
EXPERIMENT NO. 2 
OXIDATION-REDUCTION REACTIONS ! !

I. ABSTRACT !
 Oxidation-reduction (redox) reactions involve transfer of electrons which result from a change in 
oxidation states. A redox reaction is a chemical reaction wherein oxidation and reduction half reactions occur 
simultaneously to the same extent. Redox reactions occur everywhere around us, even inside our bodies. In this 
experiment, different reagents were combined in four separate test tubes to observe if these reactions display 
the qualities of redox reactions. The reactions that occurred in each test tube were balanced using the oxidation 
number method and the half-reaction method. Evolution of gas, color change and the formation of a precipitate 
were observed during the experiment. The change in color of the solution and the change in oxidation states of 
certain elements were compared as well. It can be concluded from these observations and the balanced redox 
reactions that a redox reaction had indeed occurred. For future reproductions of this experiment, it is highly 
recommended to mix the reagents one test tube at a time so as to be attentive and thoroughly observant to what 
had happened before, during and after the reaction. 
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III. INTRODUCTION !
 A chemical reaction that takes place 
between substances that stimulates oxidation 
reaction (lost electrons; reducing agent) and 
reduction reaction (gained electrons; oxidizing agent) 
is called a redox reaction. The said two reactions 
(reduction and oxidation) are also known as half 
reactions. Redox reactions are said to be manifested 
when there is a change of oxidation numbers. The 
oxidation number is an indicator of the state of an 
element or an ion in a compound with regards to the 
lost and gained electrons in the reaction that formed 
the compound. It can be expressed as a negative or 
a positive number- positive when an electron is lost 
and negative when an electron is gained.  

 Redox reactions are important and is very 
significant for it is the sole reason for hydrogen 
peroxide decomposition, rusting of metals, cellular 
respiration specifically the electron transfer system, 
photosynthesis and other processes that are 
essential in our daily lives. The burning of fuels that 
provides the energy to maintain our way of life and 
the metabolism of foods that furnish the energy that 
keeps us alive both involve redox reactions. 
In respiration, the biochemical process by which the 
oxygen we inhale in air oxidizes foodstuffs to carbon 
dioxide and water, redox reactions provide energy to 
living cells. 

!
!

 The experiment aimed to provide its’ 
per fo rmers a broader v iew and a bet te r 
understanding of redox reactions. Additionally, the 
objectives of the experiment were to recognize the 
visible indications of a redox reaction, to assign 
oxidation states to the elements in the compounds, 
to identify the reducing and oxidizing agents in each 
reaction and to balance redox reactions using their 
oxidation states. The experiment was lauded to be 
successful as its objectives to demonstrate redox 
was achieved by utilizing different compounds 
through an organized set up. The reactions of the 
reagents were observed and the remaining 
objectives were achieved using the knowledge 
previously obtained from past lessons and 
discussions.  

IV. METHODOLOGY 

!
 Four test tubes were set aside and labeled.  !
 Test tube A contained five drops of Cupric 
nitrate (Cu(NO3)2) and a Magnesium (Mg) ribbon.  !
 Test tube B contained two drops of 
Potassium dichromate (K2Cr2O7), six drops of 
Sulfuric acid (H2SO4) and four drops of 3% Hydrogen 
peroxide (H2O2).  !
 Test tube C contained two drops of Lugol’s 
iodine (KI) and two drops of 0.1 M of Sodium 
thiosulfate (Na2S2O3).  !
 Test tube D contained two drops of 0.1 M of 
Potassium permanganate (KMnO4), six drops of 
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Sulfuric acid (H2SO4) and six drops of Sodium 
oxalate (Na2C2O4).  !
 The components of each test tube were 
mixed one test tube at a time and the results of the 
reactions were noted. When the reactions of the 
different reagents were thoroughly observed, the test 
tubes were cleaned and the reagents disposed of.  !
 The oxidation states before the reactions 
were then obtained by consulting the periodic table. 
The oxidation states after the reaction were obtained 
by using the oxidation states of the other elements in 
the compound and the charge of the compound.  !
 Using the oxidation numbers that were 
previously obtained, the reactions were then 
balanced using the oxidation number method as well 
as the half-reaction method. !
V. RESULTS !
 After the introduction of compounds into 
different test tubes, different observations were 
noted from the sets. For test tube A, a change in 
color occurred as well as evolution of gas. It was 
noted that a change in color occurred with the 
introduction of Hydrogen peroxide in the case of test 
tube B. Afterwards, on test tube C, a change in color 
was observed. In the case of test tube D, there were 
several changes in color.  

 The observations are as follows: 

 Meanwhile, the colors of the constituent 
reagents were recorded prior to their introduction to 
different test tubes. Their respective oxidation states 
were computed using the periodic table and the 
oxidation states of the elements whose oxidation 

states remained unchanged before and after the 

reaction. The colors of the reagents were compared 
before and after the reaction.  

 The results are as follows: 

 The balanced reactions are as follows: !
Test tube A: Cu(NO3)2 + Mg → Mg(NO3)2 + Cu 

!
Test tube B: K2Cr2O7 + 4 H2SO4 + 3 H2O2 → K2SO4 + 

Cr2(SO4)3 + 3 O2 + 7 H2O !
Test tube C: 2 Na2S2O3 + I2 → Na2S4O6 + 2 NaI !
Test tube D: 2 KMnO4 + 8 H2SO4 + 5 Na2C2O4 → 2 

MnSO4 + 10 CO2 + 8 H2O + 5 Na2SO4 + K2SO4 !!!
VI. DISCUSSION !
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Table 2: Changes in Color and Oxidation States
Element Compound Color Oxidation 

State

Cu Cu(NO Blue 2

 Cu Brick Red 0

Mg Mg(NO Colorless 2

 Mg Silvery White 0

Cr K2 Yellow – White 6

 Chromic Ion Green 3

I I2 Reddish Brown 0

 NaI Colorless -1

O H2 Colorless -2

 H2 Colorless -1

S Na Colorless 2

 Na Colorless 2.5

Mn KMnO Purple 7

 MnSO Colorless 2

 MnO Brown 4

C CO Colorless Gas 4

 Na Colorless 3Table 1: Observations of the Reactions

Test Tube Observation

A Evolution of gas, color changed 
from blue to colorless, brick red 
precipitate

B Color changed from dark yellow to 
green

C Color changed from light yellow to 
colorless

D Purple to pink to colorless



 The results of the reactions for each test 
tube were recorded so that there would be no 
confusion as to which reagents were supposed to be 
put in a certain test tube. The reagents were put into 
the test tubes one test tube at a time. This was to 
ensure that the results of each reaction would be 
duly noted and observed.  

 For test tube A, an evolution of gas was 
observed. A change in color, from blue to colorless 
was also observed as well as the presence of a brick 
red precipitate. The original color can be attributed to 
Cu(NO3)2 while the color of the product could be 
attributed to Mg(NO3)2. The brick red precipitate 
turned out to be copper. Based on the computations 
done to obtain the oxidation states, copper (Cu) had 
undergone reduction (change in oxidation state from 
+2 to 0) while magnesium (Mg) had undergone 
oxidation (change in oxidation state from 0 to +2). In 
this reaction, copper is the oxidizing agent since it 
gained two electrons and magnesium is the reducing 
agent since it lost two electrons.  

 Balancing the reaction using oxidation 
number method is illustrated as follows: 

  lost 2 electrons 

+2 +5 -2      0        +2  +5 -2      0 
Cu(NO3)2 + Mg → Mg(NO3)2 + Cu 
   

  gained 2 electrons 

 The reaction Cu(NO3)2 + Mg → Mg(NO3)2 + 
Cu is balanced as is since both the reactant and 
product side has two electrons, which effectively 
cancel each other out. 

 As for balancing the reaction using the half-
reaction method, the first step was to write down the 
elements that had undergone a change in oxidation 
number, removing all the spectator ions. An 
illustration of balancing the reaction using half-
reaction method in acid medium is as follows: 

2 electrons + Cu → Cu 
Mg → Mg + 2 electrons !

 Since the reactant side of one half reaction 
contained the same number of electrons in the 
product side and the elements in the reactant and 
product side are equal, the two half-reactions are 
then combined to make the final balanced reaction, 
which is Cu(NO3)2 + Mg → Mg(NO3)2 + Cu. 

 Test tube B showed a change in color, from 
dark yellow to green. The original color can be 

attibuted to K2Cr2O7 while Cr2(SO4)3, specifically the 
chromic ion was responsible for the color of the 
product. Chromium (Cr) had undergone reduction as 
its oxidation state changed from +6 to +3 while 
oxygen (O) had undergone oxidation as its oxidation 
state changed from -1 to -2. In this reaction, 
chromium is the oxidizing agent since it gained six 
electrons (three electrons per atom) and oxygen is 
the reducing agent since it lost two electrons (one 
electron per atom).  

 For the oxidation number method, the 
change in oxidation number of chromium and oxygen 
were identified. Since chromium gained three 
electrons and oxygen lost an electron, it can be 
assumed that the reactant side has three electrons 
while the product side has one electron to balance 
the reaction. To balance the number of electrons to 
effectively cancel them, H2O2 was multiplied by three. 
The reaction would then be K2Cr2O7 + H2SO4 +         
3 H2O2 → K2SO4 + Cr2(SO4)3 + O2 + H2O. The other 
elements were then balanced, yielding a balanced 
reaction of K2Cr2O7 + 4 H2SO4 + 3 H2O2 → K2SO4 + 
Cr2(SO4)3 + 3 O2 + 7 H2O. The illustration is as 
follows: 

 gained 3 electrons x 2 atoms = 6 electrons 

+  +6 -2     + +6 -2   +  -       + +6 -2    +3 +6 -2  
K2Cr2O7 + H2SO4 + H2O2 → K2SO4 + Cr2(SO4)3 +  
lost 1 electron x 2 atoms = 2 electrons x 3 

0      + -2 
O2 + H2O 
Resulting reaction: 

K2Cr2O7 + H2SO4 + 3 H2O2 → K2SO4 + 
Cr2(SO4)3 + 3 O2 + H2O 

Balanced reaction: 

K2Cr2O7 + 4 H2SO4 + 3 H2O2 → K2SO4 + 
Cr2(SO4)3 + 3 O2 + 7 H2O 

 For the half-reaction method, the reaction 
was split into two after removing the spectator ions: 
Cr2 → Cr2 and H2O2 → O2 + H2O. The number of 
electrons were identified and placed in the 
corresponding parts of the reaction. Since the 
number of electrons in the two half reactions are not 
balanced, the top half-reaction was then multiplied so 
that the number of electrons in both half-reactions 
would be equal. The two reactions were then 
combined as the number of electrons were 
effectively cancelled, resulting in the balanced 
reaction after the other elements are balanced. The 
illustration is as follows: 

6 electrons + Cr2 → Cr2 
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[H2O2 → O2 + H2O + 2 electrons] x3 

6 electrons + Cr2 → Cr2 

3H2O2 → 3O2 + 3H2O + 6 electrons 

Resulting reaction: 

K2Cr2O7 + H2SO4 + 3 H2O2 → K2SO4 + 
Cr2(SO4)3 + 3 O2 + 3 H2O 

Balanced reaction: 

K2Cr2O7 + 4 H2SO4 + 3 H2O2 → K2SO4 + 
Cr2(SO4)3 + 3 O2 + 7 H2O 

 For test tube C, the color changed from light 
yellow to colorless. I2 was responsible for the original 
color while either NaI or Na2S4O6 was responsible for 
the color of the product, as both are colorless. Iodine 
(I) had undergone reduction as its oxidation state 
changed from 0 to -1 while sulfur (S) had undergone 
oxidation as its oxidation state changed from +2 to 
+2.5. Since iodine had gained two electrons (an 
electron per atom), it is the oxidizing agent. Sulfur 
lost an electron (half an electron per atom) so it is the 
reducing agent. 

 For the oxidation number method, the 
change in the oxidation numbers of iodine and sulfur 
were identified. Since iodine gained two electrons 
and sodium lost an electron, it can be assumed that 
the reactant side has two electrons while the product 
side has one electron to balance the reaction. To 
balance the number of electrons to effectively cancel 
them, Na2S2O3 was multiplied by three. The reaction 
would then be 2 Na2S2O3 + I2 → Na2S4O6 + NaI. The 
other elements were then balanced, yielding a 
balanced reaction of 2 Na2S2O3 + I2 → Na2S4O6 + 2 
NaI. The illustration is as follows: 

 lost 0.5 electron x 2 atoms = 1 electron x 2 

+  +2 -2      0      + +2.5 -2   +  -  
Na2S2O3 + I2 → Na2S4O6 + NaI 
  

      gained 1 electron x 2 atoms = 2 electrons 

Resulting reaction: 

2 Na2S2O3 + I2 → Na2S4O6 + NaI 

Balanced reaction: 

2 Na2S2O3 + I2 → Na2S4O6 + 2 NaI 

 For the half-reaction method, the reaction 
was split into two after removing the spectator ions: 
S2O3-2 → S4O6-2 and I2 → I. The elements involved 

were balanced then the number of electrons were 
identified and placed in the corresponding parts of 
the reaction. The two reactions were then combined 
as the number of electrons were effectively 
cancelled, resulting in the balanced reaction. The 
illustration is as follows: 

2 S2O3-2 → S4O6-2 + 2 electrons 

2 electrons + I2 → 2 I 

Resulting / Balanced reaction: 

2 Na2S2O3 + I2 → Na2S4O6 + 2 NaI 

 For test tube D, a change in color was 
observed, from purple to colorless. KMnO4 was 
responsible for the original color while MnSO4 was 
responsible for the color of the product. Manganese 
(Mn) had undergone reduction as its oxidation state 
changed from +7 to +2 while carbon (C) had 
undergone oxidation as its oxidation state changed 
from +3 to +4. Since manganese gained five 
electrons, it is the reducing agent. Carbon lost two 
electrons (one electron per atom) so it is the  
oxidizing agent. 

 For the oxidation number method, the 
change in oxidation number of manganese and 
carbon were identified. Since manganese gained five 
electrons and carbon lost two electrons, it can be 
assumed that the reactant side has five electrons 
while the product side has two electrons to balance 
the reaction. To balance the number of electrons to 
effectively cancel them, KMnO4 was multiplied by two 
and Na2C2O4 was multiplied by five. The reaction 
would then be 2 KMnO4 + H2SO4 + 5 Na2C2O4 →  
MnSO4 + CO2 + H2O + Na2SO4 + K2SO4. The other 
elements were then balanced, yielding a balanced 
reaction of 2 KMnO4 + 8 H2SO4 + 5 Na2C2O4 → 2 
MnSO4 + 10 CO2 + 8 H2O + 5 Na2SO4 + K2SO4. The 
illustration is as follows: 

 gained 5 electrons x 2 

+  +7 -2   + +6 -2    +   +3 -2    +2 +6 -2   +4 -2  
KMnO4 + H2SO4 + Na2C2O4 → MnSO4 + CO2 + !
      lost 1 electron x 2 atoms = 2 electrons x 5 
+  -2    +  +6 -2   + +6 -2 
H2O + Na2SO4 + K2SO4 !
!
!
Resulting reaction: 

Page �  of �4 6CHEM 14.1, Oxidation-Reduction Reactions                                                              



2 KMnO4 + H2SO4 + 5 Na2C2O4 →  MnSO4 + 
CO2 + H2O + Na2SO4 + K2SO4 

Balanced reaction: 

2 KMnO4 + 8 H2SO4 + 5 Na2C2O4 → 2 MnSO4 
+ 10 CO2 + 8 H2O + 5 Na2SO4 + K2SO4 

 For the half-reaction method, the reaction 
was split into two after removing the spectator ions: 
Mn → Mn and C2 → C. The number of electrons 
were identified and placed in the corresponding parts 
of the reaction. Since the number of electrons in the 
two half reactions are not balanced, both half-
reactions were then multiplied so that the number of 
electrons in both half-reactions would be equal. The 
two reactions were then combined as the number of 
electrons were effectively cancelled, resulting in the 
balanced reaction after the other elements are 
balanced. The illustration is as follows: 

[5 electrons + Mn → Mn] x 2 

[C2 → 2 C + 2 electrons] x 5 

10 electrons + 2 Mn → 2 Mn 

5 C2 → 10 C + 10 electrons 

Resulting reaction: 

2 KMnO4 + H2SO4 + 5 Na2C2O4 →  2 MnSO4 + 
20 CO2 + H2O + Na2SO4 + K2SO4 

Balanced reaction: 

2 KMnO4 + 8 H2SO4 + 5 Na2C2O4 → 2 MnSO4 
+ 10 CO2 + 8 H2O + 5 Na2SO4 + K2SO4 

 The results of each reaction (both in 
experimental and theoretical data) indicated that a 
redox reaction had indeed occurred in each of the 
test tubes. Each test tube had shown visible 
manifestations of a redox reaction which was 
reinforced by theoretical data, particularly the ones 
found on Table 2 of results and the balanced 
reactions. 

!
VII. GUIDE QUESTIONS AND ANSWERS !
1. What are the visible indications that a redox 

reaction took place? !
 Redox reactions are typically characterized 
by visible signs like evolution of gas (effervescence) , 
the formation of a precipitate and change in color. 
2. Do all reactions involve oxidation-reduction? 

Why? 

!
 Not all reactions involve a transfer of 
electrons therefore, not all reactions involve 
oxidation-reduction. This may happen in certain 
reactions like metathesis or double replacement 
reactions where the cations and anions of a given 
compound are merely exchange and combination 
reactions that usually involve acidic and basic 
anhydrides for ionic compounds. The best example 
is a reaction that produces a covalent compound 
because the electrons are merely shared among the 
elements and not transferrred. 
  !
3. Why should the H202 be freshly prepared? !
 The H202 should be freshly prepared 
because it readily oxidizes. When the solution stands 
for a long time, the H202 spontaneously reacts to 
produce H20 and 02, decreasing the concentration 
until only H20 is left.  !!
VIII. CONCLUSIONS AND RECOMMENDATIONS !
 Based on the results of the experiment, it 
can be concluded that the reagents have undergone 
reduction or oxidation. This was evident in two 
circumstances: the first was in the experiment proper 
and the second in the post-lab analysis. Based on a 
series of computations involving the oxidation states 
of copper, magnesium, chromium, iodine, oxygen, 
sulfur, manganese and carbon, all experienced a 
change in their oxidation states. A change of color 
occurred when the reagents were mixed together in 
the five test tubes and an evolution of gas was 
observed in some of the test tubes. These indicated 
that a redox reaction occurred in each of the test 
tubes.  !
 For future reproductions of this experiment, it 
is recommended that the reagents be mixed together 
one test tube at a time so that each reaction will be 
duly noted. For future experiments, it is highly 
recommend that the monitors get the things to be 
used for the experiment as soon as possible so that 
there would be more time to do the experiment. It is 
also recommended that the monitors personally hand 
out the instruments to ensure that each group has 
the materials they need. Additionally, it is highly 
recommended that the monitors require that each 
group that has finished their experiment (including 
clean-up) has to physically present the materials they 
previously acquired from the monitors so that losses 
and breakages can easily be accounted for. That 
would prevent some of the materials (like beakers, 
test tube holders …etc) from being missing. It is also 
very much recommended to line the table with 
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newspapers so that cleaning up will be easier and 
faster. It could also be used to dispose of breakages 
(if there are any) and to mop up minor spills. !
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