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Chemical reactions
1. The substances undergoing reaction are called reactants, and their formulas are placed
on the left side of the equation.
2. The substances generated by the reaction are called products, and their formulas are
placed on the right sight of the equation.
3. Plus signs (+) separate individual reactant and product formulas, and an arrow (⟶)
separates the reactant and product (left and right) sides of the equation.
4. The relative numbers of reactant and product species are represented
by coefficients (numbers placed immediately to the left of each formula). A coefficient
of 1 is typically omitted.

It is common practice to use the smallest possible whole-number coefficients in a chemical
equation, as done in this example. These coefficients represent the relative numbers of reactants
and products, and, therefore, they may be correctly interpreted as ratios. Methane and oxygen
react to yield carbon dioxide and water in a 1:2:1:2 ratio. This ratio is satisfied if the numbers
of these molecules are, respectively, 1-2-1-2, or 2-4-2-4, or 3-6-3-6, and so on. Likewise, these
coefficients may be interpreted with regard to any amount (number) unit, and so this equation
may be correctly read in many ways, including:




One methane molecule and two oxygen molecules react to yield one carbon dioxide
molecule and two water molecules.
One dozen methane molecules and two dozen oxygen molecules react to yield one
dozen carbon dioxide molecules and two dozen water molecules.
One mole of methane molecules and 2 moles of oxygen molecules react to yield 1
mole of carbon dioxide molecules and 2 moles of water molecules.

Balancing equations
The equation must satisfy to be consistent with the law of conservation of matter. It may be confirmed
by simply summing the numbers of atoms on either side of the arrow and comparing these sums to
ensure they are equal. The number of atoms for a given element is calculated by multiplying the
coefficient of any formula containing that element by the element’s subscript in the formula. If an
element appears in more than one formula on a given side of the equation, the number of atoms
represented in each must be computed and then added together. For example, both product species in
the example reaction, CO2 and H2O, contain the element oxygen, and so the number of oxygen atoms
on the product side of the equation is

(1CO2molecule×2O atomsCO2molecule)+(2H2O molecule×1O atomH2O molecule)=4O
atoms(1CO2molecule×2O atomsCO2molecule)+(2H2O molecule×1O atomH2O molecule)=4O
atoms
The equation for the reaction between methane and oxygen to yield carbon dioxide and water
is confirmed to be balanced per this approach, as shown here:
CH4+2O2⟶CO2+2H2OCH4+2O2⟶CO2+2H2O
Element
Reactants
Products
Balanced?
C
1×1=1
1×1=1
1 = 1, yes
H
4×1=4
2×2=4
4 = 4, yes
O
2×2=4
(1 × 2) + (2 × 1) = 4 4 = 4, yes
A balanced chemical equation often may be derived from a qualitative description of some
chemical reaction by a fairly simple approach known as balancing by inspection. Consider as
an example the decomposition of water to yield molecular hydrogen and oxygen. This process
is represented qualitatively by an unbalanced chemical equation:
H2O⟶H2+O2(unbalanced)
Comparing the number of H and O atoms on either side of this equation confirms its imbalance:
Element Reactants Products Balanced?
H
1 × 2 = 2 1 × 2 = 2 2 = 2, yes
O
1 × 1 = 1 1 × 2 = 2 1 ≠ 2, no
The numbers of H atoms on the reactant and product sides of the equation are equal, but the
numbers of O atoms are not. To achieve balance, the coefficients of the equation may be
changed as needed. Keep in mind, of course, that the formula subscripts define, in part, the
identity of the substance, and so these cannot be changed without altering the qualitative
meaning of the equation. For example, changing the reactant formula from H2O to H2O2 would
yield balance in the number of atoms, but doing so also changes the reactant’s identity (it’s now
hydrogen peroxide and not water). The O atom balance may be achieved by changing the
coefficient for H2O to 2.
2H2O⟶H2+O2 (unbalanced)

Element Reactants
Products
Balanced?
H
2×2=4
1×2=2
4 ≠ 2, no
O
2×1=2
1×2=2
2 = 2, yes
The H atom balance was upset by this change, but it is easily reestablished by changing the
coefficient for the H2 product to 2.

2H2O⟶2H2+O2 (balanced)
Element Reactants Products Balanced?
H
2×2=4
2×2=4
4 = 4, yes
O
2×1=2
1×2=2
2 = 2, yes
These coefficients yield equal numbers of both H and O atoms on the reactant and product
sides, and the balanced equation is, therefore:
2H2O⟶2H2+O2
Example 1
Balancing Chemical Equations
Write a balanced equation for the reaction of molecular nitrogen (N2) and oxygen (O2) to form
dinitrogen pentoxide.
Solution

First, write the unbalanced equation.
N2+O2⟶N2O5 (unbalanced)
Next, count the number of each type of atom present in the unbalanced equation.
Element Reactants Products Balanced?
N
1×2=2 1×2=2
2 = 2, yes
O
1×2=2 1×5=5
2 ≠ 5, no
Though nitrogen is balanced, changes in coefficients are needed to balance the number of
oxygen atoms. To balance the number of oxygen atoms, a reasonable first attempt would be to
change the coefficients for the O2 and N2O5 to integers that will yield 10 O atoms (the least
common multiple for the O atom subscripts in these two formulas).
N2+5O2⟶2N2O5 (unbalanced)
Element Reactants Products Balanced?
N
1×2=2 2×2=4
2 ≠ 4, no
O
5 × 2 = 10 2 × 5 = 10 10 = 10, yes

The N atom balance has been upset by this change; it is restored by changing the coefficient for
the reactant N2 to 2.
2N2+5O2⟶2N2O5

Element Reactants Products Balanced?
N
2×2=4 2×2=4
4 = 4, yes
O
5 × 2 = 10 2 × 5 = 10 10 = 10, yes
The numbers of N and O atoms on either side of the equation are now equal, and so the equation
is balanced.

Task

Write a balanced equation for the decomposition of ammonium nitrate to form molecular
nitrogen, molecular oxygen, and water. (Hint: Balance oxygen last, since it is present in more
than one molecule on the right side of the equation.)
Answer:
2NH4NO3⟶2N2+O2+4H2O
It is sometimes convenient to use fractions instead of integers as intermediate coefficients in
the process of balancing a chemical equation. When balance is achieved, all the equation’s
coefficients may then be multiplied by a whole number to convert the fractional coefficients to
integers without upsetting the atom balance. For example, consider the reaction of ethane
(C2H6) with oxygen to yield H2O and CO2, represented by the unbalanced equation:
C2H6+O2⟶H2O+CO2 (unbalanced)
Following the usual inspection approach, one might first balance C and H atoms by changing
the coefficients for the two product species, as shown:
C2H6+O2⟶3H2O+2CO2 (unbalanced)
This results in seven O atoms on the product side of the equation, an odd number—no integer
coefficient can be used with the O2 reactant to yield an odd number, so a fractional
coefficient, 72, is used instead to yield a provisional balanced equation:

C2H6+72O2⟶3H2O+2CO2
A conventional balanced equation with integer-only coefficients is derived by multiplying each
coefficient by 2:
2C2H6+7O2⟶6H2O+4CO2
Finally with regard to balanced equations, recall that convention dictates use of the smallest
whole-number coefficients. Although the equation for the reaction between molecular nitrogen
and molecular hydrogen to produce ammonia is, indeed, balanced,
3N2+9H2⟶6NH3
the coefficients are not the smallest possible integers representing the relative numbers of
reactant and product molecules. Dividing each coefficient by the greatest common factor, 3,
gives the preferred equation:
N2+3H2⟶2NH3
The physical states of reactants and products in chemical equations very often are indicated
with a parenthetical abbreviation following the formulas. Common abbreviations include s for
solids, l for liquids, g for gases, and aq for substances dissolved in water (aqueous solutions, as
introduced in the preceding chapter). These notations are illustrated in the example equation
here:
2Na(s)+2H2O(l)⟶2NaOH(aq)+H2(g)
This equation represents the reaction that takes place when sodium metal is placed in water.
The solid sodium reacts with liquid water to produce molecular hydrogen gas and the ionic
compound sodium hydroxide (a solid in pure form, but readily dissolved in water).
Special conditions necessary for a reaction are sometimes designated by writing a word or
symbol above or below the equation’s arrow. For example, a reaction carried out by heating
may be indicated by the uppercase Greek letter delta (Δ) over the arrow.
CaCO3(s)→ΔCaO(s)+CO2(g)

A precipitation reaction is one in which dissolved substances react to form one (or more) solid
products. Many reactions of this type involve the exchange of ions between ionic compounds
in aqueous solution and are sometimes referred to as double displacement, double replacement,
or metathesis reactions. These reactions are common in nature and are responsible for the
formation of coral reefs in ocean waters and kidney stones in animals. They are used widely in
industry for production of a number of commodity and specialty chemicals. Precipitation
reactions also play a central role in many chemical analysis techniques, including spot tests
used to identify metal ions and gravimetric methods for determining the composition of matter
(see the last module of this chapter).

The extent to which a substance may be dissolved in water, or any solvent, is quantitatively
expressed as its solubility, defined as the maximum concentration of a substance that can be
achieved under specified conditions. Substances with relatively large solubilities are said to
be soluble. A substance will precipitate when solution conditions are such that its
concentration exceeds its solubility. Substances with relatively low solubilities are said to
be insoluble, and these are the substances that readily precipitate from solution. More
information on these important concepts is provided in the text chapter on solutions. For
purposes of predicting the identities of solids formed by precipitation reactions, one may simply
refer to patterns of solubility that have been observed for many ionic compounds.
Table. Solubilities of common ionic compounds in water

Soluble compounds contain







group 1 metal cations (Li+, Na+, K+,
Rb+, and Cs+) and ammonium ion
(NH4+)
the halide ions (Cl−, Br−, and I−)
the acetate (C2H3O2−), bicarbonate
(HCO3−), nitrate (NO3−), and chlorate
(ClO3−) ions
the sulfate (SO42−) ion

Insoluble compounds contain



carbonate (CO32−), chromate (CrO42−),
phosphate (PO43−), and sulfide (S2−) ions
hydroxide ion (OH−)

Exceptions to these solubility rules include



halides of Ag+, Hg22+, and Pb2+
sulfates of Ag+, Ba2+, Ca2+,
Hg22+,Hg22+, Pb2+, and Sr2+

Exceptions to these insolubility rules include




compounds of these anions with
group 1 metal cations and ammonium
ion
hydroxides of group 1 metal cations
and Ba2+

Task: Predicting precipitation reactions

Predict the result of mixing reasonably concentrated solutions of the following ionic compounds. If
precipitation is expected, write a balanced net ionic equation for the reaction.
(a) potassium sulfate and barium nitrate
(b) lithium chloride and silver acetate
(c) lead nitrate and ammonium carbonate

Solution
(a) The two possible products for this combination are KNO3 and BaSO4. The solubility
guidelines indicate BaSO4 is insoluble, and so a precipitation reaction is expected. The net ionic
equation for this reaction, derived in the manner detailed in the previous module, is
Ba2+(aq)+SO42−(aq)⟶BaSO4(s)
(b) The two possible products for this combination are LiC2H3O2 and AgCl. The solubility
guidelines indicate AgCl is insoluble, and so a precipitation reaction is expected. The net ionic
equation for this reaction, derived in the manner detailed in the previous module, is
Ag+(aq)+Cl−(aq)⟶AgCl(s)
(c) The two possible products for this combination are PbCO3 and NH4NO3. The solubility
guidelines indicate PbCO3 is insoluble, and so a precipitation reaction is expected. The net ionic
equation for this reaction, derived in the manner detailed in the previous module, is

Pb2+(aq)+CO32−(aq)⟶PbCO3(s)

Task
Which solution could be used to precipitate the barium ion, Ba2+, in a water sample: sodium chloride,
sodium hydroxide, or sodium sulfate? What is the formula for the expected precipitate? (sodium sulfate,
BaSO4)

ACID-BASE reactions
An acid-base reaction is one in which a hydrogen ion, H+, is transferred from one chemical
species to another. Such reactions are of central importance to numerous natural and
technological processes, ranging from the chemical transformations that take place within cells
and the lakes and oceans, to the industrial-scale production of fertilizers, pharmaceuticals, and
other substances essential to society. The subject of acid-base chemistry, therefore, is worthy
of thorough discussion, and a full chapter is devoted to this topic later in the text.
For purposes of this brief introduction, we will consider only the more common types of acidbase reactions that take place in aqueous solutions. In this context, an acid is a substance that
will dissolve in water to yield hydronium ions, H3O+. As an example, consider the equation
shown here:
HCl(aq)+H2O(aq)⟶Cl−(aq)+H3O+(aq)

The process represented by this equation confirms that hydrogen chloride is an acid. When
dissolved in water, H3O+ ions are produced by a chemical reaction in which H+ ions are
transferred from HCl molecules to H2O molecules.
A base is a substance that will dissolve in water to yield hydroxide ions, OH−. The most
common bases are ionic compounds composed of alkali or alkaline earth metal cations (groups
1 and 2) combined with the hydroxide ion—for example, NaOH and Ca(OH)2. When these
compounds dissolve in water, hydroxide ions are released directly into the solution. For
example, KOH and Ba(OH)2 dissolve in water and dissociate completely to produce cations
(K+ and Ba2+, respectively) and hydroxide ions, OH−. These bases, along with other hydroxides
that completely dissociate in water, are considered strong bases.
Consider as an example the dissolution of lye (sodium hydroxide) in water:
NaOH(s)⟶Na+(aq)+OH−(aq)
This equation confirms that sodium hydroxide is a base. When dissolved in water, NaOH
dissociates to yield Na+ and OH− ions. This is also true for any other ionic compound containing
hydroxide ions. Since the dissociation process is essentially complete when ionic compounds
dissolve in water under typical conditions, NaOH and other ionic hydroxides are all classified
as strong bases.
Unlike ionic hydroxides, some compounds produce hydroxide ions when dissolved by
chemically reacting with water molecules. In all cases, these compounds react only partially
and so are classified as weak bases. These types of compounds are also abundant in nature and
important commodities in various technologies. For example, global production of the weak
base ammonia is typically well over 100 metric tons annually, being widely used as an
agricultural fertilizer, a raw material for chemical synthesis of other compounds, and an active
ingredient in household cleaners. When dissolved in water, ammonia reacts partially to yield
hydroxide ions, as shown here:
NH3(aq)+H2O(l)⇌NH4+(aq)+OH−(aq)
This is, by definition, an acid-base reaction, in this case involving the transfer of H+ ions from
water molecules to ammonia molecules. Under typical conditions, only about 1% of the
dissolved ammonia is present as NH4+ ions.
The chemical reactions described in which acids and bases dissolved in water produce
hydronium and hydroxide ions, respectively, are, by definition, acid-base reactions. In these
reactions, water serves as both a solvent and a reactant. A neutralization reaction is a specific
type of acid-base reaction in which the reactants are an acid and a base, the products are often
a salt and water, and neither reactant is the water itself:
acid+base⟶salt+water

Task: Writing Equations for Acid-Base Reactions

Write balanced chemical equations for the acid-base reactions described here:
(a) the weak acid hydrogen hypochlorite reacts with water
(b) a solution of barium hydroxide is neutralized with a solution of nitric acid
Solution
(a) The two reactants are provided, HOCl and H2O. Since the substance is reported to be an
acid, its reaction with water will involve the transfer of H+ from HOCl to H2O to generate
hydronium ions, H3O+ and hypochlorite ions, OCl−.
HOCl(aq)+H2O(l)⇌OCl−(aq)+H3O+(aq)
A double-arrow is appropriate in this equation because it indicates the HOCl is a weak acid that
has not reacted completely.
(b) The two reactants are provided, Ba(OH)2 and HNO3. Since this is a neutralization reaction,
the two products will be water and a salt composed of the cation of the ionic hydroxide (Ba 2+)
and the anion generated when the acid transfers its hydrogen ion (NO3−).
Ba(OH)2(aq)+2HNO3(aq)⟶Ba(NO3)2(aq)+2H2O(l)

Oxidation-reduction reactions
Earth’s atmosphere contains about 20% molecular oxygen, O2, a chemically reactive gas that
plays an essential role in the metabolism of aerobic organisms and in many environmental
processes that shape the world. The term oxidation was originally used to describe chemical
reactions involving O2, but its meaning has evolved to refer to a broad and important reaction
class known as oxidation-reduction (redox) reactions.
Some redox reactions involve the transfer of electrons between reactant species to yield ionic
products, such as the reaction between sodium and chlorine to yield sodium chloride:
2Na(s)+Cl2(g)⟶2NaCl(s)

View the process with regard to each individual reactant, represent the fate of each reactant in
the form of an equation called a half-reaction:
2Na(s)⟶2Na+(s)+2e−
Cl2(g)+2e−⟶2Cl−(s)
These equations show that Na atoms lose electrons while Cl atoms (in the Cl2 molecule) gain
electrons, the “s” subscripts for the resulting ions signifying they are present in the form of a
solid ionic compound.
Sodium is oxidized and chlorine undergoes reduction. Sodium functions as a reducing agent
(reductant), since it provides electrons to (or reduces) chlorine. Likewise, chlorine functions
as an oxidizing agent (oxidant), as it effectively removes electrons from (oxidizes) sodium.
Some redox processes, however, do not involve the transfer of electrons. Consider, for example,
a reaction similar to the one yielding NaCl:
H2(g)+Cl2(g)⟶2HCl(g)
The product of this reaction is a covalent compound, so transfer of electrons in the explicit sense
is not involved. To clarify the similarity of this reaction to the previous one and permit an
unambiguous definition of redox reactions, a property called oxidation number has been
defined. The oxidation number (or oxidation state) of an element in a compound is the charge
its atoms would possess if the compound was ionic. The following guidelines are used to assign
oxidation numbers to each element in a molecule or ion.
1. The oxidation number of an atom in an elemental substance is zero.
2. The oxidation number of a monatomic ion is equal to the ion’s charge.
3. Oxidation numbers for common nonmetals are usually assigned as follows:
o Hydrogen: +1 when combined with nonmetals, −1 when combined with metals
o Oxygen: −2 in most compounds, sometimes −1 (so-called peroxides, O22−), very
rarely −12−12 (so-called superoxides, O2−), positive values when combined
with F (values vary)
o Halogens: −1 for F always, −1 for other halogens except when combined with
oxygen or other halogens (positive oxidation numbers in these cases, varying
values)
4. The sum of oxidation numbers for all atoms in a molecule or polyatomic ion equals the
charge on the molecule or ion.
Using the oxidation number concept, an all-inclusive definition of redox reaction has been
established. Oxidation-reduction (redox) reactions are those in which one or more elements
involved undergo a change in oxidation number.
Several subclasses of redox reactions are recognized, including combustion reactions in which
the reductant (also called a fuel) and oxidant (often, but not necessarily, molecular oxygen)
react vigorously and produce significant amounts of heat, and often light, in the form of a flame.

Single-displacement (replacement) reactions are redox reactions in which an ion in solution
is displaced (or replaced) via the oxidation of a metallic element. One common example of
this type of reaction is the acid oxidation of certain metals:
Zn(s)+2HCl(aq)⟶ZnCl2(aq)+H2(g)
Metallic elements may also be oxidized by solutions of other metal salts; for example:
Cu(s)+2AgNO3(aq)⟶Cu(NO3)2(aq)+2Ag(s)
This reaction may be observed by placing copper wire in a solution containing a dissolved silver
salt. Silver ions in solution are reduced to elemental silver at the surface of the copper wire, and
the resulting Cu2+ ions dissolve in the solution to yield a characteristic blue color.

Task
Identify which equations represent redox reactions, providing a name for the reaction if
appropriate. For those reactions identified as redox, name the oxidant and reductant.
(a) ZnCO3(s)⟶ZnO(s)+CO2(g)
(b) 2Ga(l)+3Br2(l)⟶2GaBr3(s)
(c) 2H2O2(aq)⟶2H2O(l)+O2(g)
(d) BaCl2(aq)+K2SO4(aq)⟶BaSO4(s)+2KCl(aq)
(e) C2H4(g)+3O2(g)⟶2CO2(g)+2H2O(l)
Solution
Redox reactions are identified per definition if one or more elements undergo a change in
oxidation number.
(a) This is not a redox reaction, since oxidation numbers remain unchanged for all elements.
(b) This is a redox reaction. Gallium is oxidized, its oxidation number increasing from 0 in
Ga(l) to +3 in GaBr3(s). The reducing agent is Ga(l). Bromine is reduced, its oxidation number
decreasing from 0 in Br2(l) to −1 in GaBr3(s). The oxidizing agent is Br2(l).
(c) This is a redox reaction. It is a particularly interesting process, as it involves the same
element, oxygen, undergoing both oxidation and reduction (a so-called disproportionation
reaction). Oxygen is oxidized, its oxidation number increasing from −1 in H2O2(aq) to 0 in
O2(g). Oxygen is also reduced, its oxidation number decreasing from −1 in H2O2(aq) to −2 in

H2O(l). For disproportionation reactions, the same substance functions as an oxidant and a
reductant.
(d) This is not a redox reaction, since oxidation numbers remain unchanged for all elements.
(e) This is a redox reaction (combustion). Carbon is oxidized, its oxidation number increasing
from −2 in C2H4(g) to +4 in CO2(g). The reducing agent (fuel) is C2H4(g). Oxygen is reduced,
its oxidation number decreasing from 0 in O2(g) to −2 in H2O(l). The oxidizing agent is O2(g).

Balancing redox reactions via half-reaction method
Redox reactions that take place in aqueous media often involve water, hydronium ions, and
hydroxide ions as reactants or products. Although these species are not oxidized or reduced,
they do participate in chemical change in other ways (e.g. by providing the elements required
to form oxyanions). Equations representing these reactions are sometimes very difficult to
balance by inspection, so systematic approaches have been developed to assist in the process.
One very useful approach is to use the method of half-reactions, which involves the following
steps:
1. Write the two half-reactions representing the redox process.
2. Balance all elements except oxygen and hydrogen.
3. Balance oxygen atoms by adding H2O molecules.
4. Balance hydrogen atoms by adding H+ ions.
5. Balance charge by adding electrons.
6. If necessary, multiply each half-reaction’s coefficients by the smallest possible integers to
yield equal numbers of electrons in each.
7. Add the balanced half-reactions together and simplify by removing species that appear on
both sides of the equation.
8. For reactions occurring in basic media (excess hydroxide ions), carry out these additional
steps:




Add OH− ions to both sides of the equation in numbers equal to the number of
H+ ions.
On the side of the equation containing both H+ and OH− ions, combine these ions to
yield water molecules.
Simplify the equation by removing any redundant water molecules.

9. Finally, check to see that both the number of atoms and the total charges[2] are balanced.

Example
Balancing Redox Reactions in Acidic Solution

Write a balanced equation for the reaction between dichromate ion and iron(II) to yield iron(III)
and chromium(III) in acidic solution.
Cr2O72−+Fe2+⟶Cr3++Fe3+
Solution
1. Write the two half-reactions. Each half-reaction will contain one reactant and one
product with one element in common.
Fe2+⟶Fe3+
Cr2O72−⟶Cr3+
2. Balance all elements except oxygen and hydrogen. The iron half-reaction is already
balanced, but the chromium half-reaction shows two Cr atoms on the left and one Cr
atom on the right. Changing the coefficient on the right side of the equation to 2 achieves
balance with regard to Cr atoms.
Fe2+⟶Fe3+
Cr2O72−⟶2Cr3+
3. Balance oxygen atoms by adding H2O molecules. The iron half-reaction does not
contain O atoms. The chromium half-reaction shows seven O atoms on the left and none
on the right, so seven water molecules are added to the right side.
Fe2+⟶Fe3+
Cr2O72−⟶2Cr3++7H2O
4. Balance hydrogen atoms by adding H+ions. The iron half-reaction does not contain H
atoms. The chromium half-reaction shows 14 H atoms on the right and none on the left,
so 14 hydrogen ions are added to the left side.
Fe2+⟶Fe3+
Cr2O72−+14H+⟶2Cr3++7H2O
5. Balance charge by adding electrons. The iron half-reaction shows a total charge of 2+
on the left side (1 Fe2+ ion) and 3+ on the right side (1 Fe3+ ion). Adding one electron to
the right side bring that side’s total charge to (3+) + (1−) = 2+, and charge balance is
achieved.

The chromium half-reaction shows a total charge of (1 × 2−) + (14 × 1+) = 12+ on the
left side (1 Cr2O72−(1 Cr2O72− ion and 14 H+ ions). The total charge on the right side is
(2 × 3+) = 6 + (2 Cr3+ ions). Adding six electrons to the left side will bring that side’s
total charge to (12+ + 6−) = 6+, and charge balance is achieved.
Fe2+⟶Fe3++e−
Cr2O72−+14H++6e−⟶2Cr3++7H2O
6. Multiply the two half-reactions so the number of electrons in one reaction equals the
number of electrons in the other reaction. To be consistent with mass conservation, and
the idea that redox reactions involve the transfer (not creation or destruction) of
electrons, the iron half-reaction’s coefficient must be multiplied by 6.
6Fe2+⟶6Fe3++6e−
Cr2O72−+14H++6e−⟶2Cr3++7H2O
7. Add the balanced half-reactions and cancel species that appear on both sides of the
equation.
6Fe2++Cr2O72−+6e−+14H+⟶6Fe3++6e−+2Cr3++7H2O
Only the six electrons are redundant species. Removing them from each side of the
equation yields the simplified, balanced equation here:
6Fe2++Cr2O72−+14H+⟶6Fe3++2Cr3++7H2O
A final check of atom and charge balance confirms the equation is balanced.
Reactants Products
Fe
6
6
Cr
2
2
O
7
7
H
14
14
charge 24+
24+

Task
In acidic solution, hydrogen peroxide reacts with Fe2+ to produce Fe3+ and H2O. Write a
balanced equation for this reaction.
Answer:
H2O2(aq)+2H+(aq)+2Fe2+⟶2H2O(l)+2Fe3+

Practice

https://phet.colorado.edu/en/simulation/balancing-chemical-equations#for-teachers-header
https://phet.colorado.edu/en/simulation/reactants-products-and-leftovers
balancing-chemical-equations-html-guide.pdf
reactants-products-and-leftovers-html-guide.pdf
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