
Chemical Reactions: Helpful Hints 
 
You need to report the Balanced Net Ionic Equations for each your reactions. Your 
balanced net ionic equation should be consistent with your recorded observations.  
 
For example, I mixed 2 drops of a 0.1 M NaOH solution with 2 drops of a 0.1 M 
Fe(NO3)3 solution and observed (observations were recorded in my lab notebook) that, 
"when a clear, colorless sodium hydroxide solution (NaOH) was mixed with a clear, 
yellow ferric nitrate Fe(NO3)3 solution, a yellow-orange precipitate was produced." 
 
Let's define what we mean when we speak of a "net ionic equation": 
 
The balanced molecular equation for the example described above is: 

3 NaOH(aq) + Fe(NO3)3(aq) 3 NaNO3(aq) + Fe(OH)3(s) 
 
The balanced complete ionic equation is: 

3 Na+(aq)  + 3 OH-(aq)  + Fe3+(aq)   + 3 NO3-(aq)   3 Na+(aq)  + 3 NO3-(aq)  + Fe(OH)3(s) 
 
Canceling the ions listed on both sides of the arrow ("the spectator ions"), we can 
generate the net ionic equation:  
 

3 OH-(aq)  + Fe3+(aq)    Fe(OH)3(s) 
 
The balanced equations are consistent with the observation that a yellow-orange 
precipitate (ferric hydroxide, Fe(OH)3(s)) was produced. 
 
Note: You should indicate the state of both reactants and products in your balanced net 
ionic equation (i.e. indicate whether the reactants and products are aqueous (aq), solid (s), 
liquid (l) or gas (g)).  
 
Some observations about the reactions that you performed in experiment 10-003c:  
 
Your text (Chapter 4) and lab manual (pp. 113-124) are great resources - you should 
discover examples of types of chemical reactions (and balanced chemical equations) that 
should make completing the lab report sheets considerably less painful - you may also 
learn something. 
 
Reactions 1 and 2 are dissociation reactions, they're not the most exciting reactions, but 
they are extremely important reactions. Just to refresh your memory, exothermic means 
heat was released and endothermic means that heat was absorbed. (Could you detect an 
odor when you performed reaction #2?). 
  
Reactions 3-8 are metatheses:  
 
Metatheses occur when H2O(l) is formed by the reaction of H+(aq) and OH-(aq) (an acid-
base reaction), or when one of the products of the reaction leaves the reaction area (the 



solution). This separation from the aqueous solution can occur when one of the products 
is an insoluble precipitate, or is a relatively insoluble gas. 
 
Reaction 3 is a classic acid-base reaction: 
 
This classic acid-base reaction is probably familiar, especially in its most common guise 
of a metal hydroxide plus an aqueous acid to give a metal salt and water: ("Acid plus base 
gives salt plus water".) For example: 

NaOH(aq) + HCl(aq)  NaCl(aq) + H2O(l) 
 
Reactions 4 and 5 involve generation of a solid: 
 
These reactions are similar to the example I gave above (sodium hydroxide + ferric 
nitrate) - they result in precipitates. The problem, of course, is to know which salts are 
soluble and which are insoluble. Most general chemistry texts give rules-of-thumb which 
can help you, so you should check out your text. In brief, it is good to remember:  

Soluble Salts 

 1. All nitrate (NO3
-) and acetate (CH3CO2-) salts are soluble. 

 2. All alkali metal (Li+, Na+, K+ etc.) and ammonium (NH4
+)  salts are soluble. 

 3. Acids (H+ salts ?) are soluble. 

 4. Halide (Cl-, Br- and I-) salts are soluble. 
   EXCEPT when combined with Ag+, Pb2+, and Hg2

2+ cations. 
     (thus the insolubility of AgCl, as discussed above). 
 5. Sulfate (SO4

2-) salts are soluble. 
   EXCEPT when combined with Pb2+, Sr2+, Ba2+, and Hg2

2+. 
   (Ag2SO4 and CaSO4 are only "slightly soluble".) 
Insoluble Salts 
 6. Sulfide (S2-) salts are virtually all insoluble. 
   EXCEPT when combined with Group IIA, or IA metals or NH4

+ (see rules 
2,3,4). 
 7. Hydroxides are insoluble, except for those in rules 2, 3 and 4.   
   (Ca(OH)2, Sr(OH)2, and Ba(OH)2 are "slightly soluble".) 
 8. Phosphates (PO4

3-), carbonates (CO3
2-) and sulfites (SO3

2-) are insoluble,  
   except for those in rules 2, 3 and 4. 

  
NOTE: When writing your balanced net ionic equations for the reactions described in 5b, 
you should use the products generated in the reactions described in 5a as the reactants for 
5b.  
 
Reaction 6: You are mixing two clear, colorless, soluble nitrate salts in this reaction – 
should you expect anything as a product of this metathesis reaction? 
 
Reactions 7 and 8 involve release of a gas. (You should have seen bubbles for 7, and 
perhaps detected an odor for 8.) 



 
Reaction 7 involves an acid + a bicarbonate (think Alka-Seltzer, you might want to look 
back at experiment 2-102a) and an acid + a carbonate (chalk is primarily calcium 
carbonate, CaCO3). The white, chalky substance that remained in chalk reaction was left 
over starting material. 
 
Reaction 8 involves a base and an ammonium salt. (The tricky part here is to explain why 
the gas reacted with the wet pH paper and not the dry pH paper  the gas reacted with 
the water on the pH paper to generate a base, hence the pH paper turned blue - I've given 
you the reactants, you should be able decide what is produced). 
 
Reactions 9 - 12 are oxidation-reduction reactions. There are some quick tips on 
assigning oxidation numbers at the bottom of this page. 
 
There are instructions for balancing oxidation-reduction equations in section 4.9 of your 
textbook. If you need help with these, please see (or email) your laboratory or lecture 
professor. These equations are a bit tricky to balance at first, but they're actually fun once 
you get the hang of it. 
 
More commonly called "redox" reactions, these oxidation-reductions are reactions in 
which electrons are transferred from one atom (or molecule) to another atom or molecule. 
The electron transfers result in a change in the oxidation number (oxidation state) we 
assign to some of the atoms involved in the reaction, so it is easy to identify a redox 
reaction. Just look for a change in the oxidation state of any atom in the reaction; if such 
a change occurs, it is a redox reaction. An important point to remember about oxidations 
and reductions: they must occur in concert they cannot occur separately. If one chemical 
loses its electrons (getting oxidized in the process), it donates them to another species 
which is reduced as a result. 
 
For the reactions in 9a, if we left the metals in water long enough, there would certainly 
be a reaction, but in the time frame we used, nothing much went on. Things became 
much more interesting when we added acid to the metals and water (9b). You can find a 
similar reaction in experiment 11, an Al/Zn alloy is reacted with acid and the volume of 
gas released is determined (experiment 11- 034). You might want to check out the 
introduction to experiment 11- 034, the reactions are strikingly similar.  
 
After looking at experiment 11- 034, getting the correctly balanced net ionic equation for 
the zinc reaction, the magnesium reaction should be a piece of cake. For the iron reaction, 
you should note that Fe(s) can be oxidized to either Fe2+ or Fe3+. You need to decide the 
final oxidation state for iron, is it the +2 or the +3 oxidation state? Let me add that the 
intensity of the odor correlates to the amount of gas released (i.e. the more it stunk, the 
more moles of gas were released, so compare the odor of the iron reaction with the odor 
of the magnesium reaction - you know the final oxidation state of magnesium, and you 
should be able to decide the final oxidation state of iron based on the intensity of the 
odor.) 
 



Reaction 10 involves a solid metal (Zn in the 0 oxidation state) and an aqueous metal ion 
(Ag+ in the 1+ oxidation state). Did you observe a band of shiny metal being formed at 
the interface of the solid and the solution (Hmm, what could that be? What was in 
solution that would give such luster?) 
 
Reaction 11 involves two metals that reacted to become ions in aqueous solution (i.e. 
both go into solution, the key is, one is oxidized and the other is reduced). You should 
have seen a pale, yellow solution form initially and then the solution probably turned 
reddish-orange. The water is present to control the rate and the temperature of the 
reaction. There is some zinc metal that does not react (it's the solid that remains at the 
bottom of the test tube). 
 
Reaction 12 is a classic redox reaction - there's a color change and a gas is released. 
There are useful examples of balancing reactions that involve MnO4

- (a powerful oxidant) 
and various reductants in your textbook (section 4.10). Also check out the table of 
oxidants and reductants at the bottom of this page (it's also in your lab manual). 
 
Reactions 13-15 - the "unknowns", reactions 13 and 14 are similar to the ones you've 
seen above. The easiest thing to do is to classify each of these reactions as either 
oxidation-reductions or metatheses. Once you've done that, writing the balanced net ionic 
equation will be much easier. 
 
Reaction 13: Potassium permanganate (KMnO4) is involved, you got a color change and 
a gas was released. Piece of cake to identify the type of reaction - balancing this reaction 
is the tricky part.  
 
Reaction 14 is actually straightforward - two solids react to form a solution and a gas is 
released (what was that familiar odor? Remember what happens when you mix an 
ammonium salt with water?). Most students get the correct products, they just forget to 
make sure that the chemical equation is balanced - don't fall into that trap. 
 
Reaction 15a is a special type of redox reaction - a combustion reaction. The terms 
"oxidant" or "oxidation" are derived from oxygen (O2), the gas that allows us to live in 
our atmosphere. In this reaction, you're reacting magnesium metal with oxygen at a high 
temperature - this reaction is described in your lab manual -"it's a gimme", go look for it. 
 
Reaction 15b is actually an acid-base reaction, however, it is not obvious to the 
inexperienced chemist. You should have guessed this though because the pH paper 
should have indicated that you produced a slightly alkaline solution when you mixed the 
product of reaction 1a with water. This reaction is also described in your lab manual 
(another "gimme"). 
 



 
OXIDATION-REDUCTION REACTIONS - a very brief overview 

Oxidation Numbers  
In brief, the following rules may be used to determine the oxidation states of most 
elements: 
 

  Some rules for determining oxidation numbers 

 

 1a. Elements in their normal state have oxidation number of 0. 

 1b. The oxidation number of a monoatomic ion is the charge on the ion. 

 1c. The sum of the oxidation states of the elements within a molecule or ion equals its 

   charge. 

 

 2a. Alkali metals (Li, Na, K, Rb, Cs) have an oxidation state of +1 

 2b. Alkaline earth metals (Be, Mg, Ca, Sr, Ba) have an oxidation state of +2 

 

 3. Hydrogen (H) has an oxidation state of +1. 

 

 4. Oxygen (O) has an oxidation state of -2. 

 

 5. Fluorine (F) has an oxidation state of -1. 

 

 6. The remaining halogens (Cl, Br and I) have oxidation states of -1. 

 
Rule 1 (a, b and c) is always true; rule 2 is generally true, except when it conflicts with 
rule #1.  (For example, rule 2 says that sodium has an oxidation state of +1; this is 
certainly true for the Na+ ion, but not for elemental sodium, which has an oxidation state 
of 0 (rule 1). 
 
Rule #3 is true, except when it conflicts with rules 1 and/or 2. For example, NaH cannot 
have both +1 oxidation states for Na and H (that would conflict with rule 1c), so rule 2 
has precedence over rule 3, and Na is assigned the oxidation state of +1; using rule 1c, 
the H is forced to an oxidation state of -1. A similar ranking gives oxygen an oxidation 
state of 1 in H2O2 (rather than the expected value of 2), as rule 3 holds sway over rule 4. 
 

Electron-Transfer Reactions 
In a redox reaction, one of the reactants loses electrons; the reactant that loses electrons is 
said to have been oxidized, and its oxidation state will increase to a more positive value. 
In this process, another of the reactants will accept electrons; the act of accepting 
electrons is called reduction, and a molecule (or ion) that has absorbed electrons has been 
reduced. In contrast to oxidation, reduction causes a decrease in the value of the oxidation 
number. This transfer of electrons between molecules accounts for the other name for 
redox reactions: electron-transfers. 
To help you identify common oxidants and reductants, check the following tables: 
 
 
 



Oxidants 
 Oxidant Usual Product Element Reduced  ox. states  

 O2 H2O O 0 -2 
 Cl2,Br2,I2 Cl-,Br-,I-, Cl, Br, I 0  -1 
 Cr2O7

2- Cr3+ Cr +7  +3 

 MnO4
-  Mn2+ Mn +7  +2 

 S2O8
2- SO4

2- S +7  +6 

 NO3
- NO N +5  +2 

 ClO- Cl- Cl +1  -1 
 H2O2 H2O O -1   -2 
 Ce4+ Ce3+ Ce +4  +3 
 Ag+ Ag Ag +1  0 
 Fe3+ Fe2+ Fe +3  +2 
 H2O  or H3O+ H2 H +1  0  
 (or H+) 
 

Reductants 
 Reductant  Usual Product Element Oxidized  ox. states 

 Zn Zn2+ Zn 0  +2 
 Cu Cu2+ Cu 0  +2 
 Mg Mg2+ Mg 0  +2 
 Fe Fe2+, Fe3+ Fe 0  +2,+3 
 Cr Cr3+ Cr 0  +3 
 Na Na+ Na 0  +1 
 Fe2+ Fe3+ Fe +2  +3 
 Ti3+ Ti4+ Ti +3  +4 
 SO2 (SO3

2-) SO4
-2 S +4  +6 

 SO42- S2O8
2- S +6  +8 

 I-,Br-,Cl- I2,Br2,Cl2 Cl,Br,I -1  0 
 H2O2 O2 O -1  0 
 C2O4

2- CO2 C +3  +4 
 

 
.   
• Elements in high oxidation states (Mn(+7) in MnO4 , Cr(+6) in Cr2O7

2 , Ce4+, N(+5) 
in NO3

 , etc.) are generally oxidizing agents 
• Elements in low oxidation states, and especially metals in their elemental state 

(oxidation state of zero) are generally reducing agents.   
• Some species (H2O2 in particular) can behave as both a oxidant or as a reductant, 

depending on what it is reacted with.  React it with a strong oxidant, and it will 
behave as a reductant; react it with a good reductant, and the H2O2 will behave as an 
oxidant. 


