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So what is an isotope? Answering this ques-
tion requires a review of basic atomic struc-
ture. Chemical elements are defined by the 
number of protons in the nucleus, called the 
atomic number. Hydrogen, for example, has 
one proton, so its atomic number is also one. 
Nitrogen has seven protons while oxygen has 
eight, so their atomic numbers are seven and 
eight, respectively. However, the nucleus also 
contains neutrons in addition to the protons. 
These two types of particles are effectively 
the same size and weight, and their sum con-
stitutes an atom’s mass number. The num-
ber of protons and neutrons is often—but 
not always—equal. Two atoms having the 
same atomic number (i.e., belonging to the 
same element) but having a different mass 
number (i.e., different numbers of neutrons) 
are called isotopes (fig. 1). Oxygen (O), for 
example, has three naturally occurring iso-
topes, which can be written as  8

16 O,  8
17 O, 

and  8
18 O. In this example the atomic number 

(elemental identity) is displayed at the lower 
left of the element symbol, while the mass 
number (isotope) is displayed at the upper 

left.

There are two basic types of isotopes. 
Radioisotopes are unstable because of the 
extra neutron(s), and spontaneously release 
radiation in the form of particles and energy. 
This release, which is statistically predictable, 
can actually change the atom’s atomic number, 
resulting in the production of a different ele-
ment. Stable isotopes, by contrast, have a 
nucleus that is stable indefinitely. They do not 
emit radiation but persist alongside the other 
isotopes. All three of the naturally occurring 
oxygen isotopes are stable, for example, so they 
do not spontaneously release radiation and 
decay into other elements.

Different isotopes of the same element all take 
part in chemical reactions, but at slightly differ-
ent rates. “Lighter” isotopes move around more 
easily than “heavier” ones. This differential 
movement is called fractionation, and it 
affects the ratio of isotopes present in any given 
sample of water, soil, rock, tissue, or air. 
Scientists can measure isotope ratios in a labo-
ratory. They usually present isotope data as “δ” 
values (often called “del” values for the Greek 
letter “delta”) in parts per mil (i.e., per thou-
sand, ‰) relative to a standard reference sam-
ple. Samples may be described as either 
“depleted” or “enriched” in a given isotope 
(usually the heavier, less common one) relative 

to the standard. For example, the Pee Dee 
Belemnite (Belemnitella americana), or “PDB,” is 
a standard reference for carbon isotopes based 
on calcite crystals (calcium carbonate, CaCO3) 
found in fossils of this species collected from a 
specific locality in South Carolina. The interna-
tional standard for nitrogen is atmospheric air, 
which is very well mixed around the globe.

The science of isotopes—whether they are 
naturally occurring or created artificially in a 
laboratory—is well understood and widely 
applied in our world today (USGS 2007). 
Radioisotopes are widely used for energy 
sources in medicine and nuclear engineering 
as well as for “clocks” (like 14C, or carbon-14) 
for dating natural samples. Many people, 
however, are surprised to learn how many 
ways scientists use stable isotopes—especially 
in the natural sciences. First, scientists use 
isotopic ratios, which are also called “signa-
tures” or “fingerprints,” to characterize, clas-
sify, and constrain distinct sources for atoms 
in different samples. Second, scientists can 
measure fractionation under controlled condi-
tions to make inferences about how samples 
are affected by specific processes such as 
evaporation or photosynthesis. Third, they 
can learn about complex changes through 

space and time by carefully mapping stable 
isotopes or monitoring artificial isotope-
labeled “tracers” in systems such as flower-
pots, watersheds, fossils, tree rings, and sedi-
ment layers.

In the present study, nitric acid particles cre-
ated from fossil fuel combustion contain iso-
topes of nitrogen and oxygen that differ from 
natural sources. Combustion temperatures 
and atmospheric reactions create distinct iso-
topic signatures that can be measured against 
background values to determine their origin. 
In this case, the article authors sampled nitro-
gen and oxygen isotopes of nitric acid depo-
sition in Joshua Tree National Park and com-
pared patterns to interpret two distinct areas 
where oxygen isotopes are a little heavier 
than natural “background” values. This find-
ing is interpreted to reflect two artificial 

sources of the burning of fossil fuels.
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14N = Nitrogen 14
· Stable
· Seven neutrons and seven protons
· Atomic number = 7
· Mass number = 14.00307
· Makes up 99.63% of Earth’s total nitrogen

15N = Nitrogen 15
· Stable
· Eight neutrons and seven protons
· Atomic number = 7
· Mass number = 15.0001
· Makes up 0.37% of Earth’s total nitrogen
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Figure 1. Two stable isotopes of nitrogen occur naturally. They have the same number of protons 
(i.e., atomic number = seven), but different numbers of neutrons (seven and eight). Scientists 
understand the ratio of nitrogen atoms in the atmosphere, and can compare measurements 
elsewhere to learn about physical and biological processes as well as the origin of nitrogen 
particles.
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