction" is classified as reduction since it gains electrons. The terminal at
which reduction occurs is called the "cathode". For a battery, this is the positive terminal.

In order for the voltaic cell to continue to produce an external electric current, there must be a
movement of the sulfate ions in solution from the right to the left to balance the electron flow in

€53



the external circuit. The metal ions themselves must be prevented from moving between the
electrodes, so some kind of porous membrane or salt bridge must provide for the selective
movement of the negative ions in the electrolyte from the right to the left.

A)
Zn(s) ——— — Ni(s}
Zn(s) + Ni**(aq) — Zn®*(aq) + Ni(g)
1) Oxidized species: Reduced species:
2) Anode: Cathode:

3) Uses arrows and e~ on the diagram above to show the direction of electron flow.

4) Write a sentence stating the direction of electron flow. Include the identity of each species.

5) Use arrows and the word ions to show the direction of ion flow.

6) Half-Reaction for oxidation:

7) Half-Reaction for reduction:

A



8) A correctly balanced redox reaction.

B)
Wire @ Wire
W
Voltmeter
(s) 16
Sn*" (aq) + Na (s) > Sn (s) + Na* (aq)
9) Oxidized species: Reduced species:
10) Anode: Cathode:

11) Uses arrows and e~ on the diagram above to show the direction of electron flow.

12) Write a sentence stating the direction of electron flow. Include the identity of each species.

13) Use arrows and the word ions to show the direction of jon flow.

14) Half-Reaction for oxidation;

15) Half-Reaction for reduction:

2



16) A correctly balanced redox reaction.

17) How does Table J show which species will be oxidized?

C)
Wire. /{/\ Wire
Y/
Voitmeter
i(s) E(S)
St (s) + Al*" (ag) > Sr % (aq) + Al (s)
18) Oxidized species: Reduced species:
19) Anode: Cathode:

20) Uses arrows and e~ on the diagram above to show the direction of electron flow.

%



21) Write a sentence stating the direction of electron flow. Include the identity of each species.

22) Use arrows and the word ions to show the direction of ion flow.

23) Half-Reaction for oxidation:

24) Half-Reaction for reduction:

25) A correctly balanced redox reaction.

26) Determine the total number of electrons transferred in the reaction.

D)



Wire-
®

Voitmeter

27) Oxidized species: Reduced species:

28) Anode: Cathode:

29) Uses arrows and e~ on the diagram above to show the direction of electron flow.

30) Write a sentence stating the direction of electron flow. Include the identity of each species.

31) Use arrows and the word ions to show the direction of ion flow.

32) Half-Reaction for oxidation:

33) Half-Reaction for reduction:

34) A correctly balanced redox reaction. Fill this reaction in the box bellow the cells.

35) Describe why you choose which species will be oxidized and reduced.

2}



Name ‘ Class Date

Activity 8-5
Electrolytic Celis 1l

Electrolysis of a solution of sodium chloride

1. Write the equation for the electrolysis of a solution of sodium chloride. Note that the
potential reactants available are Na*(ag), Cl'(aq), and H,O molecules.

2. Write the equation for the anode half-reaction.

3. Write the equation for the cathode half-reaction.

The apparatus in the following diagram can be used to electrolyze a solution of sodium
chloride. On each numbered line, write the letter of the appropriate label from the list below.

Eabels

A. direct current source B. anode C. cathode D. ions in solution

8. On the diagram, draw an arrow that shows the direction of the electron flow and label it e.
Draw arrows that show the direction of anion flow and. label them Cl‘ and OH".
Draw an arrow that shows the direction of cation flow and label it Na™*.

9. Write the full ionic equation, including the spectator ions, for the overall reaction.

10. Write the net ionic equation for the overall reaction.

As the electrolysis of sodium chloride solution proceeds, how do the quantities listed in the
following table change? To complete the table, write:
I—for increases D—for decreases R-—for remains the same
Give a reason for each answer.

| .251



Quantity[f Changef Reason
11.; Na |
12. Cr
13.] OH-
14,| pH
Electroplating

A thin layer of metal can be applied to the surface of another metal by means of electrolysis.
This process is called electroplating. The following diagram shows a simplified process for
plating silver onto a fork made of a less expensive metal. On each numbered line in the diagram,
write the letter of the appropriate label from the list below.

Labels
A, anode B. ions in solution C. cathode D. direct current source
+ - D R

J | .
15. | 6. )

19. On the diagram, draw an arrow that shows the direction of electron flow and label it e.
Draw an arrow that shows the direction of cation flow and label it Ag'.

J d
K

20. Write the equation for the anode half-reaction.

21. Write the equation for the cathode half-reaction.
As the electroplating process proceeds, how do the quantities listed in the fotlowing table
change? To complete the table, write:

I—for increases D—for decreases R—for remains the same

Give a reason for each answer,

Quantity ange Reason

22. Mass of anode
23. Mass of cathode
24, [Ag')

4o
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NAME: DATE: SECTION LAB

Why Are You Forcing Me To Do This?
Electrolytic Cells

The redox reaction in an electrolytic cell is nonspontaneous. Electrical energy is required to induce the
electrolysis reaction. An example of an electrolytic cell is shown below, in which molten NaCl is
electrolyzed to form liquid sodium and chlorine gas. The sodium ions migrate toward the cathode,
where they are reduced to sodium metal. Similarly, chloride ions migrate to the anode and are oxided
to form chlorine gas. This type of cell is used to produce sodium and chlorine. The chlorine gas can be
collected surrounding the cell. The sodium metal is less dense than the molten salt and is removed as it
floats to the top of the reaction container.

2Na" ¢+ 2Cl- ¢ = 2Na(s) + ClL (g)

M

Electrolyilic Cell

1) Oxidized species: Reduced species:

2) Half-Reaction for oxidation:

3) Half-Reaction for reduction:

4) Based on your half reactions discuss why this process is non-spontaneous; why does it need an
external power source to drive it.

Ul



Electroplating is the coating of an electrically conductive object with a layer of metal using
electrical current. The result is a thin, smooth, even coat of metal on the object.

The process used in electroplating is called electrodeposition and is analogous to an
electrochemical cell acting in reverse. The item to be coated is placed into a container containing a
solution of one or more metal salts. The item is connected to an electrical circuit, forming the
cathode (negative) of the circuit while an electrode typically of the same metal to be plated forms
the anode (positive). When an electrical current is passed through the circuit, metal ions in the
solution take up excess electrons at the item. The result is a layer of metal on the item. However,
considerable skill and craft-technique is required to ensure an evenly-coated finished product.
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5) Based on the diagram above which object is acting as the anode and cathode. Expiain your choice.

Anode: Cathode:
6) Oxidized species: Reduced species:
Reflection:

Explain how an electrolytic cell differs from an electrochemical cell.
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